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Preface 

The use of electrochemical measurements to determine the ability of 
inorganic molecules to undergo electron-transfer processes has become a 
routine tool in synthetic chemistry (‘just like elemental analysis and 
spectroscopic techniques). Nevertheless, the first approach of researchers 
to electrochemistry is often on an approximate basis (it often happens, in 
quoted journals, that a few cyclic voltammetric runs are assumed to 
cover all the redox aspects of a molecule) in that electrochemistry books 
are commonly not easily comprehensible to non-electrochemists and 
even more rarely deal with ‘inorganic chemistry’ (in contrast with 
the well-established tradition of ‘organic’ electrochemistry). Thus, the 
present book (which should be considered more an ‘applied inorganic 
chemistry’ book than a ‘real electrochemistry’ book) aims to bridge the 
gap between undergraduate and research level electrochemistry books, 
in order to initiate inorganic chemists into electrochemical investiga- 
tions in as straightforward a way as possible, as well as to introduce 
electrochemists to the opportunities offered by the multiple fields of 
inorganic chemistry. 

Pure electrochemists might disapprove of some oversimplifications (or 
find a few inaccuracies), but as an inorganic chemist I think that the main 
targets of an electrochemical investigation are: 

0 to determine if an inorganic compound is redox active 
0 to measure the electrode potentials at which eventual redox changes 

0 to state if the redox processes lead to stable species 
0 in the case of derivatives which undergo degradation as a con- 

sequence of electron transfer processes, to measure the rate of such 
degradation paths, eventually suggesting those techniques which 
can help the identification of the intermediate products 

take place 

V 
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0 to suggest the proper chemical reagents to perform large-scale redox 
processes 

0 to throw light onto redox paths through comprehensive electrode 
mechanisms, the latter having to be always based on well docu- 
mented experimental evidence (complicated speculative mechanisms 
are almost always tedious and not useful) 

0 to point out eventual molecular dynamics triggered by electron- 
transfer processes. 

The selection of the matter treated in the text was dictated by the 
conflicting requirements of controlling its length and offering a satis- 
factory survey of the use of electrochemistry in inorganic chemistry (in 
this connection, I wish to express my gratitude to Jean-Marc Lievens and 
Emanuela Grigiotti for their invaluable graphic help). It is therefore 
possible that the text appears incomplete with respect to some important 
topics. Readers, however, must keep in mind that it simply constitutes a 
first approach to inorganic electrochemistry targeted at the newcomers, 
even if we hope that it might be of some help also to the practitioners, in 
that the different subjects are updated as much as possible. 

Unfortunately (or better, fortunately) chemical innovation is very fast 
and any matter rapidly ages. Perspectively, the dynamic aspects of 
inorganic compounds (or, ‘molecular machinery’) will become more and 
more sophisticated (their interpretation thus requiring also more and 
more sophisticated electrochemical techniques), but the basic equipment 
to their operation will remain in some ways still valid for a long time 
(screws, bolts, screwdrivers, pliers and drills are still basic pieces of the 
actual super-technological assemblies). In this picture, it is expected that 
the basic approach outlined here, to face with the electrochemical aspects 
of a number of topics in inorganic chemistry, will (hopefully) maintain its 
middle-term validity. 
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Introduction 

In order to understand the basic aspects of an electrochemical 
investigation on inorganic molecules (in its widest meaning, of any 
molecule which contains at least one metal centre) it must be taken into 
account that in these molecules the metal-ligand bonds are prevailingly 
covalent type. Since electrochemical techniques allow one to add or 
remove electrons in a controlled manner, it is conceivable that the 
addition or removal of electrons inside these molecules can lead to the 
formation of new bonds or to the breakage of existing bonds. 

The first target of Inorganic Electrochemistry is therefore to study the 
effects of such electron addition/removal processes on the molecular 
frames. 

As a matter of fact, the structural consequences of the electron 
exchanges are governed by the bonding, anti-bonding or non-bonding 
character of the frontier orbitals of the molecule. When one removes an 
electron from the energetically more easily accessible occupied molecular 
orbital (HOMO), which for instance possesses bonding character, it is 
clear that the molecular frame is weakened. The same happens, when one 
adds an electron to the energetically more easily accessible unoccupied 
molecular orbital (LUMO), if it possesses anti-bonding character. 

For instance let us consider the case of the tetrahedral carbonyl cluster 
[Rh4(CO)12], together with the theoretical analysis of its molecular 
orbitals, Figure 1. 

The lowest energy unoccupied orbital (LUMO - 27e) is anti-bonding 
with respect to the Rh-Rh bonds. As a consequence, the addition of 
electrons to [Rh4(CO)12] would cause destruction of the molecular frame 
(see Chapter 8, Section 2.2). 

Actually, if we look at the cyclic voltammogram of a non-aqueous 
solution of [Rh4(CO)12] shown in Figure 2, we see a reduction profile 
(peak A) which lacks a directly associated re-oxidation peak in the 
reverse scan. 

1 
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Figure 1 Molecular structure and theoretical analysis of ( R h d ( C 0 )  121 

-2.0 

peak A peak A 

Figure 2 Cyclic voltammogram exhibited by [Rh4( C O )  1 2 ]  in dichloroethane solution. 
From hereafter the symbol will indicate the starting potential 

As we will discuss in Chapter 2, such an ‘unsymmetrical’ pattern 
foreshadows fragmentation or severe structural reorganization of the 
original molecular frame. 

Obviously, the addition or removal of electrons can also lead to 
less drastic geometrical effects if the molecular orbitals involved are 
non-bonding. 

Consider, for instance, the case of ferrocene, [Fe(y-C5H5)2], which, 
according to the 18-electron rule, is highly stable. As one can deduce 
from its orbital diagram shown in Figure 3, its highest occupied orbital 
(HOMO - a’,) possesses a non-bonding character; this means that if we 
remove one electron from such an orbital, we do not trigger breakage of 
the molecule. 

In agreement with such an electronic distribution, the cyclic 
voltammogram of ferrocene displays an oxidation profile (peak A) 
which is accompanied in the reverse scan by a directly associated 
reduction process (peak B), Figure 4. 

As we will discuss, such a ‘symmetric’ profile is typical of an electron 
removal which does not lead to important structural changes. In fact, the 
17-electron ferrocenium ion, [Fe(C5H5)2] + , generated upon oxidation, is 
a stable species which substantially maintains the original molecular 
frame (but for the fact that, because of the electron removal, the iron- 
carbon bonds are slightly weakened and hence elongated by about 
0.04 p\ with respect to the neutral parent; see Chapter 4, Section 1.1). 
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Figure 3 Molecular 

& 

orbital diagram of ferrocene 

peak 0 

Figure 4 Cyclic voltammogram exhibited by [Fe (C,H,)2] in dichloromethane solution 

Finally, it must be taken into account that electrochemistry not only 
points out the occurrence of redox changes at molecular levels and their 
possible structural consequences, but also determines the electrode 
potentials at which such electron exchanges take place. For instance, 
Figure 4 shows that the [Fe(C5H5)2]/[Fe(C5H5)2] + oxidation takes place 
at E" = +0.44 V (as we will see later, with respect to the experimental 
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conditions used). For inorganic chemists such quantitative information 
can be of interest in that it allows them to calibrate properly the power of 
the eventual oxidizing agents to be used in a large-scale preparation of 
ferrocenium salts. 
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CHAPTER 1 

Fundamentals of Electrode Reactions 

Electrochemistry is essentially based on the relationships between 
chemical changes and flows of electrons (i.e. the passage of electricity). 
In this connection it is well known that electron transfer processes play 
an essential role in many physical, chemical and biological mechanisms 
and a number of such examples will be illustrated in the text. Perhaps in 
no other field of chemical reactivity has one looked for and found so 
many relationships between theory and experimental measurements. 

Two disciplines cover the majority of the theoretical and practical 
aspects of the mechanisms through which electron transfers proceed: 
electrochemistry and photochemistry. In this book only mechanisms 
relating to electrochemistry will be considered. 

1 ELECTRON TRANSFER REACTIONS 

In a purely formal manner the description of an electron transfer event, 
such as the reduction in solution of Fe(II1) ion, can be written in two 
ways, depending on whether the reduction is operated by a chemical 
agent or by an electrode: 

0 through a reducing agent (redox reaction in a homogeneous phase): 

[Fe(H20>6I3+ i- [v(H2O)6l2+ - [Fe(H20)6I2+ f [v(H2O)6l3+ 

0 through an electrode (redox reaction in a heterogeneous phase): 

[Fe(H206)l3+ + e- - [Fe(H20)6I2' 

In both cases, the adopted symbolism only gives a picture of the 
overall process. In fact, from a mechanistic viewpoint, the redox 
reactions (as with any other type of reaction) proceed by a series of 
intermediate steps involving phenomena such as: 

7 
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dzfusion of the species through the solution; 
interaction between reagents, in the case of reactions in a homogen- 
ous phase, or interactions between reagents and electrode, in the 
case of reactions in a heterogenous phase; 
formation of short- or long-lived intermediates due to variations in 
electronic configurations, to the eventual substitution of ligands, etc. 

Commonly, oxidation-reduction reactions in a homogenous phase are 

outer-sphere reactions; 
inner-sphere reactions. 

In the inner-sphere reactions, the process involves a 'transition state' 
in which a mutual strong penetration of the coordination spheres of the 
reagents occurs (and, therefore, strong interaction between reagents), 
whereas in the outer-sphere reactions there is no overlap of the 
coordination spheres of the reagents (and, therefore, there is weak 
interaction between reagents). 

The classical example of inner-sphere mechanism is the reduction of 
the Co(II1) salt [Co(NH&C1I2+ by Cr(I1) ions ([Cr(H20),l2+): 

classified as: 

[ CO"'(NH~)~CI]~++ [ CTII(H~O)~] 2+ - 5H+ 
5H7O 

[ CO"(H~O)~]~++  [ Cr111(H20)5C1]2++ 5NHi 

The fact that from a chloro-cobalt complex a chloro-chromium 
complex is formed, suggests that the reaction must proceed through an 
intermediate state that enables the transfer of a chlorine atom from 
cobalt to chromium. The proposed mechanism for this reaction is: 

[ Cr"(H,0)6]2++[ CO" ' (NH~)~C~]~+-  

{[(H20)5Cr11 - C1- Co1"(NH3),]4++H;0 i 
I electron transfer 

{[(H20)5Cr"1 - C1- C O " ( N H ~ ) ~ ] ~ - ~  

hydrolysis (H', HzO) I 
[CO"(H20)6]2+ + 5NH: 
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It is assumed that the intermediate product is [(NH3)5Co"'-Cl- 
Cr11(H20)5]4+ : 

in which there is a clear overlap of the coordination spheres of the two 
reagents. It follows that the electron-transfer can take place only after 
such an intermediate has formed. 

As an example of a reaction which involves an outer-sphere 
mechanism the following reaction can be considered: 

In this case one may assume that the charge transfer takes place as soon 
as the two reagents collide, without the occurrence of any exchange of 
ligands (which would imply breaking of old or formation of new bonds 
in the reaction intermediate). 

As a consequence, the mechanism with which a homogeneous reaction 
proceeds is conditioned by the rate of either the ligand exchange or the 
electron transfer. An outer-sphere mechanism is certainly active when the 
exchange of ligands between reagents is slower than the exchange of 
electrons between reagents. 

In this picture, the electron transfer processes mediated by metallic 
electrodes (redox reactions in a heterogeneous phase) can also be 
classified to proceed according to outer-sphere or inner-sphere mechan- 
isms (obviously, considering the electrode surface as a reagent). 

One can define as outer-sphere electrode processes those in which the 
electron transfer between the electrode and the active site occurs through 
the layer of solvent directly in contact with the electrode surface. The 
electrode and electroactive species are, therefore, separated such that the 
chemical interaction between them can be considered practically nil 
(obviously, apart from their electrostatic interaction), see Figure 1. 

Inner-sphere electrode processes are defined as those in which the 
electron exchange occurs between the electrode and the electroactive 
species (the metal core or its ligand) that are in direct contact with the 
electrode surface, see Figure 2. 

It should be emphasized that the majority of electrochemically 
induced redox processes in inorganic chemistry proceed (or are assumed 
to proceed) through outer-sphere mechanisms. 
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ELECTRODE 

ACTIVE SPECIES 

t 
SOLVENT 

Figure 1 Schematic representation of an heterogeneous electron transfer taking place 
through an outer-sphere mechanism at a negatively charged electrode 

ACTIVE SPECIES 

t 
SOLVENT 

Figure 2 Schematic representation of an heterogeneous electron transfer taking place 
through an inner-sphere mechanism at a negatively charged electrode 

2 FUNDAMENTALS OF ELECTRON TRANSFERS 
AT AN ELECTRODE 

As we shall be considering the electrochemical characterization of 
chemical systems, it is useful at this point to make clear a few 
fundamental concepts inherent in electrochemical processes. 1-6 
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2.1 The Electrode/Solution System 

An electrode reaction is always a heterogeneous chemical process, in that 
it involves the passage of an electron from an electrode (metal or 
semiconductor) to a chemical species in solution, or vice versa 

As illustrated in Figure 3, one can depict the eZectrode/solution system 
as being partitioned roughly into four regions: 

0 the electrode 
0 the double layer 
0 the diffusion layer 
0 the mass (or bulk) of the solution 

The electrode/solution interface represents a discontinuous plane with 
respect to the distribution of the electrical charge. This is the result of 
electrode possessing an excess of charge of a given sign (for example, 
negative in the figure) in immediate contact with an excess of charge of 
opposite sign, due to the electrostatic attraction. This situation generates 
the so-called double layer, which, as we shall see, has important 
consequences on the electrochemical events. 

The so-called diffusion layer is still a region dominated by an unequal 
charge distribution (i.e. in such a zone the principle of electro-neutrality is 
not valid) due to the electron transfer processes occurring at the electrode 
surface. In fact, the electrode acts as an electrostatic pump for species of 

DIFFUSION LAYER 
104-107 A p h 

I 

t - 
lo-1ooA 

DOUBLE LAYER 

Figure 3 The zones which characterize the electrode/solution system. Negatively charged 
electrode 
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a certain charge, resulting in a flow of these charged systems from the 
mass of the solution (i.e. the bulk of the solution where the principle of 
electro-neutrality is fully valid) towards the electrode, or vice versa. 

2.2 The Nature of Electrode Reactions 

Let us consider a chemical species which possesses two different 
oxidation states, oxidized (Ox) and reduced (Red), both stable and 
soluble in the electrolytic medium (solvent + inert electrolyte). The 
simplest formulation of the electrode reaction which converts Ox to Red: 

Ox + ne- - Red (1) 

in reality hides a sequence of elementary processes. In fact, in order to 
maintain a continuous flow of electrons: 

0 first, the electrode surface must be continually supplied with reagent 

0 then, the heterogeneous electron transfer process from the solid 
electrode to the species Ox must takes place (through an inner- or 
outer-sphere mechanism); 

0 finally, the reaction product (Red) must be removed from the 
electrode surface, in order to allow the access of further amounts of 
Ox to the electrode surface. 

Consequently, we can rationalize the process represented by Equation 
(1) as involving at least the following three elementary steps: 

(0x1; 

OX(bulk  of solution) MASS OX(electrode surface) 

OX(electrode surface) TRANSFER * Red(electrode surface) ( 3 )  

Red(electrode surface) MASS + Red(bulk  of solution) (4) 

Clearly, the overall rate of the reduction process will be conditioned by 
the slowest elementary step, which can be associated either with the mass 
transport (from the bulk of the solution to the electrode surface, and 
vice versa) or with the heterogeneous electron transfer (from the electrode 
to the electroactive species, or vice versa). 

As pointed out, the electrode process (1) can be described by the 
mentioned sequence of ‘at least’ three elementary stages. In reality, quite 
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often other phenomena complicate the electrode reactions. These consist 
of fundamentally three types: 

0 coupled chemical reactions 

It is possible that the species Red generated at the electrode surface 
may be unstable and tend to decompose. It may also be involved in 
chemical reactions with other species present in solution while it is 
moving towards the mass of the solution (homogeneous chemical 
reactions) or while it is still adsorbed on the electrode surface 
(heterogeneous chemical reactions). Furthermore, the new species 
formed during such reactions may be electroactive. These kind of 
reactions are called following chemical reactions (following, 
obviously, the electron transfer). 

In addition, though less common, there are cases of preceding 
chemical reactions (preceding, naturally, the electron transfer). In 
this case, the reagent Ox is the product of a preliminary chemical 
reaction of a species that is not itself electroactive. For example, the 
reduction of acetic acid proceeds through the two microscopic 
stages: 

CH,COOH CH3COO- + H+ (PRECEDING CHEMICAL 

H+ + e- - ;H2 

REACTION) 

(ELECTRON TRANSFER) 1 

0 adsorption 

In the sequence of reactions (2)-(3)-(4) it was assumed that electron 
exchange takes place without the interaction of the species Ox and 
Red with the electrode surface. However, it is possible that the 
exchange of electrons does not occur unless the reagent Ox, or the 
product Red, is weakly or strongly adsorbed on the electrode 
surface. It is also possible that the adsorption of the species Ox or 
Red might cause poisoning of the electrode surface, thus preventing 
any electron transfer process. 

0 formation of phases 

The electrode reaction can involve the formation of a new phase 
(e.g. electro-deposition processes used in galvanizing metals). The 
formation of a new phase is a multi-stage process since it requires a 
first nucleation step followed by crystal growth (in which atoms 
must diffuse through the solid phase to then become located in the 
appropriate site of the crystal lattice). 
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2.3 The Current as a Measurement of the Rate of an Electrode Reaction 

An electrode reaction always implies a transfer of electrons. If we 
consider again the reaction: 

Ox + ne- - Red 

it is easily deduced that for each mole of species Ox which is reduced, 
n mol of electrons must be released from the electrode (the working 
electrode, WE) and supplied to the species. As illustrated in Figure 4, 
these electrons are supplied, through an external circuit, by an electrode 
reaction that occurs at a second electrode (the counter electrode, CE) at 
the expense of any other redox-active species Red’ present in the same 
electrolytic solution (solvent itself included). 

It is clear that if, as in this case, the process occurring at the working 
electrode is a reduction half-reaction then there will be an oxidation 
half-reaction at the counter-electrode. 

Faraday’s law states that if M mol of reagent Ox are reduced, the total 
charge spent is given by: 

where F is the Faraday constant (96 485 C mol-*). 

Q = n . F . M  

The variation of charge with time, i.e. the current, i, will be equal to: 

The variation of the mol number with time, dM/dt, reflects the variation 
of concentration per unit time, or the reaction rate, v (in mol s-I). 

Figure 4 A schematic way to set up the reduction reaction: Ox + ne- -+ Red, at an 
electrode 
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Since we are considering heterogeneous processes, the rate of which is 
commonly proportional to the area of the electrode, one can normalize 
with respect to the electrode area, A ,  so that: 

- v(mo1 s-l . m-2> 
1 dM - i 

n . F - A  A dt 

This expression shows that the current flowing in the external circuit of 
Figure 4 is proportional to the rate of the electrode reaction: 

i = n .  F .  A . v  

the proportionality constant being the factor n .  F .  A .  
This type of current, which originates from chemical processes which 

obey Faraday's law, is called a faradaic current, to distinguish it from 
non-faradaic currents which, as we shall see in Section 5 ,  arise from 
processes of a strictly physical nature. 

In the course of an electrochemical experiment the experimental 
conditions are carefully controlled to minimize the onset of non-faradaic 
currents as much as possible. 

2.4 The Potential as a Measurement of the Energy of the Electrons 
Inside the Electrode 

According to band theory, the electrons inside a metal populate the 
valence band up to the highest occupied molecular orbital, which is 
called the Fermi level. The potential applied to a metallic electrode 
governs the energy of its electrons according to Figure 5. 

If the electrode potential is made more negative with respect to the 
zero-current value, the energy of the Fermi level is raised to a level at 
which the electrons of the metal (or, the electrode) flow into the empty 
orbitals (LUMO) of the electroactive species S present in solution, 
Figure 5a. Thus, a reduction process takes place, written as: S + e- - S- 

In an analogous way, the energy of the Fermi level can be decreased by 
imposing an electrode potential more positive than the zero-current 
value. A situation is now reached in which it is energetically more 
favourable that the electroactive species donates electrons from its 
occupied molecular orbital (HOMO) to the electrode, see Figure 5b. 
An oxidation process has been activated, which can be depicted as: 
S - S+ + e- 

The critical potential at which these electron-transfer processes occur 
identifies the standard potential, E" ,  of the couples S j S -  and S ' j S ,  
respectively. 
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Figure 5 The potential of an electrode can be perturbed in order to trigger: ( a )  reduction 
processes; (b )  oxidation processes 

Let us consider the case of the reduction process: 

S + e- - S- 
By raising the electrode potential towards more and more negative 
values a threshold value will be reached: above this value the reduced 
form S- is stabilized at the electrode surface, whereas below this value 
the oxidized form S is stabilized at the electrode surface. This threshold 
value is just defined as the standard potential of the S j S -  couple. 

2.5 The Biunique Relationship Between Current and Potential 

Since the potential regulates the energy of the electron exchanges, it also 
controls the rate of such exchanges and, hence, the current. This biunique 
correspondence between current and potential implies that if one of the 
two parameters is fixed the other, consequently, also becomes fixed. 

3 POTENTIAL AND ELECTROCHEMICAL CELLS 

As discussed in Section 2.3, for an electrode reaction to take place one 
needs two electrodes: a working electrode, at which the electron transfer 
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ti 

VOLTAGE 1 CELL 

DISTANCE 

Figure 6 Potentialprofile along the path f r o m  the interior of the working electrode to the 
interior of the counterelectrode in the electrochemical experiment illustrated in 
Figure 4 

process of interest occurs, and a counter electrode, that operates to 
maintain the electro-neutrality of the solution through a half-reaction of 
opposite sign, see Figure 4. Unfortunately, it is not possible to measure 
rigorously the absolute potential of each of the two electrodes (i.e. the 
energy of the electrons inside each electrode). The difference of potential 
set up between the two electrodes is, instead, easily experimentally 
measured and is defined as cell voltage, V.  However, as illustrated 
in Figure 6, this cell voltage is the sum of a series of differences of 
potential. 

At each of the two electrode/solution interfaces, where an electrical 
double layer is set up, there are sharp changes in potential. These changes 
of potential control the rate of the faradaic reactions that occur at the 
two electrodes. Each of the two jumps in potential is identified as the 
electrode potential of the respective electrodes. In addition, the cell 
voltage includes a further term because the solution has an intrinsic 
resistance, R,. Therefore, when the current flows through the solution 
between the two electrodes it gives rise to the so-called ohmic drop, that, 
being equal to the product i . R, is defined as the iR, drop. Only when one 
is able to make iR, = 0 (or at least render it negligible) does the measured 
cell voltage reflect the difference between the two electrode potentials (or, 
V =  AE). 

Since we are interested in controlling accurately the potential of the 
working electrode (in order to condition the rate of the electron transfer 
between this electrode and the electroactive species), we must work on 
the difference of potential between the two electrodes. It is clear, 
however, that changing the applied potential between the two electrodes 
causes unpredictable variations in the potential of either the working 
electrode, or the counter electrode, or in the iR drop. This implies that it 
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is impossible to control accurately the potential of the working electrode 
unless one resorts to a cell in which: 

0 the potential of the counter electrode is invariant; 
0 the iR drop is made negligible. 

A counter electrode of constant potential is obtained making use of a 
half-cell system in which the components are present in concentrations so 
high as to be appreciably unaffected by a flow of current through it. The 
saturated calomel electrode (SCE) is the most common example of such 
an electrode. As shown in Figure 7 ,  it is comprised of a mercury pool in 
contact with solid mercury(1) chloride and potassium chloride that lie at 
the bottom of the KC1 saturated solution. The aqueous solution is thus 
saturated with Hgz+, K" and C1- ions, the concentrations of which are 
governed by the solubility of the respective salts. 

The eventual current flow through the electrode causes the following 
reaction to proceed in one of the two directions: 

Hg;' + 2e- z 2Hg 

depending upon the direction of the current flow itself. Nevertheless, the 
activity of the solid species Hg and Hg2C12 is constant (by definition) and 
that of the Hg;' ions, which are present in high concentration, also 
remains substantially constant. Consequently, the electrode potential 
also remains constantly fixed at the value determined by the well known 
Nernst equation, which we will examine in more detail in Section 4.1: 

Figure I Schematic representation of the Saturated Calomel Electrode (SCE)  
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This type of counter electrode is defined as a reference electrode. As we 
will see in Chapter 3, Section 1.2, at 25°C the saturated calomel electrode 
(SCE) has a potential of +0.2415 V with respect to the standard 
hydrogen electrode (NHE), which, although difficult to use, is the 
internationally accepted standard for the potential scale, having 
conventionally: E" = 0.000 V. 

Returning to the control of the potential of the working electrode in 
the electrochemical cell, the use of a reference electrode as a counter 
electrode makes every change in the applied potential difference between 
the two electrodes entirely assigned to the working electrode, provided 
that the iR drop is negligible. In this manner we would be able to control 
accurately the reaction rate at the working electrode. 

Really, the use of a two-electrode cell (working and reference 
electrodes) must be considered only as a first attempt to control 
adequately the potential of the working electrode. In principle, that a 
reference electrode does function as a counter electrode has the 
disadvantage that the incoming current can cause instantaneous 
variations in the concentration of its components, therefore leading 
to a potential value different from the nominal one. In the majority of 
cases the relatively large surface area and the high concentration of 
active species typical of the reference electrodes make such variations in 
potential negligible. However, there are cases, such as large-scale 
electrolysis or fast voltammetric techniques in nonaqueous solvents, 
where the current flow is so high that the effects become non- 
negligible. Furthermore, there is still the problem of ohmic drop that, 
for example, in experiments performed in non-aqueous solvents, is by 
no means insignificant. 

To overcome these difficulties one must use a three-electrode cell, 
which is shown schematically in Figure 8 .  Here, a third electrode, 
auxiliary electrode (AE) is inserted together with the working and the 
reference electrodes. 

In principle, the auxiliary electrode can be of any material since its 
electrochemical reactivity does not affect the behaviour of the working 
electrode, which is our prime concern. To ensure that this is the case, the 
auxiliary electrode must be positioned in such a way that its activity does 
not generate electroactive substances that can reach the working electrode 
and interfere with the process under study. For this reason, in some 
techniques the auxiliary electrode is placed in a separate compartment, by 
means of sintered glass separators, from the working electrode. 
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Figure 8 The electrode arrangement in a three-electrode cell: WE = working electrode; 
RE = reference electrode; A E  = auxiliary electrode 

In addition, the iR drop can be minimized by positioning the reference 
electrode close to the working electrode. 

As deducible from Figure 8, to apply a precise ‘potential’ value to the 
working electrode means to apply a precise difference of potential between 
the working and the reference electrodes. Since the electronic circuit to 
monitor such potential difference, V, is properly assembled to possess a 
high input resistance, only a small fraction of the current generated in the 
electrochemical cell as a consequence of the applied potential enters the 
reference electrode (thus not modifying its intrinsic potential): most 
current is channelled between the working and the auxiliary electrodes. 

Nevertheless, even with this experimental set-up, the iR drop is not 
completely eliminated. The situation can be improved if the reference 
electrode is placed very close to the working electrode through a Luggin 
capillary, see Figure 9. 

The ideal positioning for the Luggin capillary is at a distance 2d from 
the surface of the working electrode, where d is the outlet diameter of the 
capillary. 

If one bears in mind this new cell design, the iR drop can be reconsidered 
according to Figure 10 with respect to that represented in Figure 6. 

As already mentioned, since the majority of the current has been 
conveyed towards the region between the working and the auxiliary 
electrodes, most of the ohmic drop iR, has no influence on the cell 
voltage V between the working and the reference electrodes, thus 
allowing the condition: 
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LUGGIN CAPILLARY 

Figure 9 The ideal assembly of a three-electrode cell. Rs = (compensated) solution 
resistance: R,, = uncompensated solution resistance 

to be essentially reached. 
It must, however, be kept in mind that one cannot eliminate the 

fraction of the non-compensated solution resistance Rnc, which generates 
the ohmic drop iRnc. Unfortunately, the positioning of the reference 
electrode even closer to the working electrode ( < 2 d )  would cause 
current oscillations. 

CE 

ELECTROSTATIC 
POTENTIAL 

R", 

I WE 

DISTANCE 

Figure 10 Potential profile in a three-electrode cell of the type illustrated in Figure 9 (see 
also Figure 6 )  
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It should be emphasized that this design of the three-electrode cell 
gives good results in the majority of cases. However, as mentioned, in 
fast electrochemical techniques in non-aqueous solvents, iR,, can assume 
values which compromise the accurate control of the potential of the 
working electrode and hence the achievement of reliable electrochemical 
data. In such cases one must employ electronic circuits which compensate 
for the resistance of the solution. 

Nevertheless, it is important to appreciate that this type of three- 
electrode cell usually enables one to control easily the potential of the 
working electrode by forcing it to assume all the desired values and hence 
to control either the start of electrode processes or their rate. 

4 

It was mentioned in Section 2.2 that even in the case of a simple electrode 
reaction one must take into account both heterogeneous electron 
transfer and mass transport processes. Let us therefore examine the 
mathematical relationships which govern the two processes. 

KINETIC ASPECTS OF THE ELECTRODE REACTIONS 

4.1 Electron Transfer 

Before examining the electrode reaction kinetics it is necessary to recall a 
few basic aspects of chemical kinetics. Consider the following elementary 
process: 

kr 
A z B  

kr 

where k f  (f = forward) and k, (r = reverse) represent the rate constants of 
the reactions from left to right and from right to left, respectively. 

Since, for an elementary step, reaction order and molecularity coincide, 
one can write: 

vf = k f  * CA 
V, = k, * CB 

where C is the concentration of the species A and B respectively. 

expressed by: 
The overall rate of transformation of A into B can, therefore, be 

V =  k f . C A - k , . C B  

At equilibrium, the rate of conversion will be zero ( v f =  v,). Hence: 

where K is the equilibrium constant of the reaction. 
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Thus, chemical kinetics predicts that under equilibrium conditions the 
ratio of the concentrations of the products and reagents is constant, as 
demanded by chemical thermodynamics. The agreement between kinetic 
and thermodynamic data is the ultimate test of any kinetic theory. 

It is known that in chemical kinetics one can determine how the free 
energy of the system varies as a function of the reaction coordinate, i.e. 
the progress of the reaction. 

Let us consider a simple faradaic process (i.e. accompanied neither by 
chemical complications nor by significant molecular rearrangements) of 
the type: 

S + e- 2 S -  

If a potential value corresponding to the equilibrium (zero-current) is 
applied to the working electrode so that both S and S -  are stable at the 
electrode surface, the process can be represented as in Figure 1 1. 

The curves relative to the half-reactions intersect at the point 
corresponding to the formation of the so-called activated complex. The 
height of the energy barrier of the two redox processes (oxidation, box; 
reduction, hRed) is inversely proportional to the respective reaction rates. 
Since in this case hox=hRed, it is immediately apparent that these 
conditions identify the equilibrium conditions. 

If one now sets the potential of the working electrode more positive 
than that of equilibrium, the oxidation process is facilitated (as seen in 
Figure 5 ) .  Thus, the profile of the free energy curves becomes that 
illustrated in Figure 12, in which the energy barrier for the oxidation is 
lower than that of reduction. 

REACTION COORDINATE 

Figure 11 Free energy changes for  the faradaic process S + e- # S- as a function of the 
reaction coordinate at the equilibrium potential 
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4 OX =RED 
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s + e---+s- 
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Figure 12 Free energy changes f o r  the faradaic process S + e- e S -  at potential values 
more positive than the equilibrium value 

On the other hand, if a potential more negative than that of equili- 
brium is applied to the working electrode, as indicated in Figure 13, the 
reduction process is favoured. 

This being stated, it is now possible to examine the kinetic aspects of 
the electron-transfer processes. 

Consider the general electron-transfer process: 
kRed 

Ox + ne- Z Red 
kOX 

where Red and Ox indicate reduction and oxidation, respectively 
Under equilibrium conditions the Nernst equation holds: 

R . T aox 
Eeq = E" + - In - 

' aRed 

t 
AGO 

111+ OX +- RED 

s+e-+s- 
s--+ s + e- 

b 

REACTION COORDINATE 

Figure 13 Free energy changes f o r  the faradaic process S + e- .FL S- at potential values 
more negative than the equilibrium value 
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where E" is the standardpotential of the couple Ox/Red and sox, aRed 

express the activities of the two species. Substituting concentrations for 
activities one obtains: 

where: 

y = activity coefficient; 
C* = concentration of the active species in the bulk of the solution; 
Eo' =formal electrode potential of the couple Ox/Red. It differs from 

the thermodynamic standard potential E" by a factor related to 
the activity coefficients of the two partners Ox and Red: 

As a consequence of the Nernst equation it follows that, when 

E"' = Eeq 

Since we have preliminarily stated that any kinetic theory must involve 
agreement between kinetic and thermodynamic data, it follows that, 
under equilibrium conditions, kinetic theory must afford relationships 
that coincide with the Nernst equation. 

In the electrode process under consideration there is either the reduc- 
tion path [Ox- Red] or the (inverted) oxidation path [Ox- Red]. 
Expressing the concentration of a species, at a distance x from the 
electrode surface and at the time t ,  as C(x , t ) ,  it follows from Section 2.3 
that the reaction rate for the reduction reaction is given by: 

c& = eke,: 

where C(0,t) is the concentration at the electrode surface ( x  = 0) and i, is 
the produced cathodic current. 

In a similar manner, for the oxidation reaction one obtains: 

where i, is the produced anodic current. 
The overall reaction rate can therefore be written as: 
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This means that the current generated at the electrode is expressed by: 

The rate constants of the electron transfers vary with the electrode 
potential. In particular, in their Arrhenius form, they are expressed by: 

(1 - a ) . n . F  
( E  - E O ' )  kox = k" . e R . T  

where: 

k" = standard rate constant, which expresses the value of kRed or kox 

CI = transfer coeficient (0 < a< 1); 
n = number of electrons (simultaneously) transferred per molecule 

when the applied potential E is equal to E"'; 

of ox .  

Upon substituting in the preceding relationship: 

one obtains: 

This current-potential relationship, also known as the Butler-Volmer 
equation, governs all the (fast and single step) heterogeneous electron 
transfers. 

4.1.1 A Deeper Insight into the Meaning of k" and CI. At this point a 
better understanding of the two factors k" and c( is called for. 

The heterogeneous standard (or conditional) rate constant k" measures 
the intrinsic ability of a species (say, Ox) to exchange electrons with the 
electrode in order to convert to its redox partner (say, Red). A species with 
a large k" will convert to its redox partner on a short time scale; a species 
with a small k" will convert to its redox partner on a long time scale. 

The largest values for the standard rate constant k" (expressed in 
metre/second) range from 0.01 m s-' to 0.1 m s-l, and commonly 
characterize redox processes which do not involve significant molecular 
reorganizations. 

The smallest values for the standard rate constant k" are around 
I O - "  m s-I. 
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We must however note that even if one partner of a redox couple does 
not possess a high propensity to exchange electrons with the electrode (i.e. 
low k") ,  we can force it to increase its electron transfer rate by applying to 
the working electrode a potential value higher than the formal electrode 
potential Eo' of the couple itself (i.e. more negative for a reduction 
process; more positive for an oxidation process). In fact, as seen: 

The transfer coefficient a is generally an index indicative of the symmetry 
of the energy barrier for a redox half-reaction. The significance of this 
definition is the following. 

It has been shown previously that an electrode reaction can be depicted 
through AGO /reaction coordinate plots. Reconsidering the simple half- 
reaction: 

Ox + ne- = Red 

let us apply to the working electrode a potential value E equal to the 
formal potential E"' of the couple Ox/Red. This means that the system is 
in equilibrium and the free energy curve will be of the type represented in 
Figure 14 (solid line). 

If we apply to the working electrode a potential value different from 
E O ' ,  based on the well-known relationship: AG = - n .F .  AE, the free 
energy of the electrode process will vary by n . F . ( E -  EO'). 

For instance, following the dashed line, if the potential of the electrode 
is made more positive than EO', we increase the activation barrier for 
the reduction process by a .  n . F .  ( E  - EO'), while the activation barrier 

AGO 

1 I n.F.(E-Eo') ,,,,,, /'' 

. --- -_----/-*-c* 

REACTION COORDINATE 

Figure 14 Free energy changes fo r  a furaduicprocess. (-) E = E"'; (- - -) E > Eo' 
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REACTION COORDINATE 

Figure 15 Relationship between the transfer coeficient ct and the intersection angles of the 
free energy curves 

for the oxidation process is lowered by an amount equal to the residual 
variation of the overall energy: [n * F .  (E-E"') - (sI. n .  F .  (E-E"')], or 
(1 - cc ) .n .F .  (E-E" ' ) .  

As far as the definition of c( as a measure of the symmetry of the 
activation barrier is concerned, as shown in Figure 15, let us focus on the 
apical region of the intersection between the free energy curves illustrated 
in Figure 14. 

If 13 measures the slope of the curve of the reduction half-reaction and 
4 the slope of the oxidation half-reaction, simple trigonometric rules 
afford: 

x * n - F * (E-E" ' )  (1 - X )  n F * ( E - E D / )  
tan0 = t a n 4  = 

X X 

so that: 
tan 0 

t an+ + tan0 
X =  

As illustrated in Figure 16, it follows that if the slope of the reduction 
curve equals that of oxidation (i.e. if 8 = +) then a = 0.5. Otherwise, a 
can assume values: 

0 between 0.0 and 0.5, if 0 < +  
0 between 0.5 and 1.0, if 0 > + .  

4.1.2 Verijication of the Theory Under Equilibrium Conditions. It has 
already been remarked that the ultimate test of any kinetic theory is that, 
under equilibrium conditions, the kinetic equations must coincide with 
the thermodynamic equations. 
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The fundamental relationship for a heterogeneous charge transfer 
(Butler-Volmer equation) is: 

Thus, when the electrode, depending upon the concentrations of Ox and 
Red, assumes an equilibrium potential, Ees, (keep in mind that E"' is the 
'particular' equilibrium potential set up when the concentrations of Ox 
and Red at the electrode surface are identical) it will reach the zero 
current condition (i = 0), so that: 

from which: 

or: 
co,(OJ) = epT(€e,-E") 

C R e d  (o , f )  
However, if there is an equilibrium between the two species at the 
electrode surface, such an equilibrium must also exist in the bulk of the 
solution. Hence: 

* - , r T ( E e q - E " )  n . F  
-- 
'ked 

In reality such an expression is nothing more than the exponential form 
of the Nernst equation seen previously (Sections 3 and 4.1): 

R . T Cbx 
' 

'Red 
Eeq = E"' + - lnT 

thus confirming the validity of the Butler-Volmer equation. 

4.1.3 Further Considerations on the Fundamental Equation of the 
Electron Transfer Process. The Exchange Current. It has been shown 
that, under equilibrium conditions (i.e. when both forms of a redox 
couple are present in solution), the faradaic current is zero. Such a result 
must be seen, however, in a dynamic context: the current is zero because 
the cathodic current (ic) generated by the reduction process equals the 
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anodic current (ia) generated by the oxidation process. This current, 
equal in both directions and exchanged under equilibrium conditions, is 
defined as the exchange current, io. 

As will now be discussed, the exchange current is proportional to the 
standard rate constant, thus resulting in the common practice of using io 
instead of k" in kinetic equations. 

Recall that under equilibrium conditions one has: 

that can be rewritten substituting the concentrations at the electrode 
surface, C(O,t), for the concentrations in the bulk of the solution, C*. 

The terms on either side of the equation are, in fact, now equal to i, 
and i,, respectively, under equilibrium conditions and each of the two 
terms represents io. Considering one of the terms (for example, that on 
the left of the equation) one can write: 

Under equilibrium conditions it was also found that: 

Raising this expression to 

* cox - ,,$E,,-E"') n . F  

G e ,  
-- 

the power - CI one obtains: 

which, substituting in the expression for the exchange current io, gives: 

Indeed, this is just the general expression that one uses to express the 
exchange current. 

Sometimes, the exchange current is expressed as the exchange current 
density, Jo: 

where A has its usual meaning of the electrode area. 

izes the rate of the electron transfer process inside a redox couple. 
Like the standard rate constant, k", the exchange current, io, character- 
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As k” can range from about 0.1 m * s-l, for very fast processes, to about 
10- l 1  m * s-l, for very slow processes, analogously the exchange current 
density varies from a few hundred kA - m-2 to a few tenths of nA . rn-’ on 
passing from very fast to very slow electron exchanges. 

As noted above, often the kinetic equations are written as a function 
of io rather than k ” .  One of the advantages of using io is that the 
faradaic current can be described as a function of the difference between 
the potential applied to the electrode, E, and the equilibrium potential, 
Eeq, rather than with respect to the formal electrode potential, E”’, 
(which, as previously mentioned, is a particular case of equilibrium 
potential [C,,(O,t) = C,,,(O,t)], and at times may be unknown). In fact, 
dividing the fundamental expression of i by that of io one obtains: 

-(l-x) - CRed(O,?) e W ( E - E . ’ )  -- 
‘Red ‘Red 

Since in the previous section it was shown that: 

Red 

substituting, one can write: 

~ 1 e- %F(E-Eeq) - CRed(O,f) e F ( E - € e q )  

‘Red 

Indicating with y, defined as overvoltage, the difference between the 
applied potential and the equilibrium potential (y = E - Eeq), one obtains: 

This important equation can be qualitatively interpreted in the following 
way. When the two components Ox and Red are present in solution at 
certain concentrations, the working electrode will spontaneously find its 
equilibrium potential (imposed by the Nernst equation) and there will be 
no overall current flow. In order for Ox to be reduced or Red oxidized, 
the system must be moved from equilibrium. This can be achieved 
by setting a potential different from that for equilibrium. The process 
of oxidation or reduction will be favoured depending on whether 
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the potential is moved towards more positive or more negative values, 
respectively, compared to the equilibrium potential. Moreover, the more 
the potential is removed from equilibrium the greater will be the current 
and, hence, the faster the faradaic process. 

In fact, the above equation quantifies these considerations. The first 
term describes the cathodic component of the current, whereas the 
second term describes the anodic component. 

As an example, Figure 17 shows how, for the generic process Ox + ne- 
= Red, the current varies as a function of the electrode overvoltage. 

The solid curve is the sum of the cathodic and anodic components, 
which are represented by the respective dashed lines. 

It is evident that at very negative potential values (compared to Eeq) the 
anodic component is zero, so that the current is due only to the reduction 
process. The inverse effect occurs for very positive potentials (compared to 
Ecq), On the other hand, moving away from the equilibrium potential 
in either direction, even only slightly, the current rises rapidly as a 
consequence of the exponential terms in the equation. However, at high 
values of q the current reaches a limiting value (il), beyond which it can rise 
no more. This happens because the current is limited by the rate of the mass 
transport of the species Ox or Red from the bulk of the solution to the 
electrode surface, rather than from the rate of the heterogeneous electron 
transfer. Hence, one can say that the effect of the exponential factors in the 
equationis restrained by the ratios C~,(O,t)/C~, and C,&(O,t)/Ck,d, which 

Figure 17 Current-overvoltage projles for the process Ox + ne- = Red. Experimental 
conditions: u = 0.5; n = I; T = 25" C. The current is normalized with respect to 
the limiting value il 
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are directly related to the rate with which the electrode is supplied with 
electroactive material. 

One can obtain a useful approximation of the preceding equation 
when the concentrations of Ox and Red at the electrode surface are not 
significantly different from their respective concentrations in the body of 
the solution (one can, for example, achieve such a condition by stirring 
the solution continuously). In fact, if C(0,t) = C", then: 

In some texts this relationship is also called the Butler-Volmer equation. 
It is common practice to use this equation experimentally in one of the 

following three limiting forms: 

0 if one applies a potential that is much more negative than the 
equilibrium potential, the anodic component of the current will be 
negligible (as shown previously) and the equation becomes: 

1 . n . F  -- i =  io . e R . T  

0 conversely, if one applies a potential much more positive than the 
equilibrium potential, the cathodic component will be negligible, 
hence: 

( 1 - 1 )  . n .  F -~ -i= io . e R . T  rl 

The signs of the current refer to the American convention that 
reduction currents are positive, whereas oxidation currents 
are negative (remember that in electrochemistry the signs are 
conventional). 

0 when the difference between the applied and the equilibrium 
potential is very small, one can exploit the mathematical expression 
that, if x is small, e-.'E 1 + x, and the equation reduces to: 

i = i o . ( c  F . q )  
R - t  

This relationship indicates that the current which flows in a faradaic 
process is proportional to the applied overvoltage only in a small 
interval of potential values very close to Ees (less than +lo0 mV). 

4.2 Mass Transport 

As seen previously (Section 2 .2 ) ,  the rate of an electron transfer is also 
conditioned by the rate with which the electrode is supplied with reagent 
and cleared of the electrogenerated product. 
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4.2.1 Possible Ways to Move a Species f rom the Bulk of the Solution to 
the Electrode Surface. There are three physical mechanisms by which a 
redox-active species can move from the mass of the solution to the 
electrode surface. 

0 Convection is the movement of a species under the action of a 
mechanical force (a gradient of pressure). The convective move- 
ments can be fortuitous (resulting from collisions or vibrations of the 
electrochemical cell) or intentionally forced (through controlled 
stirring). 

0 Dzflusion is the movement caused by the presence in solution of 
regions with different concentrations of the active species (a  gradient 
of concentration). It tends to randomize the distribution of molecules 
in a system transporting species from regions of high concentration to 
regions of low concentration. Electrode reactions are an ideal mode 
to generate diffusive movement. In fact, if a reaction Ox - Red is 
occurring at the electrode surface, it is obvious that in a layer of 
solution close to the electrode surface (thickness of about 0.0001 m) 
the concentration of Red will be higher and the concentration of Ox 
lower than that present in the mass of the solution, respectively. This 
concentration gradient of the two species makes more Ox move from 
the bulk of the solution to the electrode, while the species Red moves 
from the electrode surface (where it was generated) to the mass of the 
solution. The propulsive force clearly is to establish a uniform 
distribution of the two species in the whole of the solution. 

0 Migration is the movement of an ionic solute under the action of an 
electric field (a gradient of electricalpotential). As a matter of fact, it 
is simply the movement of the ions in solution during an electrode 
process: the positive ions are attracted by the negatively charged 
electrode, while the negative ions are attracted by the positively 
charged electrode. 

In order to derive mathematical equations able to describe the 
movement of a species towards or from an electrode surface it would be 
necessary to know the physical laws which govern the three modes of the 
mass transport. 

Apart from a limited number of cases (laminar flows around a rotating 
disk or through a tubular electrode), it is very difficult to make a rigorous 
treatment of the convective movements. 

It is even more difficult to handle mathematically migration (which 
depends on the dimensions of the ions, on the form and disposition of the 
electrodes, on the resistance of the solution, and so on). 
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Difusion is the only mode of mass transport for which we possess well 
known mathematical treatments. 

For this reason one always tries to minimize the effect of migration by 
adding a supporting electrolyte to the solution (i.e. a salt which produces 
non-electroactive ions in the potential region of interest) in a ratio of at 
least 1 O O : l  compared to the electroactive species. In this way it is 
statistically more probable that, under the effect of an applied potential, 
the inert ions of the supporting electrolyte migrate to the electrodes 
rather than those of the electroactive species under study. Analogously, 
in order to avoid convection, the solution is maintained unstirred (or 
under accurately controlled stirring). 

In conclusion, one always tries to study the electron transfer process 
under conditions where mass transport is governed only by diffusion (for 
which the laws are rigorously known). 

4.2.2 Linear DzfSusion at a Planar Electrode. Commonly, in order to 
deduce the mathematical relationships that govern the diffusion of an 
electroactive species towards the electrode, one considers an electron 
transfer process taking place at a planar electrode, in an unstirred 
solution, so to make active only the diffusive motion of the redox-active 
species in a direction perpendicular to the electrode surface, Figure 18. 

The diffusive event involves two aspects: 

0 the variation of the concentration of the active species along the 
approaching distance to the electrode surface (concentration 
gradient with space) 

0 the variation of the concentration of the active species with time 
(concentration gradient with time). 

I d 

movement of Ox r &,/Td 
.... ......... ..........)........ 

, ,,,’ / 
X x - dx planar 

electrode 
(area A) 

(a) 

electrode material 

inert material I::: 5 5 5 (b) 

Solution 

Figure 18 ( a )  Model of the linear diffusion to a planar electrode f o r  the faradaic process 
Ox + ne- = Red ; ( b )  typical planar electrode fo r  linear diyusion 
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To discuss these two aspects let us consider the usual electrode process: 
O x + n e -  I Red 

Within the solution, let us consider the parallel-to-the-electrode plane 
at position x,  see Figure 18a. The mole number of species Ox crossing the 
unit area of the plane per unit time is called f lux of O x ,  Jo,(x,t) 
(mol s-l m-2), and represents the rate of the mass transport. 

According to Fick’sfirst law, the flux of Ox is proportional to the 
concentration gradient of Ox along the direction of propagation: 

The constant of proportionality, Dox, is defined as the dzfusion 
coeficient of the species Ox. The units of the diffusion coefficients are 
m2 s-’. The negative sign is conventional. 

As the reduction process Ox - Red proceeds, the species Ox, 
flowing through the plane x at the time t ,  reaches the electrode surface 
( x  = 0) and instantaneously disappears to generate the species Red, 
which in turn will cross the plane x in the opposite direction. This 
means that: 

-JOx(xi  t )  = JRed(Oit) 

Since the amount of species Ox reaching the electrode [or, Jox(O,t)] will 
generate a current, the intensity of which is proportional to the number 
of electrons exchanged with time (Section 2.3): 

1 d M  - - -- i 
n - F - A  A d t  

we can write: 

In the first instance such an expression tells us that the current is a 
function of the concentration of the active species at any distance from 
the electrode. However the concentration of the active species depends 
either on distance or time. Fick’s second law just determines how the 
concentration of species Ox changes with time. 

Stated that COx(x, t )  represents the concentration of Ox in the infini- 
tesimal volume of solution between the planes x and x - dx in Figure 18a, 
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the time dependence of the concentration will be given by the difference 
between the flux of Ox which enters the infinitesimal volume of solution 
and the flux of Ox which leaves the same element of volume, or: 

Upon substituting such a relationship in Fick’s first law, we obtain: 

The same holds for the species Red moving away from the electrode: 

4.2.3 Spherical Dzflusion. If, as it might happen, the electrode is spheri- 
cal rather than planar (e.g. using a hanging drop mercury electrode), See 
Figure 19, Fick’s second law should be integrated by corrective terms 
accounting for the sphericity, or the radius r ,  of the electrode: 

4.2.4 Concentration Projiles. Cottrell Equation. As previously men- 
tioned, the region close to the electrode surface where the concentrations 

electrode material 

inert matenal 

&------- 

( 8 )  

Solution 

( a )  Typical electrode f o r  spherical diffusion; ( b )  parameters of the spherical 
diffusion: yo = radius of the electrode: r = radial distance at the time t 

Figure 19 
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of Ox and Red are different from the corresponding ones in the bulk of 
the solution is defined as the dzflusion layer. 

During an electrode reaction in an unstirred solution, the thickness 
of the diffusion layer grows with time up to a limiting value of about 

m, beyond which, because of the Brownian motion, the charges 
become uniformely distributed. At ambient temperature the diffusion 
layer reaches such a limiting value in about 10 s. This implies that in an 
electrochemical experiment, the variation of concentration of a species 
close to the electrode surface can be attributed to diffusion only for about 
10 s, then convection takes place. 

The graphs that show the dependence of the concentration of a 
species on distance from the electrode surface and how it evolves with 
time are called concentration projiles. 

To obtain such diagrams, one must mathematically solve Fick's second 
law: 

J C O x ( X ,  t )  - S 2 C O x ( X ,  t )  
6 x 2  

- D o x  - 
The resolution makes use of non-elementary mathematical treatments 
(Laplace transformation). Neglecting such treatments, one obtains: 

s t  

where, erf (error function) and erfc [error function complement (erfc = 
1 - erf)] are trascendental functions of exponential type. 

Figure 20 shows a series of concentration profiles at different times for 
the reaction: Ox + ne - - Red. In the experiment, at time t = 0 only the 
species Ox is present in solution, then the electrode potential is suddenly 
changed from a value more positive than the formal potential of the 
couple Ox/Red to a value much more negative, so that the reduction 
process Ox+ Red immediately takes place. 

The slope of each concentration profile expresses the concentration 
gradient of species Ox at various times, 6Cox(x,t)/6x, where 6Cox(x,t) = 
Cox(x,t)  - CL,. The point at which the concentration gradient becomes 
zero (i.e. when COx(x,t) = CbX, or CO,(x,t)/C~, = 1) identifies the 
thickness of the diffusion layer. 

The thickness of the diffusion layer (in metres) is approximately: 
6(DoX * t)1'2. 
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x (m) 
4 10" 1.2 l o 5  2 2.8 l o *  

Figure 20 Concentration projles of the species Ox at different times for the reaction 
Ox + ne- + Red. Dox = 1.10- m2 s-' 

For instance, for Dox = 1 . m2 s-l, we obtain: 
time (s) lo-' 1 

thickness (m) 6 - 2 . 6 . 2 - 
Figure 20 shows the accuracy of the calculation for the first two cases. 

profiles of the species Red are opposite to those of Ox. 
Clearly, as represented in Figure 21, concomitantly the concentration 

As the current is a function of the flux of species Ox that reaches the 
electrode surface: 

i 6COx(X, t )  
n .  F A = ' [ 6x ].Y=o 

it is well conceivable that the decrease of the gradient of Ox with time 
makes the current also decrease with time. 

The dependence of the current upon time, once again, can be obtained 
by solving (in a non-elementary way) Fick's second law. The final result is: 

n - F . A . D!: c:x 
+f) = . $ 1 2  

known as the CottreZl equation. 
The linear dependence of the current on the square root of the time is 

just used as a diagnostic test for electrochemical reactions controlled by 
diffusion. 
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C& 

0.5 
\- t = 0.1 s 

t = l s  

\ 

4 ,106  1.2.1 o-s 2.1 o-5 

Figure 21 Concentration proJiles of the species Red at diflerent times f o r  the reaction 
Ox + ne- - Red. DRed  = Dox = 110-9 in2 s-’ 

It must be noted that the above relationship is derived from linear 
diffusion at a planar electrode. In the case of a spherical electrode of 
radius, yo, the above relationship becomes: 

1 +’] 
(7c  - Dox t ) l I 2  r, 

i(t) = n - F A D ~ ,  cbx - 
which means that: 

- n F A Dox Ct;, 
j ( t )  spherical - j(t)linear + 

r0 

It has been calculated, for example, that for an electrode of radius 
ro=0.001 m, the second term on the right of the equation becomes 
negligible ( i .e .  the simple laws of linear diffusion are valid also for 
spherical electrodes) if the response is recorded for a time lower than 3 s 
from the start of the faradaic process. Obviously, increasing yo also 
increases the time for which linear diffusion remains valid. It has been 
calculated that to an accuracy of lo%,  and for Dox = 1 . lo-’ m2 s-l, the 
following relation holds: 

with t in s and ro in m. 
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Hence, the time t (in s) in which linear diffusion is valid for a spherical 
electrode of radius ro (in m) is: 

t x 3.2 * lo6 ( ~ 0 ) ~  

4.3 Influence of Mass Transport on Charge Transfer. Electrochemically 
‘Reversible’ and ‘Irreversible’ Processes 

In Sections 4.1 and 4.2, the electron transfer and the mass transport 
involved in a simple electrode reaction [simple = not complicated by 
preceding or following reactions, by absorption, or by formation of 
phases (see Section 2.2)] have been treated separately. However, it is to 
be expected that in reality both phenomena act in a concerted manner 
during a faradaic process. Thus, as seen previously, even the simple 
electrode process: 

Ox+ne- z Red 

must be pictured, at its initial stage, in the following way: 

OX(bulk of solution) - OX(electrode surface) MASS TRANSPORT 
k Red 

kOX 

OX(e1ectrode surface) + He- 2 Red(electrode surface) ELECTRON TRANSFER 

In this connection, there are two fundamental types of behaviour: 

0 if the rate of the electron transfer is higher than the rate of the mass 
transport (or, if both kRed and kox are large, and greater than the 
rate constant of the mass transport), the process is defined as 
electrochemically reversible; 

0 if the rate of the electron transfer is lower than the rate of the mass 
transport (or, if kRed  and kox are not both large, and lower than the 
rate constant of the mass transport), the process is defined as 
electrochemically irreversible. 

It is commonly accepted that if 

ko > 2 * m s-l the process is reversible 

ko < 5 - lo-’ m s-‘ the process is irreversible 

It must, however, be taken into account that the concept of 
electrochemical reversibility or irreversibility of an electron transfer is 
relative. In fact, to accelerate the redox processes one can act either on 
the mass transport (by stirring the solution) or on kRed and kox (by 
changing the electrode potential, as seen in Section 4.1.1). 
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As will become evident from an examination of the various 
voltammetric techniques, the electrochemical reversibility or irreversi- 
bility of a process influences the form of the relative current/potential 
curves. 

+ -  - 
+ -  - 
+ -  - 
+ -  - + -  - + -  

5 NON-FARADAIC PROCESSES. CAPACITIVE CURRENTS 

Based on the way in which an electrode process has been illustrated, until 
now it would seem reasonable to assume that the only source of electron 
flow between the electrode and the species in solution might be attributed 
to faradaic processes of the type: Ox+ne- = Red. It has already been 
mentioned in Section 2.3, however, that non-faradaic currents exist. Let 
us discuss their origin. 

Recalling the arguments of Section 2.1, the electrode/solution inter- 
face can be considered to a first approximation as a double layer of the 
type reported in Figure 22. 

A charge distribution of this type is completely analogous to that of a 
capacitor. Figure 23 illustrates what a capacitor is: two parallel metal 
plates separated by a dielectric material. 

When a difference of potential AE is applied to the two plates, an 
excess q of electrons accumulates on one of them (which is equal to the 

ELECTRODE SOLUTION ELECTRODE SOLUTION 

Figure 22 Approximate representation of the electrodelsolution interface when the 
electrode potential is made: ( a )  negative, ( b )  positive 

0 1 
DIELECTRIC AE 

Figure 23 Scheme of the charging circuit of a capacitor 
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defect of electrons generated on the other plate) until the following 
relation is satisfied: 

- _  - C  
A E  

where: 

q = the charge on the capacitor (in coulombs), 
AE = the difference of potential applied between the two plates (in 

vo 1 t s) , 
C = the capacitance of the capacitor (in farads). 

In other words, when one applies a difference of potential between the 
two plates of a capacitor, a current flows through the circuit until the 
capacitor is charged; this current is called the capacitive current. 

This is just what happens in an electrochemical cell when a potential is 
applied between the working and the reference electrodes: the double 
layer setting up at the working electrode/solution interface generates 
capacitive currents. 

To evaluate the magnitude of capacitive currents in an electrochemical 
experiment, one can consider the equivalent circuit of an electrochemical 
cell. As illustrated in Figure 24, in a simple description this is composed 
by a capacitor of capacitance C, representing the electrode/solution 
double layer, placed in series with a resistance R, representing the 
solution resistance. 

As a result of the difference of potential AE applied between the 
working and reference electrodes, a capacitive current generates inside 
the cell which flows as a function of time, according to the relation: 

AE - t / R . C  
i =  (R) 

This means that during an electrode reaction the capacitive currents 
decrease exponentially with time (i oc l/exp(t)), whereas, as seen in 

Figure 24 The simplest equivalent circuit of an electrochemical cell 
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Section 4.2.4, the faradaic currents fall off more slowly with time in that 
they decrease as a function of the square root of time (i oc l i d ) .  
Consequently, the time dependence is a diagnostic test to discriminate 
between faradaic and capacitive (i.e. non-faradaic) currents. 

In passing, it has to be underlined that the use of high concentrations 
of supporting electrolyte is also useful to minimize the capacitive 
currents (also called charging or residual currents). 

6 THE ELECTRICAL DOUBLE LAYER. A DEEPER 
EXAMINATION 

The description of the double layer reported in Figures 3 and 22 is only 
approximate; the composition of the electrode/solution region is 
somewhat more complex. The double layer has been studied in most 
detail for a mercury electrode immersed in an aqueous solution. 
According to Gouy-Chapman-Stern there are several layers of solution 
in contact with the electrode, see Figure 25. 

The charge on the metallic electrode, qM, (which, depending on the 
potential applied, can be negative or positive compared to the charge of 
the solution, qs) is considered to be concentrated in a layer of about 
0.1 A close to the electrode surface. 

SPECIFICALLY ADSORBED 
ANIONS 

ELECTRODE 

SOLUTION 

x1 x2 

IHP OHP 

Figure 25 A detailed picture of the electrode/solution double layer 
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By contrast, the charge of the solution, qs, is distributed in a number of 
layers. The layer in contact with the electrode, called the internal layer, is 
largely composed of solvent molecules and in a small part by molecules 
or anions of other species, that are said to be specifically adsorbed on the 
electrode. As a consequence of the particular bonds that these molecules 
or anions form with the metal surface, they are able to resist the repulsive 
forces that develop between charges of the same sign. This most internal 
layer is also defined as the compact layer. The distance, X I ,  between the 
nucleus of the specifically adsorbed species and the metallic electrode is 
called the internal Helmholtzplane (IHP). The ions of opposite charge to 
that of the electrode, that are obviously solvated, can approach the 
electrode up to a distance of x2, defined as the outer Helmholtz plane 
(OHP). 

As the electrostatic interaction between the solvated ions and the 
metal is indirect, it is virtually independent of the chemical nature of the 
ions; these latter are said to be non-specijically adsorbed. 

The region of solution between the OHP and the bulk of the solution is 
called the dzfusion layer. The majority of the charge present in solution 
resulting from the applied electrode potential resides in this layer. 

If one defines the electrostatic potential of phase, +, as the work 
necessary to carry the unit charge from infinity to within this phase, all the 
layers of the double layer can be assigned a phase potential. In Figure 26 
the variation in the potential profile within the double layer is shown. 

The potential difference (+M - +'), known as the interface potential, 
cannot be measured, in that it would need the insertion of another 
electrode, i.e. another interface. What one can measure is the 
electrochemical potential of the electrode, E, with respect to a reference 
electrode; obviously every change of (+M - 4') is reflected in a variation 
of E. or vice versa. 

6.1 The Kinetic Consequences of the Double Layer Composition 
on the Electron Transfer 

In the treatment of the kinetics of the electron transfer illustrated in 
Section 4.1, it has been assumed that the propulsive force for the electron 
transfer was the electrochemical potential E (i.e. a quantity directly 
related to +M - 4'). However, since the solvated ions cannot enter the 
inner layer of the double layer (IHP), the true propulsive force should be: 
+M - 4' - +2, or a quantity proportional to the term ( E -  +*). With this 
more precise statement (called Frumkin 's correction) both the standard 
rate constant, k" ,  and the exchange current, io, should become 
respectively: 
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I I  I 
I ,  I 
I I  b 

x1 xz DISTANCE FROM THE 
ELECTRODE SURFACE 

Figure 26 Pro$le of the phase electrostatic potential inside the double layer. See also 
Figure 25 

where the subscript t (true) indicates the corrected factor, z is the charge 
of the species undergoing the general electrode process: 

Ox' + ne- = Red" 

Such relationships allow one to calculate ko(t)  and io(l) from the 
experimental determination of k" and io (through the use of the 
Butler-Volmer equation). 

It is noted that although it is possible to calculate +2 for mercury 
electrodes (e.g. through the so-called electrocapillary curves), for elec- 
trodes of other materials there is not this possibility, in that for such 
electrodes the composition of the double layer is unknown (one normally 
assumes it to be similar to that of mercury). 

Finally, it must be taken into account that the use of large 
concentrations of supporting electrolyte minimizes the Frumkin effects. 
This is important in that we can now realize that high concentrations of 
supporting electrolyte not only minimize either migration or the 
capacitive currents, but also allow us to adopt the simple electrode 
kinetics discussed in Section 4. 
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CHAPTER 2 

Voltammetric Techniques 

In inorganic electrochemistry the main target of an electrochemical 
experiment is to study in detail the electron transfer process of a species 
(whereas in analytical electrochemistry is that to analyse the composition 
of a sample). 

An understanding of the redox behaviour of a species requires: 

the study of the kinetic aspects of the electron transfer processes 

9 the study of the thermodynamic aspects of such electron transfer 

We will examine here the simplest voltammetric techniques that allows 

exhibited by that species; 

processes. 

one to gain such kinetic and thermodynamic parameters. 

1 CYCLIC VOLTAMMETRY 

A preliminary electrochemical overview of the redox aptitude of a species 
can easily be obtained by varying with time the potential applied to an 
electrode immersed in a solution of the species under study and recording 
the relevant current-potential curves. These curves first reveal the 
potential at which redox processes occur. In addition, the size of the 
currents generated by the relative faradaic processes is normally 
proportional to the concentration of the active species. Finally, the 
shape of the response as a function of the potential scan rate allows one 
to determine whether there are chemical complications (adsorption or 
homogeneous reactions) which accompany the electron transfer 
processes. 

Voltammetric techniques involve perturbing the initial zero-current 
condition of an electrochemical cell by imposing a change in potential to 
the working electrode and observing the fate of the generated current as 

49 
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a function of time (or, in some cases, by imposing a current and observing 
the potential). 

Without any doubt, cyclic voltammetry is the most popular voltam- 
metric technique used in the field of inorganic chemistry. Unfortunately, 
the power of the technique is frequently overestimated in that simple 
cyclic voltammetric measurements rarely allow one to gain complete 
electrochemical information. As we will discuss, it must be always 
coupled with complementary techniques. 

Cyclic voltammetry belongs to the category of voltammetric 
techniques based on a linear potential sweep chronoamperometric 
technique. It certainly constitutes the most useful technique for a 
preliminary determination of the redox properties of a given species. 

The experiment is carried out under stationary conditions (i.e. the 
solution is kept unstirred) in order to ensure that the mass transport is 
purely diffusive. 

In linear sweep voltammetric techniques the applied electrode 
potential is varied from an initial value Ei to a final value Ef  at a 
constant scan rate v (single sweep voltammetry). Once the value Ef  is 
reached the direction of the scan can be reversed, maintaining the same 
scan rate v, and the potential brought back to the initial value (cyclic 
voltammetry). In the two cases the form of the potential-time impulse 
can be represented as shown in Figure 1. 

The scan rate of the potential is usually in the range from 0.020 V s-' 
to 100 V s-'. Until a few years ago the resulting current-potential curves 
were recorded with a normal X-Y recorder up to a scan rate of about 
0.5 V s-'; for higher scan rates it was necessary to use an oscilloscope. 
Recently, however, the use of personal computers interfaced with the 
electrochemical apparatus has overcome most recording problems. 

E t  

LOW 

Figure 1 Potential-time pulses in: ( a )  linear sweep voltammetry; ( b )  cyclic voltammetry. 
The slope of each line measures the potential scan rate 
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1.1 Reversible (Nernstian) Processes 

In order to look at the multiple shapes that the cyclic voltammograms 
can assume as a function of the nature of the different electrode 
processes, let us begin by examining the case of a reversible reduction 
process, not complicated by homogeneous reactions: 

Ox + ne- Red 

As previously stated, an electrode process is defined as electrochemi- 
cally reversible when the rate of the electron transfer is higher than the 
rate of the mass transport. 

Let us assume that only species Ox is initially present in solution, 
and that its movement to/from the electrode is governed by linear 
diffusion. If one starts from a potential value more positive than the 
formal potential E"' of the redox couple Ox/Red and proceeds at a 
certain scan rate towards values more negative than E"' (according 
to the potential-time pulse of the type illustrated in Figure la), a 
current-potential curve of the type shown in Figure 2 for the trace 
ABC is obtained. 

The reason for the shape of the curve is not immediately obvious and 
can be explained by recalling the concentration profiles reported in 
Figure 3 (already seen in Chapter 1, Section 4.2.4). 

When the scan of the potential reaches a value appropriate for the 
reduction of Ox, the concentration of Ox at the electrode surface begins 
to decrease with respect to that present in the bulk of the solution, CLx. 

concentration gradient (6Cox(x, t ) /6x)  becomes 
that: 6Cox(x,t) = COx(~,t)-C;)X),  and thus, from 

D 

This implies that a 
established (recalling 

B 

Figure 2 Typical cyclic voltammetric projle exhibited by a species which undergoes a 
reversible reduction at Eo' = 0.00 V 
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Figure 3 Concentration projiles of the species Ox during the proceeding of the half- 
reaction: Ox + ne-- Red 

Fick’s first law, a current begins to flow. Such an initial concentration 
gradient (assumed to be represented, for instance, by the curve ‘a’ in 
Figure 3) does not remain constant since, as shown previously, the 
diffusion layer tends to increase with time. However, more important 
than this effect is the linear scan of the potential towards negative values. 
This implies that to maintain the concentrations imposed by the Nernst 
equation an ever greater quantity of Ox is reduced such that the 
concentration gradient rises (say, curves ‘b’ and ‘c’ in Figure 3). The 
maximum value of this increase is reached when the concentration at 
the electrode surface becomes zero (i.e. Co,(O,t) = 0, which corresponds 
to curve ‘d’ in Figure 3). Consequently, the current increases to a 
maximum value. After this point, however, even increasing the potential 
towards more and more negative values, the gradient cannot increase 
further. Rather, it decreases due to the relaxation resulting from the 
enlargement of the diffusion layer with time; in fact: K O x  = constant, 6x 
increases (curves ‘e’ and ‘f’ in Figure 3). Therefore, the current 
decreases. 

When the direction of scan is reversed (according to the potential-time 
impulse of the type illustrated in Figure lb), the voltammetric curve 
resembles the trace CDE of Figure 2 because exactly the same 
phenomenon becomes established for the newly electro generated species 
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CRed(X,t), still present close to the electrode surface. Obviously, as 
a consequence of the variation of the potential towards more positive 
values, this new species will be reoxidized. 

The above qualitative discussion is quantitatively described by solving 
Fick's second law for both Ox and Red. 

The solution of these equations needs a few boundary conditions. 

Initial boundary conditions 

If initially only the species Ox is present in solution and one assumes 
that Dox = DRed = D, the initial conditions are: 

at time t = 0 for any distance x from the electrode 

Semi-infinite boundary conditions 

Electrode surface boundary conditions 

The conditions at the electrode surface, once the reduction process 
has been triggered, are (see Chapter 1, Section 4.2.2): 

If the process is reversible, Jox(O,t) = -JRed(O,t), and therefore: 

Such boundary conditions are common to all electrochemical 
processes. In the case of a linear scan of the potential with time, we 
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must also take into consideration that the following potential-time 
relationships hold at any time: 

where: 

tf = time at which the direction of the potential scan is reversed; 
Ei = initial potential; 
v = scan rate. 

This being stated, applying Laplace's transform one obtains from 
Fick's second law that the maximum current (i.e. the current at the 
potential corresponding to the maximum of the peak) for a planar 
electrode is expressed by: 

n3 . F 3  . Dox . v 
r T  

i, = 0.4463 . A . Cb, * 

which, at 25"C, gives: 

where: 

ip = forward peak-current (A); 
n = number ofelectrons exchanged per molecule of 0,; 

A = area of the electrode (m2); 
Do, = diffusion coefficient of Ox (m2s-'); 

cbx = concentration of Ox (mol I-') 
v = potential scan rate (V s-'). 

Such an expression is called the Randles-Sevcik equation. 
It is evident that (once the electrochemical reversibility of the 

process under examination has been checked, see the next section) the 
experimental measurement of the peak current, i,, allows one to 
calculate one of the parameters appearing in the equation. For 
instance, if the peak current ip at a certain scan rate v is measured, 
knowing the area of the electrode A ,  the diffusion coefficient D and 
the concentration C of the species under study, one can compute the 
number of electrons n involved in the redox change. On the other 
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I + anodic process(es) 

cathodic process(es) I - i  

Figure 4 ( a )  The conventional signs of currents and potentials in cyclic voltammetry. 
( b )  Basic parameters f o r  a cyclic voltammogram: Epf= potential of theforward 
peak: Epr =potential of the return peak; Ei =potential value at the inversion 
of the scan direction: ipf= current of the forward peak with respect to its 
baseline; ipr= current of the return peak with respect to its baseline; 
AEp = peak-to-peak separation: (ipr)o = current of the return peak with 
respect to the zero current baseline; ( i / i o  = current at the inversion potential 
with respect to the zero current baseline 

hand, if one knows the number of electrons n that the species 
can exchange, one can calculate the diffusion coefficient D of the 
species; and so on. 

1.1 .I Diagnostic Criteria to Identify a Reversible Process. The 
foregoing mathematical treatment offers the opportunity to determine 
the characteristics of a cyclic voltammetric response originating from a 
reversible process, when the voltammogram is recorded at several scan 
rates [possibly progressively going from low (about 0.02 V s-l) to high 
(about 50 V s-’) scan rates]. 

Firstly, however, one should consider, on the basis of Figure 4, which 
are the IUPAC recommendations on the signs of the currents? and the 
main parameters of a cyclic voltammogram. 

For any process the ratio between the current of the reverse peak and 
that of the forward peak, ip,/ipf, is particularly important. This current 
ratio is the parameter which allows one to judge the chemical 
reversibility of an electrode reaction. In fact, when such a ratio is 
equal to 1, the electrogenerated species Red is stable (at least on the 
cyclic voltammetric timescale). The ipr/ipf ratio is easily calculated in 
computerized instrumentation or must be determined graphically in 

‘The potential/current signs in the IUPAC convention follows the criterium: ‘positive currents for 
processes occurring at positive potentials’, and vice verm. The American convention still adopts the 
opposite criterium: ‘positive currents for processes occurring at negative potentials’, and vice versu. 
Even if the present theoretical treatment follows the American convention (positive sign to 
reduction processes), in presenting cyclic voltammetric profiles the IUPAC recommendation will be 
adopted. 
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the older instrumentation. In the latter case it can be estimated 
in the way indicated in Figure 4b, either by drawing the baselines of the 
curves for both the forward and the reverse peaks, or through the 
empirical relation: 

where, as illustrated in Figure 4b: 

(ipr)o = reverse peak current not corrected for the baseline; 
(if)o = forward peak current at the inversion potential Ef [(if)o # ipf]. 

This relationship is particularly useful when the forward peak is 
accompanied by successive peaks at a distance which inhibits a good 
baseline from being drawn for the reverse peak. In this case, the automatic 
data given by computerized apparatus may not be completely reliable. 

Returning now to the diagnostic criteria for a reversible process, they 
can be subdivided as follows. 

Properties of the Potential 

the potential of the forward peak, Epf, is independent of the scan 
rate; 
the separation between the potentials of the forward and reverse 
peaks (calledpeak-to-peak separation), AEp, at 25"C, is equal to 59/11 
mV ( n  being the number of electron exchanged per molecule of Ox), 
and such value maintains constant with scan rate. 

This value arises from the relationship: 

2.3 . R . T 
n . F  

AEp = 

It means that, for reversible one-electron processes, the peak-to-peak 
separation assumes different values as a function of the temperature; 
namely: 

T ( " C )  50 25 20 10 0 - 10 -20 -50 
AEJmV) 64 59 58 56 54 52 50 44 

Similar to the current ratio, the peak-to-peak separation AEp is 
another important parameter in that it relates to the electrochemical 



Voltammetric Techniques 57 

reversibility of an electrode reaction, i.e. the rate of the electron transfer 
(see also below). 

It must be however underlined that, in measuring the peak-to- 
peak separation, a departure of 10-20 mV from the theoretical 
value (especially at relatively high scan rates) does not compromise 
the criterion of reversibility, in that the eventual presence of solution 
resistances not adequately compensated by the electrochemical instru- 
mentation (see Chapter 3, Section 2 )  tends to lay down the forward/ 
reverse peaks system, thus increasing the relative AEp value. 

Properties of the Current 

the ratio between the current of the forward peak and the square 

the current ratio between the reverse and the forward peaks, ip,/ipf, is 

Let us finally point out that the characterization of an electrochemi- 
cally reversible step lies on the only thermodynamic parameter: the 
formal electrode potential of the redox couple Ox/Red, EgxlRed, which is 
commonly measured as the average value: 

root of the scan rate, ipf/vl”, is constant with the scan rate; 

constant and equal to 1.0. 

under the assumption that Dox = DRed. 

1 .I .2 The Chemical Meaning of an Electrochemically Reversible 
Process. Before passing to subsequent electrochemical mechanisms, it 
is important to discuss briefly the chemical meaning of an electrochemically 
reversible process. In this connection, we must take into account that 
one of the most important factors which contribute to the enhancement 
of the activation barrier of a redox step is the extent of geometrical 
reorganization which accompanies the electron transfer (see Chapter 1 1). 
In this light, the occurrence of an electrochemically reversible process 
(or an electrode process in which the rate of the electron transfer is higher 
than the rate of the mass transport) suggests that no important structural 
reorganization is likely to accompanies the redox step. 

For instance, Figure 5 shows the electrochemical response given by 
[Fe ( Y ~ - C ~ M ~ ~ ) ~ ] ,  in dichloromethane solution. 

The well known ferrocene/ferrocenium oxidation possesses the 
features typical of electrochemical reversibility. This foreshadows the 
substantial maintenance of the original molecular geometry on passing 
from decamethylferrocene to decamethylferrocenium. As a matter 
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E (V, vs. SCE) L4 E (V, vs. SCE) 

Figure 5 Cyclic voltammogram recorded at a platinum electrode in a dichloromethane 
solution of [Fe($-CjMej)2/. Scan rate 0.2 V s-' 

of fact, as we will see in Chapter 4, Section 1.1 in more detail and as 
deducible from Table 1, the X-ray structure of the two redox congeners 
support such an assumption. 

The sandwich geometry is maintained upon one-electron removal, and 
only a slight elongation of the Fe-C bonding distances occurs. 

1 .I .1.1 Cyclic voltammetry at spherical electrodes. As discussed in 
Chapter 1,  Section 4.2.3, diffusion laws at a spherical electrode must take 
into account the curvature ro of the electrode. The mathematical 
treatment of diffusion at a spherical electrode becomes somewhat more 
complicated6 with respect to the preceding one for planar diffusion and 
we will not dwell on it. On the basis of what we will see in Chapter 11, 
Section 2,  it is important to consider that, under radial diffusion, the 
cyclic voltammogram loses its peak-shaped profile to assume a sigmoidal 
profile, see Figure 6. 

From a qualitative viewpoint this happens because the mass transport 
is specifically oriented towards the electrode surface, so that more 
amounts of species Ox reach the electrode surface in the unit time for unit 
area with respect to a planar electrode. This allows a steady-state 
condition to be reached (or the total depletion of Ox at the electrode 

Table 1 Comparison of the bonding distances ( A )  of [Fe(qs-C5Mejj2] and [Fe(qj-  
CsMej )2]+  (bond lengths rounded off to the second decimal figure) 

Fe-C Fe-CPi'enrroid! Clr i , , gJ -C / rmgl  C i r i n g ) - C i m e r h L l )  

[Fe($-CjMej)2] 2.05 1.66 1.42 1 s o  
[Fe(q5-CjMej)2]' 2.10 1.71 1.42 1 .so 
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E t 
Figure 6 Typical cyclic voltammogram obtained at a spherical (or hemispherical) 

(micro)electrode under experimental conditions such that only radial diyusion 
is operative 

surface is prevented) because the mass transport predominates over the 
rate of the electron transfer. 

Obviously, in order to obtain experimental conditions under which the 
radial dzffusion might dominate over the linear dzffusion (recall that in 
Chapter 1, Section 4.2.4, we have stated that at short times even at 
spherical, normal-sized electrodes linear diffusion holds), two require- 
ments are needed: 

the radius of the electrode must be micron-sized (ro = 1-10 pm; 

the experiment must involve relatively long times (i.e. slow scan 
these electrodes are defined as rnicroele~trodes~~~) 

rates). 

1.2 Irreversible Processes 

If the rate of the electron transfer is lower than that of the mass 
transport, or in the case of irreversible processes (see Chapter 1, Section 
4.3), the potential at which the reduction reaction Ox + ne-- Red takes 
place can be much more cathodic than the formal electrode potential of 
the couple Ox/Red. In addition, commonly the separation between the 
forward peak and the reverse peak is so large that the reverse peak is 
undetected. 

A typical shape of an electrochemically irreversible process is shown 
in Figure 7. 

Also in this case the shape of the voltammogram can be mathemat- 
ically accounted for by solving Fick’s second law for the two species Ox 
and Red. 

The initial conditions and those at semi-infinite distance are the same 
as for the reversible case. The conditions at the electrode surface differ. 
In this case they are: 
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L I 
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Figure 7 Typical cyclic voltammetric projile of an irreversible reduction process 

where n, is the number of electrons exchanged in the slowest step. 
Clearly, n, can be smaller or equal to the overall number of electrons n 
exchanged per molecule of Ox. Obviously, for a one-electron process, 
nu= 1. 

The numeric solution of the relative differential equations gives that, 
at 25°C: 

i, = 2.99 . lo5 . n .  ( u .  n,)'/* 8 A * 0:: . Cix . v l /*  

where the various parameters are expressed in the same units as in the 
case of the reversible process. 

As anticipated, for an irreversible process the forward peak is located 
at potentials more negative than if it were reversible (i.e. compared to its 
standard thermodynamic potential). Moreover, since the above rela- 
tionship shows that the peak current depends on the square root of 
the transfer coefficient c(, under equivalent conditions the height of the 
irreversible peak equals 78.6% of the reversible peak given that, as often 
happens, a = 0.5 

1.2.1 Diagnostic Criteria to Identifv an Irreversible Process. In order 
to characterize an irreversible process it would be necessary to be able to 
calculate either the thermodynamic parameter E"' or the kinetic 
parameters a and k". Unfortunately, we will see below that k" can only 
be calculated if E"' is known, and E"' cannot be calculated by 
voltammetric techniques. Thus, either one knows E"' (for example, by 
using potentiometric techniques in solutions containing both Ox and 
Red), or one is limited to give simply the peak potential of the electrode 
process at a certain rate (usually at 0.1 v s-l or at 0.2 v s-'). 
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The criteria for an irreversible process are the following. 

Properties of the potential 

61 

At variance with the reversible case, in the irreversible case the 
forward peak potential, E,f, shifts with the scan rate (towards more 
cathodic values for reduction processes). 

At 25"C, the shift is of about 30/ctn, mV for a tenfold increase of the 
scan rate. 

If Epi2 is the potential value at ip/2, it holds that, at 25°C: 

Such a relationship is commonly employed to calculate the term 
a * n,. 
As a consequence, if, as it commonly happens, n = 1 (or, n, = l), the 
value of ct can be determined. 

The precise dependence of E, with scan rate v is expressed by: 

It shows that if one 
determined. 

[ 0.780 + In( $) + In( a ' nz R . T  ' ' ') ' I 2 ]  

knows E"' and Dox, the value of k" can be 

Properties of the current 

The current function i,f/v''2 is constant 
No current ratio ipr/ipf exists. In this connection, it must be taken 
into account that the lack of any reverse response is not sufficient to 
diagnose an electrochemically irreversible step. As we will see below, 
the presence of chemical reactions involving the electrogenerated 
species can make the reverse response disappear. . The following relation has been derived: 

which (at least in principle) would allow one to calculate a and k", if 
E"' is known. In fact, a plot of In i, as a function of (E,-E"') would 
give a straight line with a slope of (a  * n, . F/R . T )  and intercept of 
ln(0.227. n - F .  A * Ckx * kO), 
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1.2.2 The Chemical Meaning of an Electrochemically Irreversible 
Process. As a chemical consideration, the occurrence of an 
electrochemically irreversible process implies so large an activation 
barrier to the electron transfer that it is likely that (as discussed in the 
introductory section, Figure. 1.2) it causes breakage of the original 
molecular frame with formation of new species (see Chapter 7, 
Section 5) .  

1.3 Quasireversible Processes 

It is not uncommon that in electron transfer processes one observes that 
at low scan rates the process behaves reversibly, whereas at high scan 
rates the process behaves irreversibly (such behaviour is more easily seen 
for processes that are not complicated by coupled reactions). Processes 
occurring in the transition zone between reversible and irreversible 
behaviour are called quasireversible. 

A quasireversible process occurs when the rate of the electron transfer 
Ox + ne- + Red is of the same order of magnitude as the mass transport 
(concomitantly, the inverse reaction Ox + Me- Red has a non- 
negligible rate). 

It is commonly assumed that an electron transfer behaves quasi- 
reversibly when the standard rate constant lies within the values 
expressed as a function of the highest and lowest scan rates v :  

where k" is expressed in m s-' and v in V s-'. 
Since in cyclic voltammetry the potential scan rate commonly ranges 

from = 0.02 V s-l to = 50 V s-', it follows that for a quasireversible 
process: 

(from 2 .  to 4 .  ms-') 3 k" 3 (from 2 .  to 3 . lo-* ms-') 

This criterion is slightly different from that assessed in Section 1.4.3 
on the reversibility or irreversibility of an electron transfer: 

k" 2 2 x m s-' the process is reversible 

k" S 5 x 10-7ms-1 the process is irreversible 

So we can make the new statement: 
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k" > 3 . 

k" s 2 . 

. v 1 I 2  (i.e. > 2 * 

* v 1 I 2  (i.e. < 2 * 

t 4 * m s-') the process is reversible 

m s-') the process is irreversible + 5 . 

3 . 10-3 . v 1 / 2  3 k" 3 2 .  . v 1 / 2  

( j .e.  t 4 . 1 0 - 4 m s - 1  > k o  > 2 . 1 0 - 6 + 5 .  ms-') 
the process is quasireversible 

Coming to the mathematical treatment of the quasireversible case, the 
solution of the differential equations for Ox and Red needs, as boundary 
condition at the electrode surface, the relation: 

a.n.F,&E.i) (l-a).n.F (E-E" I )  

= Cox(O, t )  . k" . e R.T - CRed(O, t )  . k" . e R.T 

In this case the solution is mathematically more complex than in the 

the forward peak height is not directly proportional to v 1 / 2  
the shape of the peaks and the peak-to-peak separation depend, 
through a complex mathematical function Y ,  from a, k", and v: 

previous cases. From such a solution one obtains: 

which, under the usual assumptions: c( = 0.5; Dox = DRed = D, becomes: 

The first effect that one notices in the voltammetric response is that 
quasireversibility induces a separation between the forward and the 
reverse peaks (i.e. the peak-to-peak separation AEJ much greater than 
that of a reversible process (to determine this parameter correctly one 
must use instrumentation able to compensate for the solution resistance). 

In order to understand better the distinction between reversibility, 
quasireversibility and irreversibility in cyclic voltammetry, the typical 
cyclic voltammetric profiles for the three cases are represented in Figure 8.  
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Figure 8 Qualitative behaviour of the cyclic voltammetric profilesfor a reduction process 
having features o f  ( a )  reversibility; ( b )  quasireversibility; (c) irreversibility. 
c( = 0.5; Eo' = 0.00 V. T = 25°C 

1.3.1 Diagnostic Criteria to Identfy a Quasireversible Process. A 
quasireversible process is characterized by determining either the 
thermodynamic parameter E"' or the kinetic parameters cx and k". 

The parameter E"' can be calculated to a good approximation as the 
average value between the forward and the reverse peaks, given that 
0.3 < cx < 0.7. In fact, in this case, the shift of the cathodic peak towards 
more negative potential values and the shift of the reoxidation peak 
towards more positive values, both caused by the kinetic effects, 
essentially compensate each other. 

The parameter k" is generally calculated from the working curve 
shown in Figure 9.8 

In it the peak-to-peak separation, AEp, is plotted as a function of the 
above discussed parameter Y. Thus, if one knows the number of 
electrons, n,  exchanged per molecule of Ox, measuring the peak-to-peak 
separation (preferably at different scan rates) the corresponding value of 
Y is obtained. Then, from the previous relationship: 

k" 

I"* = [ a .  "RF T V  . D 
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Figure 9 Working curve to calculate k" from the parameter AEp 

one can calculate k" if both D and a are known. 
Generally, the value of a is assumed to be about 0.5; otherwise 

one must calculate it by comparing theoretical curves for several values 
of a with the experimental curve (the latter method being very rarely 
used). On the other hand one can roughly evaluate the value of a taking 
into account the effect of a on the shape of the voltammogram: 

for a > 0.5, the forward peak is sharper than the reverse peak, thus 

for a < 0.5, the opposite effect is apparent. 
On the basis of the previous discussion, the criteria for defining a 

ipf ' ipr; 

process as quasireversible are the following. 

Properties of the Potential 

The forward peak potential Epf shifts (towards more negative 
potential values for reduction steps) with scan rate; 
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as mentioned, the AEp value, at 25"C, is higher than 59/n (mv), even 
if at low scan rates it might approach such value. Nevertheless, on 
increasing the scan rate the departure from 59/n mV becomes 
significant 

Properties of the Current 

The current of the forward peak ipf increases with v'/*, but the 
dependence may be non-linear; i.e. the current function ip/v''2 might 
not be constant; 
the current ratio ipr/ipf is equal to 1 only if a = 0.5. Otherwise, if 
a > 0.5: ipr/ipf  < 1; if a< 0.5: ipr/ipf > 1. 

1.3.2 The Chemical Meaning of an Electrochemically Quasireversible 
Process. It is conceivable that since quasireversibility lies in between 
reversibility and irreversibility, the structural consequences of a 
quasireversible process would also be intermediate between the 
occurrence of no significant reorganizations (typical of a reversible 
process) and framework destroying reorganizations (typical of an 
irreversible process). Therefore we can conclude that electrochemical 
quasireversibility suggests that some important structural reorganization 
accompanies the redox step, but the molecular framework does not 
undergo fragmentation. 

However, how significant can such geometrical reorganizations be? 
From a qualitative viewpoint we can roughly relate the extent of 
structural reorganization to the departure of the peak-to-peak separ- 
ation from the theoretical value of 59/n mV, expected for a reversible 
process. 

In this connection, let us consider the following example (which 
will be discussed further in Chapter 5 ,  Section 7), which illustrates 
the case of a significant, but not too important, structural 
reorganization: 

I1 2 +  In acetonitrile solution, the Cu"/Cu' reduction of [Cu L] appears 
as a quasireversible process, giving rise to a forward-backward peak- 
system with AEp = 114 mV, at a scan rate of 0. I V s-'. 
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Figure 10 shows the molecular structures of both the copper(I1) and 
copper(1) congeners. As seen, the copper(I1) complex possesses an 
octahedral S402 coordination, whereas the copper(1) complex assumes 
a tetrahedral S4 coordination releasing the bonding with the two oxygen 
atoms. 

In contrast, let us examine a case of very important structural 
consequences. As we will discuss in Chapter 7, Section 2.4, the 
carbonyl cluster [os6(co),8] undergoes a two-electron reduction with 
marked features of electrochemical quasireversibility: AEp = 255 mV at 
0.01 vs-'. 

Figure 11 shows the molecular structures of [os6(co),8] and 
[ o ~ ~ ( c o ) ~ ~ I ~ - .  

We must conclude that the marked electrochemical quasireversibility 
is due to the remarkable geometrical reorganization from the bicapped 
tetrahedron of [os6(co),8] to the octahedron of [os6(co)18]2- occurring 
upon the two electron addition. 

It is important to underline finally that quasireversibility is an 
electrochemical criterion and it does not means 'partial chemical 
reversibility' . 

1.4 The Effect of Chemical Reactions Coupled to Electron Transfers 

As mentioned in Chapter 1, Section 2.2, it is quite common that a 
heterogeneous electron transfer process is complicated by homogeneous 
chemical reactions that involve the species Ox and/or Red. In this light, 
the chemical complications are classified as: 

preceding (the electron transfer) chemical reactions 
following (the electron transfer) chemical reactions 

n 

Figure 10 The molecular structures 08 ( a )  [CurrL2I2+; ( b )  [CU'L~]' 
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Figure 11 The molecular structures of ( a )  [Osg(CO)18]; ( b )  [ O S ~ ( C O ) I ~ ] ~ -  

It is conceivable that the presence of such complications must 
affect the shape of the cyclic voltammograms, and hence perturb to 
some extent the diagnostic criteria for the above-mentioned funda- 
mental electron transfer processes. As these reactions proceed at their 
own rates, cyclic voltammetry will be able to detect them only if 
their rates fall within the time scale of the voltammetric technique 
(which ranges from a few tens of seconds to a few milliseconds). 

Commonly, in the description of chemical reactions coupled to 
electron transfer, the homogeneous chemical reaction is indicated by C 
and the heterogeneous electron transfer by E. The order of C with respect 
to E then follows the chronological order in which the two events occur. 
Furthermore, while Ox and Red indicate the electro active species, other 
non-electro active species which result from the coupled chemical 
complications are indicated by Y, Z, W, etc. 

Also in these cases, mathematical treatments of Fick’s second law, 
under proper boundary conditions, afford diagnostic criteria to identify 
the possible electrode mechanisms. 

1.4.1 Preceding Chemical Reactions. It is conceivable that if the 
species Ox is the product resulting from a chemical reaction preceding 
the electron transfer, such a reaction will influence the amount of Ox able 
to be reduced, so essentially perturbing the forward peak. 

For a preceding chemical reaction two mechanisms are possible, 
depending on whether the electron transfer is reversible or irreversible. 

I .4.1 .I 
transfer. 
precedes a reversible electron transfer is schematized as follows: 

First-order chemical reaction preceding a reversible electron 
The process in which a homogeneous chemical reaction 
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Ox + ne- = Red 

where Y represents the non-electro active species, whereas Ox and Red 
are the electro active congeners. 

A similar process is indicated as a CE mechanism, or more specifically 
as a CrEr mechanism (where the subscript r indicates the reversibility of 
the respective process). 

As the supply of the electroactive species Ox results from the chemical 
reaction, it will be important to know, at least qualitatively, how much of 
Ox is formed during the time scale of the cyclic voltammogram. In this 
connection it must be taken into account that the time scale of cyclic 
voltammetry is measured by the parameters: 

n . F . v  
R .  T 

for a reversible process 

ci.n, * F .  v 
R . T  

for a quasireversible or an irreversible process 

It follows that the time scale of cyclic voltammetry is a function of the 
potential scan rate v, in the sense that the higher the scan rate the higher 
is the competition of the voltammetric intervention with respect to the 
rate of the chemical complication. 

Coming back to the electrode process under examination, the limit at 
which the chemical complication can proceed is governed either by the 
equilibrium constant K or by the kinetics of the homogeneous reaction 
( i e .  kf + kJ. In this regard it is convenient to distinguish three limiting 
cases depending upon the rate of the chemical complication. 

‘Slow’ preceding chemical reaction (kf + k ,  << n * F .  v/R . 7‘) 

When Kis large (for example, z- 20), most of Ox will already be present 
in solution, hence, given the low kinetics of the chemical reaction the 
response is apparently not disturbed by the latter, i.e. it appears as a 
simple reversible electron transfer. 

When K is small, the electron transfer reaction again appears as a 
simple reversible process, except that the peak current will be smaller 
than what one would expect on the basis of the quantity of the 
(erroneously assumed to be active) Y species placed in solution. This 
results because the concentration of the really active species Cox, being 
determined by the equilibrium of the preceding reaction, is equal to only 
a fraction of the species Y placed in solution: 
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C* COX(X, 0) = -. 
K 

K t  1 

Chapter 2 

where: 
c* = COX(X, 0) + Cy(X: 0) 

9 'Fast' preceding chemical reaction ( k f  + k, >> n + F .  v/R . T ) 

When Kis large, once again the response appears as a simple reversible 
electron transfer, but the measured standard potential, Eo'*, is shifted 
towards more negative values compared to the standard potential, E"', 
of the couple Ox/Red by a factor of  

R ' T  K -1n- 
n . F  K + l  

or, at 25"C, by: 

59 K 
n K+l - log - (mV) 

Obviously, for K - 00, Eo'* = E"'. 
When K is small, because of the fast continuous maintaining of the 

small equilibrium amount of Ox, the complete depletion of Ox at the 
electrode surface will never be reached, so that the forward profile no 
longer maintains the peak-shaped form, rather it assumes a sigmoidal 
S-shaped curve (similar to a polarogram), the height of which remains 
constant at all the scan rates, Figure 12. 

For this kind of limiting current, i ~ ,  the following equation holds: 

I i  
Figure 12 Cyclic voltammogram for a C,E, mechanism in which the preceding 

reaction isfast, but the equilibrium is shifted towards the reagents 
chemical 
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iL = n * F * A * . C, . K .  (kf + k,)'I2 

Hence, if the value of Kis known from the literature, one can calculate 

'Intermediate' preceding chemical reaction (kf + k,  % n Fa v/R T ) 

In the case when the preceding chemical reaction occurs at a rate of the 
same order as the intervention time scale of cyclic voltammetry, the 
repercussions of the chemical complication on the potential of the 
electrode process are virtually negligible, whereas there is a significant 
effect on the current. In particular, it is characteristic of this mechanism 
that the forward current decreases with the scan rate much more than the 
reverse current. This implies that the current ratio ipr/ipf is always greater 
than 1, increasing as scan rates are increased. 

The forward peak current measured under the effect of the kinetic 
reaction, ik (kinetic current), is a fraction of the peak current id (diffusive 
current) that one would record at the same scan rate in the absence of the 
preceding chemical reaction, according to the relationship: 

kf and k,. 

One can exploit such a relationship to determine the values of kf and k, 
(provided that K is known). To do this, one needs to obtain the value of 
the diffusion current id; this value can be obtained in two ways: 

recording the voltammogram at a very slow scan rate such that the 
chemical reaction goes to completion. Then extrapolating from the 
peak current value obtained the id value at the rate used to measure 
ik (in fact, under diffusion conditions, the peak current is directly 
proportional to 
if the species Ox is available, one records the peak current at the 
desired scan rate (at the concentration experimentally used for Y ) .  

Should it be impossible to measure id, the problem can be overcome by 

Based on the experimental value ipr/ipf obtained at a given scan rate, 
using the working curve reported in Figure 13.9 

the curve enables one to calculate the parameter: 
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I .5 
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Figure 13 Working curve to obtain the kinetic parameters f o r  a C,E, mechanism f rom the 
current ratio ipr/ipf 

Therefore, if K is known, one can determine the values of kf and k,. 

I .4.1.1.1 Diagnostic criteria to identify a chemical reaction preceding 
a reversible electron transfer. Granted that when the chemical reaction 
has a large K value, or its rate is slow, the response looks like an 
unperturbed reversible process, the simplest and most wished-for 
opportunity to detect the presence of a preceding equilibrium reaction 
lies on the possible appearance of an S-shaped curve in the forward scan. 
Otherwise, other criteria are the following. 

Properties of the Potential 

For a reduction process the forward peak potential Epf shifts 
towards less negative potential values with scan rate 

Properties of the Current 

The current function ip,-/v1’’ decreases with the scan rate 
The current ratio ipr/ ipf  is always greater than 1, and further 
increases with scan rate 

I .4.1.2 
transfer. 
electron transfer can be depicted by the scheme: 

First-order chemical reaction preceding an irreversible electron 
The case in which a chemical reaction precedes an irreversible 
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kf 

kr 
Y Z O X  

k" Ox + ne- - Red 

In this case, that one defines as a C,Ei mechanism, not only the 
thermodynamic ( K = k f / k , )  and kinetic ( k f  + k,) parameters of the 
preceding reaction will play a role, but also the kinetic parameters of 
the electron transfer (a, k?. 

Obviously, the lack of a reverse peak is immediately apparent, due to 
the irreversibility of the charge transfer. 

Also in this case, if the kinetics of the preceding chemical reaction are 
very slow ( k f  + k,  << a.n;F*v/R.T), the process appears as a simple 
irreversible electron transfer. The peak height of the process depends on 
the equilibrium constant because, as mentioned previously, the 
concentration of the active species Cox is a fraction of the amount C* 
(= Cox + C,) put in solution: 

Cox(x, 0) = -. c* 
K +  1 

If instead the reaction kinetics are fast (kf + k,  >> a.n;F.v/R.T) there 

If K is large, again the response appears as if the preceding chemical 
reaction would be absent. However, the peak potential is shifted 
towards more negative values than those that would be recorded in 
the absence of the chemical complication by a factor equal to: 

are two possibilities: 

K 
In - 

a.n;T K+l 
R . T  

or, at 25"C, by: 
K 

-log - (mV) 
59 

ct.n, K+1 

If K is small, as in the preceding case, an easily recognizable S-like 
curve voltammogram is obtained having a limiting current 
independent from the scan rate: 

Finally, when the reaction kinetics are neither too fast nor too slow 
and Kis 'neither too large nor too small' one can study the kinetics using 
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the ratio between the kinetic and the diffusive currents, (analogous to the 
preceding case) according to the relationship: 

1.4.1.2.1 Diagnostic criteria to identify a chemical reaction preceding an 
irreversible electron transfer. Other than the particular case of an S-like 
shaped voltammogram (not accompanied by a return peak), there are no 
criteria which define this case except for the decrease of the current 
function ipf/v1’2 with increasing v.  

1.4.2 Following chemical reactions. The process in which the primary 
product of an electron transfer becomes involved in a chemical reaction 
is indicated as an EC mechanism. It can be represented by: 

Ox + ne- I Red 

Red I Z 

where Ox and Red are the electro active congeners, whereas Z represents 
the non-electro active species. 

At least from a theoretical viewpoint, several situations are possible 
depending on the extent of electrochemical reversibility of the electron 
transfer and on the reversibility or irreversibility of the chemical reaction 
following the electron transfer. 

As a general criterion one must bear in mind that, in cyclic 
voltammetry, the presence of a following chemical reaction has little 
influence on the forward peak, whereas it has a considerable effect on the 
reverse peak. 

I .4.2.1 
electron transfer. 

First-order reversible chemical reaction following a reversible 
The E,C, mechanism can be written as: 

Ox + ne- = Red 
kr 

kr 
Red I_ Z 

Once again the voltammetric response will differ to a greater or lesser 
extent with respect to a simple electron transfer depending on the values 
of either the equilibrium constant, K, or the kinetics of the chemical 
complication (kf and k,).  

Analogously to that discussed for preceding equilibrium reactions 
(Section 1.4.1. l), three limiting cases can be distinguished. 
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'Slow' following chemical reaction (kf + k, << n Fa v/R * T )  

If the rate of the chemical reaction is low, it has little effect on the 
process, thus reducing it to a simple reversible electron transfer. 

'Fast' following chemical reaction (k f  + k,  >> n * F .  v/R T )  

If the rate of the chemical complication is high, the system will always 
be in equilibrium and the voltammogram will apparently look like a non- 
complicated reversible electron transfer. However, as a consequence of 
the continual partial removal of the species Red from the electrode 
surface, the response (if, as in the present case, one is considering a 
reduction process) is found at potential values less negative than that of a 
simple electron transfer by an amount of 

R * T  
-ln(l + K )  n * F  

or, at 25"C, by: 

59 
-log(l + K )  (mV) n 

Due to the fast kinetics of the chemical complication, the potential will 

'Intermediate' following chemical reaction ( k f  + k, E n F .  v/R . T )  

If the kinetics of the chemical complication are intermediate, with 
increasing the scan rate the response gradually shifts from the previous 
value for a fast chemical reaction [which was more anodic by 
( R .  T/n.F) . ln . ( l  + K> (volts) with respect to the E"' value of the 
couple Ox/Red] towards the E"' value, assuming more and more the 
values predicted by the relationship: 

remain at this value regardless of the scan rate. 

1 n , F . v  K 
E =Eo'-- n . F  0.780 + -In + ln-] 
P R ' T [  2 R . T . ( k f + k , )  1 + K  

In other words, the response (which for fast kinetics is more anodic 
compared to E"'), due to the competitive effects of the potential scan rate, 
moves towards more cathodic values by 30/n (mV) for every ten-fold 
increase in the scan rate. However, as shown in Figure 14, it is noted that 
at the same time the reverse peak tends to disappear, in that on 
increasing the scan rate, the species Z does not have time to restore Red. 
This is demonstrated by the current ratio ipr/ipf which is about 1 at low 
scan rates, but it tends to zero at high scan rates. 
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Figure 14 Changes in the cyclic voltammetric response with scan rate f o r  an E,C, 
mechanism in which the chemical reaction C, is neither too fast nor too slow. 

1.4.2.1 . I  Diagnostic criteria to identify a Jirst-order reversible chemical 
reaction following a reversible electron transfer. To be able to ascertain 
the presence of a following reversible chemical reaction, the reaction 
must be neither too slow nor too fast. Under these conditions the 
following criteria hold. 

Properties of the Potential 

The potential of the forward peak, Epf, moves towards negative 
values (for a reduction reaction) with the scan rate, shifting by 30/n 
(mV) for every 10-fold increase in the scan rate 

Properties of the Current 

The current ratio, i,,& becomes smaller than 1 with increasing v 
(this is the most significant criterion for defining the process in 
question) 
the current function, iPf/vii2, remains essentially invariant (it should 
slightly increase) with the scan rate 

1.4.2.2 
electron transfer. 

First-order irreversible chemical reaction following a reversible 
The general scheme of the E,Ci mechanism is: 

Ox + n e - e R e d  
kf Red - Z 

This is a particular case of the preceding treatment in that one can 
consider the equilibrium of the following chemical reaction to be 
completely shifted to the right. As already noted, this is quite a common 
process in inorganic electrochemistry. 
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Also for this case, the localization of the voltammetric response 
depends on the kinetics of the chemical reaction. However, it differs from 
the preceding one in that the parameters k, and K of the chemical 
reaction are not present. 

If kf<< n.F*v/R.T (i.e. if the chemical reaction is very slow compared to 
the intervention times of cyclic voltammetry) the response is very similar 
to that of a simple reversible electron transfer and occurs at the formal 
potential, Eo/ ,  of the couple Ox/Red. 

Conversely, if kf >> n.Pv/R.T (i.e. if the chemical reaction is very fast) 
the forward peak (for a reduction process) is found at potentials more 
positive than the formal potential, E", of the Ox/Red couple. 
Furthermore, the reverse peak is virtually absent because as soon as 
Red is generated, it is removed from the electrode surface by the 
chemical reaction. 

If kf %' n.F.v/R.T (i.e. if the chemical complication is neither too slow 
nor too fast and, consequently, the kinetics of the chemical complication 
are of the same order as the time scale of cyclic voltammetry) the 
potential of the forward peak, which has been localized at more anodic 
potentials than ED' by the chemical complication, shifts towards less 
anodic values with the scan rate according to the relationship: 

This implies that the peak potential moves towards negative values by 
a factor of 30/n (mV) for every 10-fold increase in the potential scan rate. 
At the same time, as shown in Figure 15, increasing the scan rate will 
allow a condition to be reached at which the reverse peak begins to 
appear as there is no longer sufficient time for Red to be completely 
converted to Z. 

Figure 15 Changes in the cyclic voltammetric response with scan rate f o r  an ErCi 
mechanism in which the chemical reaction Ci is neither too fast  nor too slow. 
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Above this threshold scan rate the current ratio, ipr/ipf, progress- 
ively increases. If the value of ipr/ipf= 1 is achieved, it signifies that 
the chemical reaction has been completely prevented (under these 
conditions €"' can be calculated as the average of the forward and 
reverse peaks). 

The conditions in which ipr/ipf assumes values between 0.45 and 0.95 
are the best for calculating the rate constant of the following reaction. 
In fact, from the working curve reported in Figure 16, based on the 
current ratio ipr/ipf, one can determine the value of k f  . T. Since t is 
easily calculated, being the time necessary to move from €"/ 
(calculated under the conditions where ipr/ipf = 1) to the inversion 
potential Ef, k f  is determined. 

Recalling that for a first-order reaction it holds that t l I 2  = 0.693/k, 
one can determine the half-life of the electrogenerated species Red 
from the value of kf. In order to obtain a reliable value of kf it is 
always wise to have a series of measurements at different scan rates 
and possibly at different €f values. 

1.0 -I 

Figure 16 Working curve to calculate the rate constant k f f o r  an E,Ci mechanism f rom the 
current ratio ipr/ipf 
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1.4.2.2.1 Diagnostic criteria to ident ifv ajrst-order irreversible chemical 
reaction following a reversible electron transfer. 

Properties of the Potential 

For a reduction process, the potential of the forward peak, Epf,  
moves towards negative values with the scan rate by a factor of 30/n 
(mV) for a ten-fold increase in the scan rate 

Properties of the Current 

The current ratio, ipr,ipf, progressively increases with the scan rate 
from values smaller than 1 up to a maximum of 1 (this is the most 
significant criterion for defining the process in question) 

It is noted that this is the opposite behaviour to that seen when the 
following chemical reaction is in equilibrium. 

The current function, iPf/v1l2, remains essentially invariant (it should 
slightly decrease) with the scan rate 

1.4.2.3 Second-order irreversible chemical reaction following a reversible 
electron transfer: dimerization. It is quite common in chemical 
reactions that newly formed radicals couple to each other. This also 
often happens in the electrochemical generation of radicals according to 
a dimerization process that can be written as: 

Ox + ne- 2 Red 

2Red Z 

As for first-order following chemical reactions, if the dimerization re- 
action (that is a second-order reaction) is slow (i.e. k2 is small), or if the scan 
rate is very high, only the reversible electron transfer is effectively active. 

It is important to bear in mind that when dimerization occurs the 
potential of the forward peak shifts towards more negative values 
(for a cathodic process) by about 20/n (mV) for a ten-fold increase in 
the scan rate, whereas for a ten-fold increase in the concentration of 
Ox it shifts by the same amount, but towards more positive values. 

There are two ways in which one can calculate the kinetic parameter k2. 
The first is based on the measurement of the variation of the forward 
peak Ep with the scan rate. As can be seen in Figure 17, the shift of the 
peak potential is particularly marked at low scan rates, whereas at high 
scan rates it tends to disappear. 
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Figure 17 Variation of the forward peak potential with the scan rate f o r  a dimerization 
reaction following an electron transfer 

The intersection value, vi (Vs-'), enables one to calculate k2 according 
to the relationship: 

0 . 8 . n . F . v i  
k2(m01-'s-') = R . T .  Cb, 

which, at 25"C, gives: 

The second method is based on the measurement of the current ratio 
ipr,ipT at a given scan rate. Through the use of the working curve reported 
in Figure 18, one is able to determine k2.l' 

' -2.0 -1 .o 0 +I .o 

Figure 18 Working curve to obtain the dimerization constant f rom the current ratio ipr/ipf 
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The parameter z has the same meaning as before (i.e. the time, in 
seconds, necessary to run from E"' to Ef). 

It is noted that the curve shown in Figure 18 was obtained for an Ef 
value more cathodic by 100 mV (exactly 103 mV) with respect to the E"' 
of the couple Ox/Red. One must therefore record first a cyclic 
voltammogram at high scan rate (in order to reach the condition: 
ipr,ipf= 1) to be able to calculate E"'. A cyclic voltammogram is then 
recorded at slow scan rate (to ensure 0.5 ipr,ipf 0.9) setting 
Ef = E"'- 100 mV. Finally, ipr,ipf can be evaluated. 

In case that the measurement of the current ratio, i,,,iP: would need a 
graphical evaluation, one can exploit the following relationship: 

2 
(if10 

ipf (ipf)O Ipf)O 0pf)O 
ipr - (ipr)o + [ - :(,)' ] .0.9678 - - . 0.537 + 0.3337 

where the symbols represent the parameters shown in Figure 19. 

1.4.2.3.1 Diagnostic criteria to identify an irreversible dimerization 
reaction following a reversible electron transfer. In the presence of a 
chemical reaction following an electron transfer, the dependence of the 
cyclic voltammetric parameters from the concentration of the redox 
active species are sufficient by themselves to reveal preliminarily a 
second-order complication (a ten-fold change in concentration from 
= 2 .  mol dm-3 to =2 * mol dm-3 represents a typical path). 

Properties of the Potential 

When a dimerization reaction occurs, the potential of the forward 
peak, Epf, shifts (for a reduction process) towards more cathodic 

Figure 19 Meaning of the parameters useful to obtain graphically the current ratio ipr/ipr 
to insert in the relationship valid f o r  a dimerization reaction 
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values by 20/n (mV) for every ten-fold increase in the scan rate, 
whereas it shifts to more anodic values by 20/n (mV) for every ten- 
fold increase in the concentration of the Ox species 

Properties of the Current 

The current ratio, ipr,ipf, increases with the scan rate and decreases 

the current function, iPf /v1",  decreases slightly (at most by 20%) 
with the increase of the concentration of Ox 

with the scan rate 

1.4.2.4 Second-order irreversible chemical reaction following a reversible 
electron transfer: disproportionation. The disproportionation reaction 
can be represented as: 

Ox + ne- 2 Red 

2 R e d % Z + O x  

It is a particular case of the mechanism in which 'the initial product is 
regenerated', that will be treated in the next section. 

This mechanism has some analogy with the dimerization compli- 
cation. The parameter which distinguishes them is the variation of 
the peak current with the scan rate. In fact, decreasing the scan rate 
will allow the chemical reaction to regenerate the initial species Ox, 
thus causing a significant increase in the forward peak current. 

To obtain the kinetic parameter k2 one measures (as in the 
dimerization case) the current ratio ipriipf at a given scan rate. 
Then, by use of the working curve reported in Figure 20 one can 
determine k2.  l 1  

As for the dimerization case, the curve was obtained for a value of E f  
more cathodic by 103 mV with respect to the E"' of the couple Ox/Red. 
Therefore, once again one must first record a cyclic voltammogram at 
high scan rate (in order to reach the condition: iprlipf= 1) to be able to 
calculate E"'. A cyclic voltammogram is then recorded at slow scan rate 
(to ensure 0.7 S ipr/ipf S 0.9) setting Ef = E"'- 100 mV. Finally, i,, ipfcan 
be evaluated through the usual equation: 

2 
(if10 

ipf G p d 0  0pf)O 
jpr - (ipr)o + [ -1 .0.9678 - - . 0.537 + 0.3337 

where the symbols represent the parameters shown in Figure 19. 
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Figure 20 Working curve to obtain the disproportionation constantfrom the current ratio 

i&f 

I .4.2.4.1 Diagnostic criteria to identify an irreversible disproportionation 
reaction following a reversible electron transfer. Once again the 
dependence of the parameters of the cyclic voltammetric response 
from the concentration of the species Ox preliminarily reveals the 
second-order complication. 

Properties of the Potential 

When a disproportionation reaction occurs, the potential of the 
forward peak Epf shifts (for a reduction process) towards more 
cathodic values by 20/n (mV) for every ten-fold increase in the scan 
rate, whereas it shifts to more anodic values by 20/n (mV) for every 
ten-fold increase in the concentration of the Ox species 

Properties of the current 

The current ratio, ipr,ipf, increases with the scan rate and decreases 

the current function, iPf/v1/’, decreases by more than a factor of two 
with the increase of the concentration of Ox 

with the scan rate 

1.4.2.5 Catalytic regeneration of the reagent following a reversible 
electron transfer. A particular case of following chemical reaction 
is constituted by that in which the product of the electrode reaction 
undergoes a homogeneous, irreversible, first-order (or pseudo-first-order) 
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chemical reaction which regenerates the initial electro active reagent, 
according to the scheme: 

Ox + ne- 2 Red 

Red + Z -k+ Ox + Y 

In order to ensure that the process takes place, a powerful oxidant Z 
(to ensure the irreversibility of the complication), but electro inactive 
(at least in the potential region of interest), must be present in solution at 
concentrations normally much higher than that of Ox, in order to 
guarantee pseudo-first-order reaction conditions. 

In considering the cyclic voltammetric response, one must recall that if 
k f  is small, or at very high potential scan rates, the following chemical 
reaction does not take place and one has a simple reversible electron 
transfer. 

As kf becomes larger, or the scan rate is reduced, the regeneration 
of the reagent causes the forward response to have a higher current 
than that of a simple reversible electron transfer. The increase in the 
peak current on decreasing the scan rate continues up to a limiting 
value, beyond which further lowering of the scan rate has no effect on 
the current. This is a consequence of having attained conditions such 
that the rate with which the species Ox disappears, due to reduction 
at the electrode, equals the speed with which Ox is regenerated by 
the oxidant Z. At such a limiting value the response loses its peak- 
shaped form, assuming an S-like shape reminiscent of a polarographic 
wave, Figure 2 1. 

It differs from the sigmoidal curve illustrated in Section 1.4.1.1, 
Figure 12, in that the reverse response strictly adheres to the forward 
response. 

Under these limiting conditions, the limiting current is given by: 

and the half-wave potential, Eli2, for this wave coincides with the E"' of 
the couple Ox/Red. 

If the value of k f  allows the limiting conditions to be achieved, the 
determination of k f  can be made in two ways: 

if one knows Dox,  kfcan be found using the above expression for the 
limiting current; 

9 one can compare the value of the limiting current obtained at a 
given scan rate, ik, with the value (id) that the current would have 
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Figure 21 Typical cyclic voltammograms recorded at increasing scan rates ( a  < b < c )  
f o r  a reversible electron transfer (having E" = 0.0 V )  coupled to catalytic 
regeneration of the reagent 

at the same scan rate if the species Z were not present (as usual, 
ik indicates a kinetic current, whereas id indicates a diffusion 
current). To calculate id, one can record a cyclic voltammogram at 
high scan rate such that the following chemical reaction does not 
occur, then one can extrapolate from this value the current at the 
previous scan rate (in fact, ip is proportional to v ~ ' ~ ) .  

Alternatively, one could record the voltammogram of the species Ox 
at the preceding concentration and at the required scan rate, but in 
the absence of Z. 

Once ik and id are known, the following relationship is used: 

k f *  R. T ' I2 5 = 2.242( n . F * v  ) 
id 

which. at 25°C. becomes: 

It is noted that this relationship is valid, provided that the kinetic 
current is at least 2- or 3-fold greater than the diffusive current. 

When the value of kf is such that one does not obtain an S-like curve, 
kf  can be determined from the working curve reported in Figure 22a,9 
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Figure 

0 0.5 1.0 1.5 2.0 

22 Working curve fo r  the catalytic regeneration of the reagent following a 
reversible ( a )  or irreversible ( b )  electron transfer 

which plots the ratio ik/id, calculated as described previously, as a 
function of the parameter (kf . R . Tin . F * 

I .4.2.5.I Diagnostic criteria to identify a catalytic regeneration of the 
reagent following a reversible electron transfer. In addition to the eventual 
obtainment of a sigmoidal curve for either the forward and the reverse 
profile, other criteria which define the case in question are the 
following. 

Properties of the Potential 

In the case of an S-like wave, the half-wave potential is 
independent from the scan rate. Otherwise, the potential of the 
forward peak shifts towards less negative values (for a reduction 
process) for a maximum of 60/n (mV) for every ten-fold increase 
in the scan rate 

Properties of the Current 

Apart from the case of the sigmoidal wave, the current ratio ipr:ipf is 
always equal to 1 
the current function, iPf/v'l2, significantly increases with the decrease 
of the scan rate up to a maximum value which is independent of v 
(formation of an S-like curve) 
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1.4.2.6 Catalytic regeneration of the reagent following an irreversible 
electron transfer. When the catalytic reaction follows an irreversible 
electron transfer, the process can be represented as follows: 

Ox + ne- 5 Red 

Red + Z -% Ox + Y 

In this case, the cyclic voltammetric response is essentially similar to 
the preceding case, with the difference that, given the irreversibility of 
the electron transfer, the return peak is missing. Thus, if k f  is low, the 
response is that of a simple irreversible electron transfer. As k f  
increases, the greater the potential scan rate the higher the peak 
current (compared to simple irreversible electron transfer). This 
continues up to a maximum value at which the response assumes a 
S-like shape. 

Under these limiting conditions one can calculate the value of k f  from 
the relation: 

; = 2 . 0 1 6 * (  lk 
ld ~ ' n ,  F.v 

k f .  R , . T ) ' I2 

which, at 25"C, becomes: 

ik kf ' I2 
= 0.323 * (7) M * n, 

ld 

Alternatively, one can obtain kf by using the working curve reported in 
Figure 22be9 

I .4.2.6.1 Diagnostic criteria to identify a catalytic regeneration of the 
reagent following an irreversible electron transfer. The criteria which 
define the catalytic regeneration of the reagent following an irreversible 
electron transfer are the same as those given for the catalytic 
regeneration of the reagent following a reversible electron transfer, if 
one excludes that the parameter ipriipf cannot be measured due to the 
absence of the return peak. 

1.4.3 A Chemical Reaction Interposed Between Two Electron Transfers. 
An electrochemical process in which the product of the electron transfer 
undergoes a chemical reaction that generates a species which in turn is 
electrochemically active is defined as an ECE mechanism. It is commonly 
schematized as: 
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Ox + rzle-= Red 

kt 
Red Ox’ 

kr 
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Ox’ + n2e- 2 Red’ 

Such a series of events can have associated aspects of more or less 
complicated nature depending upon: l 2  

the degree of reversibility of the two electron transfers; 
the number of electrons exchanged in the two electron transfers; i.e. 

the difference between the redox potential of the first couple Ox/Red 

the value of the equilibrium constant of the interposed chemical 

the ratio n2/n1; 

and that of the second couple Ox’lRed’; 

reaction ( K  = kf /k , ) .  

1.4.3.1 An ‘irreversible’ chemical reaction interposed between two 
reversible one-electron transfers (case R-R) . The so-called E,CiE, 
process, if nl = n2 = I ,  can be written as: 

Ox + e- 2 Red ET’ 

Red Ox’ 

Ox’ + e- 2 Red’ Ei’ 

Amongst the ECE mechanisms, this one is perhaps the most 
commonly encountered in inorganic electrochemistry. 

The cyclic voltammetric response depends on the separation between 
Ei‘ and E f ,  or AE”‘. Hence, several cases are possible depending on 
whether: 

the species Ox’ is more difficult to reduce than the original species 

the species Ox’ is reduced at the same potential as the species Ox 

the species Ox’ is easier to reduce than the species Ox (AE”’ positive) 

Ox (AE”’ negative) 

(AE”’ = 0)  
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1.4.3.1.1 Standard potential of the second electron transfer more 
cathodic than that of the jirst electron transfer (AE"' negative). One 
can consider the case where the formal electrode potential of the second 
couple is more cathodic, by at least 180 mV, with respect to the first 
couple (which has, for example, E"' = 0.00 V). If kfis low (compared to 
the intervention times of cyclic voltammetry; i.e. if kf<< n * Fa v/R T ), 
the response will be due to the first electron transfer process, without 
complications caused by the following chemical reaction. As kf increases, 
the second process will have increasing effect up to the limiting case in 
which kf >> n * F .  v/R T.  In this limiting case the voltammogram will 
display two forward peaks, but only the second electron transfer will 
exhibit a return peak. 

Figure 23 shows schematically these two extremes. 
It can be seen that when the cyclic voltammetric time scale (i.e. the 

scan rate v) is much faster than the chemical reaction (or, when the rate 
of the interposed chemical reaction is low), the curve I is the response of a 
simple reversible process (solid line). As kf grows (dashed line), peak I 
shifts towards more anodic values and increases slightly in height 
(maximum of lo%), concomitantly with the appearance of an easily 
observable second peak, peak 11. 

It is noted that under these latter conditions the ratio of the currents of 
the two forward peaks is directly related to the rate of the interposed 

'0 

i 

I I 1 I 1 I I 

-240 -1 20 0 +I 20 

ET -ET' (mV) 
Figure 23 Cyclic voltammetric responses for an ErCiEr mechanism: AE"' = -180 mV. 

I-) kfi(nFvlRT) =0.05; (- -) kf / (nFv/RT) = 10. EP' =0.00 V;  
E;' = -0.18 V 
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chemical reaction. Therefore, this enables k f  to be determined using the 
working curve illustrated in Figure 24, obtained from data reported in 
Ref. 12 (T= 25°C). 

However, if the redox couples Ox/Red and Ox’/Red’ have sufficiently 
different standard potentials, k f  can be also calculated using the working 
curve reported in Figure 16. In fact, considering the process simply as 
‘a reversible electron transfer followed by an irreversible first-order 
chemical reaction’ (see Section 1.4.2.2), one measures only the current 
ratio ipr/ipf of the first couple Ox/Red. Obviously, the return peak must 
be recorded before the second process begins to appear; this means that 
the direction of the potential scan must be reversed immediately after 
having traversed the first forward peak. 

ipII  

iP, 0.8. 

0.6. 

0.4. 

I .4.3.1.2 Standard potential of the second electron transfer equal to that 
of the jirst electron transfer (AE”‘ = 0 ) .  When the potential of 
the couple Ox/Red is equal to that of the couple Ox’/Red’ it is quite 
probable that the entire system displays a single forward peak associated 
with a single reverse peak. 

If the kinetics of the chemical reaction are very fast it is possible that 
the height of the forward peak is two times greater than that of the 
reverse peak, in that the return peak corresponds to the reoxidation of 
the only Red’, whereas the forward peak corresponds to the reduction of 
both Ox and Ox’. 

In the case of AE”‘ = 0, it is not possible to obtain information on the 
interposed chemical reaction. 

0.2 I /  kf log - 
V ’ 0.2 0.6 1.0 1.4 1.8 2.2 2.6 

Figure 24 Working curve fo r  the determination of k f i n  an ErCiEr mechanism in which the 
second electron transfer is more cathodic than the jirst one. v in V s-’ 
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1.4.3.1.3 Standard potential of the second electron transfer more anodic 
than that of the jrs t  electron transfer (AE”’ positive). The case in which 
the product Ox’, generated by the chemical reaction following the first 
electron transfer, is more easily reduced than the original species Ox 
constitutes another common ECE mechanism in inorganic 
electrochemistry. 

As usual, if the rate constant kf of the interposed chemical reaction is 
low, only the first electron transfer will occur; conversely, if kf is very 
high both the electron transfers will take place. 

The typical cyclic voltammogram for the case in which the second 
electron transfer proceeds (kf n * F . v/R.  T) and the potential of the 
couple Ox’/Red’ is more anodic than that of the couple Ox/Red by at 
least 180 mV, is shown in Figure 25. 

The system of peaks 1/11 results from the couple Ox/Red, whereas the 
system of peaks III/IV results from the couple Red’lOx’. 

One can easily infer that if kf is very high, the return peak I1 can be 
absent. 

To obtain kf one can adopt two approaches, both based on the 
response of the Ox/Red system. 

The first is to compare the current of peak I, which under ECE 
conditions is due to Ox and in part to Ox’, at a given scan rate, ik, 
with the peak current id that one would record in the absence of 
chemical complications, hence due to only Ox. The diffusion current 
id can be obtained by recording the voltammogram at a very high 
scan rate (to prevent the occurrence of the chemical reaction 
following the first electron transfer) and then extrapolating from 

I11 

I 
Figure 25 Cyclic voltammetric responses for an E,.CiE, mechanism: AE”’ = + 180 mV. 

kf % nFv/RT. E,”’ = 0.00 V;  E;’ = + 0.18 V 
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that value the value of id at the desired scan rate (recalling as usual 
that ip is proportional to v1I2). The value of k f  is derived from the 
following relationship, under the assumption that n l  = n2 = 1: 

The second way is to evaluate the ratio ip(II)/ip(I) at a given scan rate 
and subsequently determine k f  from the working curve reported in 
Figure 16 (valid for ‘an irreversible chemical reaction following a 
reversible electron transfer’; Section 1.4.2.2). 

I .4.3.2 An ‘irreversible’ chemical reaction interposed between a reversible 
and an irreversible electron transfer (case R-I). The E,CiEi mechanism, 
involving one-electron transfers, can be written as: 

Ox + e- 2 Red 

Red Ox’ 

Ox’ + e--+Red’ 

The cyclic voltammetric response is essentially analogous to the case 
of E,CiE, (either for AE”’= -180 mV, or AE”‘=O mV, or 
AE”‘ = + 180 mV), except that the return peak (due to the reoxidation 
of Red to Ox’) is always absent. 

The kinetic parameter k f  can be found by determining the current 
ratio ipr/ipf of the first reversible couple Ox/Red and approxi- 
mating the process to “a reversible electron transfer followed by 
a first-order irreversible chemical reaction”, as illustrated in the 
previous R-R case. 

I .4.3.3 An ‘irreversible’ chemical reaction interposed between an 
irreversible and a reversible electron transfers (case I-R). The EiCiE, 
mechanism, involving one-electron transfers, is represented as: 

Ox + e-+Red 

Red 5 Ox’ 
Ox’ + e- Red’ 
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Also in this case, the cyclic voltammetric response is substantially 
similar to the case of E,CiE,, except that the return peak of the first 
electron transfer (due to reoxidation of Red to Ox) is always absent. 

There are no simple ways to calculate the kinetic parameter kf. 

I .4.3.4 An ‘irreversible’ chemical reaction interposed between two 
irreversible electron transfers (case I-I) . The EiCiE, mechanism, 
involving one-electron transfers, is represented as: 

Ox + e--Red 

kf Red - Ox’ 
Ox’ + e--Red’ 

As for the preceding cases, the cyclic voltammetric response is rather 
similar to the case of E,CiE,, except that both the return peaks are absent. 

Once again there are no simple ways to calculate the kinetic para- 
meter kf. 

1.4.3.5 Diagnostic criteria fo r  ECE type processes. It is difficult to 
assign criteria to identify every type of ECE mechanism (R-R, R-I, I-R, 
1-1) and for every value of AE”’ (AE”’? 180 mV; AE”’ = 0 mV). 

The best approach is to calculate the current function iP/vli2 as a 
function of the scan rate for every peak (both forward and 
reverse) and compare the resulting trends with those reported in 
Figures 26-28.12 

These diagrams should be considered from a qualitative point of 
view. Furthermore, it is often not necessary to determine the trends 
of all the forward and reverse peaks, but only those that one judges 
to be the most significant. The scale of the potential scan rate in these 
plots is only illustrative and chosen to highlight the variations of 
the parameters that become evident on passing from slow to high 
scan rate. 

1.4.4 Electrocatalysis. There is a particular type of ECE electrode 
reaction mechanism which is designated as E C E  (the arrows indicate 
that the second electron transfer consists of a inverse reaction with 
respect to the first). This process is called electrocatalysis and is of 
importance in inorganic ~hemistry.’~ 

Before proceeding it is necessary to clarify the terminology of two 
fairly similar processes, at least as far as their nomenclature is concerned: 
‘redox’ catalysis and ‘electron-transfer chain’ catalysis. 

+ c  
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WAVE 11 r I-R, 1-1 
\ - R-R, R-I J;;- R-I, 1-1 

r WAVE I1 R-R, I - R a  

I1 I 

WAVE I11 
I I I 

increasing scan rate + 
Figure 26 Diagnostic criteria showing the variation of the parameter ip ' v-'/* as a 

function of the scan rate. AE"' = -180 mV; n2/nl = 1.0 

1-1 
R- I 
I-R 
R-R 

1-1 

I 

R-I - I-R 

c _. _. 

WAVE I1 

increasing scan rate 111) 
Figure 21 Diagnostic criteria showing the variation of the parameter ip ' v - I t 2  as a 

function of the scan rate. AE"' = 0 mV; nz/nl = 1.0. (The wave I1 is absent in 
the case 1-1) 
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i WAVE I 

I 

increasing scan rate - 
Figure 28 Diagnostic criteria showing the variation of the parameter ip ' v-'I2 us a 

function of the scan rate. AE"' = -k 180 mV; n2/nl = 1.0. (The wave I I  is 
absent in the cases I - R  und I-I; the wave 111 is absent in the cases R- I  and I-I)  

Redox catalysis, which will not be discussed in detail herein, 
consists of lowering the kinetic barrier of the reduction (or the 
oxidation) process of a species, which thermodynamically is little 
inclined to be reduced (or oxidized), by use of a redox mediator. The 
latter has the role of carrying electrons towards (or away from) the 
low redox-active original species. 

If we consider a particular species Ox, which is difficult to reduce, the 
above process can be described by the following scheme: 

slow 
ox - Red 

catalyst in the 
oxidized state 

catalyst in the 
reduced state 

cathode 
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By applying a potential to the electrode equal to the reduction 
potential of the catalyst (the redox mediator) the catalyst is reduced, but, 
upon contact with the oxidized form Ox, a redox reaction takes place in 
which Ox is reduced to Red and the mediator reoxidized. At this point 
the continuous cathodic reduction of the catalyst reactivates the whole 
process and the catalytic cycle is repeated. 

The electron-transfer chain (ETC) catalytic process (or, electrocata- 
lysis) is the catalysis of a reaction triggered by electrons (through a 
minimal quantity of an oxidizing or reducing agent) without the 
occurrence of an overall change in the oxidation state of the reagent. 

For example, let’s suppose that the conversion reaction A - B is 
slow. If the substrate A becomes activated in its anionic radical form A- 
(or, if proper, in its cationic radical form A + )  and it rapidly converts to 
the radical anion B-, this latter can in turn react rapidly with the initial 
species A to form B, so closing the reaction cycle. 

*-u B- 

Written in a more detailed scheme: 

in it ia t ion A - A- 

A- + B- (such a conversion can in occur in 
different steps) 

B - + A - B + A -  
propagation 

tevmina t ion A- (or B-) - secondary reaction 

To ensure that the redox cross-reaction B- + A-B + A- can take 
place, it is essential that the radical species B- be oxidized more easily 
than A-. Hence: 

Ei)A- > E&- 

where > implies less negative or more positive. 
It must be noted that the activation process A - A- (initiation) can be 

triggered either by chemical routes (through a proper reducing agent) or 
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electrochemically (by a cathodic reaction). We are therefore interested 
in the electrochemically induced catalytic processes. 

One obtains the first indication of the possible existence of an 
electrocatalytic process from cyclic voltammetry. 

A typical electrocatalytic reaction is the ligand exchange in metal 
complexes (see Chapter 8, Sections 3.1 and 3.2). 

One may suppose, for example, that, as illustrated in Figure 29a, an 
original complex M(L'),, gives a cathodic response consistent with a 
reversible one-electron process (say at E"' = -0.50 V). 

When the cyclic voltammogram is recorded in the presence of the new 
ligand, L2, the curve illustrated in Figure 29b is obtained. This profile 
shows that the first cathodic response reduces in intensity, opening the 
way for a new process at lower potential (i.e. Eo'= -0.80 V). 

To demonstrate the existence of an electrocatalytic ligand exchange it is 
sufficient to carry out a controlled potential electrolysis in correspondence 
of the first reduction process. In the absence of ligand L2, the electrolysis at 
about -0.7 V involves (over a period of about 10 min; really depending on 
the dimensions of the working electrode and the concentration of 
the solution) the consumption of one-electron per molecule [i.e. 96500 C 

I 
I I 

-0.8 -0.5 

I I 

-0.8 -0.5 

Figure 29 ( a )  Cyclic voltammetric response relative to the reduction of the complex 
M(L'),. ( b )  Cyclic voltammetric response after the addition in solution of the 
free ligand L2. Scan rate identical in the two cases 
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per mole of M(L1),J. In the presence of ligand L2, if the electrocatalytic 
process takes place, the electrolysis current decays rapidly (in a few 
seconds) consuming a fraction of one-electron per molecule (typically 
about 0.02 electrons per molecule). When a cyclic voltammogram is 
recorded on the resulting solution, one notes the presence of only the 
cathodic peak-system at E"' = -0.80 V. 

The electrocatalytic process can, thus, be written: 

-e +e 

where the symbols A, A-, B, B- are as referred to in the previous scheme. 
One must bear in mind that if the initial complex would be able to 

exchange more than one ligand molecule to give rise to M(L1),-2(L2)2, 
M(L'),-3(L2)3, and so on, the cyclic voltammogram would display a 
number of reduction peaks in addition to the more cathodic one shown 
in Figure 29b, equal to the further number of ligand molecules exchanged. 

A few terms of the electrocatalytic process still need to be defined. 
The first is the catalytic efficiency of the electrocatalytic process, 

which in the case of the electrochemically induced reaction is called 
coulombic eficiency. It is determined by the number of product 
molecules formed per electron consumed. In our example, the 
consumption of 0.02 electrons per molecule indicates a coulombic 
efficiency of 50 molecules produced per electron consumed. 

The driving force of the electrocatalytic process is expressed by the 
variation of the free energy of the overall process (which must clearly be 
negative), according to the relationship: 

(kJ mol-') 
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where EoB and EoA are the standard potentials (in volts) of the final B/B- 
and the initial A/A- redox couples, respectively. The coulombic energy 
term, e2/so + r can be usually neglected. 

For the case illustrated in Figure 29, where the difference between the 
redox potential of the initial couple M(L1)n/[M(L1)n]- and of the final 
couple M(L1)n-1(L2)/[M(L1),-l(L2)]- is 0.3 V, the driving force is 
AGE= =-29 kJ mol-'. 

1.5 Consecutive Electron Transfer Processes 

In an aqueous medium the reduction of inorganic ions (for example, 
Cu2+, Zn2+, Cd2+) to their respective metallic states takes place by a 
single two-electron process. In effect, however, the process only 
apparently involves a two-electron step, in that it is assumed that 
multi-electron processes proceed by a sequence of elementary one- 
electron steps. Every elementary step is characterized by its own rate 
constant and its own standard potential. 

In confirmation of such an assumption, as illustrated in Figure 30, the 
Cu2+ ion in non-aqueous solvents (e .g .  acetonitrile) is reduced in two 
separate steps, which correspond to: 

Cu2+ + e- - CU+ E"' = +I.OV(VS. SCE) 
Cu+ + e- - Cuo Ep = -0.5 V 

, I I I + b,5 + I 1,O + I S  I 

0,o -1 ,o -0,5 

E (V, vs. WE) 

Figure 30 Cyclic voltammogram recorded at a platinum electrode in an acetonitrile 
solution of C U ( C I O ~ ) ~ ,  {[NEt4][C104] (0.1 mol dm-') supporting electro- 
lyte}. Scan rate 0.2 V S-I 
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The high current intensity associated with the return peak relative to 
the second reduction process is characteristic of the so-called anodic 
stripping, which originates from the fast reoxidation of the metallic 
copper deposited on the electrode surface during the Cu+/Cuo reduction. 

Therefore, given that a multi-electron process can be described as a 
series of one-electron transfers, more or less separated from each other, 
the shape of the cyclic voltammogram depends on the following 
factors: l 4  

the degree of reversibility of the successive electron transfers; 
the separation between the respective standard potentials. 

1 S.1 
consists of two successive one-electron transfers (EE mechanism). 

Two reversible one-electron transfers. The simplest case to treat 

If both processes are reversible the mechanism can be represented as: 

Ox + e- Redl E;’ 

When Ox is more easily reduced than Redl (by at least 120 mV), hence 
Ey’ >> E;’(intending that Ey’can be either less negative or more positive 
than E;’), the cyclic voltammogram will show two discrete reversible 
peaks systems, Figure 3 1 a. 

As the difference between the standard potential of the two processes 
(AE”’ = E;’- Ey’) decreases, the two peaks tend to overlap and become 
less distinguishable. This is the case in Figure 31b, where E;’is more 
cathodic than EY’ by only 90 mV. 

As shown in Figure 31c, when Ez’ = Ey’, one obtains a single catho- 
anodic peak-system, the peak height of which is twice that of a one- 
electron process and the peak-to-peak separation (AEp) is equal to 42 mV. 

Finally, if Redl is more easily reduced than Ox (i.e. E;’ > Ey’), once 
again one has a single catho-anodic peak-system, Figure 31d. 
However, in this case the peaks are sharper. In fact, AEp is equal to 
28.5 mV and the forward peak current is 2.83-fold larger than that of a 
one-electron process (i.e. 23’2, according to the Randles-Sevcik 
equation, Section 1.1). The average potential measured between Epf 
and Epr is, in this case, intermediate between Ey’and E;‘. 

It is conceivable that from the molecular viewpoint there are some 
important differences between the occurrence of separate and simul- 
taneous two-electron transfers. In fact, in principle, the addition of the 
first electron must make the second electron addition electrostatically 
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I I I I I  I ,  I ,  

-200 0 +200 -200 6 +200 

E i  - E; (mV) 

I r a , ,  I I I I  

-200 0 +200 -200 0 +200 

Ei  - E: (mV) 

Figure 31 Cyclic voltammograms for  the E,E, mechanism. (a )  AE"' = -180 mV; 
( b )  AE"'=-90 mV; ( c )  AE"'= 0 mV; ( d )  BE" = + 180 mV. E,"L 0.00 V 

unfavourable (and this is what commonly happens in separate electron 
transfer processes), unless some molecular reorganization at the 
microscopic level occurs within the original molecule, which, rendering 
available a non-bonding molecular orbital, can allow the second electron 
to enter simultaneously or even more favourably than the first one. 

It should be recalled that in the case of the EE mechanism, in solution 
one can have the comproportionation reaction: 

Ox + Redz = 2Redl 

the equilibrium constant of which, K,,,, in its most general form, is 
expressed by: l 5  

n1 . n2 ' AE"' . F 
R . T  Kcom = e 

In order to have a positive exponent, AE"' is given by (E7'- EZ') for 
cathodic processes, or by (EZ'- E;') for anodic processes. In the present 
case, since nl = 112 = 1: 
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As discussed above, when Ey'and Ez'are closely spaced, the curve 
is distorted in that the two peak-systems are ill-resolved. This makes it 
difficult to determine separately the values of Ey'and E:'. As a matter of 
fact, the separation (AE"') between EY' and E:' as a function of the 
difference (AEA ) between the potential of the most cathodic and the 
most anodic peaks (see Figure 32) has been calculated theoretically. 

Such values are reported in Table 2, together with those of a 'current 
function'. The latter parameter is correlated to the variation of the 
relative height of the peak current as a function of AE"', where one 
considers the first value of 0.619 as indicative of a one-electron process. 

The data partly give a quantitative presentation of the preceding 
discussion and can also be converted into the working curve shown in 
Figure 33.15 The use of this curve enables an immediate evaluation of 
AE"' through the measurement of AEA . 

This type of treatment is particularly interesting as it allows one to 
understand, in a molecule containing two redox sites, whether or not 
there is an electronic interaction (independently from its through-bond or 
through-space nature) between the sites, or, with a more attracting term, 
an electronic 'communication' between the sites. 

In fact, when there is no interaction a statistical treatment shows that 
the comproportionation constant, K,,,, takes a value of 4 and, 
therefore, AE"' = 35.6 mV. In this case the cyclic voltammogram is of 

I 
1. 

Figure 32 The meaning of the parameter AEA 
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Table 2 Cyclic voltammetric parameters for an EE process (obtained at scan rates of 
20-50 m vs-') 

AEL AE"' Current A E ;  AE" Current 
( m  vi ( m  vi function ( m  vi (m v/ function 

252 
210 
188 
164 
152 
140 
126 
113 
98.9 
85.2 
72.4 

-200 
-160 
-140 
-120 
-110 
-100 
-90 
-80 
-70 
-60 
-50 

0.619 
0.639 
0.674 
0.694 
0.706 
0.720 
0.739 
0.755 
0.779 
0.807 
0.838 

62.1 
58.5 
54.9 
49.3 
45.2 
42.2 
37.0 
35.9 
34.0 
30.8 
29.8 

-40 
-35.6 
-30 
-20 
-10 

0 
+ 20 
+ 40 
+ 60 

+ 100 
+ 200 

0.872 
0.892 
0.909 
0.945 
0.980 
1.019 
1.078 
1.124 
1.162 
1.212 
1.254 

the type reported in Figure 31c, but as is deduced from Table 2, with a 
peak-to-peak separation AEp = 60 mV. The voltammogram is, therefore, 
apparently similar to that of a reversible one-electron process. In reality, 
the peak current is higher than that of a one-electron process, but this 
cannot be preliminarily detected. Conversely, if there is an electronic 
interaction between the sites, AE"' increases and K,,, increases. 

Figure 33 Working curve AELIAE"' for an EE process, in which both the electron 
transfers are reversible 
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A more detailed discussion on this topic will be considered in Chapter 
4, Section 1.3. Structurally, to a first approximation, a criterium to 
determine the electronic interaction between redox active sites is to 
evaluate the distance between the sites: the greater the distance between 
redox centres, the smaller their interaction. 

Finally, given a certain distance between two redox centres, the 
delocalization of the first added electron between the two centres makes 
the addition of the successive electron electrostatically more difficult; 
therefore, AE”’, and hence K,,,, increase. l 6  

1 S.2 Two one-electron transfers with difjperent extents of 
reversibility. In the case where not all the processes of a consecutive 
electron transfer sequence are reversible, the irreversibility of a particular 
step becomes evident by the absence of the reverse peak in its pertinent 
response. For all other aspects the preceding considerations remain valid. 

Figure 34 shows some typical cyclic voltammetric responses for two- 
electron processes in which one of the steps is irreversible. 

1 S.2.1 Diagnostic criteria for  two-electron transfers with difjperent 
extents of reversibility. The voltammetric responses of EE processes 
can be qualitatively confused with processes complicated by coupled 
chemical reactions. The only distinctive criterium to define these 
processes is the constancy of the parameter iP/v”* relative to each step 
with the scan rate. 

1.6 Adsorption Processes. 

The transport of electro active species from the bulk of the solution to 
the electrode may be governed not only by diffusion but also by 
adsorption of the species on the electrode surface. When both the 
mechanisms are operative, the overall electrochemical process may give 
considerably complicated results. The theoretical treatment is complex 
and of limited interest to inorganic chemists, therefore, a qualitative 
approach will be adopted to identify the presence of adsorption 
phenomena. 

The typical scheme describing the electrode mechanism complicated 
by adsorption processes is the following: 

OX(solution) OX(adsorbed) 

Ox + e- = Red 

Red(solution) 2 Red(ads0rbc-d) 
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Figure 34 Typical cyclic voltammograms f o r  a two-electron transfer process in which one 
o f the  steps is irreversible. Case R-I: ( a )  AEa'= -180 mV; ( b )  AE"'=O mV. 
Case I-R: ( c )  AE" = -180 mV. Case I-I: ( d )  AE"'= -180 mV 

It represents a reversible electron transfer complicated by adsorption 
(in equilibrium with diffusive motions) of either Ox or Red. 

Figure 35 shows the typical cyclic voltammetric responses of the four 
most common cases of electron transfer processes complicated by 
adsorption compared with a simple reversible electron t ran~fer . '~  

As Figures 35a,b show, with respect to an uncomplicated electron 
transfer process, for a weak adsorption one expects: 

a significant increase in the height of the forward peak, when the 

a significant increase in the height of the reverse peak, when the 

This anomaly becomes more evident with the scan rate. In fact, 
while in the case of a simple reversible electron transfer the current 
function, iP/v1'*, remains constant with the scan rate, in the case 

reagent Ox is the adsorbed species 

product Red is the adsorbed species. 
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I I I I I I 

-0.1 +0.1 -0.1 +0.1 

I 1 1  I l l  

-0.1 +0.1 -0.1 +0.1 

Figure 35 Comparison between the cyclic voltammetric responses of a reversible one- 
electron process (E'I = 0.00 V )  complicated by dcrerent adsorption 
phenomena (-1 and that of a reversible one-electron process (- -). 
( a )  Weak adsorption of the reagent Ox; ( b )  weak adsorption of the product 
Red; ( c )  strong adsorption of the reagent Ox; ( d )  strong adsorption of the 
product Red 

of weak adsorption of the reagent such a current function increases 
markedly (this is the only case in which such an effect is observed). 
In fact, under the effects of adsorption what remains constant with 
the scan rate is the ratio ip/v. On the other hand, for weak 
adsorption of the product, the anomalous increase in the height of 
the reverse peak with the scan rate makes the current ratio, ip,/ipf, 
become greater than 1. 

Finally, as shown in Figures 35c,d, for strong adsorption pre- and 
post-peaks appear in the cyclic voltammetric response. Namely: 

a pre-peak appears when the adsorbed species is the product Red 
a post-peak appears when the adsorbed species is the reagent Ox. 

The separation between the adsorption peak (pre- or post-peak) and 
the peak due to the diffusive electron transfer can be taken as a qualitative 
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measure of the adsorption energy. The larger the separation, the stronger 
the adsorption. 

It is noted that on increasing the scan rate the intensity of the 
adsorption peak (which linearly increases with v) tends to become larger 
than that of the diffusive peak (which linearly increases with v ~ ’ ~ ) ,  such 
that at high scan rates the diffusive peak may completely disappear. 

A simpler case occurs when only the adsorbed species on the electrode 
surface are electro active. 

Such a situation may be found when: 

the species in solution Ox/Red are not electro active in the potential 
range considered 
the concentration of Ox in solution is so low (with respect to the 
amount of Ox adsorbed) that a negligible diffusive current is 
produced. 

In such cases it is clear that the diffusive transport plays no role, as only 
the species already adsorbed on the electrode surface are electro active. 

Let us consider the case in which the electron transfer of the adsorbed 
species is reversible: 

As Figure 36 illustrates, in such cases the cyclic voltammetric response 
is quite sharp and the forward and reverse peaks are completely 
symmetric (i.e. the peak-to-peak separation AEp = 0; both the forward 
and reverse currents start at zero, reach a maximum value then 
return to zero). 

When this happens the adsorption phenomenon follows the so-called 
Langmuir isotherm* and the current intensity at the maximum of the 
forward peak is correlated with the parameter r$ (that represents the 
quantity of Ox, in mol m-2, initially adsorbed on the electrode surface) 
and with the scan rate according to the relationship: 

. n2 . F 2 . r : . A  
I =  V 
P 4 . R . T  

This expression shows that, as previously mentioned, the peak 
current increases linearly with the scan rate (as it happens for 

* An adsorption isotherm describes the way in which the concentration of the species adsorbed on the 
electrode, Ti, depends on the activity, ai, of the species in solution. Langmuir’s isotherm is the 
simplest equation for adsorption phenomena, but it must be kept in mind that it is generally valid 
only for non-ionic species. 
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Figure 36 Cyclic voltammetric response theoretically expected f o r  the reversible reduction 
of Oxiadsorhrd)  

the capacitive currents, see Chapter 1, Section 5 ) ,  in contrast with 
diffusive processes where the peak currents increase with the square 
root of the scan rate. 

The area subtended by the forward peak represents the charge flown in 
the course of the reduction process of OX(&,-,rbed), thus: 

peak area = n ,  F .  A .  r: 

The peak potential Ep is correlated with the formal electrode potential 
E"' of the couple Ox/Red by the expression: 

where box and bRed represent the degree of absorption of Ox and Red, 
respectively. This implies that if box = bR&: Ep = E"'. 

In this ideal case it is useful to bear in mind that the width of the 
peak at half height, AEPp, shown in Figure 36, can be exploited to 
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calculate the number of electrons spent in the process OX(adsorbed)/ 
Red(adsorbed), since: 

or, at 25°C: 

In the case that the reduction process of the adsorbed species is 
irreversible: 

OX(adsorbed) -k ne- - Red(adsorbed) 

the peak shape is still quite sharp, however, not only the reverse 
peak results are now absent, but the forward peak also loses its 
symmetry, Figure 37. 

In this case, the width of the half-peak is given by the relationship: 

or, at 25°C: 

-1 00 0 +I 00 
I 

I 
EP 

Figure 37 Cyclic voltammetric response theoretically expected for the irreversible 
reduction of Ox(adsorbed) 
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Finally, if the reduction process of the adsorbed species is 
quasireversible the curve will exhibit the reverse peak, but the peak- 
system will not be completely symmetric. 

2 ELECTROCHEMICAL TECHNIQUES COMPLEMENTARY 
TO CYCLIC VOLTAMMETRY 

2.1 Pulsed Voltammetric Techniques 

As outlined in Section 1.5, consecutive electron transfers possessing 
electrode potentials separated by less than 0.1 V afford in cyclic 
voltammetry more or less overlapping peak-systems which cannot be 
adequately resolved to obtain the precise standard electrode potential 
for each step. In these cases it is convenient to make use of pulsed 
techniques. 

All the pulsed techniques have as a target to exalt the faradaic 
currents while minimizing the interfering capacitive currents. These 
techniques exploit the different decay rate of the faradaic currents 
(which, decaying with the square root of the time, decay rather slowly) 
with respect to the decay rate of the capacitive currents (which, decaying 
exponentially with time, decay quickly). This means that, after a short 
time (from ps to ms) from the application of a potential value to the 
working electrode proper to trigger the electron transfer, the current is 
purely faradaic. 

In this connection, two techniques are particularly useful in the 
analysis of partially overlapping processes: 

differential pulse voltammetry 
square wave voltammetry 

These techniques usually make use of the same equipment used for 
cyclic voltammetry. 

2.1.1 Diflerential Pulse Voltammetry. As illustrated in Figure 38, in 
the Differential Pulse Voltammetry (DPV) the perturbation of the 
potential with time consists in superimposing small constant-amplitude 
potential pulses (10 < AEpulse < 100 mV) upon a staircase waveform of 
steps of constant height but smaller than the previous pulses (1 < AEbase 
< 5 mV). 

The important parameters are: 

9 the pulse amplitude (AEpulse), which is the height (in mV) of the 

the pulse width, which is the length of the time (in ms) in which the 
applied potential pulse; 

pulse is maintained; 



Voltammetric Techniques 111 

Figure 38 Potential-time pulses in Dixerential Pulse Voltammetry 

the sample width, which is the time (in ms) at which the current is 

the pulse period, which is the time (in ms) needed to make one cycle 

As illustrated by the dots in Figure 38, during a pulse period the 
current is periodically sampled twice: before the pulse, i l ,  and at the 
end of the pulse, i2, respectively. For the sake of simplicity, as 
illustrated in the inset, if we could extrapolate to a cyclic voltam- 
mogram, it would correspond to sampling the currents at the foot of 
the forward peak and just after having traversed the forward peak. It 
is evident that after subtracting the two currents (i.e. i2-il) most of 
the capacitive currents are eliminated. Thus a differential-pulse 
voltammogram is a plot of the difference ( i 2 - 4  vs. the potential 
progression. 

In contrast to linear single sweep or cyclic voltammetry, which give 
non-symmetric peaks, DPV affords symmetric peaks which start from 
zero-current values and finish at zero-current values, see Figure 39. 

It is noted that for reversible electron transfers, the peak potential in 
DPV is almost coincident with the E"' value of the couple under study, in 
that: 

measured after the application of the potential pulse; 

of variation of potential. 

but as said, AEpulse is usually low (-50 mV). 

is given by: 
For a reversible process the width of the peak at half height, AEp,2, 
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- 20 
+0.1 +0.3 +0.5 +0.7 

Potential,V 

Figure 39 Typical voltammogram in DPV 

or, at 25°C: 

As it happens for adsorption (Section 1.6), such relationships would 
allow in principle the number of electrons involved in the electrode 
process to be determined. 

As mentioned, DPV is particularly useful to determine accurately the 
formal electrode potentials of partially overlapping consecutive electron 
transfers. For instance, Figure 40 compares the cyclic voltammogram of 
a species which undergoes two closely spaced one-electron oxidations 
with the relative differential-pulse voltammogram. As seen in DPV the 
two processes are well separated. 

Nevertheless, it must be taken into account that DPV presents two 
limitations : 

in principle, it would need the use of the dropping mercury electrode 
(even if it also works very well with solid electrodes under stationary 
conditions); 
it employs rather low scan rates (lower than 0.02 V s-'), which can 
lead to difficulty in interpreting responses in those cases in which 
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+0.5 +1 .o 

Figure 40 Comparison between the cyclic (0.2 V s-') and the dijierential-pulse (0.02 
V s-I)  voltammetric responses of a species which undergoes two sequential 
one-electron oxidations 

the electrogenerated species are not stable (i.e. in cases of following 
chemical complications). 

2.1.2 Square Wave Voltammetry. As illustrated in Figure 41, in the 
Square Wave Voltammetry (SWV), in particular in the Osteryoung 
Square Wave Voltammetry (OSWV), the perturbation of the potential 
with time consists of an in-phase combination of a staircase waveform 
of small and constant step height (1 < < 40 mV) with periodic 
square wave pulses (1 < AEsw (= 1/2 square wave amplitude) 
6 250 mV). This last perturbation consists of pulses alternating in 
direction, i.e. a succession of forward (reduction, or oxidation) and 
reverse (oxidation, or reduction) cycles (1 G frequency SW < 2000 Hz). 
The overall result is a sequence of equally spaced steps: the forward step 
of height: 2AEsw + AEbase; the reverse step of height: -2AEsw. 

As indicated by the dots, the current is sampled at the end of either the 
forward pulse, if, or the reverse pulse, i,. Schematically, as illustrated in 
the inset, making reference to a cyclic voltammogram, we can imagine 
that the currents are sampled after traversing the forward peak and after 
traversing the reverse peak, respectively. It is evident that the waiting 
times before each sampling make the capacitive currents disappear. 
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1 ,n w 
Figure 41 Potential-time perturbation in Osteryoung Square Wave Voltammetry 

As shown in Figure 42, the square wave voltammogram, as in DPV, is 
peak-shaped, but it consists of a differential curve between the current 
recorded in the forward half-cycle and the current recorded in the reverse 
half-cycle (pay attention to the fact that, since the forward and the 
reverse currents have opposite signs, their difference corresponds in 
absolute to their sum). 

As it happens in DPV, if AEsw is small (about 50/n mV), the peak- 
potential for a reversible process virtually coincides with the formal 
electrode potential. 

Figure 42 Typical voltammogram in 0s W V  



Voltammetric Techniques 115 

In addition, for a reversible process the width of the peak at half 
height, AEPl2, is given by: 

or. at 25°C: 

Like DPV, OSWV is very effective in solving almost overlapping 
processes. With respect to DPV, OSWV can use higher scan rates (from a 
few hundreds of mV s-l to a few V s-'). The typical scan rate (which is 
given by the product: SWfrequency x AEbase) is around 0.2 V s-l (which 
is the typical scan rate of cyclic voltammetry). This allows one to 
compete with the eventual presence of chemical complications coupled to 
the electron transfers. 

2.2 Hydrodynamic Techniques 

There are a few electrochemical techniques in which the working 
electrode is moved with respect to the solution (i.e. either the solution is 
agitated or the electrode is vibrated or rotated). Under these conditions, 
the thickness of the diffusion layer decreases so that the concentration 
gradient increases. Since the rate of the mass transport to an electrode is 
proportional to the concentration gradient (Chapter 1, Section 4.2.2), the 
thinning of the diffusion layer leads to an increase of the mass transport, 
and hence to an increase of the faradaic currents. 

The ability of varying the rate of the mass transport by agitating the 
solution (or the working electrode) constitutes the basis of hydrodynamic 
methods (hydrodynamics = liquids in motion), which are a further 
support to the study of electrode kinetics. Nevertheless we wish to cite 
them here simply to cover a drawback of cyclic voltammetry. In fact, 
cyclic voltammetry is unable to discriminate between oxidation and 
reduction processes, and vice-versa. 

In order to understand the meaning of such a sentence one must 
consider that the starting potential for a cyclic voltammetric scan must be 
selected on the basis of the zero-current condition, or to start from a 
potential value at which no electron transfer occurs at the working 
electrode. Even if one was wrong in the choice of the starting potential, 
i.e. one could have selected a potential at which an electrode process is 
taking place, it is very unlikely that one can realize it, in that the 
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stationary conditions of the solution and the common use of electrodes 
of a small area both lead to very small currents (even if some modern 
instruments are able to detect zero-current potential values). 

As an example, Figure 43 shows the cyclic voltammetric profiles of a 
species which undergoes sequential electron transfers. 

It is quite evident that it is very difficult to decide if the first process is a 
reduction step, Figure 43a, or an oxidation step, Figure 43b. 

To obviate possible erroneous interpretation of the cyclic voltam- 
metric profiles (particularly in those cases in which an oxidation process 
occurs at negative potential values as well as a reduction process 
occuring at positive potential values), it is always wise to perform 
preliminarily hydrodynamic tests. 

The most well-known hydrodynamic technique is the Rotating Disk 
Electrode (RDE) voltammetry, which, however, needs proper equip- 
ment. For information on this technique the reader is referred to 
specialized treatments.24 We prefer here to mention a simpler technique 
which can be carried out on the same equipment used for cyclic 
voltammetry. This technique is referred to as voltammetry at an 

I 'I 

E (V, vs. SCE) y 
T ' I '  1 ~ i ' i ' 1 ~ 1 ~ 1 ' 1 ~ 1  

-2.0 -1.2 -0.4 +0.4 +1.2 

Figure 43 Cyclic voltammograms recorded at a platinum electrode in a solution of a 
species able to undergo consecutive electron transfers. Starting potentials: 
( a )  0.0 V;  f b )  -0.8 V 



Voltammetric Techniques 117 

electrode with periodical renewal of the diffusion layer.'* It consists of 
setting the working electrode in periodical motion either along its axis or 
perpendicular to its axis. In its simplest version, the periodical renewal of 
the diffusion layer can be achieved by percussing the top of the electrode 
through a timed knocker (from 3 s to 5 s) (in a rough application the 
percussion can also be performed with a finger) during a linear potential 
sweep (scan rates from 0.005 V s-l to 0.02 V s-'). This periodical 
electrode motion causes a periodical agitation of the solution at the 
electrode surface (something similar to the dropping mercury electrode). 
The resulting voltammogram is similar to a classical polarogram, which, 
independently from the starting potential, is able to distinguish the 
anodic or cathodic nature of the process. The technique could be defined 
as 'polarography' at solid electrodes. 

In confirmation, Figure 44 compares the cyclic voltammogram 
illustrated in Figure 43b with the voltammogram obtained through the 
use of a platinum electrode with periodical renewal of the diffusion layer. 
As seen, it confirms that the species undergoes consecutive oxidation 
processes. 

2.3 Controlled Potential Electrolysis 

Measurement of the current intensity in cyclic voltammetry provides an 
indirect method to determine the number n of electrons involved in 

o t  

O t  

E (V, vs. SCE) 
t I I I I 

-1 .o 0.0 +1 .o 

Figure 44 Comparison between the cyclic (0.2 V s-') and the hydrodynamic (0.01 V s-') 
voltammetric responses of the species cited in Figure 43 
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a redox process. In principle, any relation we have discussed in giving 
diagnostic criteria in which n appears could be suitable for such a use. 
For instance, the Randles-Sevcik equation states that: 

but its utilization for the determination of n needs: 

the absence of chemical complications; 
an electrochemically reversible process; 
the measurement of the diffusion coefficient D; 
the measurement of the area of the electrode A .  

Substantially the same difficulties hold for any other relation 
(evaluations based on the shift of potentials need the knowledge of cc; 
and so on). 

Often, to simplify the measurement of n, the current recorded on the 
process under examination is compared with that given, under the same 
experimental conditions, by an equimolar amount of a species whose y2 is 
known. This is really a good and simple method, but it requires that the 
compared species possess a comparable diffusion coefficient D (i.e. in 
first instance, the species used for comparison must possess a molecular 
weight roughly similar to that of the species under examination). 

The best method to determine the number n of electrons involved in a 
redox process is through controlled potential coulometry. 

The principle of controlled potential coulometry is very simple. If, for 
instance, we wish to study the usual process: 

Ox + ne- - Red 

and only the oxidized species Ox is initially present in solution, setting 
the potential of a macroelectrode at a value sufficiently negative to 
trigger the reduction will mean that after some time only the reduced 
species Red will be present in solution. 

According to Faraday’s law, the charge passed in the experiment is 
given by: 

Q = napp ’ F .  m 

where: 
(2 =total amount of electricity passed, in C; 
napp = number of electrons involved in the process; 
F = Faraday’s constant, 96500 C mol-’; 
m = number of mol of oxidized species initially present. 
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As Figure 45a shows, as the bulk electrolysis proceeds, the current 
decreases exponentially according to the relationship: 

where: 
t = electrolysis time (second); 
io = initial current (ampere); 

the initial current being expressed by: 
p = D * A/(vol * 6); 

where in turn: 
D = diffusion coefficient of species Ox (m2 s-'); 
A = area of the electrode (m2); 

Electrolysis time 

Figure 45 The variation of the electrolysis current with time: ( a )  i vs. t ;  ( b )  log i vs. t 
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6 =thickness of the diffusion layer (m); 
vol = volume of the solution (1); 
c =initial concentration of OX (mol I-'). 
On the other hand, a plot of log i vs. t affords a straight line of slope 

-p/2.303 and intercept log io, Figure 45b. 

In order to carry out the coulometric measurement at a controlled 
potential one must first record a cyclic voltammogram of the redox active 
substance. Let's suppose that it generates the cathodic response 
illustrated in Figure 46. 

To measure the number of electrons involved in such a cathodic 
process one prepares, directly in the electrolysis cell (see Chapter 3, 
Section 2.2), a solution of known concentration of the substance of 
interest and applies under stirring (in order to accelerate the mass 
transport to the electrode) a potential slightly more negative (by about 
0.2 V) with respect to the peak potential of the reduction process. In this 
case, for example, E, = -0.9 V (E, representing the working potential). 
In this way one is working under diffusion conditions. Obviously, in the 
case of oxidation processes, one must apply potentials which are slightly 
more positive than the peak potential of the oxidation process. 

Since as illustrated in Figure 45a, the electrolysis current decreases 
asymptotically, the process is considered to be concluded when the 
current drops to about 1jlO-ljl00 of the initial current. On applying 

E,=-O.7OV I 
Figure 46 Cyclic voltammogram exhibited by a species, which undergoes reduction at 

E"' = -0.67 V ,  before exhaustive electrolysis 
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Faraday’s law, based on the amount of electricity spent, one determines 
the number of electrons involved per mole of substance. 

It should be kept in mind that controlled potential electrolysis is 
indispensable in ascertaining the stability of every electrogenerated 
species (i.e. to determine the chemical reversibility of a redox process). 
Such a determination simply requires the recording of a cyclic 
voltammogram on the exhaustively electrolysed solution. The chemical 
reversibility implies that such a response must be quite complementary to 
that initially recorded. For instance, if the voltammetric profile of 
Figure 46 had been obtained before electrolysis, one must obtain a 
complementary response of the type illustrated in Figure 47 after 
electrolysis. 

There are cases, fortunately quite rare, in which the number n of 
electrons effectively involved in an electrode process cannot be measured 
by means of controlled potential electrolysis, i.e. napp f n. They generally 
involve: 

electrode poisoning processes, which don’t allow the measurement to 
be completed (at times this can be avoided by changing the electrode 
material; e.g. passing from platinum to gold or mercury or carbon, 
and vice versa); 

9 fragmentation processes of the primary electrogenerated species 
giving fragments which are in turn electro active; this leads to the 
consumption of a number of electrons higher than the effective 

r / 

E 

Figure 47 Cyclic voltammogram obtained under the experimental conditions of Figure 46 
after exhaustive electrolysis at E ,  = -0.9 V 
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one (except for ECE processes, where the coulometric determination 
is essential for their definition); 
catalytic regeneration of the initial species, which means that the 
electrolysis continues indefinitely. 

Table 3 provides more detailed information on those cases in which 
the number of experimentally measured electrons (nap?) equals, or is 
different from, the theoretical number (n) involved in a particular 
electrode mechanism. 

At times it can be useful to carry out a sort of reversal electrolysis, i.e. 
reoxidize the reduced species (or reduce that oxidized) immediately after 
generating it to re-obtain the initial species. As shown in Table 3, the 
comparison between the amount of electricity (in C) consumed in the 
forward process, Qf, and that consumed in the return process, Qr, can 
be useful in the identification of the electrode mechanism involved in 
the process under study (even if in general it is less simple than appears). 

Finally, an aspect of controlled potential electrolysis that is growing in 
importance in inorganic chemistry is the generation of appreciable 

Table 3 Diagnostic criteria in controlled potential coulometry a 

Electrode mechanism napp 

simple processes 
Ox + ne- - Red napp = nc Qrd = QP linear 
preceding reactions 
Y = ox 
Ox + ne- - Red napp = n Qr = Qf concave upward 
following reactions 
Ox + ne- + Red 
Red - Z napp = n Qr < Qf linear 
Ox + ne- - Red 
2 Red - Z napp = n Qr < Qf linear 
Ox + ne- - Red 
Red + Z - Ox + Y naPp > n 0 Qr < Qf concave upward 

Reversal coulometry (log i ) / t  b 

Ox +knle- - Red 
Red 3 Ox’ napp = + n2 Qr = Qf [&I linear, or concave 
Ox’ + nze- - Red’ 
consecutive reactions 
Ox + ale- - Redl 
Redl +nze--Redz nap,, = n ,  + n2 Q r = Q f  linear, or concave 

upward 

”If the reversibility or irreversibility of the chemical reactions as well as of electron transfer is not 
specified, this implies that the indicated criteria are valid independently of the degree of reversibility; 
bnapp = number of electrons experimentally measured; ‘n = number of electrons theoretically 
involved in the electrode process; dQr = quantity of electricity passed in the reversal electrolysis: 
eQf = quantity of electricity passed in the forward electrolysis. 
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quantities of certain species not easily obtained by means of common 
redox agents. The availability of discrete quantities of electrogenerated 
material opens opportunities for the spectroscopic characterization 
(e.g. UV-visible, IR, EPR, mass spectroscopy) of the various species. 
In principle, preparation of crystals for use in X-ray structural deter- 
minations is also possible; unfortunately, often the electrogenerated 
product is difficult to separate from the supporting electrolyte, especially 
if the electrogenerated species is ionic. It must however be taken into 
account that electrocrystallization techniques are becoming popular. l9  

2.4 Chronoamperometry 

The term ‘chronoamperometry’ means the measurement of currents as a 
function of time, and can be thought of as a kind of ‘controlled-potential 
voltammetry’ or ‘controlled-potential microelectrolysis (in unstirred 
solution)’. 

Chronoamperometry is a useful technique in those cases where cyclic 
voltammetry does not succeed in identifying the electrode mechanisms 
underlying certain redox changes. It is important to state that 
chronoamperometric measurements can be performed using the same 
equipment of cyclic voltammetry. 

The simplest chronoamperometric technique is that defined as single 
potential step chronoamperometry. It consists of applying an appropriate 
potential to an electrode (under stationary conditions similar to those of 
cyclic voltammetry), which allows the electron transfer process under 
study (for instance: Ox + ne- - Red) to run instantaneously to 
completion (i.e. Co,(O,t) - 0) .  At the same time the decay of the 
generated current is monitored.20 

The choice of the potential to be applied is based on the same 
criteria discussed for controlled potential electrolysis, i.e. for a species 
able to undergo a reduction process a potential more negative by 
about 0.2 V with respect to the peak potential of the cathodic process 
is selected. 

The fundamental law of chronoamperometry is the Cottrell equation 
(see Chapter 1, Section 4.2.4): 

As already discussed, it indicates that for a diffusion controlled 
process (i.e. one which does not involve adsorption processes) taking 
place at a planar electrode, the current (which is proportional to 
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the concentration of the electroactive species present in the bulk of 
the solution) decays following a function which is inversely proportional 
to the square root of time. 

A more useful chronoamperometric method involves a double 
potential step (somewhat reminiscent of the previously discussed reversal 
electrolysis). In this case, for instance for a reduction process, a first 
cathodic potential step is applied according to the preceding criteria 
(such that instantaneously Co,(O,t) - 0), followed at a time z by the 
application of a second anodic potential step which causes the species 
Red previously generated at times t < z to be instantaneously reoxidised 
(such that CRed(O,t) - 0). 

Figure 48 illustrates a typical chronoamperometric response. 
Clearly, for times t < T, the diagram represents the chronoampero- 

metric single potential step response. In this time interval ( t < z )  the 
current-time curve follows the Cottrell equation; therefore, the cathodic 
current is expressed by the relationship: 

i , = n . F . A . C o ;  - 
* IKor Ill2 

Potential 

Emti,, Efinall ic - - 

Current - 
I 

0 
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t 
t-T T 
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Figure 48 Chronoamperometric double potential step experiment f o r  the process: 
Ox+ne-,Red; inversion time 7=0.2 s. The top part shows the 
perturbation of the potential applied to the working electrode with time 
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For times t > r ,  where the reoxidation of the previously generated 
species Red takes place, the diagram represents the double potential step 
response. Under these conditions, the anodic current follows the 
equation: 

Thus, the ratio between the return (at the time t )  and forward (at the 
time t - T )  currents (expressed as the absolute value, since i, and i, have, 
conventionally, opposite signs) is equal to: 

where: 

At this point, depending on whether or not the experimental data (ie. 
the ratio between the anodic currents at the times t and the cathodic 
currents at the times t - T )  follow the diagram reported in Figure 49, valid 
for Ox/Red couples that undergo diffusion-controlled processes, one can 

t’ 
2 6 10 14 

Figure 49 The variation of the current ratio in a double potential step experiment f o r  a 
simple reduction process ( t  7) 
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gain information concerning the possible presence of coupled chemical 
reactions.20 

One must take into account that the maximum time for a 
chronoamperometric experiment is of about 10 s; as mentioned in 
Chapter 1, Section 4.2.4, for longer times convection becomes dominant 
over difusion. 

2.4.1 Coupled Chemical Reactions 

2.4.1.1 ‘Preceding’ chemical reactions. The typical case of a preceding 
chemical reaction is that of the species Ox in equilibrium with an electro 
inactive substance Y, which follows the sequence of events already seen 
in Section 1.4.1.1, relative to cyclic voltammetry: 

Ox+ne- 2 Red 

Since the effects of the preceding chemical reaction substantially affect 
the forward response, the single potential step experiment can be 
adequately used. 

If the kinetics of the preceding reaction are slow, the current-time 
response is governed by the virtually unchanged initial concentration of 
Ox; hence, the Cottrell equation is valid. 

If, instead, the reaction kinetics are neither too slow nor too fast, the 
conversion Y/Ox is significant and assuming Dox = D one has: 

For very high reaction kinetics the reciprocal conversion Y/Ox is very 
rapid, the concentration of Ox can be assumed constant, and the current 
is expressed by: 

Hence, the ratio ik/id is theoretically given by: 

erfc being the already mentioned error function complement. 

illustrated in Figure 50.19 
A plot of such ratio as a function of the parameter (k f  . K . t ) l I 2  is 
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0.5 

Figure 50 Working curve for the chronoamperometric evaluation of the kinetics of a 
chemical reaction preceding a reversible electron transfer 

If one possesses the values of the ratio ik/id at different times one can 
obtain the term kf * K (that in order to be valid must be constant for the 
various times). If the value of K is known through other techniques, one 
can determine both kf and k,. 

The value of ik/id at a given time represents the ratio of the kinetic 
current, ik, recorded experimentally and the value of diffusion current, i d ,  

that one would have if the process was not complicated by the preceding 
chemical reaction. 

The value of id at various times is determined by measuring the current 
value at the longest times (at which the conversion Y/Ox is more likely to 
be complete) and applying the Cottrell equation (in practice, considering 
its linear decay with t1’2) at the shorter times of interest. 

2.4.1.2 ‘Following’ chemical reactions. 
2.4.1.2.1 First-order chemical reaction. Among first-order chemical 
complications following electron transfers, the most convenient case to 
study by chronoamperometry is that of a first-order irreversible chemical 
reaction (E,Ci), which constitutes a frequently encountered case: 

Ox + ne- 2 Red 

Red -% Z 

As far as the electron transfer process Ox/Red is concerned, it is 
noted that chronoamperometry cannot distinguish between reversible 
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and irreversible processes. Therefore, even if the electron transfer is 
represented as reversible, the treatment that follows is also valid if it is 
irreversible. 

The kinetics of following chemical reactions cannot be studied by the 
single potential step technique in that the response would simply obey the 
Cottrell equation. In contrast, the double potential step technique, that 
measures the response exhibited by either the reagent Ox or the product 
Red, is sensitive to the chemical fate of Red. The cathodic response 
before the inversion of the applied potential ( t  < z) is expressed by the 
Cottrell equation: 

The anodic response after the inversion of the potential ( t  > z) is given 
by: 

where CD is a complex function of kf, z and t ,  and is equal to 1 in the 
absence of chemical complications. 

Hence, the ratio between the anodic and cathodic currents is 
theoretically expressed by: 

where 8 is again the term ( t - z ) / z .  
Obviously, the complicated nature of CD makes the numerical solution 

impossible. To overcome the problem, Figure 51 shows a few working 
curves calculated for certain values of 8, which enable one to determine, 
from the experimental values of ia/ic, the value of kf . z and thus kf, 
knowing z.20,21 

2.4.1.2.2 Catalytic regeneration of the reagent. The particular case in 
which the following chemical reaction is a first-order redox reaction 
which regenerates the initial species is described by the mechanism: 

Ox + ne- = Red 

Z + Red A Ox + Y 



Voltammetric  Techniques 129 

1 .O 

0.5 

0 
0 1 .o 2.0 

k, *Z 

Figure 51 Working curves fo r  selected values of the parameter 0 f o r  the chronoampero- 
metric determination of the rate constant of an irreversible chemical reaction 
following an electron transfer 

The responses of the forward and reverse steps are both affected by the 
chemical complication; in fact, the reduction current will be greater than 
that predicted by the Cottrell equation, whereas the reoxidation current 
will be lower than that predicted by the Cottrell equation. This implies 
that to gain information on the regeneration of the reagent it is sufficient 
to use the single potential step technique. 

In this regard, one compares the current under catalytic conditions 
(ik): 

with the diffusive current observed in the absence of Z: 

to obtain the current ratio: 
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As illustrated in Figure 52, if one plots the ratio ik/ik - 0 as a function 
of the kinetic parameter (k f  * t)’I2, a working curve is obtained that 
permits (knowing ik/ik, = at different times) to calculate kf.20 

As seen, the plot becomes linear only for high values (namely, > 1) of 
the parameter (k f  . t)lI2, where it assumes a slope equal to E ’ ’ ~ .  

One can use this treatment when the kinetics are first-order (i.e. under 
conditions in which the concentration of Z is not significantly modified 
by the redox process) such that: 

r.- 

Hence, it is necessary to have an excess of Z in solution. 

2.4.1.2.3 The ECE mechanism. The ECE mechanisms can be 
generalized by the following sequence of reactions: 

Ox + rile- 2 Redl I?;’ 

ki 
Redl I_ Ox’ 

k ,  

Ox’ + n2e- 2 Red’ E,”‘ 

1, 

3 

2 

1 

0.4 0.8 1.2 1.6 2.0 
Figure 52 Working curve fo r  the chronoamperometric determination of the rate constant 

of a catalytic regeneration of the reagent following an electron transfer 
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The simplest and most useful case that one can study by single 
potential step chronoamperometry is that in which E0I2 >> Eo’l (i .e.  
AEO‘ = Ez’ - Ey’ 2 180 mV). This means that the primarily electro- 
generated species Red converts to a new species Ox’, which is more easily 
reducible than the initial species Ox. As seen in Section 1.4.3, in cyclic 
voltammetry such a system exhibits a single reversible process in the 
forward scan. 

In this case one has the following limiting situations depending upon 
the rate of the interposed chemical reaction: 

for kf  t - 0 (or slow chemical kinetics), the first electron transfer is 
not complicated by following kinetics, hence: 

for k f  t - 00 (or fast chemical kinetics), both the electron transfers 
take proceed, hence: 

for intermediate values of k f  t ,  it has been found that: 

This being stated, the occurrence of a chemical reaction interposed 
between two electron transfers can be easily detected by plotting a graph 
of i vs. t -1/2.20,22 Figure 53 shows that at short times after the potential 
step (corresponding to kf= 0) the current depends only on the process 
Ox - Red, thus the slope of the function depends on the number n 1  of 
electrons. 

At longer times (corresponding to k f =  m) the current is a function of 
the complete reduction of Ox to Red’, thus the slope is determined by the 
overall number of electrons n1 + n2. At intermediate times the current 
varies from one limit to the other. The time at which this passage from 
one limit to the other takes place is a function of the rate constant of the 
interposed chemical reaction. 

The simplest case to treat (which is also the commonest one) is that in 
which the interposed chemical reaction is irreversible and n1 = n2 = 1. The 
way in which the rate constant of the interposed chemical reaction is 
calculated is now considered. 
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0.2 0.4 0.6 0.8 1.0 1.2 
Figure 53 Potentiostatic behaviour fo r  an ECE mechanism as a function of the rate 

constant kf of the interposed chemical reaction 

Since, based on previous relationships, the ratio of the actual kinetic 
current ik and a purely diffusion current id due to n1 + n2 electrons is 
given by: 

If ytl = n2 = 1, one has: 

This implies that a graph of ln[2 ( l - i k / i d ) ]  against time gives a straight 
line of slope kf. 

It now remains to calculate the diffusion currents, id, at the required 
times. An apparently simple way would be to use a substance fairly 
similar to Ox (or having a similar diffusion coefficient) capable of being 
reduced simply by a diffusion process (or, without coupled chemical 
reactions) through a process involving n l  + n2 electrons. A solution of 
this substance could therefore be prepared with the same molarity as that 
containing Ox, such that one can measure the potentiostatic current at 
the required times. In practice, however, this method is quite laborious. 
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A second, easier method to follow is based on the fact that in the 
potentiostatic experiment on Ox at long times n1 + n2 electrons have 
passed so that the current is purely diffusive. Therefore, by the use of 
such current values, recalling that i is proportional to t - 1 / 2  for diffusive 
processes, one can determine the values of id at the various times of 
interest. 

Clearly, the limit of this second method is having the certainty that, at 
the long times at which one makes the measurements, the interposed 
chemical reaction has completely finished (bear in mind that, as already 
pointed out, the maximum time is about 10 s). A simple way to ascertain 
this is to verify that the product i . t 1 / 2  (that is proportional to the 
number of electrons involved in the process), that initially (at short 
times) tends to increase, reaches a constant value at longer times. 

2.5 Determination of the Number of Electrons Involved in an Electron 
Transfer Process from the Correlation Between Cyclic Voltammetry 
and Chronoamperometry 

As mentioned in the introduction to controlled potential electrolysis 
(Section 2.3), there are various indirect methods to calculate the number 
of electrons transferred in a redox process. One method which can be 
rapidly carried out, but can only be used for electrochemically reversible 
processes (or for processes not complicated by chemical reactions), 
compares the cyclic voltammetric response exhibited by a species with its 
chronoamperometric response obtained under the same experimental 
 condition^.^^ This is based on the fact that in cyclic voltammetry the 
peak current is given by the Randles-Sevcik equation: 

iP(in ampere) = 2.69 * lo5 . n3I2 . A . Cb, . DZ: . v1I2 

For the same process, in chronoamperometry, the Cottrell equation 
holds: 

n . F .  A . cb, . L)!: . 71-112 
- 

$12 l(in ampere) - 

The ratio between the two relationships affords: 

Experimentally, this means that for a given (reversible) redox process 
one records a series of cyclic voltammograms at different scan rates 
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and then the (constant) ratio ip . Y-'/* is calculated. For the same 
solution, with the same electrode, one plots a curve of potentiostatic 
current against time and the (constant) product i . t1 I2  is calculated: 

if the process involves one electron, a value R = 4.93 is obtained; 
if the process involves two electrons, one obtains a value of R = 6.97. 
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PRACTICAL ASPECTS 





CHAPTER 3 

Basic Equipment for Electrochemical 
Measurements 

There are many publications which discuss not only the principles of 
electrochemistry, but also its practical aspects (electrodes, cells, solvents, 
supporting electrolytes, and so on). '-' In addition, all the electrochemi- 
cal instrumentation manufacturers have catalogues of commercial 
products which allow proper experiments to be carried out. Therefore, 
the present discussion will be limited to point out the minimal basic 
knowledge required to set up an electrochemical experiment. 

1 ELECTRODES 

As already mentioned in Chapter 1, Section 3, a reliable electrochemical 
cell must involve the use of three types of electrodes: 

0 the working (or indicator) electrode; 
0 the reference electrode; 
0 the auxiliary (or counter) electrode. 

1.1 Indicator Electrodes 

The guiding criterion for the choice of a working electrode is that it must 
be made of a redox-inert material, at least in the potential range of 
interest. 

In addition, one must choose the most appropriate geometrical form 
for such an electrode. The most common forms for fast voltammetric 
techniques are the planar geometry and the spherical (or hemispherical) 
geometry. In this regard, we have seen (Chapter 1, Section 4.2.2) that the 
simplest theoretical relationships describing the kinetics of electrode 
processes are valid under conditions of linear diffusion (even if we have 
briefly discussed also radial diffusion). 

139 



140 Chapter 3 

The materials normally used in the construction of working electrodes 
are: platinum, gold, mercury and carbon. However, there have been 
recent attempts to use more sophisticated materials such as supercon- 
ductors (as will be discussed in Chapter 10, Section l), but at moment, 
due to their poor chemical and mechanical properties, they are not very 
promising electrode materials. 

The accessible potential ranges for platinum and mercury electrodes, 
in the commonest organic solvents are reported in Table 1. It is noted 
that gold exhibits characteristics very similar to platinum. 

One can see immediately that the easy oxidation of mercury renders it 
of little use for anodic scans. Note that to construct a ‘solid’ mercury 
electrode one can simply immerse a gold electrode in mercury for a few 
seconds. The amalgam that forms produces a mercury electrode much 
more manageable than the dropping electrode used in polarography. 

Carbon electrodes can be made from a number of various crystalline 
forms of carbon. The two most common versions are the carbon paste 
electrode and the glassy carbon electrode. In Chapter 11, devoted to the 
electrochemistry of biological functions, it will be seen that pyrolytic 
graphite electrodes have also found wide application. Recently, attempts 
to use carbon-nanotube electrodes have been also proposed.’ 

The carbon paste electrode is suitable for aqueous solutions and is 
prepared by mixing finely ground carbon with mineral oil (in a typical 
preparation, 15 g of ground carbon is mixed with 9 ml of Nujol). A paste 
of butter-like consistency is obtained that can be shaped into small disks. 

Table 1 Potential windows ( V ,  vs. SCE) f o r  a f e w  common non-aqueous 
solvents on platinum and mercury electrodes 

Solvent Supporting electrolyte Potential region Electrode 

CH2C12 [NBu41[PF61 from + 1.7 to -2.0 Pt 
from +0.9 to -2.0 Hg 
from + 1.3 to -2.4 Pt 
from +0.8 to -2.9 Hg 

MeCN “Bu41[PF61 from +2.0 to -2.0 Pt 
from +0.6 to -2.8 Hg 
from + 1.4 to -2.1 Pt 
from +0.6 to -2.5 Hg 

dmf “Bu41[PF61 from + 1.5 to -2.8 Pt 
from +0.5 to -2.8 Hg 

dmso “Bu4l[PF6] from + 1.0 to -2.3 Pt 
from +0.3 to -2.8 Hg 
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The disk is then placed on the tip of a small glass tube and the electrical 
contact made through a conducting metallic thread (e.g. copper, or 
preferably, platinum). 

The glassy carbon electrode (a patented material) is particularly 
suitable for non-aqueous solvents. Its main properties are that it is 
isotropic, impermeable to gases, resistant to chemical attack and has 
high conductivity. 

It may happen that the use of different electrode materials leads to 
different degrees of reversibility in redox processes. This means that 
when one obtains voltammograms which depart significantly from 
electrochemical reversibility it is advisable to use different electrode 
materials in order to ascertain that the effect is really due to the slow rate 
of the electron transfer of the species under examination rather than 
from surface phenomena connected with the electrode material. 

1.2 Reference Electrodes 

Even though the normal hydrogen electrode (NHE) is the best known and 
internationally accepted reference electrode, it is difficult to construct 
and handle, rendering it of little practical use. 

For non-aqueous solvents, the two most common reference electrodes 
are: 

0 the saturated calomel electrode (SCE), in an appropriate form to 
avoid the KC1 solution inside percolating into the non-aqueous 
solution under examination. In fact, it is better to employ a solution 
of NaC1, as KC1 is poorly soluble in non-aqueous solvents and on 
contact with the non-aqueous solvent it may block the separator 
from the working electrode region; 

0 the Ag/Ag+ electrode (if possible in the easier to handle form of 
Ag/AgCl), that can use as a solvent the same solution to which the 
electroactive substance under examination will be added. 

Figure 1 shows the most common version of the two electrodes. 
A scale showing the potential values of the most commonly used 

reference electrodes is given in Figure 2. The potentials are quoted both 
with respect to the normal hydrogen electrode and the saturated calomel 
electrode. 

1.3 Auxiliary Electrodes 

In voltammetric techniques the auxiliary electrode, which is placed 
directly in the solution under study (see the next section), is usually made 
of platinum wire that is coiled around the working electrode. In contrast, 
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Figure 1 The composition of commercial: ( a )  calomel electrode; ( b  J silver/silver chloride 
electrode 

in controlled potential electrolysis the auxiliary electrode is placed in a 
compartment separated from the solution under study, and is usually 
made of a mercury pool with a platinum wire forming the electrical 
contact. 

2 ELECTROCHEMICAL CELLS 

Generally, irrespective of the technique for which they are used, 
electrochemical cells are constructed in a way which minimizes the 
resistance of the solution. The problem is particularly accentuated for 
those techniques which require high current flows (large-scale electrolysis 
and fast voltammetric techniques). When current flows in an electro- 
chemical cell there is always an error in the potential due to the 
non-compensated solution resistance. The error is equal to i . R,, (see 
Chapter 1, Section 3). This implies that if, for example, a given potential 
is applied in order to initiate a cathodic process, the effective potential of 
the working electrode will be less negative compared to the nominally set 
value by a amount equal to i * Rnc. Consequently, for high current values, 
even when R,, is very small, the control of the potential can be critical. 

Let us consider, for example, a single potential step experiment that 
takes place in the equivalent circuit illustrated in Figure 3 (see Chapter 1, 
Section 5 ) .  
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V (vs. NHE) 
Hg/Hg2S04, K2SO4 (sat'd) + 0.64 

Ag/AgN03 (0.1 M), MeCN + 0.58 

Hg/Hg~Clz, KCI (1 M) NCE + 0.280 a 

Hg/Hg2CIz, KCI (sat'd) SCE + 0.241 I 

Hg/Hg2Clz, NaCl (sat'd) SSCE + 0.236 ' 

Ag/AgCI, KCI (sat'd) +0.197 ' 

NHE 0.000 

V (vs. SCE) 
- + 0.40 

- + 0.34 

- 
- 0.000 

- - 0.045 

- 

- - 0.241 

Figure 2 Potential values (in V )  of a f e w  reference electrodes 

Counter electrode 

Reference 
Electrode n 

E a p p c I  
R n c  

Working Electrode 

143 

Figure 3 The simplest equivalent circuit of an electrochemical cell. Cd = capacitor 
emulating the double layer; Rn + R,, = solution resistance 



144 Chapter 3 

Potential 

E applied 

Rnc ' cd Time 
I 

(cell time costant) 

Figure 4 The effect of the cell time constant on the potential value assumed by the working 
electrode when a potential step is applied 

If a given potential difference, Eapp, is applied between the working 
and the reference electrodes, the true potential value will not be 
instantaneously equal to that nominally set, but: 

or, as illustrated in Figure 4, the true potential will equal the nominal 
potential when the capacitor is completely charged (C, = 0) and/or R,, is 
zeroed. 

The tendency for the potential to assume the applied value is 
exponential with time and is governed by the time constant of the cell, 
R,, . C,, that represents the minimum time within which the cell reacts 
to the perturbation of the potential. 

The situation is not improved if an equivalent circuit more closely 
resembling the nature of the electrochemical cell is considered, see 
Figure 5. 

In this case, a faradaic impedance Z ,  is placed in parallel with the 
capacitor Cd, based on the consideration that the current generated at 
the working electrode is the sum of the faradaic current (due to the redox 
process) and the capacitive current (due to the electrode/solution double 
layer). 

These considerations demonstrate that an electrochemical experiment 
may be lacking in reliability if the time constant of the cell is not 
sufficiently low compared to the time scale of the experiment. 

There are three ways in which the time constant R,, - Cd can be 
reduced: 

0 reduce the total resistance of the solution Rn + R,, increasing its 
conductivity either by adding further amounts of supporting elec- 
trolyte or employing solvents of high polarity and/or lower 
viscosity; 



Basic Equipment for  Electrochemical Measurements 

Counter Electrode 

Reference RQ 
Electrode 

145 

Figure 5 An equivalent circuit representing the phenomena occurring in an electro- 
chemical cell better than that illustrated in Figure 3 

0 reduce the size of the working electrode so as to reduce, in a 
proportional manner, the capacitance of the capacitor Cd; 

0 place the tip of the reference electrode as close as possible to the 
working electrode, such that R,, is a still smaller fraction of the total 
resistance Rn + R,,, that remains constant. 

On occasions it is not possible to satisfy all three of these criteria 
(because either the choice of the solvent or the supporting electrolyte has 
been determined by the substance under study or there are practical 
limits imposed on the construction of the electrode). 

One must also bear in mind that when high currents flow through 
the electrolytic solution they give rise to non-uniform current density 
phenomena at the working electrode/solution interface. This results 
in the effective area of the working electrode being reduced with respect 
to the geometric area, which introduces errors when one wants to 
obtain correlations between theory and experiment. The problem can 
be overcome by building cells with a symmetric disposition of the 
electrodes. 
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2.1 

As noted above, a symmetric disposition of the electrodes in the 
electrochemical cell considerably reduces the problems connected with 
the control of the potential of the working electrode. 

While bearing in mind that, within the criterion of the symmetric 
disposition of electrodes, each researcher commonly uses either 
commercial cells or cells built ‘in-house’ based on personal experience, 
Figure 6 shows a typical cyclic voltammetry (and chronoamperometry) 
cell, particularly suitable for non-aqueous solvents. 

0 The volume of the solution within the cell is about 20-25 ml. Should 
a significantly lower volume required (up to about 5 ml), one can 
insert glass pellets in the working electrode compartment. 

0 The active part of the working electrode normally consists of a small 
disk or sphere of platinum (depending on whether one wishes to 
work under conditions of planar or radial diffusion). Alternatively, 
one can use gold, mercury (as a gold-mercury amalgam), or carbon. 

0 The counter electrode consists of a platinum spiral placed sym- 
metrically around the working electrode. 

Cells for Cyclic Voltammetry and Chronoamperometry 

Working Electrode 
Reference Electrode 

Luggin capillary 
Counter 

Electrode 

Figure 6 Typical cell f o r  c.vclic voltammetrj 
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0 The reference electrode (commonly a saturated calomel electrode or 
a silver/silver chloride electrode) is, ideally, placed in close proximity 
to the working electrode via a Luggin capillary. 

One must keep in mind that modern electrochemical instrumentation 
compensates for the potential drop i (Rn + Rnc) through the use of 
appropriate circuitry ( positive feedback compensation). This adds a 
supplementary potential to the input potential of the potentiostat (equal 
to the ohmic drop of the potential), which is generated by taking a 
fraction of the faradaic current that passes through the electrochemical 
cell, such that in favourable cases there will be no error in the control of 
the potential. However, such circuitry can give rise to problems of 
reliability in the electrochemical response on occasions when an 
overcompensation is produced. 

It is often useful to carry out voltammetric measurements at low 
temperatures in order to evaluate both the stability of an electro- 
generated species (the decrease in temperature will slow down the 
kinetics of any decomposition processes of the species formed in the 
electrode process) and the variation in formal electrode potential of a 
redox couple as a function of temperature. The latter point regards 
thermodynamic considerations of the redox processes, which will be 
discussed in Chapter 13, Section 3. 

Normally, voltammetric studies in the temperature range from -25" C 
to + 25°C do not require particularly sophisticated apparatus for 
regulating the temperature. The simplest design of a low temperature cell 
is the so-called non-isothermic cell. It is similar to that shown in Figure 6, 
but the central part (i.e. excluding the mobile compartment consisting of 
the Luggin capillary and the reference electrode) is enclosed by a 
thermostatic jacket through which a cooled liquid (such as ethanol) is 
forced to flow. In this way one can systematically vary the temperature of 
the half-cell in which the redox process takes place, while the 
temperature of the reference half-cell is maintained constant (normally 
at room temperature). 

2.2 Cells for Controlled Potential Electrolysis 

Cells used in exhaustive electrolysis present more problems of electrodes 
symmetry than those for cyclic voltammetry, due to the long experi- 
mental times and high currents involved. 

The working electrode generally consists of a cylindrical platinum 
gauze or a mercury pool; thereby offering the largest surface area 
possible to the redox process. 



148 Chapter  3 

The auxiliary electrode, which is normally a mercury pool, must be 
positioned in a compartment separate from the working electrode. Such 
a separation compromises the desired symmetric disposition of the 
electrodes. Normally, the compartments of a macroelectrolysis cell are 
separated by sintered glass frits, such that the catholyte and the anolyte 
are not mixed. In fact, if the working electrode is involved, for example, 
in a cathodic process, the auxiliary electrode will act as an anode. This 
implies that the auxiliary electrode will produce oxidized material (by 
anodic decomposition of the solvent itself, of the supporting electrolyte, 
of mercury-contaminated products or of electroactive residues diffused 
at the auxiliary electrode) that may subsequently be reduced at the 
working electrode, contaminating and falsifying the primary process. 

As for the case of cells for cyclic voltammetry, electrolysis cells are 
either of commercial type or ‘in-house’ constructed according to the 
experience of each researcher. 

Figure 7 shows a typical electrolysis cell with a platinum gauze 
working electrode. Eventually the platinum gauze can be replaced by a 
mercury pool working electrode. The volume of solution contained in 
such a cell is about 30-50 ml. 

It is recommended to insert into the cell an electrode for cyclic 
voltammetry. This allows one to record a cyclic voltammogram of the 
species under study directly before and after exhaustive electrolysis, 

Electrode for cyclic 
/ voltammetric tests 

Reference Electrode 

glass frit glass frit 

Figure 7 Typical cell f o r  electroljsis with a working platinum gauze electrode 
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thereby permitting a rapid evaluation of the effects produced by the 
electrolysis. 

As in the case of cyclic voltammetry, the electrolysis cell can be built 
with a thermostatic jacket to carry out measurements at low 
temperatures. In this case, the apparatus is of an isothermic type (i.e. 
the compartment containing the reference electrode is also cooled). In 
this case the most suitable reference electrode is the silver/silver chloride 
electrode filled by the same solution that will be used to dissolve the 
electroactive substance. One cannot use the saturated calomel electrode 
or the aqueous Ag/AgCl electrode because the KC1 (or NaC1) solution 
would freeze. 

3 SOLUTIONS FOR ELECTROCHEMICAL STUDIES. 
SOLVENTS AND SUPPORTING ELECTROLYTES 

Analogous to common chemical reactions, the electrolytic medium, 
which is constituted by the solvent and the supporting electrolyte, has a 
great importance on the manner in which an electrochemical process 
proceeds. 

Solutions for electrochemical studies, however, have physical limi- 
tations imposed by the necessity to facilitate the heterogeneous electron 
transfer from the electrode to the solute, or vice versa. 

The most common requirements of a solvent are: 

0 to dissolve the compound under study, but to be chemically inert 
with respect to it; 

0 to dissolve relatively high quantities of supporting electrolyte, to 
improve the electrical conductivity of the solution and reduce its 
resistance; 

0 it must be easily purified - impurities which can react with the 
compound under study, or be electroactive (water included), must 
be easy to remove; 

0 to have an adequate temperature range in which it remains liquid; 
0 not to produce toxic vapours. 

Table 2 summarizes some chemical and physical properties of the most 
frequently used organic solvents in inorganic electrochemistry. As 
aqueous solutions have only a limited use in inorganic electrochemistry 
they will not be considered herein. 

An important aspect related to the choice of the solvent lies in its 
coordinating ability towards the redox species under study. This 
property is related to the polarity of the solvent (we will discuss this in 
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Table 2 Physico-chemical properties of a f e w  organic solvents commonly used in 
inorganic electrochemistry 

Solvent Liquid range Dielectric Viscosity Supporting 
(“C) constant ( cP)  electrolytes 

to +56 NaC104 

to +82 LiC104 

to +40 [NBu4][halides] 

acetone from -95 21 0.32 [NEt41[C1041, [NBu4][PF619 

acetonitrile from -45 36 0.33 [NEt41[C1041, “Bu4][PF619 

dichloromethane from -97 8.9 0.39 “Bu41[PF61, [NBu41[C104I5 

(trifluoromethy1)- from -29 9.2 0.57 [NBu41[C104I3 [NBu41[BF41, 
benzene a to + I 0 2  

dimethylformamide from -61 37 0.80 [NEt41[C1041, “Bu4][PF61, 
to +153 LiCl, NaC104 

to +189 

to +66 NaC104 

dimethylsulfoxide from + 18 47 1.99 [NEt4][C104], NBu4PF6 

tetrahydro furan from -108 7.6 0.55 LiC104, [NBu4][PF6], 

a See Ref. 8. 

more detail in Chapter 13, Section 2). At the moment, we can relate it to 
the dielectric constant, in the sense that the higher the dielectric constant, 
the higher the coordinating ability of the solvent. 

In this connection, Figure 8 illustrates the anodic voltammetric 
behaviour of complex [Fe(C0)2(p-C5H5)]2 either in a solution of 

I I I I I I 

-1 .o 0.0 +I .o -1 .o 0.0 +I .o 

E (V, vs. AgIAgCI) 

Figure 8 Cyclic voltammograms recorded at a glassy carbon electrode in solution of 
[ (p-C3H5) Fe(CO)2]2 in: ( a )  MeCN; ( b )  CH2C12. Supporting electrolyte: 
[NBu4][PF6].  Scan rate 0.25 V s-’ 
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acetonitrile (a coordinating solvent) or in solution of dichloromethane (a 
noncoordinating solvent). l 1  

As can be seen, in acetonitrile solution the dimer undergoes an 
irreversible (one-electron) oxidation, whereas in dichloromethane 
solution it undergoes a reversible oxidation. 

In short, the explanation lies in the coordinating ability of acetonitrile, 
which, being able to coordinate the electrogenerated monocation, makes 
its decomposition easier, Scheme 1. 

+ 
0 

C & d’ 

C 
0 

+ 

Scheme 1 

Coming back to Table 2, it also reports the most suitable supporting 
electrolytes for each solvent (generally they are quaternary alkylammo- 
nium salts). 

An important parameter for electrochemical solutions is the range of 
the electrical potential within which they are electroinactive. In other 
words, the anodic or cathodic windows they have available in which 
investigations on the redox properties of various compounds can be 
performed. We have already reported in Table 1; Figure 9 shows 
graphically the potential ranges of the most common solutions at a 
platinum electrode. 

It is common practice to choose the supporting electrolyte solely on 
the basis of its solubility in the solvents used, without paying much 
attention to the anion of the ammonium salt. For example, when using 
the solvent dichloromethane, the most convenient supporting electrolyte 
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I I MeCN (0.1 M [NBm][BF4]) 
dmf (0.1 M [NBm][C104]) 

111 thf (0.1 M pJBm][C104]) 
1 1 1  PhCN (0.1 M [NBw][BF~]) 

111 PC (0.1 M [NEbI[C1041) 
CHzClz (0.1 M pJBu41[C1041) 

I I I I I I I 
+3 +2 +1 0 -1 -2 -3 

E (V, vs. SCE) 

Figure 9 Potential windows for  platinum electrodes in non-aqueous solvents 

is a tetrabutylammonium salt (and not tetraethylammonium, that would 
not be sufficiently soluble). Otherwise, if one needs to use benzene as the 
solvent (which is the case for poorly soluble organic or organometallic 
compounds) one can make use of a tetrahexylammonium salts as the 
supporting electrolyte. One does not then give much attention to whether 
the salt anion is, for example, [C104]- or [PF&. Since the coordinating 
ability, or nucleophilicity, of the [ClOJ anion' is greater than that of the 
[PF6]- anion, it becomes evident how this difference can have significant 
consequences on the stability of the electrogenerated products. 

In this case, it is highly educational to look at the voltammetric 
behaviour of the three-legged piano stool [(q6-C6H&hoo)3] in 
dichloromethane solution," see Figure 10. 

As illustrated in Figure 10a, the compound displays the [($-C6H6) 
Cr(CO)3]/[(q6-C6H6)Cr(C0)3]+ oxidation possessing characteristics of 
reversibility if one uses [NBu4][PF6] as the supporting electrolyte. By 
contrast, the same oxidation becomes irreversible if one uses [NBu4] 
[C104] as the supporting electrolyte, Figure lob. 

This results as a consequence of the following mechanism: 
-e- 

+e- 
[($ - C6H6)Cr(C0)31 [(q6 - C6H6)Cr(Co>31+ 

[($ - C ~ H ~ ) C ~ ( C O ) ~ N U I  - decomposition 

where Nu- represents the nucleophilic agent (in this case the counter- 
anions of the supporting electrolyte). 

f a s t  

'Solutions containing perchlorate ion must be handled with care. Their drying may cause 
explosion. 
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-1.4 I -0.7 0.0 i )  +0.7 

(a) O +  

E (V, vs. Ag/AgCI) 

Figure 10 Cyclic voltammo rams recorded at a platinum electrode in a CH2C12 

[PF,]; (b )  [NBu4][C104]. Scan rate 0.2 V s-'. ( c )  Molecular structure of 

solution of f ( q  P -C6H6)Cr(CO)3]. Supporting electrolytes: (a )  [NBu,] 

f (q6-C6H6) cr(co)3l 

Therefore, the greater the nucleophilic power of the supporting 
electrolyte counteranion (C104 >> PFZ), the more extensive the 
decomposition of the [(y6-C6H6)Cr(Co)3] + cation which forms instan- 
taneously at the electrode. This explains the different degree of chemical 
reversibility in the presence of [NBu4][C104] or [NBu4][PF6]. 

Recently, a very poorly coordinating supporting electrolyte has been 
proposed, namely [ N B u ~ ] [ B ( C ~ F ~ ) ~ ] . ' ~  The poor coordinating ability of 
the large anion [B(C6F5W- makes soluble in non-aqueous solvents 
highly charged cations which can be generated in the course of anodic 

v E ( V, vs. FcFcC) 
1 1 1 , 1 1 1 1 1  

-0.4 0.0 +0.4 +0.8 +1.2 

Figure 11 Cyclic voltammograms recorded at a glassy carbon electrode in a CH2C12 
solution of terferrocene. Supporting electrolytes: (a )  f NBu4] [PF6] (0.1 mol 
dm-3); (b )  [NBU~][B(C,F, )~]  (0.1 mol dm-3). Scan rate 0.2 V s-' 
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paths performed on molecules of high redox propensity. In addition 
[B(C6F5)4]- possesses a very low ion-pairing capacity. This means that in 
sequential oxidation processes the electrostatic repulsion between the 
progressively electrogenerated charged cations notably increases, thus 
leading to high separations of the relative anodic processes. This is the 
case for instance of terferrocene, a molecule which will be examined in 
more details in Chapter 4, Section 3. As illustrated in Figure l l a ,  in 
dichloromethane solution containing [NBu4][PF6] (0.1 mol dm-3) as the 
supporting electrolyte, terferrocene gives rise to two first reversible one- 
electron oxidations followed by a third oxidation complicated by 
electrode adsorption of the electrogenerated trication. 

In contrast, in dichloromethane solution containing [NBU~][B(C,F,>~] 
(0.1 mol dm-3) as supporting electrolyte, terferrocene affords three 
subsequent, remarkably separated, reversible oxidation processes. l 3  

It is therefore useful to recall that for the most common counter- 
anions, the coordinating ability decreases in the order: 
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CHAPTER 4 

The Electrochemical Behaviour 
of First Row Transition Metal 
Metallocenes 

We now wish to illustrate the role of electrochemistry in various fields of 
inorganic chemistry ranging from organometallics to coordination 
chemistry, from material science to biomimetics. The present chapter is 
devoted to metallocenes. 

We will begin our electrochemical survey with metallocenes as, from a 
conceptual viewpoint, they are involved in relatively simple redox 
processes. Undoubtedly the most representative metallocene is ferrocene, 
[ F ~ ( V ~ - C ~ H ~ ) ~ ] ,  which constitutes a milestone in the development of 
organometallic chemistry. One of the main characteristics of ferrocene is 
its capacity to lose an electron without the molecule being broken-up, 
thereby generating the corresponding ferrocenium ion [Fe(y5-C5H5)2]+ 
(see Introduction). In fact, it is this property that has resulted in 
ferrocene and its derivatives being amongst the molecules most studied 
by electrochemistry. 

In order to understand the origin of the high redox capability of 
metallocenes one must examine their molecular orbital diagram, Figure 1 
(already reported in Figure 3 of the Introduction). The arrangement of the 
orbital energies was derived for ferrocene, but it is accepted as valid for all 
the metallocenes of the first row transition metals ranging from 
vanadocene (1 5 valence electrons) to nickelocene (20 valence electrons). 

The er (antibonding), a l l  (nonbonding) and ei (bonding) are assumed 
to be the frontier orbitals for metallocenes. The non-bonding nature of 
the all orbitals, the HOMO, is in agreement with the observation that for 
ferrocene (1 8 valence electrons; terminal electronic configuration ei4a112) 
the removal of one electron to form the ferrocenium ion (17 valence 
electrons) does not substantially destabilize the molecular frame. 

159 
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Figure 1 Molecular orbital diagram f o r  metallocenes (in the eclipsed configuration) 

We therefore open our electrochemical examination of metallocenes 
by starting with ferrocene derivatives and then the other metallocenes. It 
has to be anticipated that the chemistry of these latter compounds is, 
however, considerably less developed. 

1 FERROCENES 

There is an enormous number of ferrocene derivatives ranging from 
monoferrocenes to ferrocene-based polymers. 

1.1 Monoferrocenes 

As one of our main objectives is to correlate the electrochemical 
characteristics of inorganic molecules with the structural consequences 
of their electron transfer processes, ferrocene is an ideal molecule with 
which to begin. 



The Electrochemical Behaviour of Metallocenes 161 

t" ' "  " " "  1 

+52 

0 -4 

-32 

Y 3 +24 
c 

3 
E L 

+52 

Y 3 +24 
c 

3 
E 
0 -4 

L 

t 
-0.2 0.0 +0.2 +0.4 +0.6 +0.8 +1.0 

Potential,V 

Figure 2 Cyclic voltammograms recorded at a platinum electrode on a CH2CI2 solution of 
[Fe($-C5Hj)2] (1.0 X mol dm-'). Supporting electrolyte [NBu,][PF6] 
(0.2 mol ~ W I - ~ ) .  Scan rates: ( a )  0.02 Vs-': ( b )  0.05 Vs-I; ( c )  0.10 Vs-'; 
( d )  0.20 Vs-'; ( e )  0.50 Vs-' 

Figure 2 shows a sequence of cyclic voltammograms recorded at a 
platinum electrode on a dichloromethane solution of ferrocene at 
increasing scan rates, at 25°C. 

Ferrocene gives rise to an anodic process, which in controlled potential 
coulometry involves one electron per molecule. As a consequence of the 
exhaustive oxidation the original yellow solution turns blue-green, a 
colour typical of the iron-centred ferrocenium ion (A,,, = 620 nm). The 
voltammogram of the final solution is complementary to that shown in 
Figure 2. 

Given the one electron nature and chemical reversibility of the 
oxidation, let us pass to the cyclic voltammetric analysis of the process, 
Table 1. 

Looking at the data, one can deduce that: 

0 the current ratio between the return and the forward peaks (in the 
present case: ipc/ipa) is equal (under the limits of the experimental 
conditions) to 1 .O at all scan rates, suggesting chemical reversibility 
of the electron transfer on the cyclic voltammetric time scale (the 
result was obviously expected on the basis of the macroelectrolysis 
experiment); 
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Table 1 Typical tabulation of cyclic voltammetric data. [Fe(y5-C,H,)2) ,l 
solution (1.0 x mol dm-3) in CH2CIJ. Supporting electrolyte: 
[NBu4][PF6] (0.2 mol dm-3). Platinum disc electrode: radius = 
1 mm. Potential values are referred to SCE 

(forward) [return) I m  V i  

(mVs-’) (mV)  (PA) ImV) (PA) ~ p / , e r u r l t )  i m  V i  

20 +450 15.6 +368 16.0 82 1.02 3.49 + 409 
50 +449 25.2 $356 25.7 93 1.01 3.56 + 403 

100 +459 33.8 +360 33.7 98 1.00 3.38 + 409 
200 $464 45.6 +350 44.8 112 0.98 3.22 + 401 
500 +485 68.3 +338 66.1 145 0.97 3.05 +411 

1003 $493 96.1 +331 93.8 160 0.97 3.03 +412 
(average: $ 408) 

0 the peak-to-peak separation, AE,, which is 82 mV at 0.02 V s-’, 
tends to increase with the scan rate; 

0 the current function relative to the forward peak (in the present case: 
ipa/v1/2) remains substantially constant, indicating that the process is 
diffusion controlled; 

0 the average value between the (forward) anodic peak Epa and the 
(return) cathodic peak Epc affords a value of + 0.41 V (vs.  SCE; at 
25°C). 

The fact that either the peak-to-peak separation, AE,, somewhat 
departs from the value of 59 mV or the current function ipa/vl’* is not 
rigorously constant seems to contrast with the diagnostic criteria 
(illustrated in Chapter 2, Section I .  1.1) for an electrochemically 
reversible one-electron process. This can be largely attributed to the 
non-compensated resistance given by the dichloromethane solution, 
which is a low conducting solvent. 

It is interesting to note that the redox potential of the [Fe(y5-C5H5),]/ 
[Fe(y5-C5H5)2]+ couple varies appreciably from one solvent to another, 
Table 2. 

This contrasts with the assumption made until a few years ago that the 
redox potential of the ferrocene/ferrocenium couple was independent of 
solvent and fixed at a constant value of + 0.400 V vs. NHE. It is, in fact, 
this controversial assumption that is at the originta of the IUPAC 
recommendationlb (not yet always followed) of expressing the potential 
of any redox couple in non-aqueous solvents with respect to the potential 
of the [Fe(y5-C5H5)2]/[Fe(y5-C5H5)2]+ couple. 
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Table 2 Formal electrode potentials ( V  vs. SCE, at 25” C )  and peak-to-peak 
separation (mV) for  the couple [ F e ( ~ ’ - C s H s ) ~ ] ~ [ F e ( ~ 5 - C s H ~ ) ~ ] i  in 
diferent solutions. Platinum working electrode (measured in our 
laboratory) 

Solvent Supporting electrolyte (0.2 M )  E”’ AEp (0.1 V s-’) 

MeN02 
MeCN 
dmso 
CHzClz 

Me2CO 
dmf 
PY 
thf 

+0.31 
+ 0.38 
+ 0.40 
+ 0.45 + 0.41 + 0.46 
+ 0.49 
+ 0.50 + 0.54 

66 
90 
88 
95 
98 
88 
72 
76 

137 

It can be also deduced that the potential of the ferrocene/ferrocenium 
couple, for the same solvent, also varies with the supporting electrolyte. 

As far as the AEp values are concerned, it cannot be ruled out that the 
molecular rearrangements that occur on passing from ferrocene to 
ferrocenium ion might also play a role, even if minimal, in their 
departure from the value of 59 mV, or in lowering the degree of 
electrochemical reversibility of the process. 

In this connection, in order to judge the level of these molecular 
rearrangements, the solid state X-ray structures of ferrocene and 
ferrocenium ion could be compared. Unfortunately, the molecular 
disorder caused by the rotation of the cyclopentadienyl rings in ferrocene 
means that the comparison procedure is far from simple and, in fact, the 
first results were interpreted in terms of a staggered conformation of the 
two cyclopentadienyl rings. It is now believed that the eclipsed 
conformation is the more stable (with a rotation angle of about lo”).* 
However, as the rotational barrier is notably low (about 4 kJ mol-’), the 
conformation that one observes is probably that imposed by crystal 
packing forces. 

A similar situation occurred for the ferrocenium ion. Until 1983, on 
the basis of the available structural data, it was thought that the 
cyclopentadienyl rings assumed an eclipsed conformation. However, 
more recent data demonstrate that it assumes a staggered conformation, 
even if once again the crystal packing forces are considered to be the 
determining f a ~ t o r . ~  

In order to have a reliable means of defining the extent of the 
molecular rearrangement that follows the removal of an electron one can 
consider the variation in bonding distances, since the bond length is 
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Table 3 Comparison between the bond lengths (rounded off to the 
second decimalJigure) of ferrocene and ferrocenium ion 

Fe; C C--C Fe: CP icentrordj 
( A )  ( A )  ( A )  

[Fe(q’-C~Hs)21 2.04 1.40 1.66 
[Fe(qS5-CsHs)21+ 2.07 1.42 1.69 

independent of the mutual disposition of the cyclopentadienyl rings. 
Table 3 shows that the transition from ferrocene to the ferrocenium ion 
results in a slight lengthening of the Fe-C distance. In other words, upon 
one-electron removal, the cyclopentadienyl rings move away from the 
iron atom by about 0.03 A, while the C-C distance within the 
cyclopentadienyl rings remains virtually unchanged. 

The structural reorganization that accompanies the oxidation of the 
permethylated analogue, decamethylferrocene, [Fe(y’-C~Me~>~l, is 
apparently easier to determine. 

Firstly, let us discuss its electrochemical behaviour. As previously 
illustrated in Chapter 2, Figure 5 ,  the anodic response in dichlorome- 
thane solution also shows features of chemical reversibility (ipc/ipa = 1). 
The peak-to-peak separation (AEp = 76 mV) again indicates a slight 
deviation from the theoretical value of 59 mV expected for an 
electrochemically reversible one-electron process. 

The variation of the redox potential of the decamethylferrocene/ 
decamethylferrocenium couple with the nature of the solvent is reported 
in Table 4. 

It is evident that the deviations of AEp from the theoretical value of 
59 mV are of the same order of magnitude as that seen, under the same 

Table 4 Formal electrode potentials ( V  vs. SCE,  at 25” C )  and peak-to-peak 
separation ( m  V )  for  the couple [Fe(rlS-C~Mej)2/llFe(rls-C~Mej)21+ 
in diferent non-aqueous solutions. Platinum working electrode 
(measured in our laboratory) 

~~~~ ~ ~ ~ ~~~ ~ ~ 

Solvent Supporting electrolyte (0.2 M )  E”/ AED (0.1 Vs-’) 
~ 

MeNOz 
MeCN 
CH2C12 

dmso 
dmf 
Me2CO 
thf 

-0.19 
-0.12 
-0.10 
-0.12 
-0.01 
+ 0.02 + 0.08 
+0.13 

70 
70 
80 
88 
65 
66 

103 
102 
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conditions, for unsubstituted ferrocene. Hence, one might roughly infer 
that the structural variations which follow the removal of the electron 
are substantially similar in the two cases. 

The X-ray structures of decamethylferrocene and the decamethylfer- 
rocenium ion are illustrated in Figure 3.4,5 

One can see that in the neutral derivative the pentamethylcyclopenta- 
dienyl rings assume a staggered conformation. Conversely, in the 
monocation they are disposed in an eclipsed conf~rmat ion .~  A compari- 
son between the bonding distances of decamethylferrocene and the 
decamethylferrocenium ion (already reported in Chapter 2, Table 1) 
reveals that the rotation of the rings following the electron removal is 
accompanied by a lengthening of the Fe-C distance by about 0.05 A. 
This is approximately equal to that measured in the case of ferrocene. 

In conclusion, also in the case of the [Fe(115-C~H5)2]i[Fe(v15-C5H5)2]+ 
couple, the slight deviation from the electrochemical reversibility could 
be due not only to the lengthening of the Fe-C distances, but also to a 
different disposition of the cyclopentadienyl rings. 

Such behaviour, in particular the slight elongation of the Fe-C 
distance following the one-electron removal, is a common feature which 
has been found in different, structurally resolved, ferrocene/ferrocenium 
couples. Table 5 shows a few examples. 

Returning to the simple electrochemical aspects of [Fe(y5-C5H5)2] and 
[ F e ( ~ ~ - c ~ M e ~ ) ~ ] ,  one should note how the substitution of the 10 
hydrogen atoms of the cyclopentadienyl rings of ferrocene with 10 
methyl groups lowers the redox potential of the oxidation process by 
about 500 mV (about 50 mV for each methyl group). This can be 
ascribed to the electron-donating effect of the alkyl groups which, by 
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Table 5 Structural and redox data for  a f ew  ferrocenelferrocenium couples 
(bond lengths rounded o f f  to the second decimal figure) 

[Fe($-C5H4Me)2I0/+ + 0.38" 1.65 1.71 6 
[Fe{$-C5H4(SiMe3)}2]o'+ + 0.48b 1.66 1.71 I ,  6b 
[Fe{$-CjH2(SiMe&},]0/+ + 0.28a 1.69 1.75 8 
[Fe($-C5HMe4)2]0'+ -0.01" 1.65 1.69 9 

pushing electron density towards the metal, facilitates the electron 
removal by the electrode. 

The important role which the inductive effects of the substituent 
groups plays in the thermodynamic aspects of redox processes (i.e. on the 
value of the standard potential) is shown by the data reported in Table 6. 
Ferrocene derivatives are listed which have either electron-donating 
(which render the oxidation easier) or electron-withdrawing (which 
render the oxidation more difficult) substituent groups. 

It can be seen that the oxidation potential of the ferrocene/ferro- 
cenium process shifts by about 1 V with the inductive effects. 

Most of the countless ferrocene derivatives which have been 
synthesized display a one-electron ferrocene/ferrocenium oxidation 
process at potentials roughly predictable on the basis of the inductive 
effects of the substituents. It should be noted, however, that at times the 
introduction of substituents renders the corresponding ferrocenium 
species unstable. 

Table 6 Formal electrode potential ( V  vs. SCE, at 
25" C )  for  the one-electron oxidation of a f ew  
substituted ferrocenes. Dichloromethane sol- 
ution; [NBu4][C104]  supporting electrolyte 

Derivative E,": + 
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scan rate Ipc 
( V S ’ ]  ‘p. 

Figure 4 Cyclic voltammograms recorded at different scan rates of a CH2C12 solution of 
I , I  ‘-his (diphenylphosphino) -2-[ 1- ( ( (I-hydroxy-2-phenyl) amino) methylboro- 
nate)ethylJferrocene. Platinum working electrode. Supporting electrolyte 
“Bud J[ C104 J (0.2 mol dm-’) 

The electrochemical response of the boronato-functionalized 1,l’- 
bis(diphenylphosphino)-2-[ 1 -(( 1 -hydroxy-2-phenyl)amino)ethyl]ferro- 
cene shown in Figure 4 gives a typical example of such an effect.” 

In fact, at low scan rates the current ratio ipc/ipa is lower than 1.0. 
Nevertheless, increasing the scan rate allows the decomposition of the 
monocation to be more and more prevented until at the scan rate of 
1 Vs-‘, the current ratio reaches unity. Assuming the occurrence of a 
first-order chemical complication, this permits the life-time of the mono- 
cation to be determined as about 6 s (see Chapter 2, Section 1.4.2.2). 

1.2 Ferrocenophanes 

To conclude the matter of monoferrocene molecules we consider those 
cases in which the cyclopentadienyl substituents form bridges between 
the two rings. Such derivatives are named ferrocenophanes. The best 
known ferrocenophanes are those which contain saturated (tri- or tetra- 
methylene) carbon chains. Like ferrocenes, these molecules also exhibit 
reversible one-electron oxidation to the corresponding ferrocenium ions. 

For example, for the trimethylene-bridged derivative [Fe(q5,q5- 
C5H4(CH2)3C5H4)] (also known as [3]ferrocenophane) the oxidation 
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process occurs at E"' = + 0.3 1 V in acetonitrile solution. l l .  As it has been 
observed that the oxidation of unsubstituted ferrocene in the same 
medium occurs at E"' = + 0.38 V, one can infer that the trimethylene 
bridge donates electron density to the ferrocene fragment facilitating the 
electron removal. 

Figure 5 shows the molecular structures of the [ F ~ ( V ~ , ~ ~ - C ~ H ~ ( C H ~ ) ~  
C5H4)]/[Fe(q5,q5-C5H4(CH2)3C5H4)]+ redox couple.' 

In both cases the presence of the carbon bridge constrains the 
cyclopentadienyl rings to assume an eclipsed conformation, but, above 
all, they are constrained to take a non-parallel mutual disposition. In 
particular, since the oxidation process results in the usual lengthening of 
the Fe-C[,ing) distance (by about 0.03 A), the restraint imposed by the 
carbon bridge means that the tilting angle between the cyclopentadienyl 
rings in the monocation increases (by about 6") with respect to that of 
the neutral species. 

The bis-trimethylene bridged [Fe(q5-C5H3)2( 1,1',3,3 '-((CH2)3)2)] (also 
known as [3]( 1,1')[3](3,3 /)ferrocenophane) is oxidized in acetonitrile at 
E"'= + 0.30 V." The molecular structure of the neutral derivative and 
the corresponding monocation is shown in Figure 6.",13 

The molecular structures are qualitatively similar, but for the fact that, 
also in this case, the oxidation causes an increase (by about 5 " )  of the 
tilting angle. 

Finally, the tris-trimethylene-bridged [ F ~ ( V ' - C ~ H ~ ) ~ (  1,1/,2,2 ',4,4'- 
((CH2)3)3)] (or,[3]( 1,1')[3](2,2/)[3](4,4')ferrocenophane) is also oxidized 
at +0.30 V." The X-ray structures of the neutral and the monocation 
derivatives are shown in Figure 7.13>14 

n 

Figure 5 X-Ray structures ofo (a) [Fe(q'-C5H4)2(CH2)3]. Fe-ClrIngl = 2.01 2; Fe- 

1.45 A ;  tilting angle = 7.4"; (b )  [FelqS-C5H4)2(CHz)~]t  in [Fe(q5-C5H4)2 
(CH,), ][ (TCNP),]  (TCNQ = 7,7,8,8-~etracyano-p-quinodi~ethane/. Fe- 

1.56 A; C11-Cl2 = 1.56 A ;  tilting angle = 13.7" 

CP(cenpld) = 1.63 A ;  C-C,r,ng, = 1.38 A ;  Cl-CII  z 1.49 A"; C11-CI.2 = 

C(rmg)* = 2.12 A ;  Fe-CP~c5~~nrrold~ = 1.66 A ;  C-C(rmgi = 1.40 A ;  C1-CII z 
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Figure 6 X-Ray st!uctures of ( a )  [ Fe (t(-C5H3) (1,1',3,3'- ( ( CH2) 3 )  2 ) ] .  Fe-C~icenrroi~)  
=1.60 A: C-C(rin,, = 1.42 A: tilting angle = 9.6": ( b )  [Fe(q -C5H4)2 
(1,1',3,3'-((CH4)3)2)/t ( [ I 3 ] -  counteranion). Fe-Cp(centroid) = 1.66 A: c- 
C(ringj = 1.42 A ;  tilting angle = 14.3" 

As is evident, the most significant structural variations observed on 
passing from tris(trimethy1ene)ferrocene to tris(trimethy1ene)ferroce- 
nium ion reflect those discussed above: the Fe-C bond lengths increase 
and the tilting angle of the rings also becomes slightly greater (it is 
obvious that the presence of more than one bridge attenuates the 
cyclopentadienyl derangement). 

The relative insensitivity of the redox potential to the introduction of a 
second or third trimethylene bridge is rather unexpected. 

There also exist a number (very few due to the relative difficulty of 
synthesis) of derivatives containing four or five carbon bridges. l 5  
Unfortunately, the electrochemistry of these compounds has not been 
studied. 

It is noted that there are also ferrocenophanes in which the bridge 
is formed by heteroatoms. For example, Figure 8 shows the mole- 
cular structure of ferrocenophanes containing one16 or trisulfur 
bridges. 

(a) (b) 

Figure 7 X- Ray structures of (a )  [Fe ($-C5H3) 2 (1,1',3,3'- ( (CH2)3)3) /. Fe-Cp(centroid) 
=1.57 2; C-C(ringl = 1.44 A: tilting angle = 2.5". (b )  [Fe($-C5H3)n2 
(1,1',3,3'-((CH2)3)3) /+ [ [ I 3 ] -  counteranion). Fe-Cp(centroid) = 1.62 A ;  
C-Ciringj = 1.43 A ;  tilting angle = 4.3" 
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Figure 8 X-Ray structurfs OJ ( a )  1,2,3-trithia[3]ferrocenophane. Fe-C average bond 
length: 2.044 A. Ib )  [3]11,1')[3](2,2') 11,2,3)trithia-ferrocenophane. Fe-C 
average bond length: 2.043 A 

It is clear from Figure 9 and Table 7 that there is a considerable 
difference in the redox potential of the two species." 

The comparison with the redox potential of ferrocene highlights the 
electron-withdrawing effect of each trisulfur chain (which renders more 
difficult the removal of electrons). 

To close the discussion on ferrocenophanes, we would like to point out 
that there also exist molecules containing more complex bridging 
systems, which, however, display the usual chemically reversible 
ferrocene/ferrocenium oxidation. Figure 10 for instance, shows the 
molecular structure and the redox behaviour of an (ansa)-ferroceno- 
phane containing a pyrazabole bridge. l 9  

As suggested by the chemical (ipc/ipa constantly equal to 1.0) and 
electrochemical (AE,, = 76 mV, at 0.1 Vs-') reversibility of the oxidation 

Figure 9 Cyclic voltammograms recorded at a platinum electrode on CH2C12 solutions 
containing: ( a )  [ Fe (q5-C3H4) 2( S3) / ;  ( b )  [ Fe (q5-C3H4) 2 (S3)  21. Supporting 
electrolyte: [NBu4] [C104]  (0.2 rnol drn-"). Scan rate 0.2 Vs-' 
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Table 7 Redox potential ( V  vs. SCE, at 25" C )  for  
the oxidation of a f ew  trithiaferroceno- 
phanes in CH2CI2 solution 

Complex EO'% 

+ 0.72 
+ 0.95 + 0.44 

process, the corresponding monocation is stable and essentially 
maintains the original geometry. As a consequence of the elongation 
of the Fe-C bond lengths following the electron removal, the tilting angle 
of the rings increases from 3.4" to 7.4" .20 

1.3 Oligoferrocene Derivatives 

Let us now pass to multiferrocene compounds. Many compounds 
containing two, three, four or more ferrocene groups have been prepared 
and characterized. For these derivatives one can confidently expect that 
the number of one-electron oxidations equal the number of ferrocene 
groups. However, one must still determine whether these processes occur 
at separate or at identical potential values (according to that discussed in 
Chapter 2, Section 1.5, for consecutive electron transfers). 

With this objective in mind we begin by considering bis(ferrocene) 
molecules. 

The first derivative is biferrocene, [(y5-C5H5)Fe(q5-C5H4)(y5-C5H4) 
Fe(r5-C5H5)], whose molecular structure is shown in Figure 1 1 .21 

E (V, vs. SCE) 

Figure 10 X-Ray structure ( a )  and cyclic voltammetric behaviour ( P t  working electrode; 
CH2C12 solution; scan rate 0.2 Vs-') Ib)  of ansa-I , I ' -[Fe(rl ' -C~H~)~ 
( B M e ( p - p z l h 1  (pz  = pyrazole) 
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Figure 11 X-Ray structure of bijerrocene, together with the relevant bond lengths 

The relative disposition of the cyclopentadienyl rings is partially 
staggered (with a rotation angle of about 16", compared to an angle of 
36" expected for an exactly staggered conformation). 

As illustrated in Figure 12, biferrocene undergoes two reversible (on 
the cyclic voltammetric time scale) one-electron oxidations at separated 
potential values (E,"; + = + 0.31 V; Ei' 2+ = + 0.65 V).22 

monocation [(q5-C5H5)Fe(y5-C5H4)(q5-C5H4)Fe($-C5H5)]+ is stable. It 
has been crystallized with various counteranions and the respective 
molecular structures solved. As an example, Figure 13 shows the 
molecular structure of the monocation in [($-C5H5)Fe(q5-C5H4)(q5- 
C5H4)Fe(y5-C5H5)][FeBr4].23 

The cyclopentadienyl rings around the Fel atom are almost eclipsed 
(rotation angle 6.5"), whereas those around atom Fe2 are almost 

On the longer time scale of control i ed potential electrolysis, only the 

I I I 

0.0 +0.4 +0.8 

Figure 12 Cyclic voltammogram recorded at a platinum electrode in a CHJClZ-MeCN 
( 1 : l )  solution of bijerrocene. Supporting electrolyte: [ N B u ~ ] [ P F ~ ]  
(0.1 mol dm--l). Scan rate: 0.2 Vs-' 
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Figure 13 X-Ra structure of biferrocenium ion [(qs-C5H5) Fe(q5-C5H4) ( q j - C ~ H 4 )  Fe(q Y -C5H5) /+  ([FeBr4]- counteranion) 

staggered (rotation angle 23.5'). Although it has been shown that the 
mutual disposition of the cyclopentadienyl rings cannot be taken as an 
index of the oxidation state of the central iron atom, the Fe-Cp(centroid) 
mean bond lengths show that in the case of Fel it is 1.65 A, whereas for 
Fe2 it is significantly longer at 1.69 A. This would apparently suggest 
that Fel is in the Fe(I1) state, while Fe2 is in the Fe(II1) state, thus 
implying that the first oxidation removes an electron from Fe2. 

On this basis it would seem that the biferrocenium ion can be classified 
as a mixed-valent (Fe"-Fe"') compound displaying localized charge. At 
this point it is useful to digress briefly and consider more deeply the 
concept of mixed-valent compounds. 

In order to understand the nature of mixed-valent compounds one 
must consider both electrostatic and magnetic interactions between 
centres which have different oxidation states. Nevertheless, as schema- 
tically shown in Figure 14, simple electrostatic effects can help to clarify 
the so-called Robin-Day c las~i j ica t ion .~~ This is based on the degree of 
electronic delocalization in (usually binuclear) mixed-valent compounds. 

In fact, such a classification defines: 

0 compounds of Class I:  those in which the charge is localized on one 

0 compounds of Class IZ those in which the charge is slightly 

0 compounds of Class IIZ those in which the charge is completely 

The degree of delocalization of the charge is directly related to what is 
called the extent of electronic communication between the redox centres. 

of the two redox centres 

delocalized between the two redox centres 

delocalized between the two redox centres. 
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Localised 

CLASS I 

Slightly 
delocalised 

CLASS I1 

Completely 
delocalised 

CLASS Ill 

Figure 14 Schematic representation of the electronic effects in mixed-valent species 
according to the Robin-Day classijication. Here the charge has been assumed 
to be positive as in ferrocenium ions 

This electronic interaction constitutes an important parameter as far as 
the properties of polynuclear molecules are concerned. 

Figure 15 qualitatively depicts the cyclic voltammetric responses that 
one would expect for diferrocenyl molecules according to their charge 
delocalization. 

In summary, depending upon the degree of delocalization one would 
pass from a single two-electron process to two, more or less separated, 
one-electron processes. 

Hence, according to the analysis of the structure reported in Figure 13, 
the biferrocenium ion would appear to belong to the charge-localized 
Class I. This result is, however, in sharp contrast with the electro- 
chemical response of biferrocene, which, as suggested by comparison of 
Figures 12 and 15, would belong to the delocalized Classes I1 or 111. In 
fact, the degree of charge delocalization in mixed-valent compounds can 
be easily determined by electrochemical  measurement^^^ through a 
calculation of the comproportionation constunt, Kcom. * In fact, according 
to Chapter 2, Section 1.5.1, for one-electron transfers it holds that: 

- 10(F' AE" '/2.303.R.T) 
K c o m  - 

*Indeed, it has been shown26 that in addition to the delocalization factor, there are several other 
contributions to the magnitude of K,,, such as structural, elecirostaiic, inductive and magneiic 
factors; so one must be cautious in attributing electrochemically calculated K,,, values only to 
charge delocalization. 
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CLASS u + 
Figure 15 Schematic representation of the cyclic voltammetric responses expected from 

bijierrocenes, depending upon the extent of electronic delocalization 

So that, at 25 "C: 

where AE"' must be expressed in volts. 
In this connection, it is commonly agreed that when: 

0 Kcom < 4, the compound belongs to Class I 
0 K.0, > lo6, the compound belongs to Class I11 

Nevertheless, since such limits are not exactly defined, it is routinely 

0 Kcom < lo2, the compound belongs to Class I 
0 lo2 < Kcom c lo6, the compound belongs to Class I1 
0 Kcom > lo6, the compound belongs to Class 111 

For the response illustrated in Figure 12, in which the difference 
between the two redox potentials is AE"' = 0.34 V, one can calculate that 
Kcom = lo5 - lo6. This value is typical of a mixed-valent compound 
which, on the electrochemical time scale, is at the border between 

accepted25 that: 
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partially and completely delocalized. It is important, however, to keep in 
mind that other physico-chemical techniques with very different time 
scales can lead to quite different conclusions. 

In support of the electrochemical evidence, the molecular structure of 
the biferrocenium ion in [(q5-C5H5)Fe(q5-C5H4)(q5-C5H4)Fe(q5-C5Hs)] 
[I3] shows that both pairs of cyclopentadienyl rings have an eclipsed 
conformation, Figure 16. Furthermore, the mean Fe-Cp(centroid) distance 
is equivalent in both the ferrocenyl units and equal to 1.68 A. 
Speculatively, this value is intermediate between the values previously 
observed for ferrocene and ferrocenium ions, thus supporting charge 
delocalization between the two centres.27 

If allowance is made to neglect the occurrence of crystal packing 
effects, this would mean that the direct C-C bond between the two 
ferrocenyl subunits allows a high electronic interaction between the two 
iron centres. 

We consider now the bis(ferroceny1) molecule in which the two 
ferrocenyl subunits are separated by a methylene group, namely diferro- 
cenylmethane. The molecular structure of this molecule is known. The 
two ferrocenyl subunits occupy two positions of the tetrahedral 
coordination of the bridging methylene carbon atom. In each ferrocenyl 
group, the cyclopentadienyl rings assume an eclipsed disposition.28 

Figure 17 shows the cyclic voltammetric response exhibited by 
diferrocenylmethane in dichloromethane solution.28 

Two successive, closely spaced oxidation processes are observed. By 
exhaustive electrolysis, the overall process proves to be a chemically 
reversible two-electron process. The separation of the two processes 

Figure 16 X-Ray structure of the biferrocenium ion [ ( q 8 - C ~ H s )  Fe($-C5H4) ($- 
CsH4) Fe f q8-C5H8)]+ ( [ I &  counteranion) 
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Figure 11 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
dijerrocenylrnethane. Supporting electrolyte: [NBu4][PF6] (0.2 mol d ~ z - ~ ) .  
Scan rate 0.1 v s-' 

(AE"'= 120 mV) allows a K,,, of about lo2 to be calculated. Therefore, 
the corresponding monocation should be classified as a Class 1/11 mixed- 
valent derivative, in which the two ferrocene groups are substantially 
non-communicating. 

It is, however, useful to note that changing the nature of the single 
atom interposed between the two ferrocenyls can vary the nature of the 
corresponding mixed-valent congener. As an example, Figure 18 shows 
the molecular structure29 and the electrochemical behaviour of 
diferrocenylph~sphine.~~ 

As seen, apart from a minor adsorption process (at about 0.4 V), with 
respect to diferrocenylmethane, the two successive one-electron oxi- 
dations are notably more separate (AE"' = 250 mV). In fact, a K,,, of 
1.7 x lo4 can be calculated, thus classifying the corresponding mono- 
cation as a partially delocalized Class I1 derivative. 

Figure 18 ( a )  X-Ray structure o$ [P(C6Hs) ~ ( I ~ ~ ~ C , H , ) F ~ ( ~ ~ ~ - C S . H S ) ~ ~ ]  (P-Cl  = 
1.82 A"; P-C2 = 1.81 A ;  P-C3 = 1.84 A )  and ( b )  relative cyclic voltam- 
metric projile (CH2C12 solution; scan rate 0.2 Vs-') 
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Finally, a molecule in which the two ferrocenyl subunits are sepa- 
rated by a C2H4 bridge is considered, namely l ,2-bis(ferrocenyl)ethane. 
Its X-ray structure shows that the mean Fe-Cp(centroid) distance in both 
the ferrocenyl subunits is 1.67 A and the cyclopentadienyl rings are 
slightly rotated ( 8 . 5 " )  with respect to the eclipsed c o n f ~ r m a t i o n . ~ ~  

As illustrated in Figure 19, the compound displays in CH2C12 solution 
a single oxidation process (the small return peak marked by an asterisk is 
due to a slight adsorption of the oxidation product at the electrode 
surface). Controlled potential electrolysis shows that such an oxidation is 
chemically reversible and involves a two-electron step.28 

The appearance of a single two-electron oxidation indicates that the 
C2H4 spacer does not permit any electronic communication between 
the two ferrocenyl sites. 

However, also in this case one must keep in mind that changing the 
nature of the two-atom bridging system can change the extent of the 
electronic communication. For example, the substitution of the satu- 
rated dicarbon chain for unsaturated ethene or ethyne units restores a 
certain degree of electronic interaction between the two outer 
ferrocenyls. In fact both diferrocenylethene and diferrocenylethyne 
exhibit, in dichloromethane solution, two slightly separated one-electron 
oxidations. 

In conclusion, as summarized in Table 8, limiting our attention to 
ferrocenyl-interposed saturated carbon chains, as the carbon chain 

28,32 

E (V, vs. SCE) 

YL 

Figure 19 Cyclic voltammogram recorded at aplatinum electrode in a CH2C12 solution of 
[ ($-CsHj) Fe($-C,Hd) CH2CH,(rls-C~H4)Fe(r15-CsHsi]. Supporting elec- 
trolyte: [NBu4][PF6] 0.2 mol dm-'. Scan rate 0.2 V s-' 
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Table 8 Formal electrode potentials ( V ,  vs. S C E ) ,  and relative separation ( V ) ,  
for  the two one-electron oxidations of a few diferrocenyl molecules 

Complex E& q 2 +  AE"' Solvent 

biferrocene $0.31 + 0.65 0.34 MeCN-CH2C12 
diferrocenylmethane + 0.30 + 0.42 0.12 CHzCl2 
diferrocenylethane + 0.35 + 0.35 0.00 CH2Cl2 
diferrocenylethene $0.31 + 0.41 0.16 CHzCl2 
diferrocenylethyne + 0.61 + 0.75 0.14 CHzCl2 

become longer, the difference of potential between the two oxidation 
processes tends to zero. This reflects the growing difficulty of electronic 
communication between the ferrocenyl subunits as the bridge becomes 
longer. Nevertheless, conjugated unsaturated carbon/carbon bonds tend 
to attenuate such barrier effects. 

Derivatives which have more than two ferrocenyl subunits exhibit a 
qualitatively similar behaviour, but their responses can appear more 
varied. 

For example, in triferrocene compounds one can obtain three distinct 
one-electron oxidation processes provided that all the three subunits are 
communicating with each other. This is the case for 1,l '-triferrocene, 
which, as previously illustrated in Chapter 3, Figure 11, displays three 
consecutive oxidation processes (CH2C12-MeCN (1 : l), {[NBu4][PF6] 
0.1 mol dm-3}: E,")+ = -0.27 V, Ei',2+ = -0.05 V, E2+ 3+-; - + 0.36 V, 

-0.23 V, Ey,2+ = + 0.1 1 V, E,":,,, = + 0.79 V22b). 
On occasions one may observe only two oxidation processes, a one- 

electron and a two-electron event, respectively, if there is an electronic 
interaction between only two of the three sites. This is, for example, the 
case of the triferrocene molecule in which selenium atoms bridge the 
three ferrocene units, Figure 20.33 

It is reasonable to assume that the first two-electron process result in the 
simultaneous oxidation of the two outer ferrocenyl units of the molecule 
(which are quite distant from each other, and hence not electrostatically 
interacting), whereas the second one-electron oxidation should be centred 
on the central ferrocenyl group (that can interact electrostatically with the 
now positively charged lateral subunits). 

As Figure 21 shows, even closer are the two oxidations in 
triferrocenylphosphate, [0 = P{O(C5H4)Fe(C5H5)}3]. The small spurious 
peak present at about +0.2 V in the reverse scan of the cyclic 
voltammogram is likely due to electrode adsorption phenomena, given 
the ascertained stability of the corresponding t r i ~ a t i o n . ~ ~  

vs. Fc/Fc+'*~; CH2C12, ([NBU~][B(C,F,)~] 0.1 mol O 2  m }: El/+ = 
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1 

+I .o 

V 
Figure 20 Cyclic voltammogram recorded at a platinum electrode in a CH2Clz solution of 

(C5H5) Fe (C5H4) Se (C5H4) Fe (CsHj)  Se ( C5H4) Fe (CsH5). Supporting elec- 
trolyte: [NBu4][C104] 0.2 mol dm- . Scan rate 0.2 V s- 

Finally, one can also observe a single three-electron oxidation 
when there is no communication between the sites. For example, as 
illustrated in Figure 22, 1,3,5-tris(ethynylferrocenyl)benzene exhibits 
such b e h a ~ i o u r . ~ ~  

In fact, this molecule displays a single three-electron process 
characterized by chemical reversibility (even if slight adsorption pheno- 
mena make the reverse peak slightly higher than the forward peak). 

Therefore, one can infer that the central 1,3,5triethynylbenzene 
fragment does not allow any electronic communication among the 
ferrocenyl groups. In fact, such a consideration is too simplistic and one 
must take into account that the ability of the fragment interposed 
between redox active centres to block the charge flow cannot be 

E (V, vs. SCE) 

Figure 21 X-ray structure and voltammetric behaviour (in cyclic ( a )  and diferentialpulse 
jb)  voltammetry) of [O= P{O(C5H4)Fe(C5HS)}3] in CH2C12 solution 
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Figure 22 ( a )  X-Ray structure and ( b )  cyclic voltammogram in CH2C12 solution 
[platinum working electrode; [NBu4][PF6] supporting electrolyte 
(0.2 mol dm-3); scan rate 0.1 V s-'1 of [1,3,5-{C-CFe(?'-C5H4)(?5- 
C5H.5) 13 C6H31 

rigorously determined, as it also depends on the nature of the terminal 
metal fragments. This is further demonstrated in Figure 23, which 
reports the electrochemical responses of the related Ru(I1) complex 

As seen, in spite of the presence of the central triethynyl fragment, in 
this case the three successive Ru(II)/Ru(III) oxidations show some 
degree of separation, indicating the presence of an electronic communi- 
cation (even if minimal) among the three metal centres.36 

Finally, to prove how in some cases the mutual interactions among 
ferrocene units in multiferrocenes can be difficult to predict, consider 

[ 1 ,~,~-{CECRU(~-CSHS)(PP~~)~}~C~H~]. 

T " " I " "  I 
0.0 +0.5 +I .o 

X Ru(CsHs)(PPh,)i 

Figure 23 Cyclic and differential pulse voltammograms recorded at a platinum electrode 
in a CHzClz solution of [1,3,5-{C-CRu(?-CsHs) (PPh3)2)3 C6H3/. Support- 
ing electrolyte /NBu4][PF6] (0.2 mol dm-3). Scan rates: ( a )  0.2 V s-'; 
( b )  0.004 V s- 
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E (V, vs Fc/Fc+) 

-0 2 to2 +O 6 

Figure 24 ( a )  X-Ray structure (Fe-Cp(cenrro,dj = 1.66 A”; Fe - - - Fe = 5.72 A )  and 
Ib) cyclic voltammetric behaviour (CH2C12/MeCN ( 1 : l )  solution; platinum 
electrode) of Fe7L 

the Fe7L complex (L = tetrahydro-4,4,8,8-tetramethyl-4,8-disila-~-inda- 
cenediyl), which contains seven ferrocene units linked by seven pairs of 
Me2Si groups according to a regular cyclic shape. As Figure 24 
illustrates, the complex exhibits three subsequent oxidations each 
involving (according to simulation procedure) the concomitant removal 
of three, one, three electrons, re~pect ively.~~ The appearance of the 
intermediate one-electron oxidation is due to the odd number of 
ferrocene units, which prevents the regular removal of electrons from 
alternate sites which may occur, as we will see in the following section, in 
multiferrocenes containing an even number of ferrocene subunits. 

1.4 Ferrocene Polymers 

Recently, the preparation and characterization of polymers containing 
transition metal fragments as monomeric building blocks has aroused 
interest in the possibility that such materials might exhibit unusual 
electrical, optical, magnetic and redox proper tie^.^^ Amongst these deri- 
vatives, polymers containing ferrocene units are acquiring importance. 

I .4.1 Ferrocene-based Linear Polymers. The first derivative that was 
studied from the electrochemical point of view was polyvinylferrocene 
(PVF). As illustrated in Figure 25, it displays a single oxidation process, 
which in some solvents is affected by problems of adsorption of the 
oxidation product (though not of the ideal Langmuir isotherm type 
discussed in Chapter 2, Section 1.6). 

The process is shown to involve the removal of one electron for each 
ferrocenyl subunits in that the number of electrons consumed in 
controlled potential electrolysis (naPp) is essentially equal to the degree 
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E (V, YS. Ag/Agt) 

+0.4 t0 .6  t0.2 +0.4 +0.4 +0.6 

Figure 25 Cyclic voltammograms recorded in solutions of PVF in: (a )  CH2CI2; ( b )  thf; 
( c )  hmpa (hexarnethylphosphoramide) 

of polymerisation (DP). These results and the relative oxidation 
potentials are reported in Table 9. 

The oxidation potential of the polymer is not very different from that 
of the vinylferrocene monomer, which in turn is not very different from 
that of ferrocene. 

It is important to note that the appearance of a single oxidation 
process for PVF indicates that there is no interaction between the 
ferrocene subunits in the polymer chain, which means that the carbon 
chain creates a barrier blocking the electronic communication between 
the ferrocenyl groups. 

This kind of electronic situation is rather common in ferrocene 
polymers. In fact, it has been found also in the polymers represented in 
Scheme 1. 

Table 9 Oxidation potential ( V ,  vs. SCE) for  the system PVF/[PVF]+ in 
various solvents 

Complex E,"; + Solvent napp DP Reference 

PVF molecular weight 
4930 +0.55 CHzClz 39 

+ 0.62 hmpa 39 

15150 + 0.54 hmpa 39 
+ 0.46 thf 21 23.2 40 

+ 0.48 thf 15 14.3 40 
vinylferrocene + 0.56 thf 40 

ferrocene + 0.55 thf 
+0.43 CH2C12 

+0.45 CH2C12 
+ 0.58 hmpa 39 
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@Z+-CH~-HN-C-CH~ R YH* 

I 

Scheme 1 

As far as the electrode adsorption phenomena caused by polyferro- 
cenes are concerned, Figure 26 shows the cyclic voltammetric response of 
the illustrated fluorenyl-ferrocene polymer (Fw = 7000).41 

As seen, it affords a single oxidation process the cyclic voltammetric 
profile of which is very close to that expected for the mechanism: 

Red(adsorbed) 2 OX(adsorbed) + He- 

In fact, the parameter ip/v remains constant with the scan rate (see 
Chapter 2, Section 1.6). 

Recently, however, polyferrocenes have been found which display a 
different electrochemical behaviour. For example, Figure 27 shows the 
cyclic voltammetric response of poly(tert-butylferroceny1)persulfide. 

- 7 T - O  E (V, vs. SCE) 

Figure 26 Cyclic voltammogram of the (schematized) polyjuorenylferrocene in CHzClz 
solution. Scan rate 0.2 v s-’ 
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4 " s .  AgIAgCI) 
1 

+0.5 +1 .o 
Figure 27 Cyclic voltammogram recorded in a CH2C12 solution of poly (tert-butyl- 

ferroceny1)persulfide 

Two oxidation processes appear (E,") + = + 0.66 V; E:, 2+ = 
+ 0.96 V).42 

A similar behaviour has been found for the polymers illustrated in 
Scheme 2.43 

R = Me, Et, n-Bu, n-Hex 

R = Me, Et, n-Bu, n-Hex, Ph 

Scheme 2 

The appearance of two separate oxidation processes in these polymers 
is attributed to the existence of electronic communication between the 
ferrocene units, so that the first oxidation is centred on alternating 
ferrocene sites, whereas the second oxidation is centred on the remaining 
sites. For example, for polyferrocenyl-persulfide, the electron removal 
path reported in Scheme 3 has been proposed (the oxidation state of the 
iron atoms is r ep re~en ted ) .~~  

1.4.2 Ferrocene-based Branched Polymers (Dendrimers) . One of 
the topics in macromolecular chemistry is constituted by dendrirners, or 
hyperbranched macromolecules of tridimensional globular structure, 
the surface of which is characterized by a large number of functional 
groups, Scheme 4. Such functionalities impart to the molecules 
solubility, viscosity and thermal properties different from those of the 
common linear polymers.38c3d'44 
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Scheme 3 

pnd 

4th 

Scheme 4 

As shown, starting from the central nucleus, each subsequent 
bifurcation leads to the dendrimer being classified as 1st generation, 
2nd generation, 3rd generation, and so on. 

Organometallic chemistry, in particular the chemistry of ferrocenes, 
is affording significant contributions to the field. As illustrated in 
Figure 28, ferrocene-based dendrimers can assume compositions ranging 
from a single ferrocene unit properly funct ional i~ed~~ to multiferrocene 
units placed in the outer zone of the surface.46 

Let us discuss the electrochemical behaviour of these types of 
ferrocene complexes, starting with the monoferrocenyl derivative 
illustrated in Scheme 5 .  

one-electron oxidation (I?''= + 0.54 V, vs. Ag/AgC1).47 
As expected, it shows in dichloromethane solution a quasireversible 
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Figure 28 A schematic representation of the possible composition of ferrocene-based 
dendrimers. ( a )  Dendrimers containing a single ferrocene unit; ( b )  dendrimers 
containing multiple ferrocene units 

The dendrimers containing more ferrocene units are more interesting 
from the electrochemical viewpoint. Scheme 6 shows the 1st and 2nd 
generation members of a silicon-centred series containing four and eight 
ferrocenyl units, re~pect ively.~~ 

Both the complexes display, in dichloromethane solution, a single 
oxidation process which involves four (EO' = + 0.40 V, vs. SCE) 
and eight (ED' = + 0.44 V, vs. SCE) electrons, respectively. This means 
that no electronic communication exists among the ferrocenyl units. 
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Scheme 6 

The appearance of a single multielectron oxidation is a quite common 
response for most ferrocene dendrimers. For instance, all the derivatives 
shown in Scheme 7 ,  which contain 5 ,  6, 9, 18, 27, 54, as well as similar 
derivatives containing 8 1 and 243 ferrocene subunits, respe~t ively,~~’  
49-53 display such behaviour. 

In this connection, Figure 29 shows the cyclic voltammetric response 
of the 4th generation 64-Fc dendr ime~- .~~  

It exhibits a single oxidation process (,To’= + 0.59 V, vs. SCE) affected 
by some adsorption problems. These adsorption phenomena, which 
typically affect the electrochemical response of these derivatives, 
sometimes make it difficult to ascertain by controlled potential 
coulometry the effective number of electrons involved in the oxidation 
step. In this case, the (approximate) number of electrons involved per 
molecule of dendrimer, nd, can be roughly calculated by comparing the 
cyclic voltammetric responses of the dendrimer with that of the ferrocene 
monomer using the following empirical e q ~ a t i o n . ~ ~ ’ ~ ’  

Ipo 

C(m) 

where ip(d), are the peak currents for the oxidation of the dendrimer 
and monomer, respectively (obviously recorded at the same scan rate), 
C(d), C(m) are the concentrations of the dendrimer and monomer, 
respectively, MW(+ MW(,) are the molecular weights of the dendrimer 
and monomer, respectively. 



(33s 'SA 'A) 3 
O'l+ 0'0 
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to 

b. 
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Obviously the determination of ytd can be of help in the synthetic path. 
It is interesting to note that the substitution of the central benzene ring 

in dendrimers of the type illustrated in Scheme 7 for a [Fe(y5-C5H5) 
(y6-C&)]+ group affords dendrimers of the type illustrated in 
Scheme 8.49 

& 
Scheme 8 

This complex exhibits in DMF solution a one- duction 
(EO' = - 1.60 V vs. SCE) which is centred on the central [Fe(y5-C5H5)(q6- 
C6Rs)]+ core, as well as a single six-electron oxidation (EO' = + 0.44 V), 
which is centred on the outer, not-interacting ferrocenyl groups. 

In this connection it is useful to look at the voltammetric response of 
the dendrimer illustrated in Figure 30, which is constituted by a central 
ferrocene core branched to ten outer ferrocenyl units.54 

It exhibits a first, inner-ferrocene-centred one-electron oxidation 
(peak-system A/D; Eo' = -0.10 V vs. Ag/AgCl) followed by the 

lectron r 

I I I I 

-0.4 +0.4 
E (V, vs. AgIAgCI) 

Figure 30 Cyclic voltammogram recorded at a gold electrode in a CH2CI2 solution of the 
dendrimer shown. Scan rate 0.05 V s-' 
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Figure 31 Cyclic voltammograms recorded at a platinum electrode in: 
( a )  [ I  ,4,8,11 ,I 5,18,22,25- {2- ( q5- Cj  H ~ C H J C H ~ O )  Fe (q5-  Cj H5) )a Zn Pc] 
(Pc = phthalocyaninato) (dmf solution); ( b )  [ {PtMe2Br(4,4’-($- 
C5H4CH = C H )  Fe($-C5Hj))2CH2}4( 1,2,4,5-C6H2)] (MeCN solution); 
( c )  [ {BuSn (0) OC( 0)  (q’-C5H4) Fe(qs-c5H5))6] (CH2C12 solution) I. 
( d )  [Mo6Cl~{(q5-C5H4CO(0)Fe(q’-C~H~) )612- (DMF solution) 

external-ferrocene-centred ten-electron oxidation (peak-system B/C; 
Eo’ = + 0.40 V), thus supporting the electronic non-equivalence of the 
central and the outer ferrocene units. 

It must be taken into account that there are dendrimers in which the 
central core is constituted by metallic assemblies.38d This is the case for 
example of the multiferrocene assemblies illustrated in Figure 3 1, which 
bear a phthalocyaninato-zinc, a tetraplatinum, a hexatin, or a hexa- 
molybdenum central core, respectively. 

As seen, these complexes also exhibit a single oxidation process 
involving a number of electrons equal to the number of ferrocene units. 

Interesting from the electrochemical viewpoint is the heterobimetallic 
ferrocene-cobaltocenium dendrimer whose electrochemical response is 
shown in Figure 32.59 

As seen the complex displays either a single ferrocenyl-centred 
oxidation (which however looks like it is partially chemically reversible) 
or a single cobaltocenium-centred reduction (which is affected by 
electrode adsorption), thus testifying that no interaction exists among 
the different metallocene units. 

Finally, as discussed for linear polyferrocenes, dendrimers displaying 
more than a single multielectron oxidation have been found. This is the 
case of the complexes illustrated in Scheme 9.60 

55-58 
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-0.8 +0.8 

Figure 32 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN solution 
of the 16-metallocene complex illustrated in the scheme. Scan rate 0.1 V s-' 

:*@ 

16 - FC 

Scheme 9 

Figure 33 shows the cyclic voltammetric response of the 8-Fc derivative. 
It gives rise to two separate reversible oxidations (each one involving 
four electrons) separated by 0.19 V. This means that the overall 
oxidation proceeds through two separated steps each one involving 
four alternate ferrocene units. 

The 16-Fc derivative displays a similar behaviour (AE"' = 0.16 V). 
Such an electronic situation arises from the presence in each tentacle of 
the diferrocenyl unit illustrated in Scheme 10, which displays two 
separated one-electron oxidations (I?,")+ = + 0.45 V; E:',2+ = + 0.63 V), 
typical of communicating diferrocenes. 



The Electrochemical Behaviour of Metallocenes 193 

# I I I 

' +OI4 +0.8 
Figure 33 Cyclic voltammogram recorded at a platinum electrode in a CH2C12/MeCN 

( 5 : l )  solution of the 8-Fc complex illustrated in Scheme 9. Scan rate 
0.05 V s-' 

Fe  

Scheme 10 

1.5 Recent Applications of Ferrocenes 

There have been two major recent uses of ferrocene molecules: 

0 electrochemical sensors 
0 materials for non-linear optics 

1 S.1 Ferrocenes as Electrochemical sensors. The field of sensing 
molecules of interest in environmental pollution or biomedicine is 
rapidly growing. As far as electrochemical sensors are concerned their use 
is based on two different ways to gain information: 

0 amperometric sensors 
0 potentiometric sensors 
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As easily conceivable, from a qualitative viewpoint the former exploit 
the generation of abnormally great currents, whereas the latter are based 
on the inducement of potential shifts caused by variation of the 
environment around the redox-active species. 

As far as the use of ferrocene molecules as amperometric sensors is 
concerned, they have found wide use as redox mediators in the so-called 
enzymatic electrodes, or biosensors. These are systems able to determine, 
in a simple and rapid way, the concentration of substances of clinical and 
physiological interest. The methodology exploits the fact that, in the 
presence of enzyme-catalysed reactions, the electrode currents are 
considerably amplified.61 Essentially it is an application of the 
mechanism of ‘catalytic regeneration of the reagent following a reversible 
charge transfer’, examined in detail in Chapter 2, Section 1.4.2.5: 

Ox + ne- 2 Red 

k 
Red + Z 2 Ox + Y 

We will illustrate herein the basis underlying one of the prime 
applications of this technique: the dosage of small concentrations of 
glucose in the blood. This is of considerable use to people affected by 
diabetes,61 who have levels of glucose in the blood of the order 1-30 mM. 

One of the best known enzymatic reactions involving glucose is the 
following oxidation reaction catalysed by glucose oxidase (GOD): 

GOD glucose + O2 - gluconolactone + H202 

CH20H CHZOH 

OH $-2H 
H OH H OH 

Historically, the first dosage of glucose in the blood was just based on 
this reaction (by titration of the generated hydrogen peroxide). 

When one substitutes molecular oxygen for an electrogenerated 
ferrocenium [Fe(III)] ion, the catalytic reaction produces the corre- 
sponding ferrocene [Fe(II)] (rather than hydrogen peroxide), which in 
turn is re-oxidized at the electrode, thus triggering the glucose -, 
gluconolactone conversion according to the catalytic mechanism 
illustrated in Scheme 11. 
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starting reaction 

glucose ~ ~ d x 2 ~ e r r o c e n e  

gluconolactone 2 ferrocenium 2 e- 

ELECTRODE 

Scheme 11 

In this connection, Figure 34 shows the cyclic voltammogram of an 
aqueous solution of ferrocencarboxylic acid and glucose before (a) and 
after (b) the addition of glucose oxidase.62 

o t  
o t  

I I I 1 I I 
0.0 +0.5 

E (V, vs. SCE) 

Figure 34 Cyclic voltammograms recorded at a yrolitic graphite electrode in an aqueous 

and D-glucose (50 mA4); ( b )  after the addition of glucose oxidase (10.9 ~ M J .  
Scan rate 0.001 VS-' 

solution f p H  7) containing: ( a )  [ ( q  P -C3H5)Fe(q5-C5H4COOH)] (0.5 m M )  
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The presence of the enzyme produces a catalytic oxidation of the 
ferrocenyl molecule giving rise to an S-like curve with fairly high currents, 
which is typical of ‘catalytic regeneration of the reagent’. It is noted that an 
extremely slow scan rate is employed (1 mV s-’) in order to allow the 
catalytic reaction following the electron transfer to run to completion. 

Attempts have been performed to analyse (in terms of rate constants) 
the steric-to-electrochemical factors which can influence the interaction 
of ferrocenium derivatives with reduced GOD, or the ability of 
ferrocenes to act as mediators in the enzymatic oxidation of glucose as 
a function of cyclopentadienyl ~ubs t i t uen t s .~~  

For diagnostic purposes, both the ferrocene derivative and the enzyme 
are immobilized on the electrode surface, by appropriate chemical 
pretreatment. To determine the concentration of the glucose present in 
the physiological liquid of interest it is not necessary to carry out the 
cyclic voltammogram; knowing and applying the potential at which the 
limiting current takes place, one simply reads the corresponding current. 
From it, through a preliminary calibration curve (limiting currentlglucose 
concentration), the glucose concentration is immediately found. 

Enormous progress is being made in the development of amperometric 
sensors, based on enzyme catalysed reactions, in widely varying clinical 
and immunological diagnostic methods. 

As far as the use of ferrocene molecules as potentiometric sensors is 
concerned, they are part of the more general reactivity pattern illustrated 
in Scheme 12. 

Scheme 12 

A sensing molecule must contain a transducer unit linked to an antenna 
group. The transducer is any chemical fragment possessing easily 
detectable physical properties (UV, NMR, EPR, mass spectroscopy, 
electrochemical or magnetic activity, etc.). The antenna part is a 
chemical fragment able to recognize selectively and link (in any way) to 
the species to be detected, thus causing a variation in the physical 
properties of the transducer. 

The principle is illustrated in Figure 35 for a ferrocene molecule able to 
detect cationic species. 
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AE 
Cyclic voltammetric response of a ferrocene molecule: ( a )  initial; ( b )  after 
cation complexation 

Figure 35 

Let us suppose we have a ferrocene molecule bearing a peripheral 
functional group able to complex a cationic species. The one-electron 
oxidation of the ferrocene complex, Figure 35b, undergoes an anodic 
shift with respect to the ferrocene precursor, Figure 35a, simply because 
of the electrostatic effect to remove electrons from a cationic complex 
with respect to the neutral original molecule. 

It is hence evident that if we would have applied a difference of 
potential AE between the reference and the working electrodes before the 
complexation, we would have generated a current due to the oxidation 
process, Figure 35a. In contrast, upon applying the same potential 
difference AE after the cation complexation, we do not produce current; 
if we wish to generate current we have to apply an extra potential 
AE', Figure 35b. The extent of AE' is intuitively correlated to the nature 
of the complexed cation. From here we get the term cationic sensor. 

An example is illustrated in Figure 36a, which shows the cyclic 
voltammogram of octamethyl-5,5 '-di(2-pyridyl)ferrocene in the absence 
(a) and in the presence (b) of Cu(1) ions.64 

As seen, the original ferrocene molecule oxidizes at E"' = -0.05 V (vs. 
SCE). In the presence of Cu(1) ions the redox potential shifts to 
E"' = + 0.40 V. This means that before the complexation, the application 
of a potential of about 0.1 V generates a current flow, whereas in the 
presence of Cu(1) ions, in order to generate the same current, we must 
apply a potential value of about + 0.6 V. It is likely that in the presence 
of different cations, the potential shift would be different, thus allowing 
the specific recognition of cations. 

Anionic sensors are based on the same principles, but work in the 
opposite direction. In this case we must have available ferrocene 
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E (V, YS. SCE) 

Figure 36 Cyclic voltammograms recorded at aplatinum electrode in a CH2Cl2 solution of 
octamethyl-5,5'-di(2-pyridyl)ferrocene. ( a )  Initial; ( b )  in the presence of 
CU(I)  ions. Scan rate 0.2 v s-' 

molecules bearing substituents able to complex anions. The simple 
electrostatic effects to remove electrons from a negatively charged 
ferrocene complex makes the process easier, hence the oxidation 
potential shifts towards less positive values with respect to the original 
ferrocene d e r i ~ a t i v e . ~ ~  

Even if less common and less investigated, ferrocene molecules able to 
recognize neutral molecules have been found.66 

1 S . 2  Ferrocenes as Materials Displaying Non-linear Optical 
Properties. One of the most recent applications of ferrocene molecules 
exploits their non-linear optical properties. Firstly, however, we must 
describe the concept of ffffnon-linear optical proper tie^.^^,^^ 

The best known interactions between light and matter are those that 
occur in phenomena such as refraction, reflection and diffraction, which 
produce linear effects. In other words, the magnitude of the effect 
resulting from the interaction is a linear function of the intensity of the 
light. The advent of the laser, able to generate high intensity 
monochromatic electromagnetic radiation has afforded important 
changes with respect the usual linear responses stimulating impressive 
studies on such new phenomena. 

In general, the oscillating electric field of an electromagnetic wave 
incident on a given material interacts with the electrical charges within 
the molecules inducing charge polarizations. As a consequence, these 
molecules behave as oscillating dipoles and emit electromagnetic 
radiation that can be detected at some point external to the material. 
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The study of the changes of phase, frequency and intensity that the 
incident radiation undergoes on passing through the material constitutes 
the field of non-linear optics (NLO). It, in fact, focuses on the description 
of deviations from the linear behaviour predicted by the laws of classical 
optics. 

An electric field induces a polarization of the charge within a single 
molecule by the instantaneous displacement of the electrons with respect 
to the nucleus. In this manner an induced dipole and, hence, a dipolar 
moment, p, are generated. When the applied field is weak, the induced 
charge displacement is proportional to the strength of the field: 

polarization = p = a ‘ E 

where CI is the linear polarizability of the irradiated molecule. Under 
these conditions, the induced polarization oscillates with the same 
frequency and phase as the applied field, E. 

When the material is composed of an aggregation of molecules, one 
speaks of ‘macroscopic polarization’ P, and for weak applied fields this is 
linearly dependent on the susceptibility x of the material in question, 
according to the relationship: P = 2.E. 

Figure 37 exemplifies such a behaviour. 
When very strong electric fields are applied (by irradiating with laser 

light) the induced macroscopic polarization deviates from linearity and 
can display either centrosymmetric non-linearity or non-centrosym- 
metric non-linearity, Figure 38. 

It is evident that in centrosymmetric non-linear media the induced 
polarization in the + E  direction is equal (in absolute value) to the 
induced polarization in the opposite direction -E. However, in 

t optical 
polarization (P) 

4 
optical electric 

field (E) 

f 

P(+E) = P(-E) 

Figure 37 Schematic representation of the optically induced polarization in optically 
linear materials 



field (E) 

(b) 

Figure 38 SchPWifA P(i&resentation of the optically i%&%&(-pblarization in: 
( a )  centrosymmetric non-linear materials: (b )  non-centrosymmetric non- 
linear materials 

non-centrosymmetric non-linear media the induced polarization in the 
direction + E is different from that in the opposite direction -E. 

To account for the non-linear optical (NLO) behaviour, the foregoing 
expressions, relating the induced polarization with the applied electric 
field, are expressed as a power series of the electric field. 

For a single molecule one obtains: 

polarization = M E  + /3E2 + ;1E3 + . . . 
where the coefficients p and y are called first and second molecular 
hyperpolarizability, respectively. 

For aggregates of molecules (or, materials) one obtains: 

p = x( ' )  . E + f 2 )  . E2 + ~ ( ~ 1  . E3 + . . . 

where the coefficients x ( ~ )  represent the susceptibility of the material to 
the power n. 

for centrosymmetric 
molecules cannot be even numbers (i.e. materials composed by 
centrosymmetric molecules cannot generate effects of second order, 
fourth order, etc.). In fact, if one applies a field + E, the first non-linear 
term would induce a polarization of + p.E2 (or + x ( ~ ) . E ~ ) .  If one were to 
apply instead a field of -E, the mathematical expression would lead to an 
induced polarization again of + whereas, as shown in Figure 38a, 
the induced polarization is -p.E2. This contradiction can only be 
resolved if p (or x ( ~ ) )  = 0. 

Conversely, for non-centrosymmetric materials the second order non- 
linear effect may exist (i.e. p or x(2) f 01. 

Furthermore, for centrosymmetric or non-centrosymmetric materials 
alike, third order non-linear effects can exist ( y  or x ( 3 )  f 0). 

It is important to note that the exponents of 



The Electrochemical Behaviour of Metallocenes 20 1 

The connection between the non-linear polarization response and the 
generation of optical harmonics by NLO materials can be understood by 
considering Figure 39, which shows a typical non-linear optical response 
produced by a non-centrosymmetric molecule. 

The molecule under subject is a ‘push-pull’ system which contains a 
benzene ring with either a donor group D (i.e. an electron-rich fragment) 
and an acceptor group A (i.e. an electron-poor fragment) which are 
positioned at the opposite sides of the n-unsaturated ring.69 

As illustrated in Figure 39a, the application of a symmetrically 
oscillating electric field E of frequency co makes the molecule respond 
with an asymmetric polarization (or the wave amplitude of the 
polarization response in the positive ordinate is different from that in 
the negative ordinate) in that the electron density can only flow in the 
direction donor -* acceptor, and not vice versa. 

If one bears in mind that the Fourier theorem states that a periodic 
non-sinusoidal response can be described by a series of sinusoidal 

P 

Figure 39 ( a )  Non-linear polarization response ( P )  along the direction x, as a function of 
the time, exhibited by a non-centrosymmetric molecule under the effect of an 
electricjeld oscillating at a frequency w .  (b ,  c, d )  Fourier components of the 
polarization at the frequencies w ,  2w, 0, respectively 
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functions, with suitable coefficients for the harmonics of the fundamental 
frequency w ,  it follows that, as shown in Figures 39b,c the asymmetric 
polarization can be described as a sum of the Fourier components of 
frequency w,  2c0, (30, etc.), the intensity of which decreases progressively 
with the increase in the frequency coefficient. 

In the case of a centrosymmetric molecule the Fourier decomposition 
would be described by polarizations of frequency w ,  30, 50, etc. 

As the intensity of the electromagnetic field, E(o), increases the non- 
linear terms become increasingly significant and, consequently, more 
easily measurable. 

One of the more interesting applications of non-linear optical effects is 
the generation of the second harmonic. This phenomenon results when a 
laser beam passes through a material having second-order NLO 
properties (hence, composed by non-centrosymmetric molecules); 
the light emitted has a frequency double that of the incident radiation 
(or the wavelength has been halved). 

This effect can be mathematically deduced from the relationship: 
p = p ' .  E +  x (2) . E2 + x ( 3 )  . E3 + 

In fact, expressing the electric field of a plane light wave as: 
E = Eo COS(O. t )  

and substituting, one obtains: 

It is evident that the polarization contains a frequency doubled 
component ( ~ c o ) ,  a frequency tripled component (~co) ,  and so on. 

These effects can be explained by the coupling of two photons of 
frequency co to generate a single photon of frequency 20.1, or of three 
photons of frequency w to generate a single photon of frequency 3c0, etc. 

These effects of second and third order optical non-linearity are just 
exploited in the generation of the second and third harmonics, 
respectively. In this connection, Figure 40 schematizes an experiment 
in which the incidence of a laser light working in the near infrared at il 
1060 nm on a crystal of KU02(P04) emits a light of 3. = 532 nm.70 

The non-linear optical properties of a material are evaluated by 
measuring (using techniques from the field of physics) its molecular 
hyperpolarizability coefficient p. 
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Figure 40 Second harmonic generation 

There are many organic and inorganic materials available which 
exhibit significant non-linear optical properties. In the present context, 
however, we underline that ferrocene derivatives were the first organo- 
metallic materials observed possessing non-linear optical properties. In 
fact, in 1987 it was reported that cis-ferrocenyl-2-(4-nitrophenyl)ethylene 
has a 62-fold greater efficiency than urea in generating the second 
harmonic, Scheme 1 3.71 

Fe Fe 

cis GZS trans 

Scheme 13 

Urea is the compound commonly used as the reference standard; it 
has a second harmonic generation efficiency approximately 400-fold 
greater than quartz. The ferrocene derivative molecule, which crystallizes 
in a non-centrosymmetric space group, obeys the requirements 
illustrated in Figure 39, in that it contains a donor group (ferrocene) 
and an acceptor group (nitro group) conjugated through a n-unsaturated 
system. Conversely, the trans isomer does not show second harmonic 
generation activity, due to the presence of a centre of symmetry. 

One of the preliminary indications which reveals the potential capacity 
of a material to generate second harmonics is its solvatochromatic 
behaviour, i .e.  the ability of a material to give rise to considerable 
differences in its UV-visible spectrum on changing solvent. For example, 
the electronic absorption spectrum of cis-ferrocenyl-2-(4-nitrophenyl) 
ethylene in dimethylformamide shows two bands at 340 and 492 nm, 
respectively, whereas in heptane it displays three bands at 320, 406 and 
462 nm, respectively. 
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Since 1987 numerous metallocenes, in particular ferrocenes, have been 
found to possess NLO properties, many of which have substituents 
containing polyene conjugate groups,72 Scheme 14. 

Scheme 14 

The high hyperpolarizability /? of these ferrocene molecules is thought 
to be linked to the ease with which they are oxidized, which causes easy 
electron movement across the polyene bridge. For instance, ferrocenyl-2- 
(4-nitropheny1)ethylene is oxidized at the ferrocene centre at + 0.03 V 
and reduced at the NO2 centre at -1.67 V (vs. Fc/Fc+) in tetrahydro- 
furan s~lu t ion . ’~  

2 VANADOCENES 

The low temperature molecular structure of vanadocene, [V(y5-C~H&], 
is shown in Figure 41.73 

It is evident that the cyclopentadienyl rings assume a mutual staggered 
conformation. 

Figure 41 X-Rax structure of [ V($-C,H,/,/. at 108 K. Average V-C bond length = 
2.27 A .  V-Cp~cenrrojd, = 1.92 A 
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Figure 42 Cyclic voltammogram recorded at a latinum electrode in a THF solution of 
[ V(q'-C5Hj)2]. Scan rate 0.1 V s- P 

In agreement with only half of the bonding and non-bonding orbitals 
being populated (1 5 valence electrons; terminal electron configuration: 
ei2ai ') ,  the bond distance V-C (2.27 A) is significantly longer than the 
Fe-C distance (2.04 A) of ferrocene. In fact, the 18-electron ferrocene 
has a terminal electron configuration ei4ai2; as such, it has the strongest 
metal-carbon bond of the 3d-metallocene family and, hence, the shortest 
M-C distance. 

Despite not being electronically saturated, vanadocene is able to lose 
two further electrons through two distinct oxidation processes corre- 
sponding to V"/V"' ( E O '  = -0.55 V, vs. SCE) and V"'/V'v (E, = 

+ 0.59 V), the first of which is chemically reversible, Figure 42.74 
This shows that vanadocene maintains its molecular structure 

essentially unaltered on passing to 14 valence electrons. One might 
expect vanadocene to have a high predisposition to accept electrons in 
order to achieve the stability of 18 valence electrons. Nevertheless, it 
displays only a single, chemically reversible, reduction process at very 
negative potential values (E"' = -2.74 V). 

Analogous to ferrocene, vanadocene can be permethylated to 
decamethylvanadocene (the X-ray structure of which is known7'). In 
contrast with decamethylferrocene, which is reversibly oxidized more 
easily than ferrocene, decamethylvanadocene does not seem able to 
undergo reversible ~ x i d a t i o n . ~ ~  

3 CHROMOCENES 

Figure 43 shows the (low-temperature) molecular structure of chromo- 
cene, [Cr(y'-CSH5)2].77 
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Figure 43 X-Ray structurg of [Cr($-C5H5)2], a,' 173 K. Average Cr-C bond 
length = 2.15 A .  Cr-CpicPnrroid) = 1.79 A 

The cyclopentadienyl rings of chromocene, as for vanadocene, assume 
a staggered conformation. 

In agreement with the presence of an additional electron in the 
bonding orbital, compared to vanadocene (chromocene: 16 valence 

distance is shorter (2.15 A compared to 2.27 A of vanadocene). 
As illustrated in Figure 44, chromocene exhibits both a Cr"/Cr"' 

oxidation and a Cr"/Cr' red~ct ion . '~  
Like ferrocene and vanadocene, chromocene can be permethylated to 

decamethylchromocene (Cr-Cp*(centroid) = 1.78 A7'). 
As compiled in Table 10 and as may be expected on the basis of the 

inductive effects, decamethylchromocene is more easily oxidized ( i .e .  at 

electrons, terminal electronic configuration: e2 / 3  a l  / 1  ), the metal-carbon 

n 
0 

E (V, vs. Pt) E (V, vs. Pt) V 
I I I I I 

-2.5 -1.5 -0.5 

Figure 44 Cyclic voltammogram recorded at a platinum electrode in a THF solution of 
[ C ~ ( V ~ - C ~ H ~ ) ~ ] .  Scan rate 0.1 V s-' 
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Table 10 Redox potentials ( V  vs. SCE) of chromium in 
sandwich molecules in diferent solvents 
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Complex E:',o E,"$- Solvent Reference 

[Cr(VS-C~H5)21 -0.67 -2.30 MeCN 74 
-0.64 -2.36 thf 80 

[ C ~ ( V ~ - C ~ M ~ ~ ) ~ ]  - 1.04 - MeCN 76 
[ C ~ ( V ' - C ~ P ~ ~ H ) ~ ]  -0.33 -1.69 thf 81 

considerably more negative potentials) to the corresponding deca- 
methylchromocenium ion than chromocene, which in turn oxidizes more 
easily than (octapheny1)chromocene. 

The cyclopentadienyl rings of decamethylchromocenium ion in 
[Cr(C5Me5)2][(C5Me5)CrC13] are staggered (and the Cr-Cp*(centroid) 
distance elongates by about 0.05 A with respect to decamethylchromo- 
cene),82 whereas in [Cr(C5Me5)2][(NC),C = C(CN)2] they are eclip~ed.'~ 

4 MANGANOCENES 

Manganocene has a high spin electronic configuration (17 valence 
electrons; terminal electronic configuration: e2 a, ) and is a material 
difficult to handle due to its extreme reactivity (it is pyrophoric and 
hydrolyses instantly on contact with water). Its molecular structure in 
the gaseous phase, determined by electronic diffraction, indicates a mean 
Mn-C distance of 2.38 A.84 Such a long bond distance may possibly 
be ascribed to occupation of the ei/ antibonding orbital. Consequently, in 
order to make a comparative analysis of the metallocene structures of the 
first row transition metals as a function of their electronic configuration 
it is better to consider decamethylmanganocene, [Mn(y5-C5Me5)2], 
which has a low spin electronic configuration (terminal electronic 
configuration: ei3ai2). Its molecular structure is illustrated in Figure 45.85 

It is evident from the structure that the disposition of the 
cyclopentadienyl rings is staggered. The mean metal-carbon bond 
length is 2.11 A, which is shorter than that of vanadocene (2.27 A) and 
chromocene (2.15 A). This reflects the progressive occupation of the 
bonding or non-bonding orbitals. However, one must note that there are 
distortions present in the molecule. These are reflected, for example, in 
the Mn-C distance, which ranges from 2.10 A to 2.12 A. This 
distribution of distances has been attributed to the Jahn-Teller efSect 
following the occupation of the degenerate ei orbitals.85 

Decamethylmanganocene is easily oxidized to the corresponding 
decamethylmanganocenium ion, [Mn(y5-C5H5)2]'. In fact, Figure 46 

12 / I  
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Figure 45 X- structure of [Mn(qs-CsMes)21 

V E (V, vs. SCE) 
I I I I I 

-2.5 -1.5 -0.5 

Figure 46 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[ M ~ ( S ~ - C ~ M ~ ~ ) ~ ] ( P F ~ ) .  Scan rate 0.1 V s-' 

shows that in acetonitrile solution the decamethylmanganocenium ion 
undergoes two separate, chemically reversible, reductions 
[Mn(C5Me5)2]+'o'-, corresponding to the Mn"'/Mn" (EO' = -0.56 V) 
and Mn"/Mn' (EO' = -2.17 V) sequences, respectively.86 

5 COBALTOCENES 

The molecular structure of cobaltocene is illustrated in Figure 47.87 
Once again the disposition of the cyclopentadienyl rings is staggered. 

The metal-carbon bond length in cobaltocene (19 valence electrons, 
terminal electronic configuration: e2 al el ) is greater than in ferrocene / 4  12 / / I  
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W 
Figure 41 X-Ray structure of [Co(q5-C5H5)2]. Average Co-C bond length 2.10 A" 

(2.10 A vs. 2.04 A). This is in agreement with the progressive population 
of the antibonding e: orbital for the 3d transition metal metallocenes 
beyond ferrocene. 

In a similar manner to manganocene, cobaltocene is easily oxidized to 
the corresponding cobaltocenium ion [Co(q5-C5H5)2]+, which, as 
illustrated in Figure 48, exhibits two distinct chemically reversible 
reductions corresponding to Co"'/Co" and CO" /COI .~~  

The redox potentials for these reduction processes in different solvents 
are reported in Table 1 1, together with the Co"'/Co" redox potential for 
some related derivatives. 

The electronic effects of the methyl and phenyl substituents have been 
already discussed for the corresponding chromocenes. 

It is useful to note that in contrast to the elongation of the M-C bonds 
observed on passing from ferrocene to ferrocenium ion, in the case of 
the cobaltocene/cobaltocenium transition, because of the removal of 

I 

--I .8 

E (v, VS. FC/FC+) 

Figure 48 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN 
solution of [ C O ( ~ ~ - C ~ H , ) ~ ] ( P F ~ ) .  Scan rate 0.1 V s-' 
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Table 11 Formal electrode potentials ( V  vs. SCE) for  the redox processes 
exhibited by a f ew  cobaltocenes in different solvents 

Complex El'," E;;- Solvent Reference 

~c00'?-csHs)2l -0.98 -1.96 MeCN 88 
-0.95 - 1.92 CH2C12 88 
-0.90 -2.04 thf 89 
- 1.47 - MeCN 16 

- CHzCl2 90 
[Cr($-CsMes)d 

[ C O ( ~ ~ - C S P ~ ~ H > ~ I  -0.46 -1.36 thf 81 
- 1.48 

the electron populating the e r  antibonding orbital, the Co-C bond 
lengths decrease. In fact, they have an averaged length of 2.01 A in 
[ C O ( ~ ~ - C ~ H ~ ) ~ ] + ~ ~  and 2.10 A in C ~ ( y ~ - C ~ H ~ ) ~ . ~ ' m r n  > 

6 NICKELOCENES 

The molecular structure of nickelocene [Ni(y5-C5H5)2] is illustrated in 
Figure 49, together with its cyclic voltammetric b e h a ~ i o u r . ' ~ ' ~ ~  

Concerned with the electron diffraction structure, the rotation of the 
cyclopentadienyl rings appears even faster than in ferrocene, hence their 
mutual disposition is difficult to establish. An X-ray diffraction study at 
101 K has however shown that at this temperature the conformation is 
staggered.94 The increment in the Ni-C distance (2.18 A) compared to 
the Co-C distance (2.10 A) in cobaltocene reflects once again the 
increased population of the antibonding elll orbital (nickelocene has 20 

As far as the redox aptitude is concerned, two separate chemically 
reversible oxidations are evident corresponding to the Ni"/Ni"' and 
Ni'''/Ni'" electron transfers. The relative potentials are summarized in 
Table 12, together with those for the permethylated derivative. 

valence electrons and a terminal electronic configuration: e2 14 al / 2  el //2 ). 

n 
" \ I /  - + Uf 

0 0  +O 8 

Figure 49 ( a )  Electron difraction structure of [Ni(q5-CsHs)2]. Average Ni-C 
bond length: 2.18 A.  f b )  Cyclic voltammogram recorded at a platinum 
electrode on a MeCN solution of [Ni($-C5H5)2]. Scan rate 0.05 V s-'. 
T = -40°C 
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Table 12 Formal electrode potentials ( V  vs. SCE) for  the redox processes 
exhibited by nickelocene and decamethylnickelocene in different 
solvents 

Complex E;:+ K’,,+ Solvent Reference 

“ i (~~-C~Hs)21  -0.09 + 0.77 MeCN 93 + 0.09 + 0.77 CH2C12 95 

-0.73 + 0.37 CH2C12 95 

+ 0.01 +0.81 thf 96 
“i($-C5M&1 -0.65 +0.31 MeCN 88 

Figure 50 X-Ray structure of [Ni2(q5:$-C10H8)2], with the relevant bond distances 

As happens for ferrocenes, almost all metallocenes can be incorpor- 
ated in multimetallocenic assemblies. We thus conclude the discussion by 
considering the redox behaviour of bis(fulvalene)dinickel(II,II), 
[Ni2(q’:q’-C10H8)~]. Its X-ray structure is shown in Figure 50.97 The 
inequivalence of the Ni-C and C-C distances is attributed to the 
structural constraints imposed by the two bridges which join the two 
nickelocene units. 

In acetone solution [Ni2(q5:q5-CloH8)2] undergoes two distinct 
oxidations with characteristics of chemical reversibility, which corre- 

(EO’ = + 0.12 V), re~pect ively.~~ This observation indicates that there is 
electronic communication between the two nickelocene units. 

spond to Ni21,11/Ni2”31” (Eo’= -0.29 V) and Ni211,111/Ni2111,111 
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CHAPTER 5 

The Electrochemical Behaviour 
of Transition Metal Complexes 

An exhaustive treatment of the electrochemical behaviour of transition 
metal complexes is beyond the scope of this book, because the enormous 
number of ligands available, combined with the possibility to prepare 
mono- and/or polynuclear complexes using identical or mixed ligands, 
would render such a task almost impossible. Therefore, the discussion is 
limited to some aspects associated with the redox properties of (essen- 
tially) mononuclear metal complexes. In particular, we will concentrate 
representatively on the redox changes of first row transition metal 
complexes (excluding the metallocene complexes, as they have been 
already discussed in Chapter 4) that give stable, or relatively stable 
products. A systematic and useful examination of the redox activity of 
organometallic complexes of transition metals dated to 1984 has 
appeared. ’ 

It should be recalled that one of the principal properties of transition 
metals is their aptitude to accede to multiple oxidation states. Thus, the 
main scope of an electrochemical study is to ascertain whether a metal 
complex, prepared in a certain oxidation state, is stable also in different 
oxidation states, or whether the lifetimes of these oxidation states are too 
short to observe stable products. Whenever stable oxidation states are 
identified, the chemist might be able to prepare and fully characterize 
these new complexes. 

The choice of the most appropriate reducing or oxidizing agent is an 
important question in the access to particular oxidation states. In this 
connection, it must be considered that a certain species, in order to be 
able to act as an ‘oxidizing’ agent towards another species (or to remove 
electrons from another species), must have a tendency to add electrons 
(or to be reduced) higher than that of the second species to lose electrons 
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218 Chapter 5 

Table 1 Common one-electron oxidizing agents and their (approxi- 
mate) reduction potentials ( V  vs. SCE) 

Oxidizing agent Redox potential Solvent 

duroquinone 
0 2  
1,4-benzoquinone 
2,6-dichloro- 1 ,Cbenzoquinone 
[C7H7”F41 
tetrachioro- 1,4-benzoquinone 
tcne 
tcnq 
I2 

[CPh31[PF61 

[Agl[PF61 
NOBF4 

[Fe($-C5Hs)z”F61 

-0.8 
-0.8 
-0.5 
-0.2 

0.0 
+0.1 
+ 0.2 
+ 0.2 
+0.7 
+ 0.3 
+ 0.4 
+ 1.0 
+ 1.3 

MeCN 
MeCN, DMF 
MeCN 
MeCN 

MeCN 
MeCN 
MeCN 
MeCN 
CH2C12, MeCN 
CH2C12, MeCN 

MeCN 

CH2C12 

CH2C12 

(or to be oxidized). Analogously, in order that a species might act as a 
‘reducing’ agent towards another species (or to add electrons to another 
species), it must possess a propensity to lose electrons (or to be oxidized) 
higher than that of the second species to add electrons (or to be reduced). 
Since the tendency to add (or lose) electrons is measured by the standard 
reduction (or oxidation) potentials, the choice of the most appropriate 
redox agent must be based on the standard potentials of the redox 
processes under study. 

Tables 1 and 2 show a series of commercially available redox agents 
covering a wide range of redox potentials. A more complete picture is 
available in literature.2 

From a practical viewpoint, the choice of the most appropriate redox 
agent follows the same criteria applied to the choice of the working 
potential in controlled potential electrolysis. The redox agent must 
possess a standard electrode potential 100-200 mV more positive 

Table 2 Common one-electron reducing agents and their (approxi- 
mate) reduction potentials ( V  vs. SCE) 

Reducing agent Redox potential Solvent 

CH2C12, MeCN 
CH2C12, MeCN 
CH2C12, MeCN, thf 
CHzCl2 
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Figure 1 Diagrams of the frontier orbitals OR ( a )  tetrahedral, ( b )  square planar, 
( c )  square pyramidal, ( d )  trigonal bipyramidal, and ( e )  octahedral complexes 

(for oxidation) or more negative (for reduction) than the potential of the 
redox process given by the complex under study. 

Ligands that are able to stabilize metal complexes in high oxidation 
states and other ligands that stabilize the same metal in low oxidation 
states will also be discussed. 

The redox ability of a metal complex will be considered in the context 
of its molecular orbital composition and spin state. In this regard, Figure 1 
shows the molecular orbital diagrams for the most common geometries 
encountered in transition metal complexes. 

Finally, it is important to underline that in order to compare correctly 
the redox potentials of different complexes, reference must be made to 
the same solvent. 

1 VANADIUM COMPLEXES 

Inorganic complexes of vanadium are normally found in the following 
forms: 

0 0x0-complexes of V02+ and V03+  (or VOz+), which correspond 

0 non-0x0-complexes in the oxidation states V'", V"' and V" 
thus to V" and Vv oxidation states, respectively; 

(electronic configuration d', d2, d3, respectively). 
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0x0-vanadium derivatives include numerous examples of Schiff base 
complexes, the importance of which is increasing in that they can act as 
insulin-enhancing  agent^.^ For instance, the vanadyl(1V) derivatives of 
N,N’-ethylenebis(salicylideneimine), [VO(salen)], N,N’-disalicylidene- 
o-phenylenediamine, [VO(saloph)], and N,N’-ethylenebis(acetylacet0- 
natoimine), [VO(acen)], are shown in Scheme 1. 

0 0 

Scheme 1 

As illustrated in Figure 2, which refers to [VO(salen)], these complexes 
possess square-pyramidal geometries, with the oxygen atom of 

Figure 2 X-Ray structuce of (VOfsalen)] .  Bond lengths: V-O1= V-02 = 1.92 A; 
V-03 = 1.59 A ;  V-Nl= V-N2 = 2.0.5 A 
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E (V vs. SCE) 
I I I 

0.0 +I .o 
Figure 3 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution 

of[vo(acen)l .  Scan rate 0.2 v s-l 

the vanadyl ion positioned at the apex of the pyramid and the 
vanadium(1V) atom raised slightly above the plane formed by the 
N202 

These 3d' complexes display a quasireversible one-electron oxidation 
corresponding to the chemically reversible step [vO'vL]/[VOvL] + 

(L = Schiff base ligand). As an example, Figure 3 shows the cyclic 
voltammetric response of [VO(a~en)].~ The relative potential values are 
reported in Table 3. 

The role played by the electron-donating or electron-withdrawing 
effects of the various ligands in rendering the oxidation process easier for 
[VO(salen)] compared to [VO(saloph)] or [VO(acen)] is evident. The 
influence of the solvent on the redox potentials is also clear. 

It should be emphasized that [VO(salen)] in its oxidized form 
[VO(salen)] + ([ClO,]- counteranion) maintains the original square- 
pyramidal geometry, but, in accord with the electrochemical quasirever- 
sibility of the couple V /V , there are some variations in bond IV v 

Table 3 Redox potentials ( V  vs. SCE) for the one-electron oxidation of Schiff 
base complexes of vanadyl ion 

Complex m 0 2 - i  v03-i Solvent Reference 

[VO(salen)] + 0.47 
+ 0.34 
+ 0.50 

[VO(saloph)] + 0.47 
+0.55 

[VO(acen)] + 0.45 
+ 0.66 

MeCN 7 
dmso 8 
CH2Clz 9 
dmso 8 
CHZC12 9 
dmso 10 
CH2C12 10 
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Figure 4 X-Ray structure of [ ~ ( S B U ' ) ~ ] .  Average V-S bond length: 2.22 A". Bond 
angles: S3-V-SI = S3-V-S2 = S2-V-SI = S3-V-S4 = S4-V-S1= 107"; 
S2-V-S4= 114.5" 

lengths (in particular, the distances V-O(phenolate) are considerably 
shortened (=O. 1 A), the distances V-N are slightly lengthened ( ~ 0 . 0 2  A) 
and the distance V=O remains essentially unaltered).8 

As far as the non-oxo complexes are concerned, one can start, in 
order of increasing coordination, with the tetrahedral vanadium(1V)- 
tetrabutylthiolate complex [V(SBut)4], Figure 4. 

In agreement with the oxidation state V(1V)-d', it has a magnetic 
moment peff = 1.75 pB. The V-S bond lengths are substantially identical, 
but the bonding angles are grouped as four smaller and two larger. 

The redox behaviour of this vanadium(1V) complex is shown in 
Figure 5." 

n 

Y E (V vs. SCE) 
I I I I I 

- 1.2 0.0 + 1.2 

Figure 5 Cyclic voltammogram recorded at a glassy carbon electrode in a CH2C12 
solution of [ ~ ( S B U ' ) ~ ] .  Scan rate 0.1 V s-l 
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It displays an irreversible oxidation (E, = +0.81 V) and a one- 
electron reduction (V"+ V"'; E" = -0.69 V vs. SCE) with features of 
chemical reversibility and electrochemical quasireversibility (AE, = 
130 mV, at 0.1 V s-'). 

The corresponding vanadium(II1) monoanion [V(SBu')4] - has been 
isolated and X-ray characterized. It maintains the tetrahedral geometry of 
the neutral precursor, but with a larger distortion. In fact, even though the 
V-S distances are virtually identical (but a little longer than those of the 
neutral complex) and the angles can again be subdivided into two larger 
and four smaller, there is not the same distribution as found in the neutral 
precursor (S2-V-S4 = 120.9"; S3-V-S2 = 117.9'; S3-V-S1 = 104.4'; 
Sl-V-S2 = 102.3"; Sl-V-S4 = 101.5'; S4-V-S3 = 106.9')." 

From a speculative viewpoint, the quasireversibility of the electro- 
chemical reduction V1v/V"' could account for such structural rearrange- 
ments. 

Let us pass to six-coordinate derivatives, starting with a few Schiff 
base complexes. 

For example, the octahedral complex V"'L illustrated in Scheme 2 has 
a N303 coordination sphere { L = tris[2-(4/-methyl-2~-hydroxobenzylide- 
ne)ethyl]amine} . 

Scheme 2 

In agreement with the V(II1)-d2 oxidation state, it has a magnetic 
moment , u e ~  = 2.89 p g .  

As shown in Figure 6, this V(II1) complex undergoes both a one- 
electron oxidation (V'" + VIV; E" = + 0.26 V) and a one-electron 
reduction (V"'- V"; E" = - 1.52 V) with characteristics of chemical 
and substantial electrochemical reversibility (AEP(111p1) = 100 mV; 
AEP(II1,Iv) = 80 mV; both measured at the scan rate of 0.05 V sd1).12 

The same N303 coordination sphere is exhibited by tris(pico1inato)- 
vanadium(II1) complex, [V(~ic)~] ,  the significantly distorted octahedral 
geometry of which is shown in Figure 7.13 
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E (V vs. SCE) 
V 
I I I I I 

-1.6 -1.2 4 . 8  -0.4 0.0 +0.4 

Figure 6 Cyclic voltammogram recorded at a platinum electrode in a dmf solution of VL. 
Scan rate 0.05 V s-’ 

In agreement with the oxidation state V(II1)-d2 it has a magnetic 
moment per = 2.77 pg. 

In dmf solution it displays a reversible V1llilv oxidation ( E O ’  = + 0.63 V 
vs. Ag/AgCl), and a quasireversible V1llill reduction ( E O ’  = -1.01 V).13 

Let us now consider the N6-coordinated octahedral vanadium 
complexes with the polypyridine ligands 1,lO-phenantroline (phen), 
2,2/-bipyridine (bipy) and 2,2/:6,2//-terpyridine (terpy), Scheme 3 .  &).QQp - N  N -  

f e w  - 
1 ,lO-phen b i w  

Scheme 3 

Figure 7 X-Rax structure of [ V [ p p i ~ ) ~ ] .  H20. Bqnd lengths: V-y3 = 2.15 A”; V-Y l=  
2.12 A ;  V-N2=2.12 A; V-03= 1.97 A ;  V-Ol= 1.94 A ;  V-02= 1.94 A 
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The same type of coordinating ligands will be discussed for other metal 

The only X-ray structure available is that for [V(bi~y)~] ,  Figure 8.14 
There is some uncertainty whether this complex should be described as 

[V"'(bipy- 0)3] or as [Vo(bipy)3]. In fact, given that 2,2'-bipyridine can act 
either as a a-donor or a n-acceptor, the metal-ligand bond in these 
complexes is constituted by a a-bond between the lone pair of electrons of 
the nitrogen atom and an unoccupied s-orbital of the metal. Such electron 
donation, increasing the electron density on the metal, can in turn favour 
a back-bonding from the d-orbitals of the metal and the unoccupied 
n*-orbitals of the aromatic pyridine ring. In short, if the metal ion is in a 
high oxidation state pyridine will act as a a donor, whereas if the metal is 
in a low oxidation state pyridine will act as a n acceptor. 

It is the mutual redox ability of the metal and the ligand which hinders 
a clear definition of the redox character of these complexes and often 
gives rise to a considerable number of redox processes. For instance, 
Figure 9 shows the cyclic voltammetric behaviour of the dication 
[V"(phen)3]2+ in dichloromethane solution. l 5  

It undergoes either two separated reductions or one oxidation, all 
having features of chemical reversibility in the cyclic voltammetric time 
scale. Since no detailed studies have been carried out on the underlying 
electrode mechanism, it is noted that these redox transformations could 
formally correspond to the sequence V(III)/V(II)/V(I), but, as far as the 
reduction processes are concerned, it is also likely that they are centred 
on the polypyridine ligand. 

Table 4 reports some electrochemical data for the [V(bipy)312+ and 
[ V ( ~ h e n ) ~ ] ~ +  complexes. 

complexes. 

Figure 8 X-Ray structure of [ V(bipy)J .  Average V-N distance = 2.10 A; average 
N-V-N angle = 73.6" 
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E (V vs. Ag/AgCI) 

-1.5 -0.5 +0.5 +I .5 

Figure 9 Cyclic voltammogram of [V@hen):'](03SCF3)2 in CH2CI2 solution. Platinum 
working electrode. Scan rate 0.5 V s-' 

Table 4 Formal electrode potentials ( V ,  vs. AgIAgCl)  f o r  the redox changes 
exhibited by [ V(bipy)3/2f and [ V Q ~ h e n ) ~ ] ~ '  

Complex E;': 12 + + E';',O Solvent Reference 
~~ 

+ 0.52 -0.52 a - MeCN 16 
Iv(phen>312 + + 0.56 -0.37 - MeCN 16 

+ 0.63 -0.97 -1.16 CHzClz 15 

Iv(biPY)312+ 

a Irreversible. 

Figure 10 X-Ray structure of [ P'(cat)J2-. Average V-0 distance = 1.94 A"; average 
C-0 distance = 1.34 A; average cis 0-V-0 angle = 80.7"; average trans 
0-V-0 angle = 162.8" 

An interesting behaviour is shown by the V(1V)-catecholate complex 
[V(cat),12-, the distorted octahedral O6 coordination of which is shown 
in the Figure 10.'' 
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Such a complex is constituted not only by the redox-active V(1V) 
centre, but also by the redox-active catecholate ligand. In fact, as we will 
see in more detail in Chapter 6, Section 3, o-dioxolene ligands can 
undergo the redox processes illustrated in Scheme 4. ao-+yJ; +a 0 

-- 
0- 0 

Scheme 4 

As shown in Figure 1 1, [V(cat),]*- undergoes in MeCN solution a che- 
mically reversible one-electron reduction to the corresponding trianion 
[V(cat>,l3-, provided that an excess of catechol is present in solution. l 7  

This means that, given the catecholate nature of the original dianion, 
the reduction process can be only assigned to the V'v/V"' step. The need 
of free catecholate ligand suggests that, in the absence of free ligand, such 
reduction process is accompanied by chemical complications (equilibria 
between coordinated and uncoordinated ligand). In spite of such (slow) 
chemical complications, chemical reduction and rapid precipitation 
allowed the [V"'(cat),13- trianion to be obtained and structurally 
characterized. l 7  In agreement with the electrochemical reversibility of 
the V'v/V"' reduction, [V" ' (~at>~]~-  has essentially the same structural 
features as the dianion precursor, but for a significantly longer V-0 
distance (which would testify to the metal-centred reduction. Average 
V-0 distance = 2.01 A; average C-0 distance = 1.34 A average cis 
0-V-0 angle = 81.3'; average trans 0-V-0 angle = 168.1'). 

On passing we note that the complex also undergoes a ligand-centred 
(catecholate/semiquinone), reversible one-electron oxidation. Such types 
of redox processes will be discussed in Chapter 6, Section 3. 

I I I I 1 
-1.1 -0.7 -0.3 

Figure 11 Cyclic voltammogram recorded at a mercury electrode in a MeCN solution of 
[ V f  catI3l2- in the presence of an excess of catechol 
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The last vanadium derivative that we will consider is the N206 

octacoordinated complex called Amavadin. It consists of a vanadium(1V) 
ion and two trideprotonated molecules of N-hydroxyl-2,2’-iminodipro- 
pionic acid (H3hidpa), [V(hidpa)2I2-. 

H H 

H3C - C- N - C-CH, H, hidpa 
I I 
I l l  

HOOC OH COOH 

The interest in this complex derives not only from its unusually high 
coordination, but also because it introduces us to the field of ‘vanadium 
in biology’,’* namely, those vanadium complexes present in living 
systems (such as vanadium nitrogenases, which we will discuss in Chapter 
9, Section 2). As early as 1931 it was observed that mushrooms of the 
Amanita family, in particular Amanita muscaria (the well-known ‘fly 
agaric’), were able to concentrate vanadium at high levels. Attempts were 
made over many years to determine the oxidation state and coordination 
mode of vanadium in these mushrooms. It is now known that vanadium 
is present just as the [ V ( h i d ~ a ) ~ ] ~ -  complex. Even if the crystal structure 
of such a dianion has not been long available, it has been observed that 
the complex can be reversibly oxidized (with ceric nitrate) to the 
corresponding vanadium(\.’) complex [V(hidpa)J, the X-ray structure 
of which has been solved, Figure 12.19 

An electrochemical investigation of the Amavadin dianion has esta- 
blished not only the chemical reversibility of the V(IV)/V(V) oxidation, 

Figure 12 X-Ray structure of the monoanion [ V(hidpa)2J- 
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- 
-0.5 t0.5 

E (V vs. SCE) 

Figure 13 Cyclic voltammogram recorded at a platinum electrode in a dmso solution 
of [ V ( h i d ~ a ) ~ / ~ -  (after addition of tetraethylammonium hydroxide). Scan 
rate 0.2 v s-’ 

but also its electrochemical reversibility, Figure 13, (Ev(Iv),v(v) = 0.00 V 
in dmso; AEp = 60 mV, at 0.2 V s-l).’’ 

This suggested that the molecular structure of the reduced Amavadin 
complex, [V(h i~da )~]~- ,  should be essentially similar to that of the 
monoanion. Based on the structural data of the related redox couple 
[V ( hida)’] ’-’- (H3hida = N-hydroxyl-2,2’-imino diacetic acid),’l it 
was hypothesised that in the V(IV)/V(V) transformation only the 
V-O(carboxylate) (VO1, V05, V06, VOlO) distances would have been 
altered, while the V-N and V-0 distances (V03 and V08) of the 
hydroxylimine group would have to remain substantially invariant. 

As a matter of fact, the recent solution of the crystal structure of 
reduced Amavadin (as the calcium salt [Ca(H20)5][V(hidpa)2]) fully 
confirmed the prevision in that the V(1V) dianion possesses the same 
geometry of the V(V) monoanion and the bond lengths follow the 
expected trend, Table 5.22 

Table 5 Comparison between the bond distances (in 2) of the 
redox couple [ V ( h i d ~ a ) ~ ] ~ - l -  19322 

Bond [ V(hidpa)d- [ V(hidpa)2I2- 

v-0 1 1.99 2.03 
V-0 5 1.96 2.03 
V-06 1.98 2.04 
v-0 10 1.94 2.07 
V-03 1.93 1.94 
V-08 1.97 1.96 
V-N 1 2.02 2.00 
V-N2 2.00 1.98 
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2 CHROMIUM COMPLEXES 

The commonest oxidation states of chromium in its complexes are I11 
and I1 (electronic configuration d3 and d4, respectively), even if Cr(1)-d5 
complexes are known. 

Cr(II1) complexes, in particular those of the above discussed polypyri- 
dine ligands phen, bipy, terpy usually possess a considerably distorted 
octahedral geometry.23324 As illustrated in Figure 14, [Cr( te r~y)~]~’  
displays four successive reversible one-electron reduction processes.25 

The first three steps have been tentatively assigned to the sequence 
Cr(III)/Cr(II)/Cr(I)/Cr(O), while the fourth has been assigned as ligand 
centred. However, in judging the remarkable redox ability of these comp- 
lexes one must bear in mind the comments made previously concerning 
the reciprocal redox ability of the metal ion and the polypyridine ligands. 

Table 6 compiles the electrode potentials of the chromium complexes 
with phenantroline, bipyridine and terpyridine ligands, r e ~ p e c t i v e l y ~ ~ - ~ ~ .  

It is clear that the Cr(III)/Cr(II) reduction becomes progressively more 
difficult on passing from terpyridine to bipyridine to phenantroline. 

In the absence of crystallographic data one cannot discuss in detail the 
structural variations triggered by these reduction processes, but their 
electrochemical reversibility, or quasireversibility, suggests that there are 
not significant structural rearrangements. 

As a further confirmation of the extended redox aptitude of poly- 
pyridine ligands, Figure 15 shows the cyclic voltammetric behaviour of 
the heteroleptic chromium(II1) complex with 2,2/-6/,”’-6//,2/’’-quaterpyr- 
idine (qpy), together with its molecular structure.28 

W 

(a> 

Figure 14 

E (V vs. Ag/AgCI) 
I I I I I 

-2.0 -1 .o 0.0 

( a )  X-Ray structure oJ [Cr(terpy)2I3+ ([Clod]- counteranion). Average 
Cr-N distance = 2.03 A ;  average N-Cr-N angle = 78.7”. (b )  Cyclic voltam- 
mogram recorded at a dropping mercury electrode in a MeCN solution of 
[ ~ r ( t e r p y / ~ ] [ ~ i ~ ~ ] ~ .  Scan rate 0.1 v s-’ 
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Table 6 Formal electrode potentials ( V  vs. SCE) for  the redox pro- 
cesses exhibited by polypyridine complexes of chromium 

23 1 

Complex E$2+ E,”:,, E?,o Solvent 

[Cr(terpy)2I3 + -0.15 -0.56 -1.33 MeCN 

[Cr(bipy)3I3 + -0.25 -0.75 -1.32 MeCN 

[Cr(phen)3I3 + -0.28 -0.77 -1.33 MeCN 

-0.41 H 2 0  

-0.50 H 2 0  

-0.50 H 2 0  

It undergoes three successive one-electron reductions (EY,o. = 
-0.69 V vs. SCE; E,”)- = -1.14 V; = -1.48 V), all possessing 
features of chemical reversibility. 

The first reduction, which is likely centred on the Cr(II1) - Cr(I1) 
process, has substantial electrochemical reversibility (AEp = 70 mV, at 
0.2 V s-’), thus suggesting that no significant structural rearrangements 
accompany such redox step. Unfortunately, no further investigations 
have been carried out to clarify whether the successive reductions are 
centred on the metal or on the ligand. 

We turn our attention now to a few Cr(II1) complexes with mixed 
ligands. 

Figure 16 shows the octahedral geometry of two chromium complexes 
with N204 coordination. The first with the Schiff base [N,N-ethylene- 
bis(salicy1ideneimine)l + two water molecules, [Cr(salen) (H202)2] + ;29 

the second with two molecules of [2,2’-bipyridine-6-phenolate], [Cr{ 6-(2- 
C6H40)bipy}2]+ .30 

-2.0 -1 .o 

Figure 15 ( a )  Cyclic voltammogram recorded at a platinum electrode in a MeCN 
solution of [Cr(qpy)C12]Cl. Scan rate 0.2 V s-’. ( b )  X-Ray structure of the 
monocation [Cr(qpy)C12/+. Average bond lengths: Cr-CI = 2.28 A“; 
Cr-Nl = Cr- N4 = 2.10 A:  Cr-N2= Cr-N3 = 2.00 A 
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Figure 1 X-Ray structureooR ( a )  [Cr(sa.-n) (H20)2]+. Bond letgths: Cr-N = 2.00 4; 
Cr-01 = 1.92 Ae; Cr-02 = 1.95 A ;  Cr-03 = 2.08 A ;  Cr-04 = 1.92 A ,  
Cl-C2 = 1.52 Am fb) [Cr(hydroxyphenylbpt)2]+. Bond lengths: Cr-N! = 
Cr-N2 = 2.04 A ,  Cr-N3 = Cr-N4 =2.06 A ,  Cr-01 = Cr-02 = 1.89 A 

As illustrated in Figure 17, both complexes display chemically 
reversible Cr"'/Cr" reduction processes ([Cr(~alen)(H~O)~] + l o :  
E"' = - 1.30 V vs. SCE; [Cr(hydr~xyphenylbpy)~] +/O: E"' = - 1 .OO V 
vs. SCE).29y30 

The discussion up to this point might lead one to believe that the 
Cr(III)/Cr(II) redox change is always reversible; this is not really the 
case. The monoanion [Cr"'(salen)(ox)]- (ox = oxalate dianion) illus- 
trated in Figure 18 constitutes an example of such a situation. At variance 
with [Cr (~a len ) (H~O~)~]+ ,  in which the Cr(II1) ion achieves hexacoordi- 
nation through two water oxygen atoms in axial position, here the 
hexacoordination is reached through the two oxalate oxygen atoms in 
equatorial positions.31 

As shown in Figure 19, the Cr"'/Cr" reduction of this complex is 
clearly irre~ersible.~' 

-2.0 "-c-+; -1 .o E (V vs. SCE) 0.0 (bw+o -2.0 E (V vs. -1 .o FclFc+) 

Figure 17 Cyclic voltammograms recorded at a platinum electrode in: ( a )  dmso 
solution of [Cr(salen) (H20)2]C1; scan rate 0.1 V s-'; (b) MeCN solution 
0 f [ C r { 6 - ( 2 - C ~ H ~ O ) b i p y ) ~ I [ P F ~ ] ;  scan rate 0.2 v s-' 
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Y 
Figure 18 X-Ray structurf of [CrIsalen) (o,x)]-. Bond 

0 - 0 2  = 1.99 Ao: Cr-04 = 
Cr-N2 = 2.01 A 

Cr-03 = I .92 A ;  
lengths: Cr-Ol= 2.02 4: 
1.94 A ;  Cr-Nl = 2.03 A: 

A plausible explanation of the observed irreversibility may lie in the 
following. Given that the addition of one electron generates the Cr(I1) 
ion which has a greater ionic radius than the original Cr(II1) (0.89 A vs. 
0.63 A), in those cases (like the original) in which the molecular assembly 
is such that there are severe constraints at the metal site environment, any 
increase in the metal size would result in a rupturing of the molecule. It is 
evident that such a situation will lead to irreversible electron transfers. 

This kind of argument may also be invoked for some Cr(II1)- 
azamacrocyclic complexes. In this regard, it is noted that the macrocycle 
e f ec t  (which is essentially an enhanced chelate e fec t )  stabilizes metal 
ions entrapped in the cavity formed by macrocyclic organic ligands 

E (V vs. SCE) 
I 

0.0 
I 

-1 .o 
I 

-2.0 

Figure 19 Cyclic voltammogram recorded at a platinum electrode in a dmso solution of 
l~r ( sa len ) (ox ) ] - .  Scan rate 0.1 v s-l 
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having N, S or 0 donor atoms. Moreover, one must bear in mind that 
the size of the macrocycle is an important factor in determining the 
coordination selectivity of the metal ions, since the metal ions too have 
well-defined sizes. Hence, the metal ion and the ligand cavity must 
possess complementary sizes. 

The macrocyclic ligand 6,13-diamino-6,13-dimethyl- 1,4,8,11 -tetra- 
azacyclotetradecane (diammac), illustrated in Scheme 5 for the two cis 
and trans conformations, is properly suited to fulfil the requirement of 
six donor atoms to satisfy the Cr(II1) hexacoordination. In fact, in 
addition to the four central N atoms it has two amine groups (a sort of 
head and tail, from which the name scorpiands is given to these ligands). 

trans-diammac 

cis-diammac 

Scheme 5 

As seen, the two isomers result in structurally different metal 
complexes. In fact, in the octahedral trans complex, the two NH2 
groups are positioned axially, whereas in the cis complex the two NH2 
groups are positioned in close proximity imposing a trigonal prismatic 
geometry. 

In fact, Figure 20 shows the crystal structure of the two Cr(II1) 
complexes, 32,33  

In aqueous solution (pH 10) the trans complex displays a Cr(II1) - 
Cr(I1) reduction process (E"' = - 1 S O  V vs. SCE) quasireversible in 
character and complicated by a relatively slow degradation of the 
electrogenerated Cr(I1) complex (AEp = 150 mV and ip,/ipc = 0.7, at 

Conversely, under the same experimental conditions, the cis complex 
undergoes a completely irreversible reduction (Ep = -1.35 V), indicating 
an extreme instability of the corresponding Cr(I1) complex.33 

0.1 v s-1).33 
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X-Ray structures o$ [a )  [Cr(trans-di~mmac)]~+.  Bond lengths: 
Cr-Nl = Cr-N2 = 2.04 A; Cr-N3 = 2.070 A;  ( b )  [Cr(ci~-diammac)]~+.  
Bond nlengths: Cr-Nl 7 Cr-N4 = 2.05 A;  Cr-N3 = Cr-N5 = Cr-N6 4 

2.06 A;  Cr-N2 = 2.07 A 

A possible explanation for the different behaviour could derive from 
the Cr(II1)-hosting cavity being different in the two cases. Recalling that 
the ionic radius of the Cr(I1) ion is much greater than that of the Cr(III), 
one might argue that in the trigonal prismatic cis-diammac complex the 
structural constraints are such that an enlargement of the cavity to host 
the electrogenerated Cr(I1) ion, even for a very short time, is impossible. 
In contrast, this may be allowed, at least in a transient manner, in the 
octahedral trans-diammac complex. 

A further Cr(II1) complex to be considered is that formed by the 
macrobicyclic ligand 1,8-diamino-3,6,10,13,16,19-hexaazabicyclo[6.6.6.] 
eicosane, which is the founder member of a series of 'cage' ligands having 
assigned to them a rather funereal terminology. In fact, in abbreviated 
form it is called diamsar, from diamino-sarcophagine. The octahedral 
geometry of the molecule is illustrated in Figure 21 .34 

AY 
Figure 21 X-Ray structure of [Cr(diamsar)13+. Average Cr-N bond length: 2.07 A" 
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In aqueous solution it exhibits a chemically reversible Cr(II1) - Cr(I1) 
reduction (E" = -1.35 V; AEp = 70 mV, at 0.05 V This 
indicates that, contrary to the previous scorpiands, the sarcophagine 
cavity is sufficiently large (or the molecular structure sufficiently flexible) 
to host the electrogenerated Cr(I1) ion without significant structural 
strains. 

3 MANGANESE COMPLEXES 

The commonest oxidation states of manganese in its complexes are I11 
and I1 (electronic configuration d4 and d5, respectively) but, as will be 
seen later, Mn(1V) (d3) complexes can also be stable. The IV oxidation 
state of manganese complexes though is rather puzzling. In fact, until a 
few years ago it was relatively uncommon in coordination chemistry, 
despite the fact that Mn(1V) complexes are involved in the photosyn- 
thetic oxidation of water and that manganese is present as Mn(1V) in the 
widely diffuse manganese mineral pyrolusite (Mn02). 

We will examine here exclusively octahedral manganese complexes in 
that they have been more extensively characterized. It is noted though 
that there exists a large number of pentucoordinute complexes with 
trigonal bipyramidal or square pyramidal geometry. 

The first manganese complex to be considered is the tris(pyrazoly1)- 
borate-Mn(1V) (d3) dication [Mn(Tp*)2I2', (Tp* = [HB(3,5-Me2pz)J), 
which possesses a N6 coordination, Figure 22.35 

U 

Figure 22 X-Ray  structure of [ M n ( T p * ) J 2 ' .  Average Mn-N bond length: 1.97 2 
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Figure 23 X-Ray structure of [Mn(bipy/3l2+ ([C104]- counteranion). Average Mn-N 
bond length: 2.24 A’ 

The oxidation state of the complex is confirmed as Mn(1V) by the 
value of its magnetic susceptibility (peff = 3.81 p g ) ,  resulting from the d3 
electronic configuration. The complex results easily reducible in that it 
displays in MeCN solution a chemically reversible Mn(IV)/Mn(III) 
reduction at a very high potential (Eo’= + 1.35 V).35 

The Mn(I1) polypyridine complexes [ M n ( ~ h e n ) ~ ] ~  + , [Mn(bi~y)~]’+ 
and [Mn(terpy)’]’+ are further examples of N6 coordination. As an 
example, Figure 23 shows the considerably distorted octahedral structure 
of the [Mn(bipy)3]’+. 36 

[ M n ( ~ h e n ) ~ ] ~  + possesses a similar distorted molecular structure.37 
The [ M n ( b i ~ y ) ~ ] ~ +  complex has peff = 5.98 pug,  whereas the [Mn- 

(terpy)2]2’ complex has peff = 6.02 pB. Both the values indicate an octa- 
hedral geometry with a high spin Mn(I1)-dS electronic configuration. 

All the three polypyridyl complexes display the reversible reduction 
sequence 2 + / + /O. The relative potential values are reported in Table 7. 
As far as the nature of such redox changes is concerned, it is important to 
recall the ambiguity that exists in attributing metal-centred or ligand- 
centred redox processes for metal-polypyridine complexes. 

Table 7 Formal electrode potentials ( V  vs. SCE) for the redox processes 
exhibited by polypyridyl complexes in acetonitrile solution 

Complex E30:/2+ E,”i,+ E& Reference 

[Mn(bipy)3I3 + + 1.36 a -1.36 - 1.54 38 
[Mn(phen)3I3 + + 1.32 a 38 
[Mn(terpy)2I3 + + 1.28 -1.11 - 1.45 39 

a Accompanied by chemical complications (see text). 
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It is worthwhile emphasizing that there are important differences 
between the 2 + /3 + oxidation of the [ M n ( t e r ~ y ) ~ ] ~ +  complex, which is 
reversible on the time scale of cyclic voltammetry, and that of the 
[Mn(~hen)~] '+ and [Mn(bi~y)~]'+ complexes, which is complicated by 
following chemical reactions. A study of these chemical complications 
has shown that oxidation of the [Mn(phen)3I2+ and [ M n ( b i ~ y ) ~ ] ~ +  
complexes leads to the formation of the 0x0-dimers [Mn202(~hen)~]"+ 
and [Mn202(bipy)4]"+ (n = 3, 4), respectively. Figure 24 shows the 
molecular structures of the dimers with n = 3.40,41 

It is interesting to note that these complexes are 'mixed-valent' 
Mn"'Mn'V complexes. Based on the relative structural data [the bond 
distances of the MnA atom are shorter than those of MnB], it has been 
concluded that in [Mn202(b i~y)~]~+  one of the manganese ions is in the 
oxidation state IV [Mn(B)] and the other in the oxidation state I11 
[Mn(A)]. Hence, the complex would have to be classified as a mixed- 
valent derivative with localized charge (Robin-Day Class I). Conversely, 
the two manganese sites are identical in [Mn202(phen)4]"f, from which 
one can infer that the charge is delocalized over the two centres (Robin- 
Day Class 111). 

The two 0x0-dimers have been indicated as [Mn202(~hen)~]"+ and 
[Mn202(bipy)4]n+ (n = 3,4), respectively, because they display reversi- 
bility in the 3 + /4 + redox change (in MeCN: E"' = + 1.34 V, vs, SCE, 
for [Mn202(phen)41 4 + / 3 + ;  E"' = + 1.33 V, for [Mn202(bipy)4]4+i3+).42 
As an example, Figure 25 shows the cyclic voltammetric response of 
[ M r ~ ~ O ~ ( p h e n ) ~ ] ~  + in acetonitrile solution. 

Figure 24 X-Ray structures oJ ( a )  [Mn202(bipy)4]3f .  Average bond lengths: MnA- 
0 = 1.89 A"; MnA-N2 = MnA-N3 = 
2.13 A; MnB-0 = 1.81 A; MnB-N5 = MnB-N8 = 2.01 A"; MnB-N6 = 
MnB-N7 = 2.08 A;. ( b )  [Mnz02(phen)4]3'. Average bond lengths: Mn- 
Nieyuatorial, = 2.11 A"; Mn-NI,,UII = 2.13 A ;  Mn-0 = 1.85 A" 

MnA-NI = MnA-N4 = 2.21 A"; 
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E (V vs. AgIAg’) 

239 

+0.5 +I .5 

Figure 25 Cyclic voltammogram recorded in a MeCN solution of [Mn202(phen/4]3’. 
Scan rate 0.1 v s-l 

It is evident that the 3 + /4 + oxidation is reversible. The molecular 
structure of the tetracation [Mn202(phen)4]4+ has been solved.41 
The coordination geometry around each Mn(1V) site is still virtually 
identical, even if there are significant differences in the bond lengths 
compared to those of the trication [Mn202(pheq)4]3 + (Mn-N(esuatorial) 
= 2.08 A; Mn-N(axial) = 2.01 A; Mn-0 = 1.80 A). 

It is noted that the redox and EPR spectroscopic characteristics of 
these dimeric manganese complexes have led them to acquire some 
importance in the formulation of inorganic models able to mimic the 
manganese centre involved in the photosynthetic oxidation of water 
(discussed in the following section). 

Another octahedral Mn(1V) complex (d3, peff=4.05 p g )  is the 
derivative with the Schiff base 1,8-bis(2-hydroxylbenzammide)-3,6- 
diazaoctane, MnL, with N402 coordination. Its solid state structure is 
shown in Figure 26.43 

This complex in methanol exhibits a chemically reversible, but 
electrochemically quasireversible, reduction ( E O ’  = + 0.01 V; AEp = 100 
mV at 0.1 v s-1).43 

Interesting redox activity is displayed by the N4Cl2 coordinated 
Mn(I1) complex of the macrocycle 4,lO-dimethyl- 1,4,7,1 O-tetraazabicy- 
clo[5.5.2]tetradecane, [MnL’C12], the distorted molecular structure of 
which is illustrated in Figure 27.44 

ation, it has peR= 5.93 p B .  As illustrated in Figure 28, this complex 
displays two reversible one-electron oxidations corresponding to the 
Mn(II)/Mn(III)/Mn(IV) sequence ( E O ’  = + 0.23 V and + 0.99 V vs. SCE, 
respectively). 

In agreement with a high-spin Mn(I1)-d 5 3  (t2geg) 2 electronic configur- 
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Figure 26 X-Ray, structure of complex [oMnL]. Average tond lengths: Mn-Nlamidei = 
1.95 A;  Mn-N(a,,,i,,ej = 2.04 A;  Mn-0 = 1.84 A 

Figure 27 X-Ray, structure of cornelex [MnL'CI2]. Average bond lengths: Mn-N= 
2.32 A;  Mn-CI= 2.43 A 

Reducing further the number of nitrogen atoms in favour of the 
oxygen atoms in the ligand, let us consider the N303-coordinate 
octahedral manganese complex with the tris[2-(salicylideneamino)ethyl]- 
amine ligand N[CH*CH2N = CH-C6H3(Cl)(OH)]3, Figure 29.45 

r 
-0.5 +0.5 +I .5 

E(V vs. NHE) 

Figure 28 Cyclic voltammogram recorded in a MeCN solution of [MnL'Clr] 
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Figure 29 X-Ray structure of [ M n  {N(CH2CH2N = CH-C6Hr5-~l-2-O)3]/.MeOH. 
Average bond lengths: Mn-02 = Mn-03 = 1.90 A;  Mn-NZzMn- 
N3 = 2.04 A; Mn-01 = 2.01 A; Mn-N4 = 2.37 A” 

E (V vs. SCE) 
l ~ l ’ l ~ l ~ l ’ f ’ l ~ l ’ l  

-0.6 -0.2 +0.2 +0.6 +I .o 

Figure 30 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[Mn{N(CH2CH2N = CH-C6Hr5-Cl-2-O)3}] 

The magnetic moment of the complex = 4.82 pB) confirms that it 
is a Mn(II1)-d4 high spin (t&eL) ion. 

As shown in Figure 30, this complex undergoes both a reversible 
oxidation to the corresponding Mn(1V) complex ( E O ’  = + 0.65 V) 
and a reversible reduction to the corresponding Mn(I1) complex 

The next manganese complex to be considered is that with the Schiff 
( E O ’  = -0.13 V). 45 

base ligand shown in Scheme 6. 
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Scheme 6 

The magnetic moment of [Mn(als)2] ( p L , ~ =  3.96 p ~ )  indicates its 
Mn(1V) (d3-t&) oxidation state. The essentially regular octahedral 
geometry of this N204 coordinated complex is illustrated in Figure 3 1 .46 

Figure 31 X-Ray structure o f , [ M n ' " ( a l ~ ) ~ ] .  Bond lengths: Mn-N = 2.00 k: Mn- 
O l i p h e n o l a r e )  = 1.86 A ;  M n - 0 2 i c a r h o x y l a t e )  = 1.91 A 

Such a Mn(1V) complex in methanol undergoes a chemically reversible 
and electrochemically quasireversible one-electron reduction to the 
corresponding Mn(II1) monoanion (E"' = + 0.50 V; AEp = 80 mV, at 
0.05 Vs-'), followed by a second irreversible reduction to Mn(I1) 
(Ep = -0.22 V), Figure 32a. 

I I I I 

-0.4 0.0 +0.4 +0.8 
E (V vs. SCE) 

Figure 32 Cyclic voltammograms recorded at a platinum electrode in a CH3OH solution 
oJ f a )  [Mn'v(als)2]: ( b )  [Mn"'(als)2]-. Scan rate 0.05 V s-' 
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Figure 32b shows that the corresponding Mn(II1) complex, [Mn 
(a l~)~] - ,  gives rise to an electrochemical response quite complementary to 
that of [Mn(al~)~] ,  thus confirming the chemical reversibility of the 
[Mn(al~)~]/[Mn(als)~]- redox change. As a matter of fact the monoanion 
[Mn(al~)~]-  has been isolated and characterized. It has a magnetic 
moment of 4.95 pB, which indicates its high spin configuration (d4-tzg3eg1). 
The X-ray structure reveals that the interatomic distances of this complex 
are on average longer, by about 0.1 A, compared to those of the 
corresponding Mn(1V) complex. In addition the distances between the 
manganese atom and identical bound atoms are not equivalent; so one 
finds: Mn-N = 2.06 A and 1.98 A; Mn-O(,,henolate) = 2.05 A and 1.86 A; 
Mn-O(carboxylate) = 2.24 A and 1.93 

Figure 33 shows the octahedral geometry of the Mn(I1) complex 
with the ligand dithio-methyl-triazene- 1 -oxide, [MeN(O)N-NHC6H4SI2 
(CH2)2. Because of the presence of different N20& chelating atoms the 
complex is considerably di~tor ted.~ '  

In agreement with the high spin configuration (d5-t22e;), this Mn(I1) 
complex has peff = 5.86 pB. In acetonitrile, it exhibits a chemically 
reversible oxidation (E"' = + 0.37 V vs. SCE). The corresponding 
monocation [Mn({MeN(O)N-NC,H4S}2(CH2)2)]+ has been isolated. 
Its magnetic moment (peR = 4.86 pB) indicates a high spin Mn(II1) 
derivative (d4-tZg3eg1). A comparison of the bond lengths of the mono- 
cation with those of the neutral precursor indicates that the electron 
removal causes a shortening of about 0.1 A of the Mn-N and Mn-0 
distances and of about 0.2 A of the Mn-S distances. 

Finally, it is noted that, unexpectedly, the Mn(1V) complex with 
2-hydroxyisobutirric acid, [Mn{ O-C(CH3)2C(0)O}3]2-, having a MnO6 
coordination, Figure 34, is unable of being reduced to Mn(III).49 

MtNYo 

II 
N-NH 

0 

II 
HN-N 

" b  
Figure 33 X-Ray structure of [Mn{MeN(0)N-NC6H4S)2(CH2)2)]. Average bond 

lengths: Mn-0 = 2.12 2; Mn-N = 2.14 A;  Mn-S = 2.70 A 
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Figure 34 X-Ray structure of the dianion [MnJO-C(CH~)2C(OJOlj]2- .  Average bond 
lengths: Mn-Or~y~ro.xol = 1.84 A; Mn-O(carboxy,afeJ = 1.93 A' 

3.1 The Role of Manganese Complexes in Photosynthesis 

A discussion of the redox capacity of manganese complexes cannot 
neglect a short mention of one of the most active areas of research in 
bioinorganic chemistry: the determination of the structure and function 
of the Water Oxidizing Centre (WOC) in photosystem 11 (PSII) .  This is 
the active site responsible for the thermodynamically unfavoured 
oxidation of water to oxygen in photosynthesis. Figure 35 shows a 
schematic representation of the photosynthetic process, a crucial element 
in the exploitation of solar energy enabling the development of life on 
Earth in the form of green plants, algae and some ba~ter ia .~ '  

chloroplast mitochondrion 

PHOTOSYNTHESIS RESPIRATION 

Figure 35 Schematic representation of the bioenergetic mechanisms which govern the life 
cycles in green plants 
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The overall process occurring in photosynthesis is: 

In reality, it results from the following two thermodynamically 

0 oxidation of water to dioxygen: 
12H20 - 6 0 2  + 24H' + 24e- 

0 reduction of carbon dioxide to carbohydrates: 
6C02 + 24H' + 24e- - C6H1206 + 6H20 

As represented in Figure 36, the trigger of these half-reactions is light, 
or photochemical reactions brought on by radiant energy through two 
biological assemblies called photosystem I (PS I) and photosystem II (PS 
II), respectively. 

In particular, as illustrated in Figure 37, the absorption of light by 
chlorophylls (the green pigment of the vegetable kingdom; Scheme 7 )  
triggers a sequence of oxidation-reduction reactions inside the cell 
organelles called chloroplasts making use of a series of electron 
carriers (e.g. cytochromes, iron-sulfur proteins, blue copper proteins, 
etc.; see Chapter 12) that lead to the reduction of CO2 in photo- 
system I (which selectively absorbs electromagnetic radiation of wave- 
length of 700 nm, from which it is also defined as P-700) and 

6C02 + 6H20 - C6HI2O6 + 602 

disfavoured half-reactions: 

Figure 36 A panoramic view of the photosynthetic pathway in green plants 
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the oxidation of water in photosystem 11, (which selectively absorbs 
electromagnetic radiation of wavelength of 680 nm, from which it is 
also defined as P-680). 

H 

Scheme 7 

R - CHI Chlorophyll a 

R = CHO Chlorophyll b 

c =o 
/ 

The present discussion is only concerned with the structure/redox 
capacity of the site responsible for the oxidation of water. The starting 
point is the evidence that the photosynthetic pathway is triggered by 
photooxidation of the chlorophylls in photosystem 11. The need for 
chlorophylls to recover the electrons lost in photooxidation (in order to 
regenerate their ability to absorb light) induces water to undergo 
oxidation, according to: 

2H20 - 0 2 + 4 H + + 4 e -  
The mechanism of simultaneously releasing two electrons per water 

molecule helps Nature to avoid one-electron processes such as: 

H 2 0  - O H ' + H + + e -  

which generate highly reactive OH' radicals seriously detrimental to 
biological systems. 

There is evidence that it is a manganese complex that acts as a mediator 
in supplying the electrons [through the Mn(II)/Mn(III)/Mn(IV) redox 
cycle] necessary to return the photo-oxidized chlorophylls back to their 
reduced state. The manganese centre is able to provide the four electrons 
produced in the oxidation of water in four successive steps. 

The previously discussed mixed-valent Mn(III)/Mn(IV) complexes 
[Mn202(~hen)~]~+  and [Mn2O2(bipy)4I3+, because of their EPR 
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properties and redox capacity, created considerable initial interest in 
their use as models of the manganese complex in WOC. Experimental 
evidence now indicates that the WOC is composed by a tetranuclear 
manganese complex (although it cannot be completely excluded that it 
might consist of two fairly close binuclear complexes or a trinuclear 
complex in the proximity of a mononuclear complex). In this regard, the 
most significant structural information on the photosynthetic enzyme 
(which resides in the thylakoid membrane of chloroplasts) has been 
obtained by EXAFS measurementsSla and by X-ray ~rystal lography.~~ 
These studies indicate that the active site would be formed by a cluster of 
four manganese atoms with Mn-Mn interatomic distances varying from 
2.7 A to 3.0 A, respectively, Scheme 8. 

Mn 

2.7 .& \ 7.; 2.7Ym 2.7A Mn 
Mn Mn 

3.3 A Mn 

Scheme 8 

This means that each manganese atom would have to be surrounded 
by carboxylate or phenolate oxygen atoms, in that, among the known 
Mn-Mn interatomic distances, a distance of 2.7 A is found in p2-0x0- 
dimers. On this basis, possible structural models are illustrated in 
Figure 38.s2 

Based on photochemical experiments, it is believed that dioxygen is 
produced in photosystem I1 by a stepwise process which passes through 
five intermediate states, so-called ‘S-states’ of the Kok cycle, which are 
accessed through successive absorptions of photons. The picture of the 

Figure 38 Structural models of the manganese complex which constitutes the active site 
responsible f o r  the water oxidation in WOC 
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Figure 39 Schematic representation of the S-state cycle operating in the water oxidation 
process of photosynthesis together with the oxidation states of the manganese 
atoms o f t h e  Mn4 cluster in the different S-states 

experimental data is completed by the XANES and EPR results on the 
oxidation states of the various S-states, Figure 39.52a,53 

The So and S1  states are completely stable, S2 and S3 have half-lives of 
about a minute and S4 is extremely unstable with a life-time of about one 
microsecond. 

The presence of Ca2+ and C1- ions also plays a fundamental role in 
the oxidation of water. 

Despite these extensive experimental studies, the precise mechanism 
by which water is oxidized to molecular oxygen has not yet been clarified. 
It is evident, however, that during the catalytic cycle two water molecules 
must be brought close enough together to form an 0-0 bond. A number 
of synthetic models have been proposed to mimic such a catalytic cycle;54 
one of the most useful is perhaps represented by the Ru(II1) 0x0-dimer 
[(bipy)2(H20)Ru-O-Ru(H20)(bipy)2]4f (bipy = 2,2'-bipyridine), the 
molecular structure of which is shown in Figure 40.55 

The two water molecules appear to be fairly close (Ow. . .Ow = 4.7 A). 
In fact, by oxidizing aqueous solutions of this compound with Ce(1V) 

salts, molecular oxygen is developed. 
Figure 41 shows that in acid solution this tetracation undergoes a first 

reversible oxidation RU"'RU"'/RU"'RU'~ (EO' = + 0.79 V), followed by 
a second three-electron process (EO' = + 1.22 V). 

This behaviour does not allow the catalytic processes of water 
oxidation to be detected on the time scale of cyclic voltammetry. 
However, during exhaustive electrolysis at the potential of the second 
process (E,  = + 1.38 V), catalytic generation of gaseous oxygen is 
observed with restoration of the original complex.55 
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Figure 40 X-Ray structure of the tetracation [{R~(bipy)~(~H~O)}~Oj~+. Average 
bond lengths: Ru-N = 2.06 A ;  R U - O ~ , ~ , ~ ~ ~ ~  = 2.14 A ;  Ru-Oioxoi = 1.87 A 

r I I I I 1 1 I I 1 I 

+0.5 +I .o +I .5 
E (V vs. SCE) 

Figure 41 Cyclic voltammogram recorded at a glassy carbon electrode in a aqueous solu- 
tion (CF3SO3H 0.1 M )  of [ { R ~ ( b i p y ) ~ ( H ~ 0 ) } ~ 0 / ~ + .  Scan rate 0.05 V s-' 

A plausible mechanism suggests that the second oxidation process 
converts the two closely positioned water molecules, intuitively an 
important structural observation, into 0x0 ligands (by deprotonation). 
This is followed by formation of the 0-0 bond and the development of 
molecular oxygen, with the concomitant coordination of new water 
molecules regenerating the original ~omplex: '~  

-e 
[( b i ~ y ) ~  Ru"' -0 - R ~ " ~ ( b i p y ) ~ ] ~ +  a [ ( b i ~ y ) ~  Ru"' -0- Ru"   bib^)^]^' 

I I +e I I 
H20 OH2 H2O OH2 

-3e -4Hf 

I1 

I + 2H20 

[( bipy)2RuV-O- RuV(biby),l4+ 

0 
- 0 2  I1 

0 
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3.2 Tetranuclear Manganese Complexes Modelling the Photosynthetic 
Water Oxidation Site 

The search for inorganic compounds that can act as model systems of 
the tetranuclear manganese centre of photosystem 11, responsible for 
the oxidation of water, has led to the characterization of a number of 
complexes of diverse nature and geometry. 

The observed geometric arrangements of the four manganese atoms 
can be classified as follows: 

a) diamantoidal d) butterfly 
b) cuboidal e) linear chain 
c) planar f) layered 

Discussion of these derivatives is limited to those that have also been 
electrochemically characterized. 

25 1 

3.2.1 Derivatives of Diamantoidal Geometry. Figure 42 shows the 
tetrahedral (diamantoidal) geometry assumed by the four manganese 
atoms in complex [ M ~ ~ ~ O ~ ( t a c n ) ~ ] ~ +  (tacn = 1,4,7-triazacyclononane), 
which was the first tetranuclear manganese complex to be structurally 
~ h a r a c t e r i z e d . ~ ~ , ~ ~  

The oxidation state of the tetramanganese cluster, having octahedral 
geometry and N303 coordination, is Mn41V. Electrochemical investi- 
gation shows that the complex undergoes a reversible oxidation 
(Mn41V -, Mn31vMnv: E"' = + 1.32 V vs. SCE) and a reversible reduc- 
tion (Mn4IV+ Mn3'vMn"': E"' = -0.68 V).58 

In confirmation of the redox aptitude of the diamantoidal derivatives, 
the complex [ M ~ ~ ~ O ~ ( b p e a ) ~ ] ~  + (bpea = N,N-bis(2-pyridylmethyl)ethy- 
lamine), Figure 43a,58 displays in acetonitrile solution a reversible one- 
electron reduction Mn:V + Mn3'VMn"' (E"' = + 0.10 V), followed by 

Figure 42 X-Ray structure of the tetracation [Mn406(tacn)4]4f  yith the relevant 
interatomic distances. Average Mn. . .Mn distance = 3.22 A 
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-0.8 -0.4 0.0 +0.4 

Figure 43 X-Ray structure ( a )  and cyclic voltammogram in MeCN solution ( b )  of the 
tetracation [Mn40b(bpea)4]4c 

an ill-defined further reduction (E,, = -0.65 V), which causes framework 
destruction, Figure 43b. 

The corresponding trication [ M ~ ~ ~ O ~ ( b p e a ) ~ ] ~  + has been isolated and 
crystallographically ~harac te r ized .~~ It maintains the original diamantoi- 
dal geometry, but some significant variation in bond lengths is 
observed for the apical manganese atom (Mn-N1 = 2.13 A; Mn- 
N2 = 2.13 A; Mn-N3 = 2.30 A; Mn-01 = 1.87 A; Mn-02 = 1.81 A; 
Mn-03 = 1.8 1 A), to which the redox change MnIV -, Mn"' is assigned. 

3.2.2 Derivatives of Cuboidal Geometry. Since a few cuboidal Mn4 
complexes did not display any redox it was thought that the 
cuboidal clustering of Mn atoms might lead to redox inactivity. 
However, the Mn31'1Mn'V complex [Mn403C1(02CMe)3(dbm)3] (dbm 
= dibenzoylmethane), the molecular structure of which is reported in 
Figure 44,62 proved to be redox active. 

Figure 45 shows that in dichloromethane solution, this complex 
displays both a reversible oxidation process CEO")+ = 1.14 V vs. Fc/Fc+) 
and a reversible reduction (E;'- = -0.25 V) (in turn followed by a 
further irreversible step), accor 8. ing to the sequence:62 

-e -e 

+e +e 
Mn~llMn~v=Mn:llMnlV =Mni1' 

Similar cuboidal geometries and redox behaviour are displayed by the 
members of the series Mn403X(02CR)3(dbm)3 [X = 02CR (R = Me, 
Ph), OMe, OH].63364 
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Figure 44 X-Ray structure of [Mn403C1(02C~Mel,(dbm)3]. Interatopic distances: 
M n l . .  . v n 2  = Mnl .  . .Mn3 = 2.?0 A ;  M n l .  . .Mn4 = 2.79 A ;  Mn2, . .Mn4 
= 3.24 A ;  Mn2. . .Mn3 = 3.35 A ;  Mn3, . .Mn4 = 3.26 A 

-0.18 

-0.34 
E (V vs. Fc/Fc+) 

I I I I I 
-2.0 -0.4 +I .2 

Figure 45 Cyclic voltammogram recorded at a glassy carbon electrode in a CH2C12 
solution of [Mn4O3Cl(O2cMe)3(dbm)3]. Scan rate 0.1 V s-l 

As a further confirmation that cuboidal tetramanganese complexes 
can be redox active, the phosphinate derivative [Mn404(02PPh2)6] 
illustrated in Figure 46 displays in dichloromethane solution a 
quasireversible Mn2II1Mn2IV+ Mn111Mn31V oxidation ( E O '  = + 1.08 V 
vs. SCE).65 

3.2.3 Derivatives of Planar Geometry. The first planar tetraman- 
ganese derivative that we will consider is [Mn402(02CMe)6(bipy)2]. 
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0 0 

Figure46 X-Ra~'structureof[Mn~O~(O~PPh~)~].Mn~ , .Mn = 2.91 i ; M n - O  = 1.92 A" 

The molecular structure of the Mn2"Mn2"' complex is illustrated in 
Figure 47.61 

Within the central Mn4O2 unit the Mn4 group is rigorously planar, 
whereas the two triply bridging oxygen atoms 0 1  lie one above and one 
below the Mn4 plane. A Mn2"Mn2"' oxidation state has been assigned to 
the Mn4 cluster. 

In dichloromethane solution this complex displays a reversible one- 
electron oxidation to the corresponding Mn"Mn3"' monocation 
( E O '  = +0.42 V vs. SCE).61366 

A quite similar structural Mn402 assembly is present in the 
salicylaldiminate dication [Mn402{ N(CH2CH2=NCHC6H40)3}2]2 + , 
Figure 48.67 

Figure 41 X-ray structure of ~ [ M n 4 0 2 ( 0 2 C M e ) s ( b ~ y ) 2 ] .  Interatomic disbances: 
M n l . .  .Mn3 = 2.78 A ;  M n l . .  .Mn2 = 3.29 A ;  M n l .  . .Mn4 = 3.48 A 
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Figure 48 X-ray structure of [Mn402{N(gH2CH,N= CHCbH40)3]2 f 2 + .  Interatomic 
distances: Mnl .  . .Mn2 = 3.00 A ;  Mn2. . .Mn4 = 2.91 A 

The present Mn4"' complex displays in acetonitrile solution two 
quasireversible one-electron oxidations (Mn;" - Mn3111Mn'V - Mn2'11 
Mn2IV; Eo'= +0.82 V vs. SCE, and +0.98 V, respectively) and two 
quasireversible one-electron reduction (Mn4"' - Mn3"' 
Mn" - Mn2'"Mn2"; E"' = + 0.03 V and -0.20 V, re~pectively).~~ 

A last electrochemically active planar derivative is the Mn4'" complex 
[Mn402(02CMe)6(dbm)2(py)2] (dbm = dibenzoylmethane monoanion) 
shown in Figure 49.64368 

In acetonitrile solution this complex displays a one-electron oxidation 
(EO' = + 0.99 V vs. SCE), that is chemically reversible on the cyclic 
voltammogram time scale. However, exhaustive oxidation produces the 
Mn3"'Mn1" derivative [Mn403(02CMe)4(dbm)3], which, as previously 
mentioned, possesses a cuboidal geometry. The conversion mechanism is 

Figure 49 X-Ray structure of [$fn402(02CMe)s(dbmd2(py)2]. Interatomic distances: 
Mn2. .Mn4 = 2.87 A ;  Mn2. .  .Mnl=  3.31 A; Mn2. .  ,Mn3 = 3.40 A 
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probably due to the presence of a small amount of water that triggers the 
decomposition of the monocation [Mn4O2(02CMe)6(dbm>2(py)2] . 
This example thus shows how a change in the oxidation state of these 
tetranuclear complexes make them extremely reactive, such to induce 
changes in their molecular geometry. 

+ 64,69 

3.2.4 Derivatives of Butterfly Geometry. The molecular structure of 
the monocation [Mn402(02CMe)7(bipy)2] + is illustrated in Figure 50.66 
The Mn4 group has been assigned a Mn:" oxidation state and assumes a 
butterfly geometry, in which the atoms Mnl and Mn3 form the 'body', 
while Mn2 and Mn4 are positioned at the tips of the 'wings'. 

The electrochemical behaviour of this acetato complex has not been 
reported, but the analogous benzoato derivative [Mn402(02CPh)7 
( b i ~ y ) ~ ]  +- in dichloromethane solution displays a quasireversible one- 
electron reduction to the corresponding neutral derivative Mn"Mn3"' 
(EO' = + 0.28 V vs. SCE) and a quasireversible one-electron oxidation to 
the corresponding dication Mn3111Mn'V ( E O '  = + 1.34 V).66 

A butterfly geometry quite similar to that of the preceding monoca- 
tions [Mn402(02CR)7(bipy)2] + is possessed by a series of Mn4"' 
monoanions with different chelating ligand [Mn402(02CR)7(che1)2]- 
[chel = dbm,64 pic (picolinic acid m~noanion) ,~ '  dpm (dipivaloyl- 
methane m ~ n o a n i o n ) ] . ~ ~  In these cases too the oxidation state of the 
tetramanganese cluster is assigned as Mn41r1. Figure 51 shows the 
molecular structure of [Mn402(02CMe)7(pic)2]-. 

Figure 52 shows that the benzoato derivative [Mn4O2 (02CPh)7 
(pic)2]- undergoes a Mn4'11/Mn3111Mn1V oxidation (EO' = + 0.54 V vs. 
Fc/Fc+)~' having features of chemical reversibility (the same behaviour is 

9 

Figure 50 X-Ray structure of the monocation [Mn402(02CMe)  7 ( b i p ~ / 2 ]  i. Interatomic 
distances: Mnl .  . .Mn3 = 2.85 A"; Mn l ,  . ,Mn2 = 3.31 A ;  M n l ,  . ,Mn4 = 
3.38 A": Mn3. . .Mn4 = 3.30 A" 
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Figure 51 X-Ray structure of the monoani<n [Mn402(02CMe) 7(pic)2]-, Interatomic 
distanges: Mnl .  . .Mn3 = 2.<4 A ;  Mnl .  . .Mn2 = 3,31 A ;  Mnl .  . .Mn4 = 
3.39 A ;  Mn3. . .Mn4 = 3.31 A ;  Mn2. . ~ M n 3  = 3.41 A 

l I l l l l  
-1.0 0.0 t1.0 -1 0 -05 00 to5 

Figure 52 Cyclic voltammograms recorded at a glassy carbon electrode in: (a )  a CH2Cl2 
solution of [Mn402(O2CPh),(pic)2]-; ( b )  a MeCN solution of [Mn402 
(O*CPh),(dbm)2]-. Scan rate 0.1 V s-' 

exhibited by [Mn402(02CPh)7(dpm)2]- (E"-;o = + 0.66 V)71), whereas 
the related derivative [Mn402(02CPh)7 (dbm)2]- undergoes the two 
oxidations Mn411'/Mn31''Mn'V (EO' = + 0.47 V) and Mn3111Mn1V/ 
Mn2111Mn21V (EO' = + 1.17 V), which, however, look partially chemically 
reversible. 

It is interesting to note that also in the latter case exhaustive 
electrolysis at the potential of the first oxidation generates the previously 
discussed Mn31'IMnTV cuboidal [Mn403(02CPh)4(dbm)3] d e r i ~ a t i v e . ~ ~ , ~ '  

As discussed previously for the case of the planar-to-cuboidal struc- 
tural reorganization [Mn402(02CMe)6(dbm)2(py),]/[Mn403(02CMe)4 
(dbm)3], it is thought that also in the present butterfly-to-cuboidal 
reorganization [Mn40~(02CPh)7(dbm)2]-/[Mn40~(O~CPh)4(dbm)3] the 
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presence of traces of water might trigger the conversion of the 
electrogenerated [Mn402(02CPh)7(dbm)2] to [Mn403(02CPh)4(dbm)3], 
thus leading to an enrichment of the oxygen content of the central unit 
from Mn4O2 to Mn403. 

In the attempt to approach the chemical components of the biological 
functions better than bypyridine-based [Mn402(02CR)7(bipy)2] + or 
picolinate-based [Mn402(02CR)7(pic)2]- complexes, imidazole-carboxy- 
late complexes have been prepared. [Mn402(02CPh)7(imidac)2]- 
(imidac = 4-imidazoleacetate) possesses a butterfly geometry, but its 
redox ability is very poor (in MeCN it gives rise to a partially chemically 
reversible Mn4'11/Mn311'Mn'V oxidation at Eo' = + 0.60 V vs. SCE).72 

3.2.5 Derivatives of Linear Chain Geometry. The molecular structure 
of complex [Mn40(tpdp)2(02CMe)2(H20)2I4+ (Htpdp = N,N,N',N'- 
tetrakis(2-pyridyl-methyl)-2-hydroxylpropane-1,3-diamine) is shown in 
Figure 53.73,74 

The complex can be viewed as a dimer of Mn"Mn"' dimers joined by a 
single oxygen bridge, with the four manganese atoms assuming a chain 
disposition. It is interesting to note the presence of two coordinated 
water molecules (OI), even if their positions at opposite ends prevent any 
possible mutual interaction to form an 0-0 bond able to lead to the 
development of dioxygen. 

Figure 54 shows that the complex undergoes three separate, relatively 
poorly defined, one-electron oxidations (E" = + 0.83V, + 1.05 V and 
+ 1.35 V, re~pectively).~~ 

Closely related to this complex is the trication [Mn40,( t~dp)~ 
(CF3S03)2(H20)2I3+, whose crystal structure is illustrated in Figure 55.75 

In this case too the chain is formed by a dimer of dimers with a double 
oxygen bridge. The overall oxidation state is Mn2'1Mn1''Mn'V. There are 

Figure 53 X-Ray structure of the tetracation [ M n 4 0 ( t p d p ) 2 ( 0 2 C M e ) 2 ~ H 2 0 ) 2 ] 4 ~ .  
Interatomic distances: M n l .  , .Mn2 = 3.69 A ;  Mn2. . .Mn2' = 3.53 A 
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C0.7  +I .o +1:3 +I .6 

Figure 54 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[Mn40(tpdp)2(02CMe)2(H20)2]4+. Scan rate 0.05 V s-’ 

Figure 55 X-Ray structure of the trication [Mn40~(tpdp)2(CF3S03)2(H20)2]~~. 
Interatomic distances: Mnl .  . .Mn2 = 3.87 A: Mnl .  . ,Mnl’ = 2.72 A 

two coordinated water molecules (01)  in this complex which, although 
they are positioned distant from each other, might interact (via hydrogen 
bonds) with the bridging oxygen atoms (02)  to form an 0-0 bond. 

In MeCN solution the complex displays both a quasireversible one- 
electron oxidation (Eo’= +0.87 V vs. SCE) and a quasireversible 
one-electron reduction ( E O ’  = + 0.36 V).75 

The complex in which two molecules of trifluoromethanesulfonate 
of the preceding compound have been substituted by two molecules of 
water, namely [Mn402(tpdp)2(H20)4]5+, has an analogous crystal 
structure,76 and analogously exhibits a quasireversible one-electron 
oxidation ( E O ’  = + 0.93 V vs. SCE) and a quasireversible one-electron 
reduction (EO’ = + 0.39 V).76 

Other linear tetramanganese complexes have been crystallographically 
chara~terized~~-~’,  but they do not display a significant redox activity. 
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H p  salmphen 

Figure 56 X-Ray structure of the tetracation [Mn4(salvphen)6]. Interatomic distances: 
Mnl .  . .Mn2 = 7.27 A'; M n l . ,  .Mn4= 7.52 A 

To conclude the present section, it is noted that closed-chain Mn4 
complexes have been also prepared. This is, for example, the case of 
[Mn404(tpdp)2]4+ (the electrochemical behaviour of which has not been 
examined)'l or that of [Mn4"'(~almphen)~], (salmphen = N,M-disalicy- 
lidene- 1,3-diaminobenzene), Figure 56.82 

In CH2C12 solution the last complex displays a partially chemically 
reversible one-electron oxidation (I?''= +0.81 V vs. SCE) and a 
quasireversible one-electron reduction.82 

3.2.6 Derivatives of Layered Geometry. The definition of 'layered' 
geometry can be made clearer by considering the molecular structure of 
the tetracation [Mn404(tmpd)2(H20)2]4+, Figure 57.83 The Htmpd 

Figure 57 X-Ray structure of the tetracation [Mn404( tmdp)z(H~O)2]41.  Interatomic 
distances: Mnl .  . .Mn2 = 2.64 A; M n l .  . .Mn4 = 5.86 A 
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ligand (1,5-bis[bis(2-pyridylmethyl)arnine]-3-pentanol) is strictly related 
to the Htpdp ligand discussed in the previous section. 

It is evident that the four manganese atoms assume a two-by-two 
disposition in the two layers formed by the atoms of manganese and 
oxygen. The most important structural aspect of this Mn;1'Mn2'V 
cluster is, as already discussed, the relative proximity of the two 
coordinated water molecules (OW, OW/). 

It has been briefly reported that in acetonitrile this complex exhibits a 
first reversible one-electron oxidation process (E"' = + 1.0 V vs. SCE), 
corresponding to the transformation Mn2111Mn21V/Mn111Mn31v, and a 
second irreversible process (Ep = + 1.2 V).83 

A higher redox aptitude characterizes the Mn:" complex with 1,5- 
bis(salicylideneammino)-3-pentanol (H3L), Figure 58.84 

Also in this case each couple of Mn202 sheets lies on separated layers. 
As illustrated in Figure 59, it undergoes in methanol solution two 

subsequent two-electron reductions (Mn4"' - Mn211'Mn211, E"' = + 0.00 
V and Mn2IIIMn;I- Mn211Mn211, E"' = -0.39 V (vs. SCE), respectively) 
and a one-electron oxidation (Mn:" + Mn3111MnIV, E"' = + 0.3 1 V), 

Q 

Figure 58 X-Ray structure of [Mn402(L)2(CH3C02)2/ .  Interatomic distances: 
Mnl .  . .Mn2 = 2.93 2; M n l .  . .Mn4 = 3.12 A ;  Mn2. . .Mn4 = 2.87 2 

H0 -1.0 -0.5 0.0 E (V 0.5 vs. AgIAgCI) 1 .o 

Figure 59 Cyclic voltammogram recorded at a glassy carbon electrode in a CHjOH 
solution of [Mn402(L)2(CH3C02)2].  Scan rate 0.1 V s-' 
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only the first reduction and the oxidation processes showing features of 
chemical re~ers ib i l i ty .~~ 

3.3 The Role of Manganese Complexes in Material Science 

Having dealt with cuboidal Mn403 carboxylate complexes, we briefly 
mention here a few related Mn12012(02CR)16 complexes which behave 
as nanoscale magnets, or single-molecule magnets. The term derives from 
the fact that the magnetic properties of this kind of derivative are due to 
individual molecules which possess enough spin and magnetoanisotropy 
to function as a magnet, rather than, as commonly happens, from 
mutual interactions between molecules in the bulk material. In fact, 
below a critical temperature each molecule behaves as a magnet, and 
under an applied external field its spin becomes 'up' or 'down' oriented 
along its axial magnetoanisotropy axis.85 

Figure 60 shows the molecular structure of [ M ~ ~ ~ O I ~ ( O ~ C R ) ~ ~ ( H ~ O ) ~ I  
(R = Ph).86 It consists of a central cuboidal core [Mn1V404]8-t rounded 
by a non-planar ring of eight Mn"' atoms connected to the cubane core 
by eight triply-bridging 02- ions. 

As illustrated in Figure 61, this complex gives rise to a series of one- 
electron transfers: namely one oxidation (E;j+ = +0.79 V vs. Fc/Fc+; 
AE, = 160 mV at 0.1 V s-') and two successive reductions having 
features of chemical reversibility, but electrochemical quasireversibility 
(Eij- = +0.10 V, AEp= 170 mV at 0.1 V s-'; E?,2-= -0.24 V, 
AEp = 320 mV at 0.1 V s-') followed by a third irreversible reduction 
(E, -0.85 V).87 

Figure 60 A'-Ray structure of [Mn12012(02CPh)16(H20)4]. Interatomic $stances in 
the centval cubane: MnrVI. . .MnrV3 Mn"2. . .MnTV4 = 2.99 A ;  MnrVI. . . 
Mn"2 MnTVI. . .Mnry4 MnrV2; . .Mn"3 Mn"3. . .MnrV4 = 2.83 A; 
MnrV-O = fro,m 1.89 A to 1.99 A .  Other average distances: Mn". . . 
Mn"'= 2.80 A;  Mn"'. . .Mn"'= 3.35 A 
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Figure 61 Cyclic voltammogram recorded at a glassy carbon electrode in a CH2C12 
solution of ( M ~ I ~ O I ~ ( O ~ C P ~ ) I ~ ( H ~ O ) ~ I  

The related anions [Mn12012(02CR)16(H20)4]- (R = Et 87a, 

C6F587b) and [Mn12012(02CR)16(H20)4]2- (R = CHC12)88) have been 
isolated. Such redox derivatives maintain the overall geometrical 
assembly of the neutral precursor, but, based on the Mn-0 distances, 
it is thought that the added electrons enter the outer manganese sites 
affording the MnI1MnrIr7MnrV4 and Mn112Mn"16Mn1V4 assemblies, 
respectively. 

Studies devoted to create high-density molecular memory devices 
(ideally, it is hoped to find materials in which each bit of digital 
information might be stored on a single molecule) are very active89 and 
larger manganesexarboxylate assemblies have been obtained (up to 
Mn30).90 

4 IRON COMPLEXES 

The commonest oxidation states of iron in its complexes are I1 and I11 
(electronic configuration d6 and d5, respectively), but, as we shall see, the 
I and IV oxidation states are also accessible. 

Stated that in the vast majority of cases, the Fe(III)/Fe(II) process is 
chemically reversible, we begin the survey of these two oxidation states of 
iron with tetracoordinated complexes. 

Figure 62 shows the molecular structure of the tetrahedral Fe(I1) 
complex [FeC14]2-.91 

Tetrachloroferrates(I1) are high spin (d6-e3t23, four unpaired elec- 
trons). For example, the derivative [H-TMPPI2[Fe"Cl4] (H-TMPP = 
protonated tris(2,4,6-trimethoxylphenyl)phosphine) has magnetic 
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Figure 62 X-Ray structure of the dianion 

susceptibility peff = 5.29 These derivatives undergo an easy 
oxidation to the corresponding Fe(II1) derivatives. For example, 
[H-TMPPI2[Fe"Cl4] in dichloromethane solution is reversibly oxidized 
to the corresponding tetrachloroferrate(II1) at a potential value of 
E"' = -0.03 V (vs. SCE).92 Tetrachloroferrates(II1) maintain the 
tetrahedral geometry of tetrachloroferrates(II), the electron removal 
[Fe"C14]2-/[Fe"'C14]- causing a significant shortening of the Fe-C1 
distances, in that the averaged Fe-C1 bond length shortens by about 0.1 

Tetrachloroferrates(II1) are high spin complexes too (d -e t2 , five 
unpaired electrons). For example, [H-TMPP][Fe1"C14] has peff = 

The tetracoordinated complexes of iron can also assume planar (or 
pseudoplanar) geometry. Typical examples are the Fe(I1) complexes of 
the already discussed Schiff bases N,N'-ethylenebis(salicylideneimine), 
salen, and N,N'-disalicylidene-o-phenylenediamine, saloph. 

Figure 63 shows the cyclic voltammetric profiles exhibited in dmso 
solution by [Fe"'(salen)] + and [Fe"(saloph)], r e ~ p e c t i v e l y . ~ ~ , ~ ~  

[Fe"saloph] undergoes a one-electron oxidation ( E O '  = -0.28 V), 
whereas [Fe"'(salen)] + undergoes a one-electron reduction ( E O '  = 
-0.33 V). In both cases the Fe(III)/Fe(II) process is chemically and 
electrochemically reversible (ip(reverse)/ip(forward) = 1 ; AEp = 60 mV, at 
0.2 V s-'). Therefore, one may reasonably expect that the corresponding 
[Fe"'(saloph)] + and [Fe"(salen)] congeners maintain the initial planar 
geometry. 

There are numerous iron(I1) pentacoordinate complexes. An 
example is constituted by [Fe(saldpt)], the N302 coordinated iron(I1) 
complex of the Schiff base bis(salicyldeneaminate-3-propyl)amine, 
Scheme 9. 

Ae92,93 

5 2 3  

6.1 1 pB.92 
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Figure 63 Cyclic voltammograms recorded at a platinum electrode in dmso solution 08 
( a )  [Fe"'(salen)]+; ( b )  [Fe"(saloph)]. Scan rate 0.2 V s-' 

'-v [Fe (SALDPT)] 

H 

Scheme 9 

It has a magnetic moment of 5.22 pB, which testifies a high spin (d6-e/I3 
e12a; ', four unpaired electrons) complex. [Fe(saldpt)] in dmso solution 
also displays a reversible Fe(II)/Fe(III) oxidation ( E O '  = -0.29 V).96 

A further example of pentacoordinate iron complexes is constituted 
by [FeLC12] (L = 2,6-diacetylpyridinebis(2,6-diisopropylanil)), the (dis- 
torted) square pyramidal structure of which is illustrated in Figure 64.97 

Also in this case, its high spin nature is revealed by the magnetic 
moment: 5.34 pB (Fe(I1) d6-e"3e/2a;1, four unpaired electrons). 

V 

Figure 64 X-Ray structure of [FeLC12]. Bond lengths: Fe-NI = 2.09 d; Fe-N2 = 
2.24 A"; Fe-N3 = 2.25 d; Fe-C12 = 2.27 d; Fe-CI1 = 2.31 d 
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Figure 65 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
[FerrLC12]. Scan rate 0.2 V s-' 

As illustrated in Figure 65, such a complex undergoes a chemically 
reversible Fe"/Fe"' oxidation (in the long times of macro electrolysis the 
original blue solution turns red) and an irreversible reduction. As we 
will discuss in Chapter 6, Section 5 ,  this latter process is probably 
ligand-centred. 

Another important class of iron compounds is that of the tetra- 
azamacrocycle ligands. As a typical example we can cite the Fe(I1) 
complexes of the 14-membered macrocycles illustrated in Scheme 10, 
which have different degrees of unsaturation. 

Me,[14]aneN4 Me6[14]aneN4 [14]4,1 1-dieneN4 [14]1,4,1 I-trieneN4 [14]1 ,3,8-trieneN4 

(1411 ,3,8,10-tetraeneN4 [I411 ,3,7,10-tetraeneN4 [14]1,4,8,1 I-tetraeneN4 [14]1,3,7,1 I-tetraeneN4 

Scheme 10 

These Fe(I1) complexes are low spin (d6-t2g6), as deducible from their 
negligible magnetic moment ( p e E  = 0.5 pug). In acetonitrile solution they 
display a chemically reversible Fe(II)/Fe(III) oxidation. It must be taken 
into account that in acetonitrile solution they possess an octahedral 
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Formal electrode potentials ( V  vs. SCE) for  the redox processes exhi- 
bited by the tetraazamacrocycle-Fe(II) complexes in MeCN solution 

[Fe(Me2[ 14]aneN4)I2+ 
[Fe(Me6[ 14]aneN4)I2+ 
[Fe([ 14]4,1 l-dieneN4)I2 + 

[Fe([ 141 1,4,1 l-trieneN4)I2 + 

[Fe([ 141 1 ,3,8-trieneN4)I2 + 

[Fe([ 14]1,4,8,1 1-tetraeneN4)l2' 
[Fe([ 141 1,3,7,1 1-tetraeneN4)l2+ 
[Fe([ 1411 ,3,7,10-tetraeneN4)I2+ 
[Fe( [ 141 1,3,8,1 O-tetraeneN4)I2 + 

+0.61 
+ 0.72 
+ 0.78 
+ 0.85 
+ 1.10 
+ 0.93 
+ 1.06 
+ 1.16 
+ 1.23 

geometry, in that the central Fe(I1) ion, in addition to the four planar 
nitrogen atoms of the macrocycle, coordinates two acetonitrile molecules 
in axial positions as the synthesis reagent is [Fe(NCMe),12+. Their redox 
potentials are compiled in Table Se9* 

It is evident that the oxidation process becomes more and more 
difficult with the increase of the macrocycle unsaturation. 

It is however important to note that those complexes which have 
conjugated diimine groups in the macrocycle also display a reversible 
Fe(II)/Fe(I) reduction. This is for example the case of [Fe([14]1,3,8,10- 
tetraeneN4)I2+. The formation of an unusually stable low spin Fe(1) 

spectroscopy and by its magnetic moment ( p e ~  = 2.3 , ~ - l g ) . ~ ~  

Surprisingly, on reacting [Fe(NCMe)6]2 + with unsaturated tetraaza- 
macrocycles similar to those described above, but containing 15 or 16 
atoms in the ring, the two axially positioned acetonitrile molecules from 
the reagent become electrophilically bound to the apical carbon atom of 
the macrocycle giving rise to new, low spin, bis(macrocyc1e)hexadentate 
Fe(I1) complexes, Scheme 1 1. 

complex (d 7 6  -t2geg, 1 one unpaired electron) is revealed both by EPR 

Scheme 11 

The octahedral geometry of one of these complexes, the cis-[(3,11- 
bis( l-iminoethyl-2,12-dimethyl-l,5,9,13-tetracyclohexadecane-l,3,9,11- 
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Figure 66 X-Ray structure of ~is-[Fe(Me~IE~[l6]te,traeneN~]~+ ( [PFJ  counter- 
anion). Average Fe-N bond length = 1.95 A 

tetraenelFe(I1) dication (cis-[Fe(Me41E2[ 16]tetraeneN4I2+) is illustrated 
in Figure 66.'00,'0' 

In acetonitrile solution these complexes also display a reversible 
Fe(II)/Fe(III) oxidation. For example, in the case of cis-[Fe(Me4IE2[ 161- 
tetraene&](PF& the oxidation occurs at Eo' = f 0.65 V (vs. SCE).lo2 

A related hexacoordinate macrocycle complex is the Fe(II1) derivative 
with the 'scorpiand' 6,13-diarnino-6,13-dimethyl- 1,4,8,1 l-tetraazacyclo- 
tetradecane (the trans-diammac ligand already discussed in Section 2), 
[Fe(trans-diammac>l3+. Its octahedral geometry is shown in Figure 67.'03 

This low spin Fe(II1) complex (d5 - t2g5) exhibits, in aqueous solution, 
a chemically reversible reduction (EO' = -0.40 V vs. SCE) to the corre- 
sponding Fe(I1) derivative (low spin, d6-tg,). As illustrated in Figure 68, 

Figure 67 X-Ray structure of [Fel t r a n s - d i a r n r n a ~ ) ] ~ ~ .  Average bond lengths: 
Fe-N(equaroria~l = 1.96 A"; Fe-N(ax,alJ = 1.98 A" 



The Electrochemical Behaviour of Transition Metal Complexes 269 

Figure 68 X-Ray structure of [Fe(tran~-diammac)]~+. Average bond lengths: 
Fe-NiequUroriali = 2.0I A; Fe-N(a.yiul, = 2.03 A" 

in agreement with the electrochemical reversibility of the reduction 
process, [Fe(trans-diammac)12 * maintains the same geometry as the 
Fe(II1) precursor, but for a slight elongation of the Fe-N bonding 
distances. 

As usual, in a discussion of N6 coordination, one cannot ignore 
polypyridine ligands. There are numerous X-ray structures available for 
iron complexes. We begin with the phenantroline [Fe I I (~hen)~]~+  
complex, whose molecular structure is shown in Figure 69. lo5 

In agreement with the redox activity of the ligand, the complex shows 
a rich sequence of one-electron redox processes. The most significant is 
the [Fe"(phen)3]2+/[Fe111(phen)3]3+ oxidation, which is chemically and 

Figure 69 X-Ray structure of [Fe(phen)J2+ ([ClO4]- counteranion). Fe-N 1.98 A" 
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electrochemically reversible. The parameters of the redox processes are 
summarized in Table 9, together with those of the other polypyridine 
derivatives. 

The electrochemical reversibility of the 2 + /3  + transformation, 
believed to be the only metal-centred redox process, allows one to 
predict that the [Fe"'(phen)3]3 + complex maintains the octahedral 
structure of the [Fe ' ' (~hen)~]~+ complex virtually unaltered. As a matter 
of fact, this has been confirmed by the X-ray structure of [Fe1"(phen)3] 
[C1O4I3 (Fe-N == 1.97 A).107 

In a similar way, the X-ray structure of the couple [Fe"(bipy)3]2+/ 
[Fe1*1(bipy)3]3+ has been determined.108.109 As deduced from Table 9, the 
interconversion has characteristics of electrochemical reversibility. 
In both cases there is an essentially regular octahedral geometry with 
mean Fe-N distances of about 1.96 A. 

Finally, as far as the [Fe"(terpy)212+ complex is concerned, its 
molecular structure is known. Its octahedral geometry is tetragonally 
distorted, in that the bond distance between the iron(I1) ion and the 
central nitrogen atom of terpyridine is considerably shorter (Fe- 
N = 1.89 A) than the distance between the iron(I1) ion and the two 
more external nitrogen atoms (Fe-N = 1.99 A).l lo  

As reported in Table 9, [Fe"( te r~y)~]~+ also displays an electro- 
chemically reversible one-electron oxidation, which suggests the main- 
taining of the original geometry; the X-ray structure of [Fe"(terpy)2]3' is 
however not available. 

It is interesting to note that in a further confirmation of the redox- 
active character of the polypyridine ligands, reductive electrocrystalliza- 
tion of [MI1(bipy)3l2+ and [M1'(terpy)2l2+ complexes (M = Fe, Ru, 0 s )  
afforded the corresponding neutral species [M(bi~y)~]O and [M(ter~y)~]'.  
Based on the relevant bond lengths, it seems likely that the two added 
electrons enter the polypyridine ligands according to the formulation 
[M"(bipy-)2(bipy)l0 and [M"(terpy-)2I0. l 1  ', l 2  

Table 9 Formal electrode potentials ( V  vs. SCE)  for  the redox processes 
exhibited by [ F e ( b i ~ y ) 3 / ~ ' ,  [Fe(phen)J2+ and [ F e ( t e r ~ y ) ~ ] ~ +  in 
dmf solution 

[WbiPY)312 + + 1.29 65 -1.05 -1.23 -1.41 
+ 1.27 67 - 1.08 - 1.27 - 1.36 

tFe(terpy)2I2 + + 1.38 69 -0.99 -1.17 - 
[Wphen)3l2 + 

a Peak-to-peak separation (mV) measured at 0.2 V s-'. 
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Figure 70 X-Rax structure of [Fe($mpe).$12]. Bond lengths: Fe-Cl= 2.35 A'; Fe-P1 = 
2.24 A: Fe-P2 = 2.23 A 

Another compound that exhibits redox properties of some interest is 
[ F e ( d m ~ e ) ~ C l ~ ]  [dmpe = 1,2-(dimethy1phosphino)ethanel. It is a low spin 
Fe(I1) derivative (d6- tig) having octahedral geometry, Figure 70.' l 3  

As shown in Figure 71, it displays in dichloromethane solution two 
successive oxidations ( E O '  = -0.09 V and + 1.33 V, re~pectively)."~ 

The first oxidation, which involves the Fe(II)/Fe(III) redox change, is 
chemically reversible (ipc/ipa = 1) and essentially electrochemically 
reversible (AEp = 78 mV, at 0.2 V s-'). The corresponding Fe(II1) 
complex has been crystallographically characterized. The structural data 
(Fe-Cl = 2.24 A; Fe-P = 2.30 A) point out that the electron removal 
causes a considerable compression along the axial Fe-C1 bonds, and a 
significant lengthening of the equatorial Fe-P bonds.' lS  

The second oxidation, which involves the Fe(III)/Fe(IV) change, is 
accompanied by a relatively slow degradation of the electrogenerated 
Fe(1V) complex. The electrochemical access to the high-valent Fe(1V) 
oxidation state is rather uncommon, even if a few bis(,u-oxo)diiron 
complexes have displayed the (III,III)/(III/IV) redox changes. 116,117 

-0.5 +0.5 
O ( I I I 1  

E (V vs. SCE) 

Figure 71 Cyclic voltammogram recorded at a platinum electrode in a CH2Cl2 solution of 
[ F e ( d m ~ e ) ~ C I ~ ] .  Scan rate 0.2 V s-' 
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Figure 72 X-Ray structure of the monocation [Fe(PP3) (C=C-Ph)]+. Bond lengths: 
Fe-P(,quatoriali = 2.30 A; Fe-P4 = 2.22 d; Fe-C7 = 1.88 A“ 

To conclude, we must consider that the Fe(1) oxidation state is also 
relatively unusual. Indeed, we have already mentioned that the reduction 
of a few 14-membered tetraaza-Fe(I1) macrocycles leads to the 
corresponding Fe(1) complexes. Another example is given by the 
trigonal bipyramidal Fe(I1)-alkynyl complex [Fe(PP3)(CrC-Ph)lf 
[PP3 = P(CH2CH2PPh&], Figure 72.’ l 8  

This low spin Fe(I1) complex (d6-e”4e’2; two unpaired electrons: 
p e R =  3.42 p g )  in thf solution displays a chemically reversible, but 
electrochemically quasireversible, one-electron reduction, Figure 73 
(EO’ = -0.59 V; AEp = 126 mV, at 0.2 V s-’). 

The corresponding [Fe’(PP3)(C=C-Ph)] complex has been isolated 
and characterized. As shown in Figure 74, it maintains the trigonal 
bipyramidal geometry of the Fe(I1) precursor and its magnetic moment 
indicates a low spin d7 configuration (e”4e’3; one unpaired electron: 
peR= 2-10 PB). 

From a comparison of the bond lengths one can deduce that the 
electron addition causes a structural distortion consistent with a 
significant shortening of the Fe-P distances and a lengthening of the 
Fe-C distance. This distortion might be responsible for the electro- 
chemical quasireversibility of the corresponding redox process. 

E (V vs. SCE) 

Figure 73 Cyclic voltammogram recorded at a platinum electrode in a THF solution of 
[Fe(PP3)(CEC-Ph)]fPF6).  Scan rate 0.02 V s-’ 
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Figure 74 X-Ray structure of [Fe(PP3) ( C r C - P h ) ] .  Bond lengths: Fe-PI = Fe-P2 = 
2.21 A"; Fe-P3 = 2.19 A"; Fe-P4 = 2.15 A"; Fe-C7 = 1.92 A" 

It is worth noting that the Fe(1I) complex [Fe(dmpe)2C1(C=C-Ph)], 
bearing the same alkyne but a different phosphine [the already men- 
tioned 1,2-(dimethylphosphino)ethane)], Figure 75,' l 9  can undergo 
reversibly the Fe(II)/Fe(III) oxidation (Eo' = -0.14 V, in CH2C12), but, 
given the high stability of the Fe(I1) oxidation state, it does not display 
any reduction process within the cathodic window of the ~o lven t . "~  

On the other hand, the tetrahedral Fe(I1) complex [Fe(C5Me5) 
(dppe)(C=C-Ph)] [dppe = 1,2-(dipheny1phosphino)ethanel illustrated 
in Figure 76 also displays the only reversible Fe(II)/Fe(III) oxida- 
tion (in CH2C12 solution: Eo/ = -0.15 V vs. SCE; AEp = 80 mV, at 
0.1 Vs-y2O 

Figure 75 X-Ray structfre of [FeCl(dmpe)2(C-C-Ph)/. Bond lengths: 
Fe-Cl= 2.39 A ;  Fe-P = 2.22 A"; Fe-Cl = 1.88 A" 
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Figure 76 X-Ray structure of [Fe(C5Me5) (dppe) (CEC-Ph)  j .  Bond lengths: Fe-P = 
2.18 d; Fe-Cplcenrrord, = 1.74 A"; Fe-CinNcynyll = 1.89 A" 

Even without entering into a discussion at a molecular orbitals level, 
we naively note that while in the one-electron addition [Fe"(PP3) 
(C-C-Ph)] + /[Fe'(PP3)(C-C-Ph)] the Fe-P distances shorten meanly 
by about 0.08 A and the Fe-C(,lk,,,l) distance elongates by about 
0.04 A, in the one-electron removal [Fe1'(C5Me~)(dppe)(C=C-C6H4- 
1 ,4-N02)]/[Fe"'(C5Me5)(dppe)(C=C-C6H4- 1 ,4-N02)] + , the Fe-P dis- 
tances elongate by about 0.08 A (the Fe-Cp(centroid) elongate by about 
0.04 A) and the Fe-C(,lkynyl) distance remains substantially unaltered 
(it increases by about 0.01 A).'2o 

4.1 Intramolecular Electronic Communication in Polynuclear Iron 
Complexes 

Even if the present chapter is essentially devoted to mononuclear 
complexes, we have already seen in Sections 3.2 and 3.3, that polynuclear 
complexes may hold great interest in applicative fields, in particular as 
far as their ability to undergo reversible multiple electron transfers; such 
a property is typical of semiconducting materials. 

We cite here two examples of triiron complexes which can depict well 
the possible intramolecular electronic interactions in polymetallic 
complexes. First of all we take into account that, as discussed in 
Chapter 2, Section 1.5.1 and Chapter 4, Section 1.3, from the 
electrochemical viewpoint, the existence of a mutual electronic 
(through-space or through-bond) interaction in molecules containing 
two or more redox-active centres leads to the appearance of separate 
electron transfer processes. There are, however, two main classes of 
polynuclear molecules: 
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Figure 77 X-ray structure of [FejOLj].  Average bondlengths: Fe-(p3-O) = 1.89 A"; Fe- 
N ( p y )  2.07 A; Fe-NrOmidei = 2.10 A; Fe-Nitetrazolei = 2.18 A". Fe. . ,Fe = 
3.27 A 

0 those in which the various redox centres are coordinatively 

0 those in which the various redox centres are not coordinatively 

Let us consider the mixed valent Fe1112Fe*I 0x0-centred complex [Fe30L3], 
the molecular structure of which is illustrated in Figure 77.I2l It is evident 
that all the iron centres have the same coordination sphere. 

Figure 78 show that the complex undergoes three separate, reversible 
(one-electron) processes; namely, one Fe"/Fe"' centred oxidation 
(E$+ = +0.08 V vs. Fc/Fc+) and two Fe"'2/Fe"2 centred reductions 

equivalent each other; 

equivalent . 

(E:j- 7 -0.64 V; EYp- = - 1.23 V).12' 

" E (V vs. Fc/Fc+) 
I I I 

-1.6 -0.8 0.0 

Figure 78 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
[Fe30L3]. Scan rate 0.05 V s-' 
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Figure 19 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
the schematised triferracarborane, Scan rate 0.1 Vs-' 

It is evident that the three iron centres are internally communicating. 
Based on the separation between the redox potential of the oxidation 
and that of the first reduction (AE"' = 0.72 V), a K,,, of 1 x 10l2 can 
be calculated, which allows one to classify the neutral species 
[Fe"'2Fe"O(L)3] as a fully delocalized mixed-valent species. 12' 

Let us now consider the linear tris(ferracarb0rane) [(v6-C6H6) 
Fe(Et2C2B4H3-5-)(1?6-c6H6)Fe(Et2C2B4H3-5-)(1?6-c6H6)Fe( Et2C2B4H4)] 
vaguely reminiscent of triferrocene (see Chapter 3, Section 3, and 
Chapter 4, Section 1.3). 

As illustrated in Figure 79, just like triferrocene, it displays three well 
separated (one-electron) oxidation processes, all possessing features 
of chemical reversibility on the cyclic voltammetric time scale. They 
are clearly attributed to the step-by-step electron removals Fe113/ 
Fe"'3(Ei/+ = +0.56 V vs. SCE; EYI2+ = +0.93 V; E2!+/3+ = 
+ 1.25 V).'22 

As far as the appearance of separated electron transfer processes is 
concerned, we must now take into consideration that they can arise 
either from internal electronic communication, or from the different 
coordination environment of each Fe(I1) subunit. As a matter of fact, 
theoretical calculations favour the last hypothesis, 122 thus pointing out 
some difference with triferrocene, in which only two different Fe(I1) 
coordinations are present. 

5 COBALT COMPLEXES 

The redox behaviour of cobalt complexes is fairly similar to that of iron 
complexes. The commonest oxidation states of cobalt are I1 (d7) and I11 
(d6), though the IV and I oxidation states are not as rare as for iron. 
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Figure 80 X-Ray structure of the dianion [$oCld]'- ([C8H19ClN]' counterion). 
Average C e C I  bond length = 2.28 A 

As usual, we begin our examination with tetracoordinate complexes. 
By analogy with iron complexes, let us discuss the tetrachlorocobalt- 

ate(I1) dianion [CoC14I2-, the tetrahedral geometry of which is illustrated 
in Figure 80.'23 

In spite of the structural analogies with [Fe1ICl4I2-, which undergoes 
reversible oxidation to [Fe"'C14]-, the Co(I1) complex is oxidized at 
notably higher potential values and the corresponding monoanion 
[Co"'C14]- is not stable (E201-l- = + 0.98 V vs. SCE; AEp = 260 mV and 
ipc/ipa = 0.7, at 0.2 V s- ). 

More interesting is the Co(1V) complex [ C ~ ( l - n o r ) ~ ]  (nor = 
norbornyl), which also possesses a (distorted) tetrahedral geometry, 
Figure 8 1. 125 

As illustrated in Figure 82, the complex displays a rich redox activity 
in that it is able to be either reversibly oxidized to the really unusual 
Co(V) cation [ C ~ ( l - n o r ) ~ ] +  (EO' = -0.65 V vs. Fc/Fc+), or reversibly 
reduced to the corresponding Co(II1) anion [C~( l -nor )~] -  ( E O '  = -2.02 
V vs. F c / F c + ) . ' ~ ~  

We now pass to the planar tetracoordinate Co(I1) complexes with the 
many times cited Schiff bases salen and saloph. 

The strictly planar geometry of these complexes'26 is illustrated in 
Figure 83 for [Co"(saloph)]. 

1 124 

@ 
Figure 81 X-Ray structure of [Co(l-nor)4].  Average C e C  bond length = 1.92 d 
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Figure 82 Cyclic voltammogram recorded at a platinum electrode in a thf solution of 
[ ~ o ( l - n o r ) ~ ] .  Scan rate 0.02 v s-' 

co 

(b) 

Figure 83 X-ray structure and relative parameters of [ Co"(saloph)] 

As deduced from their magnetic moments {[Co"(salen)]: peff = 2.38 
p ~ ;  [Co"(saloph)]: p e ~  2.74 , u B ] ) , ~ * ~  they are low spin complexes. Even if 
the spin-orbit contribution makes such value slightly greater than 
expected, it indicates an electronic configuration with a single unpaired 
electron (d7-dy:dx~dz22dxy1). 

Figure 84 shows that [Co"(saloph)] undergoes in dmso solution a 
Co(II)/Co(III) oxidation (EO' = -0.02 V) and two consecutive reductions 

E (V vs. SCE) 

V 
Figure 84 Cyclic voltammogram recorded at a platinum electrode in a dmso solution of 

[Corl[saloph)]. Scan rate 0.2 V s-' 
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Co(II)/Co(I) ( E O '  = - 1.14 V) and Co(I)/Co(O) ( E O '  = - 1.87 V).'28 
However, only the monocation [Co"'(saloph)] + and the monoanion 
[Co'(saloph)]- proved to be stable in the macroelectrolysis time scale. 

[Co"(salen)] also displays the two chemically reversible processes 
Co(II)/Co(III) (E"' = -0.09 V) and Co(II)/Co(I) (EO' = - 1.24 V).12' 

As for iron, cobalt forms pentacoordinate complexes of N302 coordi- 
nation with the already mentioned bis(salicy1deneamine-3-propyl) amine 
affording the series [Co(R-X-saldpt)], Scheme 12. 

R-H.Me 

LpJ 
Scheme 12 

These Co(I1) complexes are high spin derivatives (d7-e"4e'2a\ '). The 
trigonal bipyramidal geometry of [Co"(MeHsaldpt)] is illustrated in 
Figure 85.'29 

In dmso solution these complexes also exhibit both the Co(II)/Co(III) 
oxidation and the Co(II)/Co(I) reduction, Figure 86, but only the Co(II1) 
compound is completely stable. 129 

The Co(II)/Co(III) oxidation potentials for a series of complexes 
having different substituents are reported in Table 10. 

The influence of the inductive effects of the substituents present on 
both the amine nitrogen and benzene ring on the Co(II)/Co(III) redox 
potential is quite evident. 

As for d6-iron(II), d6-cobalt(II1) also forms complexes with the 14- 
membered tetraazamacrocycles shown in Scheme 13. 

Figure 85 X-Ray structur: of [Corr(MeHsaldpt)]. Bond lengths: Co-0 = 1.97 d; 
Co-N3 = 2.15 A; Co-NI = Co-N2 = 2.04 A 
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Figure 86 Cyclic voltammograms recorded at a mercury electrode in a dmso solution of 
[Co"(MeHsaldpt)]. Scan rate 0.2 V s-' 

Table 10 Oxidation potentials ( V  vs. S C E )  f o r  the [Co"(R-X-saldpt)] 
complexes in dmso solution 

H H -0.27 Me H -0.14 
3-OMe -0.32 3-OMe -0.17 
4-OMe -0.26 4-OMe -0.14 
5-OMe -0.29 5-OMe -0.15 
5-C1 -0.21 5-C1 -0.07 
5-NO2 -0.11 5-NO2 + 0.02 

Medl41py-dieneN4 Me4[1411 ,3,8,10-tetraeneN4 Mez[l4]1 ,3-dieneN4 Me4[14]1 ,8-dieneNa Me2[14]1-aneN4 

Me~[1414.11-dieneN4 MeB[14]4,14-dieneN4 Mes[14]aneN4 Mez[141aneN4 Me,[l4]1,4,8,1 l-tetraeneN4 

Scheme 13 

As happens for the Fe(I1) analogues, these low spin complexes have an 
octahedral geometry in that the four nitrogen atoms of the macrocycle 
form a square planar coordination in the equatorial plane while two 
molecules of acetonitrile are axially coordinated. 
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Figure 87 Voltammogram recorded at a rotating platinum electrode in a MeCN solution 
of [Co"'(Me2[14]py-dieneN4) fMeCN)2][C104]3. Rotation frequency = 
600 rpm (rprn = revolutions per minute) 

Figure 87, which refers to [Co"'(Me2[ 14]py-dieneN4)(MeCN)2I3 +, 
shows that, as expected, these complexes display the gradual reduction 
sequence ColllilliliO, with features of electrochemical quasireversibility 
(E3/4-E1/4 slightly higher than 56.4). 

The respective potential values are compiled in Table 11. 
By way of speculation, the structural variations which follow the 

Co(III)/Co(II) transformation can be tentatively evaluated by inspection 
of the X-ray data for the redox couple [Co(Me6[14]4,1 l-dieneN4)(H20)2] 
(BF4)2/[C~(Me6[ 14]4,1 l-dieneN4)(NH3)2](C104)3, even if the axial 
ligands are different in the two oxidation states.'30 Looking at 

Table 11 Formal electrode potentials ( V  vs. S C E )  f o r  the reduction 
processes of a f e w  Co(III)-tetraaza macrocycles in M e C N  
solution 

macrocycle E"' (CO"':" En' [ Co"") 

Me2[ 14lpy-dieneN4 
Me4[ 141 1,3,8,10-tetraeneN4 
Mez[ 141 1 ,3-dieneN4 
Me6[ 141 1,4,8,1l-tetraeneN4 
Me6[ 1414,ll -dieneN4 
Mes[ 14]4,14-dieneN4 
Me6[14]1,8-dieneN4 
Mez[ 141 1 -eneN4 
Me2[ 14laneN4 
Me6[ 14]aneN4 

+ 0.54 
+ 0.46 
+ 0.39 
+ 0.47 
+ 0.41 
+ 0.47 
+ 0.34 
+ 0.42 
+ 0.25 
+ 0.42 

- 1.20 
- 1.06 
-1.51 
- 1.64 
-2.03 
-2.03 
-2.08 
-2.20 
-2.37 
-2.55 
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Scheme 14, in the Co(II1) complex the bond distances are: Co- 
N1=  1.99 A; Co-N2 = 1.92 A; Co-N(NH3) = 1.95 A, whereas in the 
Co(I1) complex (peK= 1.85 pB; t2gheg1, low spin complex) the bond 
distances are: Co-N1 = 1.97 A; Co-N2 = 1.94 A; Co-O(H20) = 2.48 A. 

If allowance is made to neglect the different nature of the axial ligands, 
it appears that the addition of an electron causes a significant increase of 
only the axial distances (tetragonal distortion). 

A ligand which links the cobalt complexes with those of chromium and 
iron is the 'scorpiand' diammac in its isomeric trans and cis 
conformations (see Scheme 5). 

The geometry of the two Co"'-isomers is shown in Figure 88.131313* As 
already discussed for the chromium complexes, the trans-isomer affords 
an octahedral geometry, whereas the cis-isomer gives rise to a trigonal 
prismatic geometry. 

In aqueous solution (pH 7) the trans-complex exhibits a reversible one- 
electron reduction at significantly negative potentials ( E O '  = -0.81 V), 
whereas the cis-complex is reduced at less negative potential values 

131,132 
( E O '  = -0.70 V). 

Figure 88 X-Rax structures of: (a) (Co(ci~-diarnrnac)]~+ ; average Co-N bond length -= 
1.96 A .  ( b )  [C~(trans-diamrnac)]~':  average CLFN bond length = 1.94 A 
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Figure 89 X-Ray stru~ture~of [ C o ( d ~ t ) ~ / ~ ' .  Bond lengths: Co-N; - Co-N6 = 1.97 d; 
C+N4 = 2.00 A :  C e N 2  i= C e N 3  i= Co-N.5 = 2.04 A 

It is interesting to account for such negative Co"'/Co" potential 
values with respect to that observed for the somewhat related 
bis(3-aminopropy1)amine complex [C~" ' (dp t )~ ]~+  whose distorted 
octahedral CoN6 structure is reported in Figure 89.i33 

In fact, the reversible Co"'/Co" reduction for this complex in aqueous 
solution occurs at E"' = + 0.04 V (vs. SCE).'33 This indicates that the 
Co(III)/Co(II) reduction of [ C ~ ( d p t ) ~ ] ~  + is about 0.8-0.9 V easier 
compared to the [Co(diammac)13+ complexes. 

Among the factors which govern the thermodynamic localization of 
the redox potential, in addition to the previously mentioned electronic 
effects, there are also the steric  influence^.'^^ 

As illustrated in Scheme 15, the diammac and dpt ligands are fairly 
similar in nature (two primary amine groups, four secondary amine 
groups, twelve carbon atoms in diammac; four primary amine groups, two 
secondary amine groups, twelve carbon atoms in two molecules of dpt). 

Scheme 15 

Hence, it appears reasonable to assign the considerable difference in their 
redox potentials mainly to the different steric factors that accompany 
the Co"'/Co" reduction. In this regard it should be recalled that the 
difference in free (reorganization) energy that accompanies the two redox 
processes can be quantitatively related to their electrode potentials: 
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AGO = -n.F.AE". Therefore, a difference in potential of about 0.9 V 
between the [Co(diammac)13+ and [Co(dpt)13 + complexes corresponds to 
the notably high reorganization energy of about 90 kJ mol-'. 

The reasons for these structural constraints have been analysed in the 
following manner. 134 Firstly, one must consider that the Co"'/Co" 
reduction leads to an average increase in the Co-N bond distance of 
about 0.2 A. It is known that in the [Co(diammac)13+ complex the Co-N 
bond distances are about 1.95 A, whereas in the [ C ~ ( d p t ) ~ ] ~ +  complex 
they are about 2.01 A. This suggests that the lengthening of the Co-N 
bond accompanying the Co(III)/Co(II) reduction can be accommodated 
better by the 'relaxed' molecular organization of [ C ~ ( d p t ) ~ ] ~ +  than by 
the more 'compressed' structure of [Co(diammac)]" + . This observation 
can account for the easier thermodynamic accessibility to [ C ~ " ( d p t ) ~ ] ~ +  
compared to [Co"(diammac)12+. 

One should not, however, underestimate the role played by the two 
peripheral methyl groups present in [C~"'(diammac)]~ + in determining 
the significant difference in redox potential between the two complexes. 
Their electron-donating ability certainly contributes in part to render the 
reduction process more difficult. 

Another cobalt derivative with CoN6 coordination is [Co(sep)13+. 
This is the complex formed by Co(II1) with the ligand 1,3,6,8, 
10,13,1,6,19-octaazabicyclo[6.6.6]eicosane, which is related to the 
diamino-sarcophagine seen for the chromium complexes, and is called 
'sepulcrand'. Figure 90 shows the octahedral structure of this 
complex. 135 

The reversible Co(III)/Co(II) reduction of the [Co(sep)13+ complex 
takes place at E"' = -0.49 V in aqueous solution,'36 and at E"' = -0.67 
V in d m ~ 0 . l ~ ~  

The molecular structure of the [Co"(sep)I2+ congener is illustrated in 
Figure 91.'38 

Figure 90 

n 

U 

N7 

N8 

X-Ray structure of the trication [ C o ( ~ e p ) ] ~ + .  Average Co-Ndistance = 1.99 A" 
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N0 

Figure 91 X-Ray structure of the dication [Co(sep)/2+ in [Co"(sep)j[s2O6/. 
Bond lengths: Co-N1 = C e N 5  = 2.15 d; Co-N3 = 2.16 A; C e N 2  2 
Co-N6 = 2.17 d; C e N 4  = 2.18 A" 

A glance at the bond lengths shows that the reduction process induces 
a distortion and a significant increase in the Co-N bond distances. 

To conclude our discussion of CoN6 coordination we consider the 
complexes with polypyridine ligands. There is a good number of struc- 
tures available for such complexes. As an example, Figure 92 shows the 
distorted octahedral geometry of [Co11(bipy)312+ .13' The magnetic 
moment of the complex (4.5 pB) indicates a high spin configuration 

[ C ~ ( p h e n ) ~ ] ~ +  possesses a geometry and a magnetic moment quite 

The electrochemical activity of [C0"(bipy)3](ClO~)~ is shown in 

7 5  2 (d -t2geg). 

similar to that of [Co(bipy)312+ .140 

Figure 5.93.141 
It undergoes an oxidation and a first reduction process, both of which 

involve a one-electron step and are chemically reversible. The more 
cathodic two-electron reduction is probably centred on the bipy ligand. 

Figure 92 X-Ray structure of [Co(bipy)J2' in [Co(bipy)3][CI], 
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-2.0 -1 .o 0.0 +I .o 
Figure 93 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN 

solution of [ C ~ " ( b i p y ) ~ ] ~ + .  Scan rate 0.1 V s-l 

Table 12 summarizes some structural parameters that characterize the 

It is interesting to note the increase of the Co-N distance on passing 
from Co(II1) to Co(I1). It is also noteworthy that there is a significant 
shortening of the carbon-carbon distance of the pyridine ring on passing 
to the (formally) Co(1) complex, compared with the free ligand. This 
would seem to confirm the metal-ligand backbonding (nd - bipy n*), 
that we have indicated to exist in the redox processes of the metal 
complexes of the present redox-active ligands. 

Finally, Figure 94 shows the electrochemical behaviour of 
[ ~ o ( t e r p y ) ~ ] ~  + in acetonitrile solution. 143 

Like [C~(bipy)~] '+,  it exhibits the Co"/Co"' oxidation and the Co"/ 
Co' reduction, but, at variance with [ C ~ ( b i p y ) ~ ] ~ + ,  the ligand-centred 
most cathodic step is a one-electron process. A further one- 
electron ligand-centred reduction has been detected at very negative 

transformations. 3 + / 2 + / +  [CO(biPY)31 

Table 12 Structural variations accompanying the redox sequence 
3 + / 2 + / +  139,142 [CO (biPY) 3 1  

1.45 
1.49 
1.42 
1.49 
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I I I I I I 

-2.0 -1 .o 0.0 

Figure 94 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[ ~ o ( t e r p y ) ~ ~ ~ + .  Scan rate 0.2 v s-' 

potential values. 144 Thus the fact that the ligand-centred two-electron 
wave present in [ C ~ ( b i p y ) ~ ] ~ +  is here split into two one-electron waves 
suggests that the electron mobility in the terpy complex is higher than 
that in the bipy complex. 

are 
available. Figure 95 shows the structure of [ C ~ ( t e r p y ) ~ ] ~ +  in [Co(ter- 

As for the analogous case of the iron(I1) complex, the Co-N distances 
of the central pyridine (1.89 A) are shorter than those of the peripheral 
pyridines (2.10 A). 

At room temperature [Co(terpy)2][BrI2 has a magnetic moment of 2.94 
pB. It is important to specify the type of complex (namely, the 
counteranion) and the t e m p e r a t ~ r e ' ~ ~  because it is thought that in 
[ C ~ ( t e r p y ) ~ ] ~ +  an equilibrium exists between molecules having low spin 
and high spin configuration. As a matter of fact, the magnetic moment of 
[Co(terpy)2][Br]~ results in between 4.5 pB (expected for the high spin 

2 + / 3 +  The molecular structures of the couple [Co(terpy);?] 

PY)21[Br12.145 

d 7 5 2  -t,,e, configuration, or three unpaired electrons) and 2.0 pB (expected 

Figure 95 X-Ray structure of [ C ~ ( t e r p y ) ~ ] ~ +  in [Co(terpy)2][Br]2 
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Table 13 Formal electrode potentials ( V  vs. S C E )  fo r  the redox processes 
exhibited by Co(II)-polypyridine complexes in MeCN sol- 
,tion141.143,144 

+ 0.34 -0.95 -1.57 a - 

- - - 
[C0(biPY)3l2 + 

[Co(terpy)2I2 + +0.35 -0.80 -1.67 -2.02 
[Co(phen)3I2 + + 0.38 

a Two-electron process. 

for the low spin d 7 -  t,,e, 6 1 configuration, or one unpaired electron). This 
should indicate that at room temperature 20% of the molecules are in the 
high spin configuration. By contrast, [C~( te rpy)~][ClO~]~,  independently 
from temperature, has a magnetic moment of 4.0 p B ,  which should 
suggest that in this case 70% of the molecules are constantly in the high 
spin configuration. 145 

The structure of the corresponding [ C ~ ( t e r p y ) ~ ] ~  + ion in the complex 
[C~(terpy)~][Cl]~ is also a ~ a i 1 a b l e . l ~ ~  In this case too, the C-N bond 
lengths of the central pyridine (1.86 A) are shorter than those of the 
peripheral pyridines (1.93 A). 

Table 13 summarizes the electrode potentials of the redox processes 
for the complete set of polypyridine complexes. 

5.1 

Recently, tetracobalt(I1) supramolecular arrays with the ligand 4,6-bis- 
(2/,2/-bipyrid-6/-yl)-2-R-pyrimidine have been presented, Scheme 16. 

Intramolecular Electronic Communication in Polynuclear Cobalt 
Complexes 

O =  

R=H,Me, Ph 

Scheme 16 

1 *+ 

Figure 96 shows the square-planar [2 x 21 grid-like molecular assembly 
formed by the octacation [Co"4L$+ (R = Me).147 
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Figure 96 X-Ray structure of [Co"L,JS' in [ C O ~ L ~ ] [ S ~ F ~ ] S  ( R  = Me).  Average ban$ 
lengths: Cc-t(pyridine) = 2.10 A:  Co-N(pyrimidine) = 2.23 A .  
CO. . .CO = 6.35 A 

As illustrated in Figure 97, complex [Co114L4J8+ (R = Ph) is able to 
give rise in dmf solution to a very high sequence of reduction steps, which 
display features of chemical reversibility. 14* 

Based on the redox capacity of the ligand, it is easily deducible that 
most electrons enter the pyrimidine as well as the pyridine fragments (as 
a matter of fact, theoretical calculations assign the first four electrons as 
entering the pyrimidine rings as well as the further four electrons as 
entering the ligand itself.)'48 In MeCN solution a single C O ~ ~ I / C O ~ I ~ ~  
four-electron oxidation is also observed. 14' Such an example well testifies 
the potential interest covered by metal complexes containing redox- 
active ligands (see Chapter 6). 

- t o  

E (V vs. FcIFc') 
I I 6 I 

-2.5 -1.5 -0.5 

Figure 91 Cyclic voltammogram recorded at a glassy carbon electrode in a DMF solution 
of [Co4L4][BF4]~ ( R =  Ph).  Scan rate 1.0 V s-'. T =  -20°C 
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6 NICKEL COMPLEXES 

In addition to the usual Ni(I1) (d') oxidation state, the other common 
oxidation states for nickel in its complexes are I11 and I (d7 and d9, 
respectively). Also the oxidation state IV (d6) is not completely 
uncommon. 

In order to give the usual overview of nickel complexes at increasing 
coordination numbers we begin with the usual square planar complexes 
of the Schiff bases salen and ~ a l o p h . ' ~ ~ ~ ' ~ ~  As an example, Figure 98 
shows the molecular structure of [Ni"(salen)]. 

In both cases the N202 coordination of the Ni(I1) ion is essentially 
planar, though there is a slight tetrahedral distortion. However, the 
diamagnetism displayed by these complexes confirms that they are planar. 

Electrochemical studies show that [Ni(salen)] in dmso undergoes a 
Ni(II)/Ni(III) oxidation (E, = + 0.71 V vs. SCE), complicated by fast 
chemical reactions, and a chemically reversible Ni(II)/Ni(I) reduction 

Conversely, [Ni(saloph)] and its phenyl-substituted analogues [Ni(X- 
saloph)] exhibit an irreversible Ni(II)/Ni(I) reduction and a chemically 
reversible Ni(II)/Ni(III) oxidation. For example, Figure 99 shows the 
anodic process for [Ni(3,5-C12saloph)] (E"' = + 0.84 V vs. SCE). It shows 
characteristics of chemical reversibility (ipC/ipa constantly equal to 1) and 
electrochemical quasireversibility (AE, = 110 mV, at 0.05 V s- ). 

The oxidation product obtained by controlled potential electrolysis, 
[Ni(3,5-C12saloph)l+, shows an EPR spectrum typical of a Ni(II1) ion 
(d7 - low spin) having an octahedral coordination, which is attributed to 
the axial coordination of two solvent  molecule^.'^^ Therefore, from a 
speculative viewpoint, it could be assumed that the electrochemical 
quasireversibility is due to the change in coordination from square 
planar to octahedral. 

The fact that the unsubstituted complex [Ni(saloph)] is oxidized at 
E"' = + 0.77 V (AEp = 212 mV, at 0.05 V s-') demonstrates once again 

151 , I  52 (ED'= -1.61 V). 

1 153 

Figure 98 X-Ray, structures of [Ni(salen)]. Average bond lengths: Ni-0 = Ni-N = 
1.85 A 
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O t  

Figure 99 Cyclic voltammograms recorded at a platinum electrode in a dmso solution of 
[Ni(3,5-Clzsaloph)]. Scan rates: ( a )  0.01 V s-I; ( b )  0.02 V s-’; ( c )  0.03 V 
s-’; ( d )  0.04 V s-’; (e) 0.05 V s-I; (f) 0.06 V s-I; (8)  0.07 V s-’ 

that the inductive effect of peripheral substituents, as expected, affect the 
Ni(II)/Ni(III) redox potential. 

An interesting Ni(I1) complex is the bis(dimethy1phosphino)propane 
complex [Ni(dm~p)~]’+. As illustrated in Figure 100, it possesses a 
geometry intermediate between planar and tetrahedral in that the dihedral 
angle between the two coordinated dmpp ligands is about 44 . 

As shown in Figure 101, this complex exhibits in benzonitrile solution 
two sequential, one-electron reductions reversible in character, that 
correspond to the stepwise Ni(II)/Ni(I) (EO’ = -0.70 V vs. Fc/Fc+) and 
Ni(I)/Ni(O) ( E O ’  = -0.90 V) processes, respectively. 154 

The corresponding Ni(0) derivative [Ni(dmpp)z] has been structurally 
characterized, Figure 102.154 

The geometry becomes essentially tetrahedral (dihedral angle between 
the two planes formed by the Ni atom and the two P atoms of each dmpp 
ligands = 8 7 ” )  and a significant shortening of the Ni-P distances (by 
about 0.06 A) occurs. Since within a given geometry reduction processes 

o 154 

Q 

Figure 100 X-Ray structure ~ f [ N i ( d m p p ) ~ ] ” .  Average bond lengths: NCP = 2.21 A”. 
Dihedral angle bewtween the two NiPP fragments = 43.7” 
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1 1  I . 
-1 .I -0.9 -0.7 

E (V vs. SCE) 

Figure 101 Cyclic voltammogram of [ N i l d m ~ p ) 2 / ~ '  in PhCN solution 

commonly cause lengthening of the metal-ligand bonds (because of the 
increase of the ionic radius of the metal atom), the actual shortening of the 
bond distances has been attributed to the fact that the original Ni(I1) 
complex must be considered as a (distorted) planar complex which upon 
reduction passes to a Ni(0) tetrahedral complex.'54 As a matter of fact, the 
[Ni(diph~sphine)~]~+ analogues [diphosphine = bis(dipheny1 phos- 
phino) ethane, bis(diethy1phosphino) ethane, bis(dimethy1phosphino) 
ethane] are really ~ 1 a n a r . l ~ ~  

Let us now consider a series of tetracoordinated Ni(I1) complexes of 
general formula [NiX(triphos)] + (triphos = MeC(CH2PPh&; X = C1, 
Br, I), which have a real tetrahedral geometry. In agreement with an 
electronic configuration e4t$ (two unpaired electrons), these complexes 
have magnetic moments in the range 2.91-3.04 p ~ .  An example of 

Figure 102 X-Ray structure of [Ni(dmpp)z].  Average bond lengths: Ni-P = 2.15 A". 
Dihedral angle between the two NiPP fragments = 87.4" 



The Electrochemical Behaviour of Transition Metal Complexes 293 

P 

Figure 103 X-Rax structure of [NiI(triphos)]'. Bond lengths: Ni-P = 2.24 A; Ni-I = 
2.41 A 

their molecular structure is shown in Figure 103, which refers to 
[NiI(triphos)] . 

As illustrated in Figure 104 for [NiBr(triphos)]+, these complexes 
display the stepwise reductions Ni(II)/Ni(I)/Ni(O). The former is 
chemically and electrochemically reversible, whereas the latter is 
essentially irreversible. 155 

The respective potential values are reported in Table 14. It is evident 
that the nature of the coordinated halide (though in a way opposite to 
their electronegativity) has a significant influence on the redox potential 
of the Ni(II)/Ni(I) couple (or, the terminal halide significantly 
contributes the LUMO of the molecule). This is in agreement with the 
structural data which show, for example, that in the neutral complex 
[(triphos)Ni'I], which maintains the tetrahedral geometry of the Ni(I1) 
precursor, the Ni-P distances remain essentially unchanged (2.22 A), 
whereas the Ni-I distance elongates by 0.14 A. 

+ 155 

f E (V vs. SCE) 
1 

Figure 104 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[NiBr(triphos)]+. Scan rate 0.5 V s-I 
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Table 14 Formal electrode potentials ( V ,  vs. SCE) for 
the reduction processes exhibited by complexes 
[NiX(triphos)]+ in MeCN solution 

X En' (Ni"/') Ep (Nillo) 

c1 -0.25 -1.03 
Br -0.19 - 1.02 
I -0.09 -0.91 

Let us now examine the pentacoordinate Ni(I1) complexes with the 
already cited Schiff base bis(salicylideneimmine-3-propyl)amine, [Ni(R- 
X-saldpt)]. As for the cases of iron(I1) and cobalt(I1) complexes, this 
ligand constrains the central nickel(I1) ion to assume a trigonal 
bipyramidal geometry, Figure 105.'56 

As exemplified in Figure 106 for [Ni(S-Cl-Hsaldpt)], these derivatives 
exhibit either a chemically and electrochemically reversible Ni(II)/Ni(III) 
oxidation ( E O '  = + 0.50 V for [Ni(S-C1-Hsaldpt)]), or a Ni(II)/Ni(I) 
reduction, which, in spite of the apparent chemical reversibility, is 
complicated by slow following chemical reactions ( E O '  = - 1.70 V for 
[Ni( 5-C1-Hsaldp t)]). 

The most extensive electrochemical study of nickel complexes is 
probably that carried out on tetraazamacrocycle-Ni(I1) derivatives, a 
few examples of which are reported in Scheme 17. 

[14]aneN4 Mez[14]aneN4 Me4[14]aneN4 Me6[14]aneN, Me6[14]4,1 1-dieneN, Me6[14]1 ,4,8,ll-tetraeneN4 

Me2[l 411 ,3-dieneN, Me6[14]1,3,7,11-tetraeneN4 Me4[14]1 ,3,8,10-tetraeneN4 Me6[16]aneN, (1 5]aneN, 

Me6[16]4,1 2-dieneN4 Me& 6]4,12-trieneN, CR+2H CR CR - 2H 

H \ P l , H  YY 

H/N-N\H " "1 ./""N\, r "1 
[I 3]aneN, Mez[14]4,7-dieneN, Mez[l 5]8,1 I-dieneN4 Mez[l 3]dienoN4 Mez[14]dienoN4 

Scheme 17 
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Figure 105 X-Ray str~cture~of [Ni(MeHsaldpt)], Average bond lengths: Ni-0 = 1.95 A" 
Ni-N3 = 2.09 A;  Ni-Niaxiali = 2.01 A 

As an example, Figure 107 shows the molecular structure of the 
[Ni(MeQ 14]aneN4)I2+ lS7 .  In confirmation of the planar geometry, the 
complex is diamagnetic (d8-d~d~,d~,d&). 

Despite the planarity of the dication in the solid state, these complexes 
in solution easily assume an octahedral geometry, in that, as previously 
seen, two solvent molecules or two counteranions can coordinate 
the central metal ion. This is just the case for the derivative 

., k, 
0.0 I +1.0 

E (V vs. SCE) 

Figure 106 Cyclic voltammogram recorded at a platinum electrode in a dmso solution of 
[Ni(S-CI-Hsaldpt)]. Scan rate 0.2 V s-' 
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Figure 107 X-Ray structure of [Ni(Meg[14]aneN4)]2f  ([ClJ- counteranion). Average 
Ni-N bond lengths ~ 1 . 9 6  A 

[Ni"(Me6[ 14]aneN4)C12], whose molecular structure is illustrated in 
Figure 108. The macrocycle assumes a chair c~nformation.'~' 

As deducible from Figures 107 and 108, the Ni-N distances 
significantly increase on passing from the planar to the octahedral 
coordination. 

As the cyclic voltammograms reported in Figure 109 show, these 
complexes commonly exhibit either a Ni(II)/Ni(III) oxidation or a 
Ni(lI)/Ni(I) reduction. 

158,159 The respective redox potentials are given in Table 15. 
To evaluate the structural consequences that accompany the Ni(II)/ 

Ni(II1) oxidation in solution we can compare the molecular structures of 
the redox couple [Ni"Clz(Me6[ 14]aneN4)]/[Ni1"C12(Me6[ 14]aneN4)] + . 

Figure 108 X-Ray structure of [Ni(Me6[l<JaneN4) Clz] .  2H20. Average bond lengths: 
Ni-N = 2.08 A ;  Ni-Cl= 2.56 A 
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.1 .z 0.0 t l . 2  

E (V vs. AglAg') 

Figure 109 Typical cyclic voltammetric behaviour of a few Ni(II)  -tetrazamacrocycles in 
MeCN solution. Platinum working electrode 

Table 15 Formal electrode potentials ( V ,  vs. Ag /Agf )  f o r  the redox processes 
exhibited b y  a f e w  Ni(II)-tetraazamacrocycles in MeCN solution 

Ligand E" ' (Nirrim ) ~ 0 1  ( ~ i W ' j  E" ' (Ni'") 

[ 1 3]aneN4 + 0.7 -1.70 
[ 14]aneN4 + 0.67 - 1.70 
Me2[14]aneN4 + 0.68 - 1.73 
Me2[ 14]4,7-dieneN4 + 0.72 -1.5 a 

Me4[ 14]aneN4 +0.71 - 1.66 
Me4[14]1 ,3,8,10-tetraeneN4 + 1.00 -0.82 
Me6[ 14]aneN4 + 0.87 -1.57 
Me6[14]4,1 1-dieneN4 + 0.98 -1.57 
Me6[14] 1,4,8,11 -tetraeneN4 + 1.05 - 1.35 
Me6[14] 1,3,7,11 -tetraeneN4 + 1.05 -0.76 
[ 1 5]aneN4 + 0.90 -1.5 a 

Me2[ 1518,ll -dieneN4 + 0.94b -1.5 a 

Me6[ 1 6]aneN4 + 1.3 - 1.40 
Me6[ 1614,l 2-dieneN4 + 1.3 - 1.37 
Me6[16]1,4,12-trieneN4 + 1.3 - 1.30 
Me2[ 1411 ,3-dieneN4 + 0.86 -1.16 
C R + 2 H  + 0.93 - 1.25 -l.Gia 
CR + 1.03 -0.96 -1.55 
CR-2H + 1.05 -0.84 - 1.45 

-1.15 

-2.0 a 

-1.62 

a '  

b .  
irreversible process. 
ill-shaped process. 
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The structure of the Ni(I1) macrocycle complex has been reported 
in Figure 108, whereas that of the Ni(II1) monocation is shown in 
Figure 1 

The overall octahedral geometry is maintained, but the electron 
removal causes a significant shortening of either the equatorial or the 
axial metal-ligand distances. 

It is noted that the (tetragonally distorted) octahedral Ni(I1)- 
tetraazamacrocycle complexes of general formula trans[NiN4X2] are 
high spin ( d 8 - d y ~ d x ~ d x ~ d z r 1  dx2+'). 

To conclude this overview of nickel complexes we consider the NiN6 
coordination. 

Let us start with the Ni(I1) complexes of the already mentioned 
scorpiand diammac (6,13-diarnmino-6,13-dimethyl- 1,4,8,11 -tetraazacy- 
clotetradecane) in its two cis and trans conformations. In contrast to 
the previously mentioned chromium-, iron-, and cobalt-diammac 
complexes, in which the geometry of [M(trans-diammac)]"+ 
was substantially octahedral and that of the [M(cis-diammac)]"+ 
was substantially trigonal prismatic, in the case of both [Ni(trans- 
diammac)12 + and [Ni(cis-diammac)]* + the structural differences 
are attenuated and both can be viewed as more or less distorted 
octahedral geometries, with two sets of averaged Ni-N bond 
lengths of 2.07 A and 2.13 A, respectively.'61"62 This is reflected by 
the fact that both the two complexes exhibit in aqueous solu- 
tion a chemically reversible Ni(II)/Ni(III) oxidation ([Ni(trans- 
diammac)12+: E"' = + 0.67 V vs. SHE; [Ni(cis-diammac)12+: 
E o / =  +0.74 V).162 

Figure 110 X-Ray structure of [ N i r r ' C 1 ~ f M e ~ [ 1 4 ] a n e N ~ ) ]  
Average bond lengths: Ni-N = 1.99 A"; Ni-CI = 

counteranion i .  
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Passing to the polypyridine complexes, Figure 111 shows the 
octahedral geometry of the [ N i ( b i ~ y ) ~ ] ~ '  ion. 163 

Substantially the same geometry has been found for [ N i ( ~ h e n ) ~ ] ~ +  
(Ni-N = 2.09 A)''' and for [Ni(terpy)212+ .16' As usual, in [Ni(ter~y)~]'+ 
the Ni-N,,en,r,1 pyridine) distance (2.02 A) is shorter than the Ni- 

In agreement with an octahedral coordination that has two unpaired 

(ter~y)2][C10~]~ possess magnetic moments of 3.20 p B  and 3.10 pB, 
respectively. 

The electrochemical behaviour of these complexes is essentially 
described by a 2 + / 3 +  oxidation and a 2 + / +  reduction. However, 
whereas the oxidation process is chemically reversible, the reduction 
is accompanied by chemical complications (consistent with the probable 
loss of a ligand molecule and the formation of [Ni'(ligand)2]+). 

As far as the trication [ N i ( b i ~ y ) ~ ] ~ +  is concerned, both EPR spectro- 
 copy'^^ and the magnetic moment (2.10 pB)167 confirm its Ni(II1) nature 
(d7-t;,e;). Contrary to what has been observed for the corresponding 
Ni(I1) complex, for which all the Ni-N distances are identical, in this case 
the equatorial Ni-N distances (2.02 A) are about 0.1 A longer than the 
axial Ni-N distances. 166 This has been attributed to the Jahn-Teller 
effect. 

The redox potentials of the nickel(I1) polypyridine complexes are 
reported in Table 16.'673168 

As mentioned, the Ni(1V) oxidation state is not unknown, and the 
NiN6 coordination offers the opportunity to illustrate and further 

N(periphera1 pyridine) distance (2.14 A). 

electrons (d 8 6 2  -t2geg), the complexes [Ni1'(bipy)3](C104)2 and [Ni" 

Figure 111 X-Ray structure of the dication [Ni(bipy)J2' ([Cl/-  counteranion). 
Average bond lengths: Ni-N = 2.1 I A; C-C = I .36 A 
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Table 16 Formal electrode potentials ( V  vs. SCE) for 
the redox processes displayed by the polypyr- 
idine N i ( I I )  complexes in MeCN solution 

Complex EZ+ 12 + , E/“: + 1 + , 
“i(biPY)312 + + 1.10 
[ N i ( ~ h e n ) ~ ] ~ ’  + 1.64 
“i(terpy)212 + + 1.61 

-1.31 

- 1.29 
- 

confirm’69 its existence. As we will see also for copper complexes, 
deprotonated amides are ligands able to stabilize metal complexes 
in high oxidation states. In this connection Figure 112 shows 
the compressed octahedral geometry of the Ni(I1) complex [NiL2I2- 
(H2L = 2,6-bis(N-phenylcarbamoyl)pyridine). ” O  

The Ni(I1) nature is supported by its magnetic moment (per= 3.12 pug 
in the solid state, at 300 K), which testifies the presence of two unpaired 
electrons. 

As illustrated in Figure 113, cyclic voltammetry in MeCN solution of 
[NiI1L2l2- reveals the presence of two reversible one-electron oxidations 
corresponding to the Ni(II)/Ni(III) ( E O ’  = + 0.05 V vs. SCE) and Ni(III)/ 
Ni(1V) ( E O ’  = +0.51 V) ~equence.”~ 

The effective magnetic moment of the monoanion [NiL2]- (per = 2.14 
p g  in the solid state, at 300 K) supports the Ni(II1) attribution. In addition 

Figure 112 X-Ray structure of the dianion [NirrL2I2-. Average bond lengths: 
Niequaforial, = 2.13 d; Ni-N(axial) = 1.99 A” 

Ni- 
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Figure 113 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN 
solution of [Ni"L2][Et4NI2. Scan rate 0.05 V s-' 

the diamagnetic neutral Ni(1V) congener NiL2 has been structurally 
characterized, Figure 1 14. ''O 

Upon passing from the Ni(I1) to the Ni(1V) oxidation states, the 
complex maintains the octahedral geometry, but important Ni-N bond 
shortenings occur (by about 0.1 A in the equatorial plane and by about 
0.15 A in the axial positions). 

Figure 114 X-Ray structure of [NirvL2]. Average bond lengths: Ni-N(equatorialJ = 1.95 A; 
Ni-N(a.xia,) = 1.85 A" 



302 Chapter 5 

7 COPPER COMPLEXES 

It is easy to imagine that the commonest oxidation states of copper are 
Cu(I1) (d9) and Cu(1) (d"), but, as we shall see, the oxidation state I11 is 
not so rare. 

It is largely accepted that in the prediction of the electrochemical 
behaviour of Cu(I1) complexes, an important criterion to bear in mind 
resides in their geometrical structure. In fact, Cu(1) generally prefers a 
tetrahedral geometry, whereas Cu(II1) prefers a rigidly planar geometry. 
One may infer from such a statement that if a Cu(I1) complex, whatever 
its geometry, is sufficiently flexible to allow a structural reorganization 
to the tetrahedral geometry it will probably manifest a reversible 
access to the corresponding Cu(1) complex. On the other hand, if 
it is rigidly planar, it is likely that it will exhibit a reversible access to the 
corresponding Cu(II1) complex. Clearly, if such reorganizations are not 
structurally allowed, the respective electrode processes will be 
irreversible. 

Furthermore, one must bear in mind that if the geometry of the 
initial Cu(I1) complex shows some predisposition towards that of the 
associated redox state, the relative process will occur at low potential 
values (i.e. weakly negative, or even positive, for reduction; weakly 
positive, or even negative, for oxidation (in both cases, depending 
obviously also from the used reference electrode)). As discussed in 
Section 5, this is due to the relatively low energy required for the 
pertinent structural reorganization. The so-called blue copper proteins 
constitute a classical example of such behaviour. As it will be discussed in 
Chapter 12, Section 4, the Cu(I1) ion in the original active site is 
constrained by the protein matrix to assume a pseudotetrahedral 
geometry. Therefore, the protein is easily reduced to the tetrahedral 
geometry of the Cu(1) oxidation state at potentials which are in fact 
positive with respect to the NHE.l7'>l7* It should be emphasized, 
however, that the ultimate position of the redox potential also depends 
on the overall inductive electronic effects (attractive or repulsive) of the 
ligand. 

In spite of these preliminary considerations, a few unusual trigonal 
planar Cu(I1) complexes have been characterized, which are able to 
afford the corresponding trigonal planar Cu(1) derivatives. These 
complexes have general formula CuL(R) and arise from the 
ligand L = 2,4-bis(2,6-diisopropylphenylimido)pentane anion, with 
R = chloride, thiolates, phenolates. As an example, Figure 1 15 illustrates 
the molecular structure of [CuLCl] and [CuL(SCPh3)], respectively. In 
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Figure 115 X-Ray structu!es of three-coordinatf Cu(II)  complexes: (a )  [CuLCl]: 

(average) = 131". (b )  (CuL(SCPh3)]: Cu-N= 1.92 A;  Cu-S= 2.12 A;  
NlCuN2 = 96.8"; NCuS (average) = 129.5"; CuSC= 119.4" 

CU-N= 1.87 A ;  Cu-Cl= 2.13 A;  NlC~N2=?7.3";  NCucl  

all cases, the copper atom is slightly displaced from the N2X plane 
(X = Cl, S, 0) by about 0.2 A.173 

As illustrated in Figure 116, in thf solution these complexes exhibit a 
chemically reversible (in the cyclic voltammetric time scale) Cu(II)/Cu(I) 
reduction ([CuLCl]: E"' = -0.88 V vs. Fc/Fc+; AEp = 70 mV, at 
0.02 V s-'. [CuL(SCPh3)]: E"' = -0.98 V; AEp = 80 mV, at 0.01 V s? 

Let us now pass to the commonest tetracoordinated copper complexes. 
Figure 1 17 shows the molecular structure of the Cu(II)-2-dipyridylamine 

[CUL(OC~H~BU')]: - 1.06 V). 173 

Figure 116 Cyclic voltammograms recorded at a platinum electrode in thf solutions 08 
(a)  [CuLCl]; (b)  [CuL(SCPh3)). Ferrocene added as an internal standard 
in (a) .  Scan rates: (a )  0.02 V s- ; ( b )  0.01 V s-' 
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Figure 117 X-Ray structube of the dication f C ~ ( d p a ) 2 / ~ + .  Cu-N average bond 
length = I .96 A .  Dihedral angle between the two CuN2 planes = 55.6" 

complex [ C ~ ( d p a ) ~ ] ~ + .  As can be seen, it has a distorted tetrahedral CuN4 
coordination. 174 

In coordinating solvents, such as MeCN and dmso, [ C ~ ( d p a ) ~ ] ~ '  
binds two solvent molecules becoming hexacoordinate. In contrast in 
non-coordinating solvents the complex maintains its tetracoordination. 
Figure 118 just shows the redox behaviour of the complex in non- 
coordinating nitromethane solution. 75 

It displays two successive reductions, corresponding to the sequence 
Cu(II)/Cu(I)/Cu(O). The first step ( E O '  = + 0.19 V) is chemically 
reversible (ipa/ip,7 1) but electrochemically quasireversible (AEp = 145 
mV, at 0.2 V s ); the second step is irreversible (Ep  = -0.65 V). 
The appearance of peak C in the backscan reveals, by its characteristic 
pointed lineshape, the presence of a process known as 'anodic stripping'. 
This consists of the sudden reoxidation of the metallic copper that has 
been deposited on the electrode surface during the Cu(I)/Cu(O) reduction. 

The corresponding Cu(1) complex, [ C ~ ( d p a ) ~ ]  + , has been isolated and 
its structure solved. It maintains a tetrahedral geometry, though with a 
few significant variations in the structural parameters (Cu-N = 2.02 A; 
dihedral angle between the two CuN2 planes = 73.3°) . '76 

If one makes the reasonable assumption that the quasireversibility 
of the Cu(II)/Cu(I) reduction is due to the energy barrier of the 
structural reorganization, one may infer that the addition of an 
electron causes an increase in the Cu-N bond distances by about 
0.6 A and the dihedral angle between the two CuN2 planes 
approaches more closely that of a perfectly tetrahedral geometry 
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E (V vs. SCE) -- 
Figure 118 Cyclic voltammograms recorded at a platinum electrode in a MeN02 solution 

of [Cu(dpa)2][C104]2. Scan rates: (a )  0.01 V s-'; ( b )  0.02 V s-' 

(90"). In fact, the dihedral angle changes from 56" in the Cu(I1) 
complex to 73" in the Cu(1) complex. 

The complete reduction mechanism can be described as follows: 

peak A peak B 

+e +e 
-e 

peak E 

[Cu"(dpa)2I2+ r [C~ ' (dpa)~]+  [Cuo(dpa)21 

I 
Cuo + 2 dpa 

- e peak C I 
c u +  2, cu2+ 

peak D 

With regard to planar tetracoordinated Cu(I1) complexes, we consider 
the usual N202 Schiff base planar complexes [Cu"(salen)] and 
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[CuTT(saloph)], the solid-state structure of which is known.'7721 78 As 
illustrated in Figure 119 for [Cu(saloph)], these complexes display a 
Cu(II)/Cu(I) reduction (at about - 1.1 V), the apparent chemical 
reversibility of which is complicated by decomposition of the instan- 
taneously electrogenerated Cu(1) ion. 79 

In fact, as deducible from the voltammogram recorded at slow scan rate 
(dashed line), the decomplexed Cu(1) ion undergoes disproportionation to 
Cu(O), which is subsequently reoxidized at a potential corresponding to 
the anodic stripping peak D. 

One may reasonably assume that the relative instability of the Cu(1) 
complexes of salen and saloph might be due to the relative rigidity of the 
CuI1N2O2 planar conformation, which prevents the reorganization to the 
typical tetrahedral geometry of Cu(1) complexes. 

Another related example can be found in the series of copper 
complexes with the bis(imino)-3-formyl- 1 -phenyl-pyridinethione ligands 
shown in Scheme 18.'" Both Cu(1) and Cu(I1) complexes can be 
prepared with this type of ligands. 

R 

L' CH2CH2 

L2 CH2CH2CH2 cNrRTN= I L3 C H Z C H ~ C H ~ C H ~  

Ph 
i 
Ph 

Scheme 18 

0 2  

-1 - 

C B 

D f i  
" : y ~ -  0.0 

E o/ vs. SCE) 

Figure 119 ( a )  XaRaystructureof[Cu(saloph) J .  Bondlengths: Cu-N = 1.89 2; Cu-0 = 
1.95 A .  ( b )  Cyclic voltammograms recorded at aplatinum electrode in a dmso 
solution of [Cu(saloph) J .  Scan rates: (---) 0.005 V s-I; (-) 0.2 V s-' 
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Figure 120 shows the molecular structure of complex [CU"L~]~+,  which 
has a planar C U N ~ S ~  coordination with a slight tetrahedral distortion. 

As illustrated in Figure 121a the complex displays in MeCN solution a 
chemically reversible, but electrochemically quasi-reversible (AEp = 8 5 
mV, at 0.2 Vs-'), one-electron reduction (E"' = + 0.01 V vs. SCE). 

In confirmation of the chemical reversibility of such redox change, the 
corresponding Cu(1) complex obtained by exhaustive cathodic reduction 
shows a quite complementary voltammetric response, Figure 12 1 b. 

With the exception of the complex with the L' ligand, these complexes 
also display an irreversible Cu(II)/Cu(III) oxidation. In contrast, in the 
case of complex [Cu'L']+, both the Cu(I)/Cu(II) ( E O '  = -0.20 V) and 
Cu(II)/Cu(III) (EO' = + 1.18 V) redox processes have features of chemi- 
cal reversibility (in the cyclic voltammetric time scale), Figure 122. 

The fact that only the L' ligand complex permits access to the Cu(II1) 
complex (even if it is not indefinitely stable) agrees with the relevant 
structural information. In fact, one must bear in mind that the N-R-N 
restraint imposed by the ligand constitutes a barrier to the structural 
flexibility of the molecule. Therefore, when the chain connecting the two 
imino-nitrogen atoms is -C2H4-, it is probable that it generates sufficient 
rigidity to maintain the CuN2S2 site in planar geometry, ready to 
stabilize the Cu(II1) complex. Conversely, the flexibility of a -C3H6- 
(Figure 120), or -C4H8- chain, producing a tetrahedral distortion, does 
not allow the stabilization of a planar geometry following the one- 
electron oxidation. 

Figure 120 X-Ray structure of the dication [CuL2I2+. hverage bond lengths: Cu-N 
= 1.99 A; CU-S= 2.27 A ;  CU- * .OI = 2.64 A 
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0.0 / +0.4 

E (V vs. SCE) 

- O 3 -  

Figure 121 Cyclic voltammo rams recorded at a platinum electrode in MeCN solutions 
08 ( a )  [Cu"L2]'+; (b )  [CurL2]+. Scan rate 0.5 V s-' 

Indeed, as far as the stabilization of Cu(II1) complexes is concerned, 
deprotonated amides proved to be suitable ligands (as has been discussed 
for Ni(IV) complexes). For instance, Figure 123 shows the strictly planar 
geometry of the oxamidate Cu(II1) complex [CuLI-. l S 1  

The ligand is able to complex copper ions either in the Cu(III), 
[Cu"'L]-, or in the Cu(II), [CuT1LI2-, oxidation states. As a matter of 

-J E (W vs. SCE) 

Figure 122 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[CU'L' I + .  Scan rate 0.2 v s-' 
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L 

Figure 123 F-Ray structure of the anion [$uL J- .  Bond lengths: Cu-Nl = Cu-N4 = 1.84 
A; C U - N ~  = CU-N~ = 1.88 A 

fact, the Cu(I1) dianion exhibits in acetonitrile solution a reversible one- 
electron oxidation ( E O ’  = -0.02 V), Figure 124? 

Even more educational is the case of the Cu(1I) and Cu(II1) complexes 
of N,N’- bis [2- ( 1 - h y drox y imino-2-met hy 1- 1 -p hen y 1)prop yl] dimethylma- 
londiamide (H4mal). Figure 125 shows the molecular structure and the 
voltammetric behaviour of the Cu(I1) form [Cu(Hmal)]-. 182 

As seen, the square planar complex exhibits in MeCN solution a 
reversible one-electron oxidation ( E O ’  = -0.12 V vs. Fc/Fc+; AEp = 70 
mV, at 0.05 V s-’>, which suggests the maintaining of the square planar 
CuN4 coordination. In fact, as illustrated in Figure 126, the Cu(II1) 
derivative [Cu(Hmal)] is square planar. 182 

The Cu(II)/Cu(III) transition involves a shortening of the Cu-N 
distances by 0.05 A. 

Amongst the penta- and hexacoordinate copper complexes the 
most didactically instructive can be found in complexes with poly- 

E (V vs. SCE) 
3 

0.0 +0.5 

Figure 124 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN 
solution of [CUL 12- 
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I I  OH K) 

v E (V vs. Fc/Fc+) ' 
-0.2 0.0 +0.2 

Figure 125 (a)  X-Ray struciure of [Cu(Hmal)]-. Avcrage bond lengths: Cu-Nl 
= CuN4 = 1.95 A ;  Cu-N2 = Cu-N3 = 1.91 A .  (b )  Cyclic voltammogram 
recorded at aplatinum electrode in a MeCN solution of [Cu(Hmal) /-. Scan 
rate 0.05 V s-' 

Figure 126 X-Ray st!ucture of [Cu(Hmal)]. Ayerage bond lengths: Cu-Nl = Cu-N4 
= 1.90 A ;  C U - N ~  = C U - N ~  = I .86 A 

thioether macrocyclic ligands of the type [ 151aneSs and [ 1 8]aneS6 
illustrated in Scheme 19. 172 

Figure 127 shows the square pyramidal geometry of the 
[Cu"([ 1 5]aneS5>l2+ dication. 

[I 5]aneS5 [I B]aneS6 

Scheme 19 
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Figure 127 X-Ray structur: of the dication [ C ~ ( [ l 5 ] a n e S 5 ) ] ~ ' .  Average Cu-S bond 
length = 2.33 A 

This complex, in a 80% methanol solution undergoes a quasireversible 
Cu(II)/Cu(I) reduction (E"' = + 0.61 V vs. SCE). The molecular structure 
of the corresponding Cu(1) [Cu([ 1 5]aneS5)] i- monocation is reported in 
Figure 128. 

It is evident that the central Cu(1) ion, preferring a tetrahedral 
geometry, abandons one of the coordinated sulfur atoms. 

An analogous redox-to-structural change occurs for the redox couple 
[Cu([ 1 8]aneS6)]*+/[Cu([ 1 8]aneS6)] + . As illustrated in Figure 129, 
the [Cu"([ 1 8]aneS6)I2+ dication has an octahedral geometry, whereas 

Figure 128 X-Ray structureoof the monocationo [Cu([lS]aneS5)] + . Average distances: 
CU-S = 2.28 A;  CU. *S3 13.5 A 
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Figure 129 X-Ray structures ofi ( a )  [ C u " ( [ l 8 / ~ n e S ~ ) ] ~ + ;  (b)  [ C u " ( [ I ~ ] a n e S ~ ) ] + .  
Average bond lengths: (a )  Cu-S = 2.43 A; (b )  Cu-S = 2.30 A 

the corresponding monocation [Cu'([ 1 8]aneS6)] i- , upon releasing two 
sulfur atoms, assumes a tetrahedral geometry. 

In fact, [Cu([ 1 8]aneS6)] + in nitromethane solution exhibits a chemically 
reversible, but electrochemically quasireversible, oxidation (E"' = + 0.72 
V vs. SCE). 

Another example (which has been already discussed in Chapter 2, 
Section 1.3.2) is offered by the Cu(I1) complex with the oxathia crown 
ligand 1 -oxa-4,7-dithiacyclonane [CU(~S,O),]~ + , whose Jahn-Teller 
distorted (axially elongated) octahedral geometry is illustrated in 
Figure 130. 183 

As Figure 13 1 shows, the corresponding Cu(1) complex [ C U ( ~ S ~ O ) ~ ]  + 

assumes the expected tetrahedral geometry upon abandoning the 
coordination to the two oxygen atoms. 84 

n 

Figure 130 X-RUU, structure of th: dication [Cu(9S20)2l2+. Bond lengths: Cu-S = 
2.33 A;  CU-0 = 2.36 A 
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Figure 131 X-Ray structure of thf monocation [ C U ( ~ S ~ O ) ~ ~ ] + .  Bond lengths: 
Cu-Sl= C U - S ~  = 2.30 A ;  C U - S ~  = C U - S ~  = 2.35 A 

In confirmation of the significant Cu(I)/Cu(II) geometrical reorgan- 
ization, [ C U ( ~ S ~ O ) ~ ]  + undergoes in acetonitrile solution a chemically 
reversible, but electrochemically quasireversible, oxidation ( E O '  = + 0.6 1 
V vs. SCE; AEp= 114 mV, at 0.11 V s-')?~ 

As usual, we conclude with the CuN6 coordination of polypyridine 
complexes. As an example, Figure 132 shows the solid state 
structure of [Cu(terpy)*I2+. lS5 The X-ray structure of [Cu(bipy)212+ 
and [ C ~ ( p h e n ) ~ ] ~ +  are also available. 186,187 

Figure 132 X-Ray structure of [ C ~ ( t e r p y ) ~ ] ~ + .  Cu-NI = 1.96 A; Cu-N2 = Cu-N3 
= 2.08 A; CU-N~ = 2.01 A ;  Cu-N.5 = C U - N ~  = 2.29 A 
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In these cases, there is the expected tetragonal distortion due to the 
Jahn-Teller effect in addition to the often mentioned octahedral 
distortion associated with polypyridine complexes. For the terpyridine 
complex there is the usual difference between the distances separating 
the metal and nitrogen atom of the central pyridine and that of the metal 
and the nitrogen atom of the peripheral pyridines. 

Unfortunately, there is little electrochemical information on these 
complexes. The only study available is concerned with [C~(bipy)~]'+ and 
[ C ~ ( p h e n ) ~ ] ~ + ,  which, in agreement with the d9 electronic configuration, 
have a magnetic moment of about 1.8 pg?' The two complexes, in 
MeCN solution, display a Cu(II)/Cu(I) reduction at E"' = + 0.04 and 
+ 0.03 V (vs. SCE), respectively, which is complicated by decomposition 
of the electrogenerated copper(1) complexes. 189 

8 ZINC COMPLEXES 

Zinc is present in its complexes only as the Zn2+ ion (d"). A direct 
consequence of the electronic saturation of the d orbitals is that zinc 
complexes exhibit only the two-electron reduction: 

Zn2+ + 2e- - Zn 
Generally, the reduction to the metallic state implies decomplexation 

of the bound ligands (hence, irreversible reduction), electrodeposition of 
metallic zinc on the electrode surface and consequently the anodic 
stripping process in the backscan. 

This is the case, for example, of the complex [Zn(bipy),I2+, 
Figure 1 3 3. 90 

As shown, this highly distorted octahedral c~rnplex '~ '  in MeCN 
solution displays a two-electron reduction (E,  = - 1.37 V) that in the 
backscan exhibits the typical 'anodic stripping' of the electrodeposed 
zinc metal. As the Zn(I1) ion in MeCN solution (i.e. [Zn(MeCN),I2+ ion) 
undergoes a two-electron reduction at Ep = -1.10 V, it is evident that 
complexation renders more difficult the reduction process. 190 

A similar behaviour is exhibited by the isostructural [ Z n ( ~ h e n ) ~ ] ~ + .  192 

In MeCN solution it exhibits an irreversible reduction (E, = - 1.40 V vs. 
SCE) followed by further ligand-centred irreversible processes (we must 
in fact remind that polypyridines are redox active ligands). 193 

Just zinc complexes bearing redox-active ligands sometimes display 
apparently reversible redox processes. Really, in these cases the electron 
transfer processes are centred on the ligand. This is, for example, the case 
of [Zn(papm)C12] (papm = 2-(phenylazo)pyrimidine), the (distorted) 
trigonal bipyramidal molecular structure of which is illustrated in 
Figure 1 34. 94 
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Figure 133 

fi (b) 
'i 

- t o  P E (V vs. SCE) 

1 
I 

-2.0 -1 .o 0:o 

(a )  X-Ray structure of [Zn(bQ1y)3/~' ([C104]- counteranion). Average 
Zn-N bond length = 2.15 A .  ( b )  Cyclic voltammogram recorded at a glassy 
carbon electrode in a MeCN solution of [Zn(bipy)3I2+. Scan rate 0.1 V s-' 

Figure 134 X-Rax structure of [Zp(papm)Clz].CH30H. Zn-Nl = 2.42 A; Zn-N4 = 
2.10 A;  Zn-0 = 2.15 A;  Zn-Cll = 2.24 A;  Zn-C12 = 2.22 A 

In MeCN solution, it exhibits two quasireversible one-electron 
reductions (E$- = -0.84 V vs. SCE; E:'p- = -1.24 V), which are 
centred on the azo-group according to the sequence:*95 

+e +e 
[-N=N-] [-N - N-1- c- I [-N-N-I2- 

Other, even more significant, examples of Zn(I1) complexes with redox- 
active ligands will be discussed in Chapter 6, Section 5. 
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CHAPTER 6 

Metal Complexes Containing 
Redox-active Ligands 

This chapter will focus on compounds particularly appealing from the 
electrochemical viewpoint: metal complexes containing redox-active 
ligands. In fact, these complexes couple the redox aptitude of the metal 
centre with that of the ligand itself, giving rise to molecules possessing 
extended electronic mobility and hence able to afford potentially 
innovative materials. In the course of preceding discussions we have 
already faced metal complexes containing polypyridines (bipyridine, 
phenanthroline, terpyridine) and in general the most nitrogen hetero- 
cyclic ligands. As briefly discussed, it is not always easy to assign the 
nature of the redox changes as metal d(n) or ligand p(n) centred 
(spectroelectrochemical measurements can sometime help this task). 
In those cases in which metal-centred and ligand-centred frontier orbitals 
are comparable in energy, the ligands under subject are defined as 
redox ‘non-innocent’.’ In addition to the above mentioned ligands, there 
are other common classes of redox-non-innocent ligands, such as the 
highly popular ferrocenes and fullerenes, or the equally well known 
o-dioxolenes, dithiolenes and porphyrins, all of which clearly show how 
problematic can be the assignment of the metal-centred or ligand-centred 
nature of the redox processes that their metal complexes exhibit. 

1 FERROCENES AS LIGANDS IN METAL COMPLEXES 

As mentioned in Chapter 4, Section 1, to date, several hundred ferrocene 
derivatives have been synthesized. A further increase in their number has 
occurred in recent years due to the use of ferrocene derivatives as ligands 
in metal complexes.2 Since some examples of metallic centres branched 
by several ferrocene units have already been presented in Chapter 4, 
Section 1.4.2 (when dealing with dendrimers), we will limit our discussion 
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to a few derivatives able to depict the typical redox behaviour of this class 
of complex. In particular, we will give examples in which either metal 
fragments are appended as outer substituents to the cyclopentadienyl 
ring(s) of the central core ferrocene unit, or, vice versa, in which a central 
metal fragment bears ferrocene unit@) as external ligands. 

Figure 1 shows the molecular structure of the ferrocenyl-tris(pyraz0- 
1 y 1) b o ra t o - M o (I I) complex [ ( y 5- C 5 H 5 )  Fe { y - C 5H4-( Tp) M o (CO),( CH 2- 
C(Me)= CH2)}].3 

As illustrated in Figure 2, in CH2C12 solution this complex displays 
two sufficiently separated one-electron oxidations with features of 
chemical and electrochemical reversibility (E;)+ = +0.51 V; Ei’2 = 
+0.63 V). 

Exhaustive oxidation at the first process makes the original orange 
solution assume an intense green colour typical of ferrocenium species. 
One may thus assume that the first oxidation is centred on the ferrocenyl 
unit and, therefore, the second process must be attributed to the Mo(II)/ 
Mo(II1) oxidation. 

Figure 3 shows the voltammetric response given under the same 
experimental conditions by the related compound [Fe{ y5-C5H4- 
(Tp)Mo(CO)2(CH2-C(Me) = CH&] bearing two tris(pyrazoly1)borato- 
M o (11) subs t i t uen t s . 

Once again there are two oxidation processes but, as can be inferred 
from the relative peak heights, a two-electron oxidation (E&+ = 
+0.60 V) should precede a one-electron process = +0.80 V). 
Based on the stoichiometry of the compound, it is naively deduced that 
in this case the simultaneous oxidation of the two Mo(I1) centres 
precedes the oxidation of the central ferrocene unit. This not only means 
that there is no electronic interaction (communication) between the two 

n 

Figure 1 X-Ray structure of [ (q5-C5H5) Fe {q5-C5H4 -6 Tp) Mo (CO)z( C y 2  -C(Me)= 
CH2))]. Averagf bondlengths: M 5 i V s  2.24 A;  MeCallyl =2.31 A; B-N=1.55 
i; B-C = I .60 A; Fe. - .Mo = 6.8 A 
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Figure 2 Cyclic voltammogram recorded at a platinum electrode in a CH2Cl2 solution of 
[(q5-C5H~)Fe{q5-C5H~(Tp)Mo(C0)2(CHrC(Me) = CH2))]. Scan rate 
0.2 vs-l 

peripheral Mo(I1) fragments (see Chapter 4, Section L3), but that the 
insertion of the two Mo(I1) substituents drastically modifies the electro- 
nic distribution inside the molecule with respect to the monosubstituted 
species, making the oxidation of the two Mo(I1) centres easier than that 
of the ferrocene unit. 

A further example is constituted by [Co3(C0)&2-q2:q'-C(C5H5- 
FeC5H4-C = C(PPh2)C(0)OC(O)}(p2-PPh2)], the crystal structure of 
which is shown in Figure 4.4 

As illustrated in Figure 5 ,  the complex exhibits a reversible one- 
electron oxidation ( E  O' = +0.36 V), easily assigned to the ferrocenyl 
unit, as well as two sequential one-electron reductions showing features 
of chemical reversibility, which are centred on the maleic anhydride 
capped tricobalt c l u ~ t e r . ~  

It is useful to note that the precursor [(CSH5FeC5H4)CCo3(CO)g] 
also exhibits the expected ferrocenyl-centred oxidation, but only a single 
one-electron reduction.2 This means that the actual two one-electron 

E v, vs. SCE) 

V 
Figure 3 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution o [Fe{q5-C5H4-(Tp)Mo(CO)2(CH2-C(Me) = CH2))2]. Scan rate 0.2 V s- f 



328 Chapter 6 

Figure 4 X-Ray structure of [ C O ~ ( C O ) , { ~ ~ - I ~ ~ : I ~ ' - C ( C , H , F ~ C ~ H ~ C  = C(PPh2)C(O) 
OC(0)](p2-PPh2)] .  Bond lengths: Col-Co2 = 2.43 A ;  Col-Co2 = 2.57 A;  
Co2-co3 = 2.71 A; Col-PI = 2.13 2; Co2-PI = 2.27 2; Co3-P2 = 2.23 A" 

reductions arise from a cooperative interaction of the tricobalt cluster 
and the redox-active bis(dipheny1phosphino)maleic anhydride. 

Let us now consider a few complexes in which a central metal fragment 
is interposed between two ferrocenyl units. 

Figure 6 shows the electrochemical behaviour of the diferrocenyl- 
bis[tris(pyrazolyl)borato]-Fe(I1) derivative there schematized, strictly 
related to the previous complexe~.~ 

The stoichiometry in this case again provides a clear indication that 
the first reversible one-electron oxidation is centred on the central Fe(I1) 
core (E,";, = +0.06 V), whereas the second reversible two-electron 

E (V, vs. SCE) 
I I I 

-1.2 -0.4 +O .4 

Figure 5 Cyclic voltammogram recorded at a platinum electrode in a CH2Cl2 solution 
of [Co3( C0)6{(p2-t72:t7'-C( C5H5FeCjHKC = C(PPh2) C( 0 )  OC( O)J(p2- 
PPh2)]. Scan rate 0.1 V s-' 
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oxidation involves the two outer ferrocenyl substituents = 
+0.57 V), which, therefore, lack any mutual interaction. 

In order to illustrate the possibly extended redox aptitude of the 
ferrocene complexes, Figure 7 shows the cyclic voltammetric response of 
the ferrocenyl-terpyridine-Ru(I1) complex [Fc*-(C6H4)-terpy-Ru-terpy- 
( C6H4)-Fc *I2 + [ Fc * = ( y 5-C 5Me4H) Fe( y5-C5M e4)]. 

As seen, the simultaneous two-electron oxidation of the two (not 
communicating) ferrocenyl subunits ( E  O’ = +0.07 V) precedes 
the Ru(II)/Ru(III) oxidation ( E  O’ = +1.25 V). In addition, two reversible 
one-electron reductions appear (E;:/+ = -1.21 V; E:;o = -1.50 V), 
which, based on the redox activity of terpyridine, are certainly 
contributed by such ligand. 

From such examples one could infer that the presence of a metal 
fragment in between two ferrocene units always prevents their electronic 
communication. In reality, as discussed in Chapter 4, Section 1.3 (dealing 
with diferrocenes), the extent of electronic interaction is dictated by the 
nature of the ‘spacer’ itself. This means that, as happens for diferrocenes 
bearing unsaturated carbon chains as bridges, also in the case of bridges 
formed by proper metal fragments’ communication may be allowed. In 
this connection it is useful to look at the complex illustrated in Figure 8, 
in which a Cu13(dppm)3 fragment [dppm = bis(diphenylphosphin0)- 
methane] is interposed between two ethynylferrocenyl units! 

As shown in Figure 9, in MeCN solution it exhibits two slightly 
separated ferrocene-centred oxidations (at about + 0.15 V, vs. Ag/Ag’), 
followed by irreversible oxidation processes centred on the tricopper(1) 
moiety. In differential pulse polarography the two first waves are better 
resolved (AEO’ = 110 mV)? 

P 
h 

Figure 8 X-Ray structure of [ C ~ ’ , ( d p p r n ) ~ l ~ ~ - ~ ’ - ( C ~ C / C j H ~ F e C ~ H ~ ) ] ~ z ]  +. Average 
bond lengths: Cu-P = 2.29 A; Cu-(22.21 A;  Cu- + .Cu 2.63 A 
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I . I . 1 . I '  I . 1 ' 1 .  , . I . ,  

-0.5 0.0 +0.5 +1.0 -0.1 +o. 1 +0.3 

Figure 9 Cyclic (a )  and diflerential pulse (b )  voltammograms recorded at a platinum 
electrode in a MeCN solution of [Cu'3(dppm)3f~3-r1-[C_C(C5H4Fe 
CjH,) f } 2 ] + .  Scan rates: (a)  0.05 V s-'; ( b )  0.02 Vs-' 

The result indicates that, in spite of the great separation between the 
two iron centres (1 1.8 A), the electronic interaction is able to manifest. 

We like to conclude the present section with an example which points 
out the role played by the electronic effects of ferrocene ligands in 
stabilizing uncommon oxidation states in metal complexes rather than 
their electrochemical properties. Figure 10 shows the molecular structure 
of the Ir(1) monocation [Ir(dppf)$ (dppf = 1,l'-bis(dipheny1phosphi- 
n~)ferrocene)~ and its electrochemical behaviour in thf solution.' 

The central Ir-P4 core assumes a coordination intermediate between 
planar and tetrahedral. The cation undergoes two subsequent, chemi- 
cally reversible, 
-1.76V (vs. Ag/Ag+)). The corresponding Ir(0) and Ir(-I) 

one-electron reductions (E:$, = -1.56 V; 

I 

-1.8 -1.5 ,--- -1.2 
/ 

V 

Figure 10 (a)  X-Ray structure of [Ir(dppf)2f t .  Phenyl rings omitted. (b)  Cyclic 
voltammetric behaviour of [Ir(dppf)*] in thf solution. Mercury working 
electrode. Scan rate 0.1 V s-' 
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have been obtained by chemical reduction in thf solution and structu- 
rally characterized, Figure 11 .* 

As a result of the stepwise addition of electrons, the tetrahedral 
distortion of the central Ir-P4 fragment progressively increases, Table 1. 

It is important to note that the strong electron-donating properties 
of diphenylphosphinoferrocene are able to stabilize the central iridium 
atom in the unusual 0 and -I oxidation states. 

2 FULLERENES AS LIGANDS IN METAL COMPLEXES 

Until 1985 the only well-characterized forms, from the structural 
viewpoint, of carbon were graphite and diamond. Their technological 
importance is well known. Graphite is used as a solid lubricant, pencil 
lead, moderator of neutron energy in nuclear reactors and as a 
strengthening material in polymer carbon products. Diamond, other 
than its importance in jewellery, is used in all types of industrial drilling, 
because of its hardness. In 1985, a very stable carbon aggregate, C60, 
was identified spectroscopically within the vapours generated by laser 
excitation of graphite. This new form of carbon was proposed to have 

F 

Table 1 (Average) structural parameters in the series [ I r ( d p ~ f ) ~ ] + ~ ~ ~ -  

Complex Ir-P (A) Ire . -Fe (2) PI IrP2/ P3Ir P4 (7 a 

[Ir(dPPf)zl+ 2.35 4.44 
WdPPf)2 2.3 1 4.37 
CWdPPfl21- 2.26 4.3 1 

51.0 
74.7 
85.0 

aDihedral angle. 



Metal Complexes Containing Redox-active Ligands 333 

the shape of a football and was given the name buckminsterfullerene (in 
honour of the American mathematician Buckminster Fuller, 1895-1 983, 
renown for his spherical shaped domes). From that moment began 
strenuous efforts to characterize these carbon superclusters and to 
prepare them in appreciable quantities. Their use as superconductors, 
when doped with alkaline metals (see Chapter lo), has definitively 
conferred on them technological importance. 

Among the many carbon clusters identified spectroscopically (from 
C40 to C200), a few have been structurally characterized. For instance, 
Figure 12 illustrates the molecular structures of c60, c70, c76, c78, ($0 
and Cg2 (in their most stable isomeric  form^).^ 

At present the simplest carbon cluster to prepare is the buckmin- 
sterfullerene c60, the geometry of which is classified as ‘truncated 
icosahedral’, which belongs to the icosahedral symmetry group, Ih.  As a 
consequence, the frontier orbitals of c60 consist of a full pentadegene- 
rate HOMO (h,) and two triply degenerate LUMOs (tlu and tlg), 
Figure 13. 

It follows that c60 should be able to receive up to 12 electrons. 
Dating from 1990, electrochemical studies have gradually revealed 

the capacity of c60 to receive reversibly from 2 to 5 electrons. In 1992 
low temperature studies clearly proved the ability of c60 to receive 6 
electrons. l o  Figure 14 shows the low temperature cyclic voltammogram 
of c60. 

c60 c70 c76 

c78 c80 c82 

Figure 12 Molecular structures of a few fullerenes 
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Figure 13 MO energy level diagram for  the frontier orbitals of c6, 

It must, however, be noted that under common experimental 
conditions one can easily detect the fourth reduction step." 

As a consequence, attempts have been made to obtain a structural 
characterization of the corresponding fullerene anions. At present well 
resolved structures are available for [c60], [c60]- and [c60l2-. 12-14 The 
high resolution of these structures has somewhat supported the proposal 
that population of the LUMO tl, should result in a Jahn-Teller 
distortion (in order to remove the orbital degeneracy). In fact, even if at 
the margins of statistical significance, in the monoanion a slight axial 
compression is present, whereas the dianion exhibits a slight axial 
elongation compared to the perfectly spherical shape of neutral c 6 0 .  

As compiled in Table 2, the sequence C60 - [c60]- - [Cs0]*- displays 
variations in the typical C/C bond lengths which agree with the 
theoretical assumption that the t l u  orbitals are antibonding with respect 
to the 6:6 carbon/carbon double bonds and bonding with respect to the 
5:6 carbon/carbon single bonds. 

As illustrated in Figure 15, it has been found that c 6 0  can also 
reversibly lose an electron at high potential ~a1ues . l~  

I I I 
-3.0 -2.0 -1 .o 

Figure 14 Cyclic voltammogram recorded at a platinum electrode in a dmf-toluene (2:3) 
solution of c60. Scan rate 0.03 V s-'. T = 185 K 
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A "5-6 Ring 
A "6-6 Ring Fusion" 

Table 2 Variation of the C/C bond lenths (in 
2) on passing from c,, to its anions 

C/C bond type 

(6.6) (5:6) 

Fusion" c60 1.383(4) 1.453(5) 
[GOl- 1.389(3) 1.449(3) 
[c6ol2- 1.399(2) 1.446(2) 

It is interesting to note that the difference between the potentials of the 
first oxidation and the first reduction constitutes an experimental 
measurement of the energy separation of the HOMO/LUMO frontier 
orbitals. This follows that (as mentioned in the Introduction as well 
as in Chapter 1, Section 2.4) one assumes that in the oxidation process the 
electron is removed from the occupied orbital of highest energy (HOMO), 
whereas in the reduction process the electron is added to the unoccupied 
orbital of lowest energy (LUMO). In the present case, this separation is 
equal to AE"' = +1.28 - (-1.04) = 2.32 V (and hence 2.32 eV). This 
value is in accord with the value of 2.6 eV theoretically determined for the 
separation of the HOMO h, and the LUMO tl,. The relatively stable 
cation [c60] + has been characterized in solution. l6 

C70, which is the second easiest carbon cluster to prepare, has 
essentially the same redox capacity as c60, Figure 16.17 

C70 also displays a one-electron oxidation with features of chemical 
reversibility at a potential similar to that of c60. This implies that the 
HOMO/LUMO separation is roughly similar in the two cases. 

In contrast, the electrochemical behaviour of c76 is slightly different. 
In fact, not only does it display four reduction processes at significantly 

E (V, vs. Fc/Fc+) 
> , , . I  " 1  I I l l  I - 1  

-1 .o 0.0 +I .o 

Figure 15 Cyclic voltammogram recorded at a glassy carbon electrode in a l,l,l- 
trichloroethane solution of CGo. Scan rate 0.1 V s-' 
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Figure 16 Cyclic voltammograms recorded at a platinum electrode in CH2Cl2 solutions of 
C6, (scan rate 10.0 V s-’) and C70 (scan rate 20.0 V s-I), respectively 

different potentials from c 6 0 ,  but it also exhibits an easy oxidation 
process (followed by further ill-defined processes), Figure 17. ” 

These data indicate a HOMOiLUMO separation for C76 of 0.4 eV, 
compared to the theoretical value of 1.07 eV. 

The monofullerene with the highest number of carbon atoms that has 
been studied electrochemically is CS4. Figure 18 shows its cyclic 
voltammetric behaviour in 1,2-dichlorobenzene. l9  

The first three reduction processes are well formed, whereas there is 
some doubt concerning the fourth cathodic process, which may be due to 
overlapping processes or impurities of other fullerenes. 

We have defined C84 as the highest ‘monofullerene’ electrochemically 
studied, but c 6 0  dimers and C60-C70 cross-dimers have been character- 
ized also by electrochemistry (see Section 2.1). 

(V, vs. Ag/AgCI) 

Figure 17 Cyclic voltammograms recorded at a platinum electrode in thf solutions of C6, 
and C76, respectively. Scan rate 1.0 V s-’ 
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E (V, vs. AglAgCI) f l  

Figure 18 Cyclic voltammogram recorded at a platinum electrode in a I ,2-dichloroben- 
zene solution of cad. Scan rate 0.2 v s-’ 

As a last consideration on the ‘organic’ aspects of fullerenes, it must be 
recalled that they are poorly soluble in non-aqueous solvents. Details 
about their solubility can be found in the literature.20 

We turn our attention now to ‘inorganic’ aspects of fullerenes and, in 
particular, their complexes with metals.21 Two types of metallafullerenes 
exist : 

those in which a metal fragment is appended outside the spheroidal 

those in which a metal(s) lies inside the spheroidal carbon cage, 
carbon cage, defined as exohedral metallafullerenes; 

defined as endohedral metallafullerenes. 

Crystal structures of a few fullerenes containing endohedral atoms 
have been recently solved (apart from the noble gas trapping 
Kr@C60,22a the metal atoms containing sc3 N@C,g,22b sc3 N@CgO 
and sc2 ErN@Cg0,22C y@C82,22d SC@C82,22e Er2@C82,22f sc3@cg2,22g 
S ~ 2 @ C g 4 , ~ ~ ~  Sc2 C2@Cg4,22i), but unfortunately their electrochemical 
behaviour is not known. Electrochemical information is also limited 
for those endohedral complexes which lack definitive structural 
chara~ter izat ion.~~ 

The first exohedral metallafullerene to be isolated and structurally 
characterized was the adduct [ ( V ~ - C ~ ~ ) {  (~~0,0)-0~(0~)(4- ter t -butylpyr-  
idine)}], Figure I 9.24 

In the c60 fragment all the carbon atoms are tricoordinated, except Cl  
and C2, which, being coordinated to an oxygen atom of the metal 
fragment, are tetracoordinated. As shown in Scheme 1, the sphere of 
carbon atoms, which has an approximate radius of 3.51 A, is composed 
of 20 six-membered rings fused with 12 five-membered rings with a 
repetition of the pyracylene building unit. 
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Figure 19 X-Ray structur: of [(q2-C60) {(K~O,O)-OS(O,) (4-tert-butylpyridine))]. 
Cl-C2 = 1.62 A 

reactive 
centre 

p yr ac yl e n e 

Scheme 1 

In fact, it is just the unsaturated central double bond of the pyracylene 
unit which commonly becomes the reactive site for coordination to metal 
fragments. This is the case not only for [(y2-C60){ ( K 2 ~ , 0 ) - O s ( 0 ~ ) ( 4 - t e ~ t -  
butylpyridine)}], but for example also for C60[Pt(PPh3)2]~~ and 
[Ir(CO)(y2-C60)Cl(PPh3)2].26 In both compounds the C 1-C2 bond length 
( 4 . 5 0  A) is considerably longer than the value (1.38 A) that the 6:6 
C = C bond should have in the absence of coordination (in the strictly 
related [Pd(q2-C60)(PPh3)2] the C1-C2 distance is 1.45 A27). At variance 
with [(q2-C6o)((~2~,~)-os(~~)(4-tert-butylpyridine)~],  in the latter cases 
the metal atom is directly linked to the fullerene unit. 

The same unsaturation resulting from the fusion of two benzene rings 
is, furthermore, responsible for the coordination of several metal frag- 
ments to c60. At least in the solid state, this usually occurs by disposing the 
metal fragments symmetrically on opposite sides of the carbon sphere, as 
for example are the cases for example of [Ir(CO) (y2-C60)Cl(PMe2Ph)2]2,28 
[Ir2C12(~2-C60)( 1 , 5-COD)2]29 and [Pt(q2-C60)(PEt3)2]6.30 
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Metallocomplexes of functionalized fullerenes have been obtained, 
such as the mono- and di-epoxofullerenes [Ir(C600)(Co)C1(AsPh3)2] and 

Higher fullerenes are also able to coordinate one or more metal 
fragments, as is the case of the monoadducts [Ir(CO)(q2-C70)C1(PPh3)2], 
[Ir(CO)(q2-C84)C1(PPh3)2],33734 and the diadduct [(y2-C70){Ir(CO)C1 
(PMe2Ph)2)2].35 Also in this case the coordination to the metal fragment 
occurs through the double bond of the pyracylene unit. 

Let us turn our attention now to the electrochemical aspects of a few 
exohedral metallafullerenes. 

As seen, fullerenes behave as unsaturated ligands. Hence it is expected 
that coordination to metal fragments might saturate (at least partially) 
their electron-affinity. Hence it is expected that the electron-withdrawing 
ability of fullerenes is lowered after complexation with respect to that in 
their free state. 

Figure 20 shows the cyclic voltammogram exhibited by [Pt(y2- 
C60)(PPh3)2] (together with its molecular structure) in tetrahydrofuran 
solution, also in comparison with that of free c60. 

As expected, the sequential reductions of the metallafullerene (M 1, 
M2, M3) are significantly shifted towards more negative values with 
respect to those of free C60 (Fl, F2, F3). The appearance of peaks due to 
the c 6 0  ligand itself in the voltammetric profile of the metal complex, 
which is particularly evident in the backscans, probably arises from the 
instability of the electrogenerated higher charged anions ([pt(q2-C60) 
(PPh3)2]2- and [Pt(q2-C60)(PPh3)2]3-, respectively) which tend to release 
the ligand. Only [ P t ( ~ ~ - c ~ ~ ) ( P P h ~ ) ~ l -  seems to be quite stable. 

Substitution of triphenylphosphine with triethylphosphine does not 
substantially modify the values of the redox potentials for the sequential 

[Ir(C6oo2)(Co)C1(PPh,)2] . 3  1'32 

36 

(b&./&&5-+o *- - - - - -____  

M I  
M2 

M3 E (V, vs. Fc/Fc+) 
I I I I I I I I I  

-2.2 -1.4 -0.6 

Figure 20 (a)  X-Ray structure of [Pt(q2-C6v) (PPh3)2]. Bond lengths: Cl-C2 = 1.50 A"; 
Pt-Cl-Pt-C2 = 2.13 A". ( b )  Cyclic voltammograms recorded at a platinum 
electrode in thf solutions of [pt(q2-C6,) (PPh3)2] (bottom); ( b )  c6, ( top ) .  
Scan rate 0.2 v s-' 
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reduction processes, thus suggesting that the LUMO of the metal 
complex is essentially contributed by the c60 ligand. This is further 
supported by the observation that, as illustrated in Figure 21, 
substitution of Pt for Pd or Ni in [Pd(q2-C60)(PEt3)2] and [Ni(q2- 
C60)(PEt3)2], respectively, does not induce significant variations in the 
reduction potentials (even if the kinetic stability of the electrogenerated 
anions is considerably affected by the change of 

Table 3 compares the redox potentials for the reduction processes of 
c 6 0  with those of the corresponding redox changes for the above 
mentioned metal complexes. 

As deduced, the complexation of C60 with the different metal frag- 
ments causes a shift towards more negative potential values by about 
0.3 +- 0.4 V with respect to free C60. 

Table 3 Formal electrode potentials ( V ,  vs. SCE) for  the reduction processes of 
complexes [M(q2-C60) (PR3)2],  in thf solution 

Complex 01 
E2-/3- 

"Peak potential value for irreversible processes. 
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E (V, vs. Ag/Ag+) 

-2.0 

Figure 22 (a )  X-Ray structure of [ W(q2-Cbo) (C0)3(dppe)  J .  Bond lengths: CI- 
C2 = I SO A, W-CI = W-C2 = 2.29 A. ( b )  Cyclic voltammogram recorded at 
a glassy carbon electrode in a MeCN-toluene solution of [W(q2-C60) 
(C0)3(dppe)]. Ferrocene added as internal standard. Scan rate 0.1 V s-’ 

Figure 22 shows the molecular structure of [W(q2-C60)(CO)3(dppe)] 
(dppe = 1,2-diphenylphosphinoethane) together with its cyclic voltam- 
metric response.37 

The three fullerene-centred reductions display features of chemical 
reversibility and are localized at potential values more negative by about 
0.2 V than those of free C60, Table 4. This proves that also in this case the 
metal fragment pushes electron density towards the fullerene. 

Similar behaviour is displayed by complexes [M(q2-C6~)(Co),(phen) 
(dbm)] (M = Mo, W: phen = 1,lO-phenanthroline; dbm = dibutylma- 
dib~tylmaleate).~’~.~ Figure 23 shows the voltammetric picture exhibited 
by the tungsten complex. 

It exhibits three sequential one-electron reductions possessing features 
of chemical and electrochemical reversibility, which occur at potential 
values more negative by about 0.15 V with respect to free c60, Table 5. 

As illustrated in Figure 24, the present complexes also exhibit a fourth 
irreversible two-electron reduction centred on the outer metal fragment, 
which precedes the fourth reduction of the coordinated c60. 

Table 4 Formal electrode potentials ( V ,  vs. Fc/Fc+) f o r  the reduction processes 
of [ W(Y,I’-C~~) (CO)j(dppe)] in MeCN-toluene solution 

Complex El;- E:;2- E&- 

[W(112-C,o)(Co),(dPPe)l -1.19 - 1.56 -2.08 
c60 -0.98 - 1.37 -1.87 
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Figure 23 ( a )  X-Ray structure of [ w(q2-C6,) (GO)z(phen) (dbm)].  Bond lengths: CI- 
C2 = 1.43 A; W-CI = W-C2 = 2.30 A .  ( b )  Cyclic voltammograms recordedat 
a platinum electrode in CH2C12 solutions of [ w(V2-C6()) (CO)z(phen) (dbm)] 
(-) and C,, (---), respectively. T = -10" C. Scan rate 0.2 Vs-' 

The appearance of free fulleride reoxidations in the backscan (starred 
peaks) is accounted for by the following ECE mechanism: 

[ M ~ ( v ~ - c ~ ~ ) ~ ~ -  3 [M-'(T/2-C60)]4- [MI- -k [c60l3- 
(generated at the third reduction) I 
M = (Mo/ W)( CO), (phen)(dbm) I + e  

Interestingly the related C70 derivative [W(q2-C70)(CO),(phen)(dbm)] 
displays a rather different electrochemical b e h a ~ i o u r . ~ ~ "  In fact, as 
illustrated in Figure 25, at variance with [W(v2-C60)(CO)2(phen) (dbm)], 
the third reduction process of the C70 complex looks like an almost 
overlapped two-electron step. 

Table 5 Formal electrode potentials ( V,  vs. SCE) and peak-to-peak separation 
( m  V )  for  the fullerene-centred reductions of [M(C60/C70) (CO)2 
(phen) (dbrn)] in CH2Cl2 solution. T= -10" C 

Complex E;;- AEp E";2- AEp E;L/3- AEp E3-,4- 01 AEp 

[w(q2-C,jo)(CO), -0.76 62 -1.17 60 -1.60 62 - - 

- 
(phen)(dbm)l 

(phen)(dbm)l 

(phen)(dbm)l 

[Mo(q2-C,,>(CO)2 -0.77 58 -1.13 58 -1.60 58 - 

[Mo(~~-C,O)(CO), -0.71 60 -1.09 62 -1.51a b -1.51" b 

c60 -0.63 59 -1.00 60 -1.45 64 -1.9" - 
c70 -0.61 59 -0.98 60 -1.41 64 -1.75 62 

aAverage value for an overlapping two-electron process. 
See text. 
Peak-potential value. 
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E (V, vs. SCE) 

Figure 24 Cyclic voltammogram of [ W(q2-C6,) (C0)2(phen)  (dbm)] recorded under the 
same experimental conditions of Figure 23, but extended at more negative 
potential values 

Based on its reversibility (as well as on the fact that the Mo(CO)~ 
(phen)(dbm) fragment in the Cs0 complex or in the precursor [Mo(CO)~ 
(phen)(dbm)2] reduces at potentials notably more negative), such a step 
is attributed to the almost concomitant third and fourth reductions of 

* 

E (V, vs. SCE) 

Figure 25 Cyclic voltammograms recorded at a platinum electrode in CH2Cl2 solutions 0) 

(dbm) J .  T = -10" C. Scan rate 0.2 V s- 
( a )  [Mo (Zl2-Cm) (CO)2(phen) (dbm) lj ( b d  m f o  (r2-C70) K O )  2 (phen) 
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the C70 moiety. In addition, it can be seen that the fourth (metal-centred) 
reduction triggers decomplexation of the fulleride anions (starred peaks) 
as a consequence of the simple EC mechanism: 

4- +e 
[Mo(V2-c70>1 -+ [M-' (V2-C70)I5- [MI- -I- [C7ol4- 

(generated at the 
fourth reduction) 
M = M~(CO)~(phen)(dbm) 

Finally, Table 5 shows that the shift of the reduction processes of the 
metallacomplex towards more negative values is by 0.10 V with respect 
to free C70. This suggests that the M~(CO)~(phen)(dbm) fragment 
saturates the coordinated C70-double bond at an extent lower than c60. 

Figure 26 shows the molecular structure of the adduct of C60 
with ($- bicyclo[ 3.2 .O]hepta- 1, 3-dienyl)(q4-tetraphenylcyc1obutadiene)- 
C O ( I ) . ~ ~  In it the metal fragment is not directly bound to c60. 

As shown in Figure 27 and deduced from Table 6, it also displays three 
reduction processes at potential values more negative by about 0.2 V 
with respect to free c60. 

Figure 28 shows the molecular structure of [Fe2(p-S)2(q2-C60)(CO)6], 
in which again there is no direct bond between the metal(s) and the 
fullerene ligand.40 

At variance with the preceding derivatives, the complex displays in 
1,2-dichlorobenzene solution four reduction processes (with features of 
chemical reversibility) at potentials slightly less negative than those of 
free fullerene, Table 7.40 This indicates that, contrary to the preceding 
cases, the Fe2S2(C0)6 fragment withdraws electron density from the 
coordinated fullerene. 

Therefore we can conclude that the shift of the reduction potentials of 
the fullerene-centred reductions in metallafullerenes, with respect to free 

39 

Figure 26 X-Ray structure cf [ Co(q5-bicyclo[3.2.0[hepta-l,3-dienyl) (q4-tetruphenyl- 
cyclobutadiene) ( q  -CG0)]. Cl-C2 = 1.59 A 
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0 
0 

. -  I - " ' 1 " " 1  
-2.0 -1.5 -1 .o -0.5 

Figure 27 Comparison between the cyclic voltammogram of C60 (- - -) and that of [Co(qs- 
bicy clo[ 3.2.01 hep ta- I ,3-dienyE) ( q4- t et rap hen yl-cyclo bu t adiene) ( q2- C60) ] 
(-). PhCN solution 

Table 6 Formal electrode potentials ( V ,  vs. Fc/Fc+)  for  the reduction 
processes of [ Co ( y5- bicycle[ 3.2.01hep ta- I ,3-dienyl) ( y4- tetra- 
phenyl-cyclobutadiene) (y2-&) J in PhCN solution 

Co(1) adduct 
c 6 0  

- 1.06 - 1.48 -2.04 
-0.93 -1.35 - 1.84 

fullerene, is governed by two not easily separable effects: 

the extent of saturation of the g2-coordinated carbon/carbon 

the inductive effects exerted by the metal fragment(s), which can 
double-bond, which makes the reductions more difficult; 

favour or disfavour the reduction processes. 



346 Chapter 6 

Table 7 Formal electrode potentials ( V,  vs. AglAgCl) for the reduction processes 
of [Fe2(p-s),(v2-c6,) (co)6] in 1,2-dichlorobenzene solution 

~~ 

-0.45 -0.83 - 1.28 - 1.76 
c60 -0.47 -0.85 -1.31 - 1.78 

The two effects can add or compensate each other. In this way, the 
measurement of the shift in redox potentials through electrochemical 
techniques offers a simple, but powerful tool to evaluate the overall 
electronic factors governing the interaction of the metal fragments with 
the fullerene ligands. 

2.1 Intramolecular Electronic Communication in Metallobisfullerenes 

As mentioned above, bisfullerenes in which the two fullerene subunits are 
directly linked each other have been characterized; namely, C120,~l C121 ,42 

C 1200,43 c122H444 and the c60-c70 cross-dimer Cl  30.45 Cyclic, differential 
pulse or square wave voltammetric techniques reveal that the two 
fullerene moieties are, at best, weakly communicating, in that the 0/-/2-/ 
3- sequential reductions of each subunit are essentially overlapped, the 
separation between reduction pairs being, at best, less than 100 mV. On 
the other hand, bisfullerenes in which the two c60 units are separated by 
unsaturated carbon chains do not manifest electronic interactions. 

In this connection, quite interesting is the case of the complex 
2 2 2- 

nomethane; R =  CH2C6H5), in which an octahedral Rh6 cluster is 
interposed between two fullerene units, Figure 29.49 

One cyclohexatriene-like ring of each c60 unit is face-capped to one 
triangular face of the interposed octahedral Rh6 cluster. As illustrated in 
Figure 30, the complex affords in chlorobenzene solution six, well sepa- 
rated, consecutive reductions, which, based on the fact that the central 
metal cluster is inactive in the potential window of interest, are assigned to 
the stepwise and pairwise three-electron additions to each c60 subunit .49 
Stated that such reduction processes occur at potential values more 
negative by more than 0.2 V with respect to free fullerene, it is noted that 
the separation inside the first reduction couple, which corresponds to 
the electron transfer sequence ([c6O][c6,])/([c6,][c6O]-)/([c6O]-[c60]->:, is 

4&48 

[Rh6(Co>,(dppm>(CNR)(I.13-ul ,v ,ul  GO)^ (dppm = diphenylphosphi- 

0.19 v; the second Couple ([c~~]-[c~~]-)/([c~~]-[c~~]2-)/([c~~]2-[~~~]2~) is 
separated by 0.24 v ;  the third Couple ([c~~]2-[c~~]2-)/([c~~]2-[c~o]3-)/ 
([c60]3-[c60]3-) is separated by 0.29 V. Such progressive increase of the 
separation is assigned to increasing Coulombic repulsions. 
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Figure 29 X-Ray structure of [Rh6(CO)5(dppm) (CNR)  ( ~ ~ - C , 5 ~ ) 2 ]  

It is evident that the two fullerenes are strongly electronically 
communicating in spite of the interposed presence of the Rh6 cluster. 
A partial contribution to such a strong interaction could, however, arise 
also from the slight unequivalence of the two C60 environments. In fact, 
one fullerene is linked to a Rh3 triangle coordinated to a carbon atom (of 
one isocyanide ligand) and a phosphorus atom (of one diphosphine), 
respectively, whereas the other fullerene is linked to a Rh3 triangle which 
coordinates two phosphorus atoms (of the two diphosphines). 

[2 -13-]/[3-/3-] E (V, vs. Fc/Fc+) 
I I I I 

-2.5 -2.0 -1.5 -1 .o 
Figure 30 Cyclic voltammogram recorded at a platinum electrode in a chlorobenzene 

solution of [Rh6(CO)5(dppm) (CNR)  (q2-c60)2]. Scan rate 0.01 V s-' 
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3 DIOXOLENES (AND THEIR IMINO ANALOGUES) 
AND DITHIOLENES AS LIGANDS IN METAL COMPLEXES 

Transition metal complexes with o-dioxolene ligands constitute one of the 
most intriguing classes of complexes as far as their electrochemical 
behaviour is concerned, in that, as already mentioned in Chapter 5 ,  
Section 1, such ligands are able to shuttle through the oxidation states 
o-benzoquinonelo-benzoserniquinonelcatecholate illustrated in Scheme z5' 
(a process carried out in nature by the dicopper(I1)-based enzyme catechol 
oxidase through a single two-electron step; see Chapter 9, Section 1.2). 

Scheme 2 

This means that, for instance, assuming that the metal centre does not 
change its oxidation state, homoleptic bisquinoidal metal(I1)-complexes, 
which are one of the most common classes, should theoretically exhibit 
the sequence illustrated in Scheme 3. 

Scheme 3 

Obviously, the different steps will appear more or less separated or 
even overlapping depending upon the degree of communication between 
the quinoidal subunits allowed by the central metal ion. 

Indeed a limited number of monomeric [M"(di~xolene)~]~- complexes 
have been structurally characterized (M = Ni; dioxolene = 3, 
6-di-tert-butyl- 1,2-benzoserniquinone, n = O;51a dioxolene = N,N'-bis(2, 
3-dihydroxybenzoy1)- 1,7-diazaheptane, n = 2;'l dioxolene = 1,2-cate- 
cholate, n = 2;51c M = Pd, Pt; dioxolene = 3,5-di-tert-butyl-l,2-benzo- 
semiquinone, n = 052), likely due to the fact that Ni(I1) in the presence of 
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Figure 31 X-Ray structure of [Pd(3,5-di-Butsg)2]. Pd-0 = 1.98 A; C-0 = 1.30 A; 
Cl-C2= 1.43 A 

oxygen-containing ligands tends to be octahedrally coordinated. Thus 
in the absence of steric protection, they tend to form 01igomers.~~ As 
illustrated in Figure 3 1, which refers to the semiquinonate complex 
[Pd"(3,5-di-B~~sq)~],~~ the cited complexes show a square planar 
geometry. 

It is commonly accepted that the C-0 distance of the quinoidal ligand 
is an important parameter suggestive of the charge of the ligand in metal- 
dioxolene complexes, namely: 

quinone form: C - 0 4 . 2 3  A; 
semiquinone form: C - 0 4 . 2 9  A; 
catecholate form: C-O= 1.35 A. 

The actual C-0 distance (1.30 A) does support the semiquinonic 
nature of the complex. 

The present Pd(I1) complex, as well as the isostructural Pt(I1) 
analogue, in CH2C12 solution display two reversible reductions and an 
irreversible oxidation (see Table 8), which are assigned to the sequence:52 

Table 8 Formal electrode potentials ( V ,  vs. Fc/Fc+)  for the 
redox changes exhibited by complexes [M(3,5-di- 
B u ' s ~ ) ~ ]  ( M =  Pd, Pt ) ,  in CHZC12 solution 

M EP + 10 El/- E$- 

Pd + 0.56 -0.24 -0.86 
Pt + 0.69 -0.06 -0.80 
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+e 
[M"(3,5-di-B~'sq)~] =[MI1( 3, 5-di-Butsq)( 3, 5-di-Butcat)]- 

-.I +e 
[M"(3,5-di-B~'cat)~]~- 

[M"(3, 5-di-Butsq)( 3, 5-di-Butq)]+ 

Let us pass now to the wider class of homoleptic (tris)quinoidal 
complexes (already mentioned in Chapter 5, Section 1, speaking about 
the redox couple [V(~at),]~-'~-) starting with the neutral complex 
[Cr{ 02C6H2(3,5-B~t)2}3], the essentially octahedral structure of which is 
shown in Figure 3 P 4  

Given the redox non-innocent character of the quinoidal ligand, the 
present diamagnetic complex can in principle be formulated either as 
Cr(O)-(quinone),, or as Cr(VI)-(cate~hol)~, or as Cr(III)-(semiquinone)3. 
As a matter of fact, based also on the C-0 distance, it has been 
preferentially assigned as [Cr"'( 3,5-di-B~'sq)~]. 54 

In agreement with the fact that tris-quinoidal-M(II1) complexes, under 
the above-cited simplification that the oxidation state of the metal 
does not change, can undergo the following seven-membered redox 
sequence: 

It exhibits in CH2C12 solution three sequential one-electron reductions 
and two sequential one-electron oxidations, all these processes exhibiting 
features of chemical reversibility, Figure 33? 

A further educational example is offered by the neutral semiquinonate 
complex [Cr(02C6C14)3] (or [Cr11T(C14sq)3]), the octahedral geometry of 
which is illustrated in Figure 34? 

As illustrated in Figure 35, in CH2C12 solution it exhibits three 
separate one-electron reductions, which would lead to the correspond- 
ing anions [Cr'11(C14sq)2(C14cat)]-, [Cr111(C14sq)(C14cat)2]2- and [CrT"- 
( ~ l ~ c a t ) , l ~ - ,  respectively. 55 

As a matter of fact the mixed-valent mono- and di-anion congeners 
have been isolated and structurally ~harac te r ized .~~ 
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Figure 32 X-Ray structure off C ~ { O Z C , ~ ~ , ( B U ~ ) ~ ] ~ / ~ .  Average Cr-0 distance = 1.93 A; 
average C-0 distance = 1.28 A;  01-Cr-02 angle = 81.4" 

Lo E (V, vs. SCE) 

1 I I I I 

-1.6 -0.8 0.0 +0.8 +I .6 

Figure 33 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[Cr1"(3,5-di-Bu*sq)3]. Scan rate 0.05 V s-I 

Figure 34 X-Ray structure off Cr"'(C14sq)3] 
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v E (V, vs. SCE) 
I I I I I 

-0.6 -0.2 +0.2 +0.6 +1.0 

Figure 35 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
[Cr1"(C14sq)3]. Scan rate 0.05 V s-' 

To account for the gradual reduction of each quinoidal ligand 
following the one-electron additions it is useful to look at the bond 
lengths collected in Table 9, that outline the structural features of the 
different I, 11, I11 quinoidal 02C6Cl4 subunits. 

As seen, the variations in bond lengths are minimal, in particular as far 
as the Cr-0 and C-C distances are concerned. From a speculative view- 
point, a significant variation (elongation by about 0.2 A) can be found in 
the C-0 distance on passing from the neutral to the anionic species. This 
result not only supports the ligand-centred nature of the electron 
additions, but the homogeneity in the distances inside the three reduced 
ligands suggest a delocalization of the added electrons over the three 
centres (in agreement with the fact that separate redox changes prelude 
charge delocalization; see Chapter 4, Section 1.3). Further, the invariance 
of the Cr-0 distances seems to rule out eventual changes in the oxidation 
state of the central metal. 

Complex Subunit Cr-0 c-0 c-c 
1.28 
1.27 
1.29 
1.31 
1.30 
1.29 
1.31 
1.29 
1.30 

1.40 
1.40 
1.41 
1.39 
1.40 
1.40 
1.39 
1.30 
1.40 
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To conclude this aspect we can look at the related manganese dianion 
[Mn(02C6H2(But)2)3]2-, which, once again, can in principle be 
formulated either as [Mn'v(catechol)3]2- or alternatively as [Mn'"(semi- 
quinone)(cate~hol)~]~-. As the complex is EPR active (which, as 
mentioned in Chapter 5, Section 3, rules out a Mn(II1) state) and has 
a magnetic moment of 3.95 ,UB, one can deduce that it is a Mn(1V) (d3- 
t2g3) tris-catecholate complex. The Mn-0 bond lengths (about 1.90 A) of 
the octahedral also favour a Mn(1V) assignment, as 
the corresponding distances for a Mn(II1) complex are generally slightly 
longer. On the other hand, the C-0 distance agrees with a catecholate 
form of the dioxolene ligands. 

In agreement with its catecholate nature, the complex does not display 
any predisposition to undergo reduction (even if an 
irreversible metal-centred [Mn'V(3,5-di-Butcat)3]2-/[Mn1'1(3,5-di- 
Butcat)$ reduction has been reported58b). 

In confirmation, however, of the delicate electronic effects present in 
these complexes, the two-electron oxidized mixed-valent isomeric 
complex [Mn'V(3,6-di-Bu'cat)(3,6-di-Butsq)2] has been isolated and 
structurally characterized. 59 

We finally point out that heteroleptic-dioxolene complexes with 
different redox non-innocent ligands can exhibit even further difficulty 
assignable redox changes.60 

Let us now illustrate some significant examples of the redox propensity 
of related (but less widely studied61) quinone diimines. As happens for 
1,2-dioxolenes, such ligands also exhibit the reversible electron transfer 
sequence o-benzoquinone diiminelo-benzosemiguinone diimine monoanion1 
o-phenylendiamine dianion illustrated in Scheme 4. 

Scheme 4 

The high redox aptitude of the neutral bis-complexes [M"{o- 
C6H4(NH)2}2 (M=Co,  Ni, Pd, Pt) is long known.62 Also in this case, 
under the assumption of the invariance of the oxidation state of 
the metal, such derivatives would display the redox path illustrated 
in Scheme 5.  
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Scheme 5 

Accordingly, as illustrated in Figure 36 for [ P ~ { O - C ~ H ~ ( N H ) ~ } ~ ] ,  these 
complexes display the step-by-step reversible sequence from the dication 
to the d i a n i ~ n . ~ ~  

The neutral Ni63 and C064 derivatives possess the square-planar 
geometry illustrated in Figure 37 for [Ni{ O - C ~ H ~ ( N H ) ~ } ~ ] ,  which 
obviously corresponds to the o-benzosemiquinone diimine form 

To the best of our knowledge no redox members of the above 
discussed series have been structurally characterized. 

As in the case of o-dioxolenes, the diimine derivatives also form tris- 
complexes. Figure 38 for instance shows the molecular structure of the 
benzoquinone diimino dication [O~”(bqdi)3]~ + . 50c 

Such dication displays in dmf solution three separate reversible one- 
electron reductions @;’,+ = -0.24V vs. Fc/Fc+; E& = -0.67V, E& 

“i(dsq)21. 

E (V, vs. SCE) 

Figure 36 Polurogruphic profile of [Pd(C6H4(NH)2)2] in dmso solution 
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Figure 37 X-Rat  structure of [Ni(dsq)z]. Average bond lengths: Ni-N = 1.83 A; C-N = 
1.37 A: C-C= 1.40 A 

Figure 38 X-Ray structure of [ O ~ ( b g d i ) ~  ]*+ ([C104]- counteranion). Average bond 
lengths: 0s-N = I .99 A; C-N = I .33 A;  C-C = I .39 A" 

= -1.78 V), which have been assigned to the gradual bqdi/dsq reduction 
of each ligand.50c 

Among the other structurally characterized tris-complexes 
([Fe11(bqdi)3]2+ ,64 [Ru"'(bqdi)2(opda)12 + 6 5 )  of known electrochemical 
behaviowf6 the only case we know in which structural data are available 
for redox couples is concerned with [Re{ o-CgH4(NH)2}3] '/[Re{ o- 
c6H4(NH)2}3].67 Figure 39 shows the trigonal prismatic geometry of 
the monocation. 

The corresponding neutral congener possesses a substantially similar 
geometry. Table 10 compiles the most significant bond lengths of the 
redox couple. 

As seen, there is no really significant variation on the bonding 
distances. One could speculate that on passing from the monocation to 
the neutral derivative the averaged C-N distance increases fr9m 1.34 A 
to 1.36 A, the C-C distance decreases from 1.41 A to 1.39 A, and the 
Re-N remains unvaried at 2.00 A. 

As a matter of fact, [ R ~ ( O - C ~ H ~ ( N H ) ~ } ~ ] +  undergoes in acetonitrile 
solution two reversible one-electron reductions = -0.53 V vs. Fc/ 
Fc+; E& = -0.92V).67 The authors assign such electron additions as 
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Figure 39 X-Ray structure of the cation [Re{o-C6H4(NH)r)3]+ 

Table 10 Average bond lengths (2) in the series [ R ~ ( O - C ~ H ~ ( N H ) ~ ) ~ ] + /  
[Re (0- C d f ,  ( N H )  2131 

Complex Subunit Re-N C-N C-C 

[Re(0-C6H4(NH)2> 31 + I 2.00 1.36 1.41 
I1 1.99 1.35 1.41 
I11 2.00 1.33 1.40 

[Re{O-C6H4(NH)2) 31 I 2.00 1.37 1.39 
I1 2.00 1.35 1.39 
111 2.01 1.36 1.38 

metal-centred processes, even if they do not rule out the possibility of 
ligand centred processes. In particular, the first reduction is assigned to 
the process [ ReV1T(o-phenylendiamine)3] $- /[ Rev'(o-phenylendiamine)3]. 
The invariance of the Re-N distances and the slight variations inside the 
ligand in reality would seem to favour the second hypothesis. 

Let us now pass to metallo-dithiolene complexes, which constitute a 
relatively old class of compounds,68 which are a matter of great renewed 
interest in the field of superconduction just because of their extended 
redox pr~pensity.~' 

As happens for dioxolenes, dithiolenes can undergo the reversible 
sequence 1,2-dithione/1,2-dithione monoanion/ene-l,2-dithiolate illus- 
trated in Scheme 6 .  

Scheme 6 
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Therefore the most common homoleptic bis-dithiolene metal corn- 
plexes [M1'(S2C2R2)2]"- (M = Ni, Pd, Pt) can potentially take part in 
the redox sequence illustrated in Scheme 7. Once again, this has to be 
considered a simplified sequence in that the occurrence of internal metal- 
to-ligand electron transfer cannot be ruled out. 

Scheme 7 

As an example, Figure 40 shows the voltammetric response of the 
square planar dithiolate dianion [Ni(S2C2Me2)2] . 

The reversible sequence 24-10 is well visible. All the members of the 
series have been isolated and structurally characterized, Figure 41 .70 

On passing from the neutral 1,2-dithionate to the dianionic 1,2- 
dithiolate, the Ni-S and C-S distances progressively increase, whereas 
the C-C distance decreases. 

2- 70 

E (V, vs. SCE) 
I I I I I 

-1.5 -0.5 +0.5 

Figure 40 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[Ni(S2C2Me2)12-. Scan rate 0.1 V s-' 
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The minor but significant variation of the Ni-S distances with the 
electron addition/removal processes suggests that the redox processes are 
centred on molecular orbitals significantly contributed not only by the 
dithiolene ligand but also by the metal. A similar conclusion has been 
drawn as far as the related series [Ni( I ,2-S2-3,5-Bu‘-C6H2)z]2-’-’o is 
concerned. 

In reality, different classes of derivatives contribute the general 
definition of bis-dithiolene metal complexes, Scheme 8.72 

M(dmit), complexes (dmit = C3S52- = 1,3-dithiole-2-thione-4,5-dithio- 
late) constitute one of the most important subclasses. The most studied 
metal complexes are those of group 10 (Ni, Pd, Pt), which possess a 
square-planar geometry; see for instance the molecular structure of the 
monoanion [Ni(dmit)2]-, Figure 42.73 

Bis(dithio1ene)-metal complexes can also assume a tetrahedral geo- 
metry, for instance [ C ~ ( d m i t ) , ] ~ - , ~ ~  [C~(dmit),],-,~~ and [Zn(dmit),]2-.76 
In this connection it is useful to note that [Co(edt),12- also possesses a 
tetrahedral geometry,76 whereas [Co(mnt)2l2- is ~ l a n a r . ~ ~ . ~ ’  

As illustrated in Figure 43, [Ni(dmit)2]- displays a chemically 
reversible 4 2 -  reduction, whereas the -/0 oxidation step is affected by 
electrode adsorption phenomena.79 
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Scheme 8 

All the square planar members of the series [Ni(dmit)2]2-/ 
[Ni(dmit)2]-/[Ni(dmit)2]0 have been structurally characterized and their 
significant bond lengths are compiled in Table 11 .80 

As seen, in confirmation of the charge delocalization of the electron 
transfers, most distances inside the dmit ligand remain essentially 
unaltered. Nevertheless, the progressive shortening of the Ni-S bond 
suggests a non negligible contribution of the metal d orbitals to the 
frontier orbitals. 

Dithiolenes also form tris complexes of octahedral geometry. Limiting 
to M(dmit), complexes we can cite as a typical example the dianion 
[W(dmit),12-, the molecular structure of which is illustrated in 
Figure 44? 

As illustrated in Figure 45, this dianion undergoes two successive one- 
electron oxidations, the first of which is clearly chemically reversible, 
whereas the second is affected by electrode adsorption phenomena.*' 

S S 

Figure 42 X-Ray structure of the monoanion [Ni(dmit)Z]- 
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E (V, vs. Ag/AgCI) 

I I I I 
-0.6 -0.2 +0.2 +0.6 

Figure 43 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[SMe3J[Ni(dmit)2J. Scan rate 0.1 V s-' 

Table 11 Average bond lengths (2) in the series 
[ Ni(dmit) 212-1[ Ni(dmit) 2 ]-I[ Ni(dmit) 2 lo 

Complex Bond-type 

a b C d e f  

[Ni(dmit),l2- 2.22 1.75 1.72 1.74 1.68 1.39 
[Ni(dmit),]- 
[Ni(dmit),]' 2.15 1.70 1.73 1.75 1.63 1.39 

2.16 1.73 1.74 1.74 1.63 1.35 5-5 

S 

S 
S 

Figure 44 X-Ray structure of the dianion [ W(dmit), J2- 

The corresponding monoanion has been isolated and structurally 
characterized, and Scheme 9 summarizes the averaged structural 
variations following the [W(dmit)3]2-/[W(dmit)3]- redox change, which 
support the ligand centred nature of the oxidation process.*' 
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I I I 
-0.5 0.0 +0.5 

Figure 45 Cyclic voltammogram recorded at a platinum electrode in a DMF solution of 
[NBuq]2[ W(dmit)3]. Scan rate 0.1 V s-' 

Scheme 9 

It must, however, be taken into account that in some cases the electron 
transfers exhibited by tris(dithio1ene) complexes, namely [M(dithio- 
lene)3]0/-i2-, have been assigned as metal-centred processes. This is, for 
instance, the case of [ M o ( S ~ C ~ H ~ ) ~ ] ,  which exhibits two reversible one- 
electron reductions at + 0.20 V and -0.39 V (vts. SCE), respectively.82 The 
crystal structures of the couple show that the one- 
electron addition causes the averaged Mo-S bonds to elongate slightly 
from 2.37 A to 2.38 A, whereas the S-C distance remains substantially 
unaltered (1.73 A). These data have been interpreted (but some 
uncertainty remains) as supporting the assignment [MeV'( S2C6H4)3I0 
and [MoV(S2C6H4)3]-, respectively.82 

We will conclude the present section with a further class of metal- 
dithiolenes, namely [M(R2tirndt),] (R2timdt = 1,3-dialkylimidazoline- 
2,4,5-trithione monoanion), Scheme 

At variance with the [M(dmit),]"- analogues, which display the 2-1-10 
redox changes, the present derivatives also give the corresponding 
positively charged complexes. For instance, Figure 46 shows the cyclic 
voltammetric profile of [Ni"(Pri2timdt)2] in CH2C12 solution.85 
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i 
R 

Scheme 10 

1 
R 

Figure 46 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
[Nirr(Pr'2timdt)2/. Scan rate 0.1 V s-' 

Figure 47 X-Ray structure of [Nir'( Pri2timdt)2] 

In addition to the common reversible reductions [Ni1'(Pri2timdt)2]/ 
[Ni11(Pri2timdt)2]- ( E  O' = -0.12 V) and [Ni11(Pri2timdt)2]-/[Ni11(Pri2- 
timdt)2]2- ( E  O' = -0.60 V), it also undergoes a single (likely) two-electron 
oxidation ( E  O' = +0.78 V) with features of partial chemical reversibility. 

Both the neutral [Ni11(Pri2timdt)2], Figure 47, and the corresponding 
monoanion [Ni11(Pri2timdt)2]- have been isolated and structurally 
characterized. 85386 
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Table 12 Average bond lengths (A) in the [Nirr(Pri2timdt)2]1 
[ Nirr( Pri2timdt) 21- couple 

[ Ni"( Pri2tirndt) [Ni"( Pri2timdt) 2]- 

Ni-S 
c-s 

2.16 
1.69 
1.35t1.40 
1.38 
1.65 

2.16 
1.70 
1 . 3 6 ~  1.40 
1.35 
1.66 

Table 12 summarizes the relative structural parameters, which also in 
this case support the ligand-centred nature of the electron transfer 
process. 

However, the related complex [Pd1T(Et2timdt)2] deserves a special 
mention, Figure 48.87 

As illustrated in Figure 49, it displays the five-membered, reversible, 
one-electron sequence [PdrT(Et2timdt),l2 + /[PdT'(Et2timdt)2] + /[Pdrr(Et2- 
timdt)~]o/[Pd'r(Et2timdt)2]-/[Pd'r(Et~timdt)~]2-, according to the theor- 
etically expected Scheme 7." 

4 PORPHYRINS (AND TETRAAZAPORPHYRINS) AS 
LIGANDS IN METAL COMPLEXES 

Porphyrins constitute an important class of electron-transfer ligands. In 
nature, the biological electron-transfer conversion of light into chemical 
energy, known as 'photosynthesis', which takes place either in green 
plants or photosynthetic bacteria, is primarily driven by photosynthetic 

Figure 48 X-Ray structyre of [Pd1(Et2timdi)2]. Average bond lfngths: Pd-S= 2.29 A;  

C =  S= 1.65 A 
S-C= 1.69 A< C-C,,i,,,, = 1.40 A;  N-C,,i,,,, = 1.37 A;  N-C(erhyl) = I .46 A; 
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Figure 49 Cyclic voltammogram recorded at aplatinum electrode in a CH2Clz solution of 
[Pd(Etztimdt)2]. Scan rate 0.2 V s-’ 

chromophores (light-harvesting antenna and reaction centres) which 
consist of special assemblies of p o r p h y r i n ~ . ~ ~  

The electrochemical behaviour of a high number of metalloporphyrins 
has been reviewed some years ago.” We would like here to point out a 
few electrochemical-to-structural aspects of such derivatives. 

Having previously discussed the lack of redox activity of Zn(I1) 
derivatives (Chapter 5 ,  Section S), we shall start with zinc-porphyrins. 
Figure 50 shows the planar geometry of Zn(II)-5,10,15,20-tetraphenyl- 
porphyrininato complex, [Zn(TPP)].91 ,92 

One must, however, take into account that zinc porphyrin complexes 
have a strong tendency to coordinate axially Lewis bases, thus sometime 
affording pentacoordinate geometries. Figure 5 1 shows the example of 
[Zn(TPP)(H20)], in which the axial coordination of the water molecule 
causes the zinc atom to move out of the tetrapyrrolic plane.93 

Figure 50 X-Ray structure of [ Z n (  T P P ) ] .  Average bond length: Zn-N = 2.04 A” 
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Figure 51 X-Ray structu!e of [Zn(  TPP) ( H 2 0 ) ] .  Average bondkengths: Zn-N= 2.05 A; 
Zn-0 = 2.23 A .  The Z n ( I I )  ion is displaced by 0.19 A above the tetrapyrrolic 
plane 

[Zn(TPP)] in CH2C12 solution displays two separate one-electron 
oxidations (I?;;+ = +0.70 V; = + 1.07 V) as well as two separate 
one-electron reductions (E& = -1.45V; E:/2- = -1.81 V). All have 
characteristics of chemical reversibility, Figure 52a. 

In confirmation that these redox changes are centred on the 
porphyrin ligand, the free porphyrin (i.e. [H2TPP]) exhibits the same 
electron transfer processes (I?,";+ = +0.90 V; I?:;*+ = +1.23 V; El;- = 

94-96 

n 

7 

E (V, vs. SCE) 

Figure 52 Cyclic voltammograms recorded at a platinum electrode in CH2C12 solutions 08 
(a)  [Zn(TPP)];  ( b )  [H2TPP]. Scan rate 0.2 V s-' 
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Figure 53 X-Ray structure of,[Zn(TPP)][C104 J .  Average bond lengths: Zn-N = 2.08 
A; Zn-0=2.08 A .  The Zn(I I )  ion is displaced by 0.35 A above the 
tetrapyrrolic plane 

-1 -29 V; E:j2- = -1 5 2  V), Figure 52b.95396 Further, the HOMO/LUMO 
separation for [Zn(TPP)], AE O’ = 1.45 - (-0.70) = 2.15 V, is approxi- 
mately equal to that of the free [H2TPP] ligand, AE = 0.90 - (-1.29) = 
2.19V. 

The molecular structure of the [Zn”(TPP)]+ cation, obtained by 
exhaustive electrolysis at the potential of the first oxidation process (in 
CH2C12 solution containing [NPr4][C104] as supporting electrolyte), is 
shown in Figure 53.97 In agreement with the preference for pentacoor- 
dination, Zn(I1) ion coordinates axially the oxygen atom (0) of the 
[ClOJ supporting electrolyte counteranion. 

The subsequent exhaustive electrolysis at the potentials of the second 
anodic process to generate the [Zn(TPP)I2+ dication gives rise to 
important results. In fact, the electrogenerated dication is stable in the 
absence of nucleophilic agents, but, in the presence of nucleophilic agents 
(such as methanol), it transforms into zinc(I1) 5’-methoxyl-5,10,15,20- 
tetraphenyl isoporphyrin, [Zn(TPiPOCH3)] + .” 

‘Isoporphyrins’ are a tautomeric form of porphyrins in which the 
conjugation of the double bond in the macrocycle chain is broken, 
Scheme 11. 

H H  

porphyrin isoporphyri n 

Scheme 11 
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The characterization of isoporphyrins is complicated by their tendency 
to regenerate porphyrins. One of the few isoporphyrins that has 
been well characterized also from a structural viewpoint is shown in 
Figure 54.'' 

A water molecule trapped during the crystallization is axially 
coordinated (05) and induces the zinc ion to move out of the plane of 
the four nitrogen atoms by 0.31 A. It can be seen that the saturation of 
the carbon responsible for the break of the double bond conjugation is 
localized on the C5 carbon atom. 

In butyrronitrile, the present isoporphyrin complex exhibits an 
oxidation process (EO' = +1.09V, vs. SCE) and two consecutive 
reduction processes ( E  = -0.29 V and -0.61 V, respectively). As it 
happens for zinc porphyrins, also in this case the processes are centred on 
the l igand~.~'  It is interesting, however, to note that the HOMOiLUMO 
separation is 1.38 V, which is considerably lower than that of [Zn(TPP)]. 

Let us now pass to metalloporphyrins of metal ions of higher redox 
propensity, such as Ni(I1) or Cu(II), which obviously can afford redox 
changes, whose metal- or ligand-centred nature is more problematic to 
assess. 

Figure 55 shows the cyclic voltammetric behaviour of [Ni''(OEP)] 
(OEP = 2,3,7,8,12,13,17,18-octaethylporphyrin) in CH2C12 s~lu t ion , '~  
together with its solid-state molecular structure (in the planar triclinic 
phase). loo 

As seen, the planar Ni(I1) complex undergoes either a (one-electron) 
reduction (E& = -1.55V;AEp = 64mV, at 0.2 Vs-') or two separate 
(one-electron) oxidations (E,";+. = +0.64 V, AEp = 72 mV; = 
+1.23 V, AEp = 80 mV), all possessing features of chemical and electro- 
chemical reversibility. Based on the fact that [H20EP], under the same 

-I+ CIO, 

Me 

Me Me 

Figure 54 X-Ray structure of the sc5ematized Zn (11) -isoporphzrin. Average bont lengths: 
Zn-Nl=Zn-N2 = 2.08 A;  Zn-N3=Zn-N4 = 2.07 A;  Zn-05 = 2.12 A 
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-2 

E (V, vs. SCE) 

Figure 55 (,a) X-Ray structyre of [Ni"(OEP)]; Average bond lengths: Ni-N= 1.95 
A;  C,-N = 1.39 A;  Ca-Cmeso = 1.37 A .  ( b )  Cyclic voltammetric behaviour 
exhibited by [Ni(OEP)] in CH2C12 solution. Platinum working electrode. 
Scan rate 0.2 v s-' 

experimental conditions, exhibits a substantially similar redox aptitude 
(E& = -1.51 V; El,!+ = +0.73 V; Et>2+ = +1.29V), it does not seem 
too adventurous to assume that the redox processes of the porphyrinato- 
nickel(I1) are ligand-centred. As a matter of fact, the X-ray molecular 
structure of the monocation [Ni(OEP)]+ not only shows that it 
maintains the planar geometry of the neutral parent, but also the most 
representative bond lengths remain substantially unaltered (Ni-N = 1.95 
A; C,-N= 1.38 A; C,-Cmeso= 1.37 &.lo* 

An important class of porphyrins is that constituted by 'confor- 
mationally distorted' porphyrins, which mimic the non-planar geometry 
of the porphyrins present in photosynthetic systems.89 Obtainment of 
such non-planar distortions is associated with the introduction into 
the macrocyclic frame of proper crowding substituents, which therefore 
not only cause structural distortion but also affect, through their 
electronic effects, the redox potentials. A typical case is that constituted 
by [CuT'(OETPP)] (OETPP = 2,3,7,8,12,13,17,18-octaethyl-5,10,15,20- 
tetraphenylporphyrin), the saddle-distorted molecular structure of 
which is illustrated in Figure 56.'02 

From the electrochemical viewpoint, [Cu(OETPP)] displays two 
reversible oxidations at potential values lower than those of [Cu(OEP)] 
and [Cu(TPP)], respectively, Table 13. 

Chemical oxidation (by AgC104) affords the monocation 
[Cu(OETPP)] + the molecular structure of which has been solved. 102b 

An additional ruffling of the original saddle shape arises as a 
consequence of the one-electron removal, but the bond lengths 
substantially remain unvaried (Cu-N= 1.97 A; C,-N = 1.38 A; 
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Figure 56 ( a )  X-Ray structure of [Cu"(OETPl=)]. (b )  Side vieyalong the N-Cu-Npxis. 
Average bond lengths: Cu-N= 1.97 A; C,-N = 1.38 A; C,-C,,,, = 1.40 A 

Table 13 Formal electrode potentials ( V  vs. SCE) for the redox changes 
exhibited by [Cu(OETPP)], [Cu(OEP)]  and [Cu(TPP) J ,  in 
dichoromethane solution 

Complex E2":,+ E;;o E0";- Ref. 

[Cu(TPP)I + 1.29 + 0.90 - 1.42 96 
+ 1.41 + 0.63 - 1.63 96 

[Cu(OETPP)] + 0.97 + 0.38 - 102b 
[Cu(OEP)I 

Ca-Cmeso = 1.41 A), thus once again supporting the ligand-centred 
nature of the oxidation process. 

Let us conclude shortly with tetraazaporphyrins, the most popular 
members of which are constituted by phthazocyanines and porphyrazines, 
Scheme 12. 

FWTIWBWANINEJ 

Scheme 12 

FORPHYRAZWE 
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Phthalocyanines are actually of great applicative interest (because of 
their intense blue-green colour they are used in dyes, pigments and 
paints, and colour photography) and up to now have been studied much 
more than porphyrazines. 

Since the electrochemical behaviour of metallophthalocyanines has 
been reviewed,Io3 we will simply demonstrate the ligand based nature of 
their redox processes. As a typical example, Figure 57 shows the redox 
aptitude of zinc-phthalocyanine [Zn(P,)] CH2C12 in solution,96 together 
with its molecular structure. Io4 

The square planar complex undergoes either two separate one- 
electron reductions (E,";- = -1.03 V, AEp = 66 mV, at 0.2 V/s-'; E:i2- 
= -1.40 V), or two one-electron oxidations (E,";, = +0.52V, AEp = 
84 mV, at 0.2 V/s-'; E:;2+ = +1.4 V) (the second oxidation is not 
shown in Figure because its irreversible character masks the return 
peak of the first oxidation). It is easily conceivable that all the redox 
processes are ligand centred. 

Comparison with the redox aptitude of [Zn(TPP)] (Figure 52) points 
out a minor redox flexibility of phthalocyaninates with respect to 
porphyrinates, in that in the former either the second reduction or 
the second oxidation are complicated by degradation of the correspond- 
ing congeners. We also note that the HOMOiLUMO separation for 
[Zn(Pc)] is 1.55 eV, i.e. lower than that of [Zn(TPP)] (2.15 eV). 

Finally, as far as metalloporphyrazines are concerned, Scheme 13, it 
must be said that, in spite of their appearance in literature since about 
fifty years, the electrochemical ascertainment of their redox ability has 
been almost completely neglected for a long time. lo5 

Recently, however, the interest in their redox capacity is growing 
in relation to their potential use as conducting materials, thus the 

5, -1.5 -1.0 -0.5 0.0 +0.5 +1.0 

Figure 57 ( a )  Cyclic voltammetric behaviour of [Zn(Pc) J in CH2ClJ solution. Platinum 
working electrode. Scan rate 0.2 V s:'. ( b )  X-Ray s!ructure of [ Z n ( P c ) ] .  
Average bond lengths: Zn-N, = 1.98 A ;  C,N, = 1.38 A ;  Ca-N,, = I .33 A 
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Scheme 13 

ligand-based nature of the relative electron transfers has been 
investigated either in symmetrically or asymmetrically substituted 
complexes. O6 

5 LESS KNOWN REDOX-ACTIVE LIGANDS IN METAL 
COMPLEXES 

As briefly alluded to, there are different classes of redox-active ligands in 
addition to the above mentioned ones. For example, we have seen in 
Chapter 5 ,  Section 8, that azo-groups (in particular, 2-(pheny1azo)pyr- 
imidine) are able to undergo two separate one-electron reduction 
processes. Conjugated polynitriles (mnt, tcne, tcnq) also constitute an 
important class of redox-active molecules and the electrochemical 
behaviour of their metal complexes has been reviewed.lo7 The same 
holds as far as alkyldithiocarbamates (Rdtc) and their metal complexes 
are concerned,"' or nitrosyl complexes in their possible NO+/NO /NO- 
redox sequence. lo9 Thus, we would like to conclude the present Chapter 
by discussing a few less known redox non-innocent ligands. 

Let us start with the pyridine-2,6-diimine ligand (L) shown in 
Scheme 14.' lo 

Ar Ar 

Scheme 14 

Figure 58 illustrates the molecular structure and the redox propensity 
of the dication [2n(L),l2+ (Ar = C6H4-p-OMe).' lob 

As shown, the distorted octahedral Zn(I1) complex undergoes 
two separated (one-electron) reductions, reversible in character, 



372 Chapter 6 

& - = = L o  E (V, vs. Fc/Fc+) 

I I I I 
-2.0 -1 .o 0.0 +I .o 

Figure 58 ( a )  X-Ray structure ofo [Zn(L)2J2' (Ar =,C6H,p-OMe). Avertge bond 
lengths: ZnTNpJ, = 2.04 A;  Zn--Nimine = 2.20 A;  Cibnine-Nimine = 1.28 A;  Cimine- 
CpJ, = 1.50 A ;  Cpy-Npy= 1.34 A;  Cpev-CpJ,= 1.39 A. ( b )  Cyclic voltammogram 
recorded at a glassy carbon electrode in a MeCN solution of 
[Zn(LAr)2][PF6]2 (Ar= C 6 H c p O M e ) .  Scan rate 0.2 V s-' 

(I?;:/+ = -1.39 V vs. Fc/Fc+; E:;o = -1.67 V) which are obviously 
centred on the pyridine-2,6-diimino ligand. 

Interestingly, the isostructural Co(I1) dication [Co(L)2]* + (Ar = C6H4- 
p-OMe) displays a rather different redox behaviour. In fact, as illustrated 
in Figure 59, it undergoes either a one-electron oxidation (E;&+ = 
+0.01 V vs. Fc/Fc+), or two separated one-electron reductions (E;:/+ 
= -0.93 V; E$, = -1.92V), the first of which occurs at notably less 
negative potential values than the above-mentioned ligand-centred 
processes.' lob 

In this case the redox processes are assigned as: 

+e +e 
[co"'(L)2]3+ ~ [ c o r 1 ( L ) 2 ] 2 +  Z[CO'(L)2]+ 2[Co1(L);']O 

-e 

As a matter of fact, the crystal structures of the couple [CO"(L)~]~+/ 
[CO'(L)~]+ have been solved and the relevant parameters are compiled in 
Table 14.'lob 

Ho E (V, vs. Fc/Fc+) 
I I I 

-2.0 -1 .o 0.0 

Figure 59 Cyclic voltammogram recorded at a glassy carbon electrode in a MeCN 
solution O ~ [ C O ( L ) ~ ] [ P F ~ I ~  (Ar  = C 6 H c p O M e ) .  Scan rate 0.2 v s-' 
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Table 14 Averaged bond lengths ( A )  in the [Co"(L)J2'l 
[ Co'( L )  2 1  ' (Ar  = C 6 H c p O M e )  couple 

CO-Npy 1.92" 
Co-Nimine 2.09 
C. imine . -N. imine . 1.30 
Cirnine-Cp y 1.48 

1.35 
1.39 

1.99 
2.15 
1.30 
1.46 
1.36 
1.39 

"Averaged value between 1.85 A and 1.99 A. 

As seen, the only significant structural variations are concerned with 
the metal-ligand bonds, thus supporting that, in this case, the first 
reduction is metal-centred. 

As a final example let us consider the anion [(PhN)2CN(CH,)J 
(NN'-diphenyl- 1 -pyrrolidine carbodiimide anion = [DPPCI-) illustrated 
in Scheme 15, which undergoes an irreversible oxidation at +0.8 V (vs. 
Ag/AgCl). ' 

Figure 60 shows the molecular structure of the dichromium complex 
[CI-~(DPPC)~] and its electrochemical behaviour. '' ' 

Scheme 15 

T$& E (V, vs. Ag/Ag+) 

Figure 60 (,a) X-Ray structur5 of [Cr2(DPPC)4]. Average bond lengths: Cr -Cr = 1.90 
A;  Cr-N = 2.06 A .  (b )  Cyclic voltammetric behaviour exhibited by 
[ C V ~ ( D P P C ) ~ ]  in CH2C12 solution 
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The paddlewheel Cr; + complex undergoes two one-electron oxida- 
tions (E;;, = +O.O2V; ET)2+ = +l.lOV vs. Ag/AgCl) featuring chemi- 
cal reversibility . Based on the electrochemical behaviour of the ligand 
(an irreversible oxidation at high potential value), it would seem quite 
legitimate to assume that at least the first one-electron removal could be 
due to the C ~ ; + / C I - ~ ~ +  redox step. Indeed, chemical oxidation affords 
the corresponding monocation [Cr2(DPPC)4] + , the X-ray structure of 
which is very similar to that of the neutral precursor. In fact, the relevant 
bond lengths (Cr-Cr = 1.92 P\; Cr-N = 2.02 A) do not allow us to state 
clearly if the electron is removed from the metal or the ligand moiety. ' '' 
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CHAPTER 7 

Electrochemically Induced Structural 
Modifications 

As often underlined, one of the main targets of the electrochemical 
investigations on inorganic compounds is to ascertain their stability 
upon addition or removal of electrons. However, should the compounds 
undergo important molecular reorganizations as a consequence of such 
electron transfer processes, it is also important to ascertain the nature of 
such redox changes. 

In this light we will now consider some examples of electrochemically 
detectable molecular reorganisations induced by electron transfer 
processes, which can be chemically more appealing than the simple 
variations of bond distances/angles discussed up to now. 

1 GEOMETRICAL ISOMERIZATION 

As happens for other physico-chemical techniques, one must first ask if 
an electrochemical investigation is able to distinguish geometric isomers 
of the type cisltrans or facimer metal complexes. In principle, this is 
possible since, as mentioned previously, the redox potential of an 
electron transfer is influenced also by steric effects. For instance, we have 
seen in Chapter 5 that some octahedral complexes of the scorpiand 
'diammac' display different electrochemical responses, depending on 
whether the two outer amino groups assume cis or trans arrangements. 
One must keep in mind, however, that the differences in the 
electrochemical response of isomeric complexes can sometimes be 
quite small, so may escape a first examination. 

The ability of electrochemistry to discriminate cis from trans isomers 
is exemplified in Figure 1, which shows the cyclic voltammetric 
responses exhibited by the cis and trans isomers of [Ru"C12(dppb) 
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Figure 1 ( a )  Cyclic voltammograms recorded at a platinum electrode in CHzClz 
solutions of [RuC12(dppb) (bipy)]: (-) cis isomer; (- - -) trans isomer. Scan 
rate 0.1 V sa'. ( b )  X-Ray stpxture of cis-[RuC12(dppb) (bipy)d: 
Ru-Cll= 2.48 ,A; 
Ru-N1=2.09 A;  R~-N2=2.10 A 

Ru-Cl2 = 2.4: A ;  Ru-PI = 2.28 A ;  R u - P ~  = 2.33 A;  

(bipy)] [dppb = 1,4-bis (dipheny1phosphino)butane; bipy = 2,2'-bipyri- 
dine], together with the octahedral geometry of the cis isomer.' 

Both isomers give rise to the reversible Ru"/Ru"' oxidation, but the 
cis form oxidizes at E"' = +Oh2 V (vs. Ag/AgCl), whereas the trans form 
oxidizes at E"' = +0.45V. 

Examples concerned with the simple occurrence of shifts in redox 
potentials for cisltrans complexes are not too rare. This is the case of the 
Fe(III)/Fe(II) reduction of trans/cis-[Fe"'(cyclam)(N3)2] + (E"' = -0.76 
V, vs. Fc/Fc+, in the trans complex; E"' = -0.62 V, in the cis complex)2a 
and the Mo(V)/Mo(IV) reduction of trans/cis-[LMoOC12] [L = 3-tert- 
but y l-2- h ydrox y - 5 -methy lphen y 1) bis( 3,5 -dime t hylpyrazoly1)met hane 
monoanion] (E"' = -0.93 V, vs. Fc/Fc+, in the trans complex; E"' = 
-1.15 V, in the cis complex).2b 

A further interesting example is offered by the trans- and cis- 
azo-bridged diferrocenyl couple illustrated in Scheme 1 .3 

Fe - 
trans CLS 

Scheme 1 

As illustrated in Figure 2a, trans-[Fc-N-N-Fc] [Fc=(q5-C5Hs) 
Fe($-C5H4)I3" exhibits in benzonitrile solution two reversible, 
one-electron oxidations (E"' = +0.29 V and + 0.50 V, vs. Ag/Ag+, 
respective~y).~~ 
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Figure 2 Cyclic voltammograms recorded at a glassy carbon electrode in PhCN solu- 
tions 08 (a)  trans-[Fc-N=N-Fc]; (b )  after UV-photoirradiation. Scan 
rate 0.1 v s-' 

UV-photoirradiation causes trans-to-cis isomerization and the result- 
ing solution exhibits a new voltammetric profile, Figure 2b, in which 
traces of the original waves are preceded by an anodic process ( E O '  = 
+0.03 V), which has been attributed to the single-stepped two-electron 
oxidation of C~S-[FC--N=N--FC].~~ This suggests that the apparent 
simple isomerization really involves important electronic effects in that 
(based on the discussions in Section 1.3, Chapter 4) one must conclude 
that in trans-[Fc-N-N-Fc] the two ferrocenyl units are interacting 
with each other, while in cis-[Fc-N=N-Fc] they do not interact. 

Also very interesting is the electrochemical differentiation among the 
multiple isomers of the complex [ R~"(papm)~Cl~]  (papm = 2-(phenyla- 
zo)pyrimidine). As illustrated in Scheme 2, the complex can in principle 
exist in five geometrical  conformation^.^ 

Q4JCl 

CI CL N # J  

trans-cis-cis trans-trans-trans cis-trans-cis 

CI CI 

cis-cis-cis cis-cis-trans 

Scheme 2 

Three of the five isomers have been isolated and two have been 
crystallographically characterized, Figure 3 .4 
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&JCl 
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cis-cis-cis 
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Cl 
trans-cis-cis 

Figure 3 X-Ray structures o f  ( a )  tcc-[Ru(papm) 2,C12]. Average bond length;: 

( b )  ccc-[Ru(pap~)2Cl~].  Averageo bond lengths: Ru-Cl = 2.40 A ;  Ru-Nl 
Ru-Cl= 2.38 A; Ru-NI R u - N ~  = 2.08 A; Ru-N~G Ru-N~  2.00 A ;  

zz Ru-N~  = 2.04 A; Ru-N~  = 2.01 A;  R u - N ~  1.97 A 

As illustrated in Figure 4, the three isomers undergo the [R~"(papm)~ 
Cl2]/[R~"~(papm)2Cl2] + oxidation at sufficiently different potential 
values (E;;+(tcc) = +1.08 V; E;;+(ctc) = +I  .24 V; E;;+(ccc) = + I  .3 1 V).4 

A similar behaviour holds for the geometrical isomers of the related 
[R~"(pap)~Cl~]  (pap = 2-(phenyla~o)pyridine).~ 

cis-trans-cis 

QlJct q+cl 
N4J 

cis-trans-cis U J  

, / cis-cis-cis 
Cl 

trans-cis-cis \ J 

Figure 4 

r -1 r I I I I 

+I .o +I .2 +I .4 

Cyclic voltammograms recorded at a platinum electrode on MeCN 
solutions o f  ( a )  tcc-[Ru(papm)2Cl~]; (b )  ctc-[Ru(papm)2Cl~]; ( c )  CCC- 

[ R ~ ( p a p m ) ~ C l ~ ] .  Scan rate 0.05 V s-' 
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F 

Figure 5 X-Ray structures of thegeometric isomers of [ R U ~ ( F ~ ~ P ) ~ ( ~ - C N ) ~ / .  (a)  Isomer 
A ;  (b )  isomer B 

Related to such type of ligands is also the behaviour of the two isomers 
of the diruthenium(II1) complex with the (pentafluoroani1ino)pyridinate 
anion, the molecular structures of which are illustrated in Figure 5.6 

In isomer A each ruthenium atom is axially coordinated to one 
pyridino nitrogen and one anilino nitrogen; in isomer B one ruthenium 
atom is coordinated to two anylino nitrogens, whereas the other 
ruthenium atom is coordinated to two pyridino nitrogens. The Ru-Ru 
distance is the same (2.58 A) in both the derivatives. 

As illustrated in Figure 6, the two isomers give rise to one oxidation 
and two reductions, respectively .6 

V 
E (V, ws. SCE) 

I 1 I I I I I I 

-0.8 0.0 +0.8 +1.6 

Figure 6 Cyclic voltammograms of the two isomers of [ R U ~ ( F ~ ~ P ) ~ ( ~ - C N ) , /  recorded at 
a platinum electrode in CHzClz solution. ( a )  Isomer A;  (b)  isomer B. Scan rate 
0.1 vs-' 
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Such processes for the two isomers occur at rather different potential 
values, namely: 

More interesting from a dynamic viewpoint are, however, redox- 
induced molecular reorganizations. 

One of the most illustrative examples of induced cis-trans 
isomerization is given by the octahedral complex ~ i s - [Ru~~Cl~(dppm)~]  
(dppm = diphenylphosphinomethane = Ph2PCH2PPh2), Figure 7a. 7As 
illustrated in Figure 7b, it undergoes in CH2C12 solution an oxidation 
process to the corresponding monocation ~is-[Ru"~Cl~(dppm)~] + (E"' = 
+0.79 V), which however is not stable and generates a secondary species 
that is reduced at less positive potential values (E"' = +0.42V).8 

As Figure 8a shows, complex tran~-[Ru"Cl2(dppm)~],~ undergoes a 
reversible Ru~'/Ru"' oxidation at potential values which are coincident 
with those of the above mentioned 
oxidation of c i~-[Ru'~Cl~(dppm)~].~ 

secondary species produced in the 

E (V, vs. SSCE) 
I I I 

0.0 +0.5 +1 .o 

Figure 7 (a )  X-Ray structure of cis-[RuUC12(dppm)2]. Average bond lengths: 
Ru-P = 2.32 A;  Ru-Cl= 2.44 A. (6) Cyclic voltammogram recorded at a 
platinum electrode in a CH2ClZ solution of c i s - [R~~~C12(dppm)~]  
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O t  --v E (V, vs. SSCE) 
I I I 

0.0 +0.5 +I .o 

Figure 8 ( a )  Cyclic voltammogram recorded at aplatinum electrode in a CH2Cl2 solution 
of trans-( Ru"C12 (dppm) 2 ] .  (b )  X -  R t y  structure of try-1s-[Ru"Cl2 (dppm) 21. 

Average bond lengths: Ru-P = 2.35 A ;  Ru-Cl = 2.43 A 

On the basis of the ip,/ipa ratio of the primary oxidation cis- 
[Ru"C12(dppm)2]/cis-[Ru'1'C12(dppm)2] + , one can calculate that the 
monocation ci~-[Ru~"Cl~(dpprn)~] + has a half-life ( t1/2) of approximately 
6 s before being isomerized to the more stable trans-[Ru"'C12 (dppm)2] +- . 

An example of electrochemically induced trans - cis isomerization is 
given by the macrocyclic complex trans-[Mn"'(cyclam)Cl~] + , the 
molecular structure of which is illustrated in Figure 9.9 

As shown in Figure lOa, the cyclic voltammogram of the monocation 
displays an irreversible Mn"' -, Mn" reduction (E, = -0.17 V, vs. SCE), 
which in the reverse can generates a new peak-system at positive poten- 
tial values ( E O '  = +0.30 V). Based on the electrochemical behaviour 

Figure 9 X-Rat structure of trans-(Mn(cyc1am) C12]+. Mn-N = 2.04 i; Mn-Cl= 
2.53 A 
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/ 

trans-Mn" + frans-Mn"' 

r I I 1 t 

-0.3 +0.1 +0.5 
E (V, vs. SCE) 

cis-Mn" + cis-Mn"' 

cjs-Mn" + cis-Mn"' 
I I I r I 

-0.3 +0.1 +0.5 

Figure 10 Cyclic voltammograms recorded at a glassy carbon electrode in dmso solutions 
08 ( a )  trans- f Mn'"(cyclam)Cl~] +; ( b )  cis- f Mn"(cyc1am) Clz]. Scan rate 
0.1 vs-* 

of cis-[Mn"(cyclam)C12], Figure lob, such new peak-system is assigned 
to the (partially chemically reversible) oxidation of the reorganized cis- 
[Mn11(cyclam)C12].9 

This means that in the Mn(II1) oxidation state the more stable form is 
the trans isomer, whereas in the Mn(I1) oxidation state the more stable 
form is the cis isomer, and both the isomers convert to their respective 
stable forms upon changing oxidation state. 

ph Ph 

I / \  CI 
Ph Ph Ph 

fac 
Scheme 3 

mer 
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As far as the facimer isomerization is concerned, the typical redox- 
induced conversion is that illustrated in Scheme 3 for complex 
[Mn'(C0)3(dppm)C1] (dppm = Ph2PCH2PPh2). l o  

Figure 11 shows the cyclic voltammograms exhibited by fac-[Mnl 
(C0)3(dppm)C1] in acetonitrile solution at different temperatures. 

At room temperature it undergoes one-electron oxidation to the 
corresponding fac-Mn" species through a partially chemically reversible 
electron transfer (peak I; E"' = +1.44 V, vs. Ag/AgCl), which in turn 
affords in the reverse scan a new peak-system at less positive potential 
values having some features of chemical reversibility too (peaks II/III; 
E"' = +0.98 V, v,s. Ag/AgCl), Figure 1 la. On the other hand, Figure 1 l b  
shows that at low temperature (-35" C), the chemical complication 
accompanying the fac-Mn'lfac-Mn" process is prevented. 

As illustrated in Figure 12, mer-[Mn1(C0)3(dppm)C1] undergoes 
oxidation just at the potential of the new peak-system II/III in 
Figure 1 1 a. 

It is hence evident that the following electrode mechanism holds: 

r -  1 -  1 1 

+0.4 +0.8 +I .2 +I .6 

I 1 1 I 

+0.4 +O. 8 +I .2 +I .6 
Figure 11 Cyclic voltammograms recorded at aplatinum electrode in a MeCN solution of 

fa~-[Mn'(CO)~(dppm)CI].  (a)  T =  295 K; (b)  238 K.  Scan rate 0.5 V s-I. 
(- - -) First scan; (-) second scan 
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O t  

II E (V, vs. Ag/AgCI) 
r 1 1 1 

+0.4 +O. 8 +I .2 +I .6 

Figure 12 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution 
of mer-[Mn'(CO)3(dppm)Cl]. T =  295 K.  Scan rate 0.5 V s-' 

-e 

+e 
fac-[Mn1(C0)3 (dppm)Cl] fat-[ Mn"( C0)3(dppm)C1]+ I slow 

mer-[Mn"(C0)3 (dppm)Cl]+ 
+e 

-e 
2 mer- [Mn1(C0)3 (dppm)Cl] 

A somewhat more complicated isomerization path is involved in the 
redox changes accompanying the following process: 

In the neutral species [(R~(,U-BU:P)(CO)~}~] the Rhl  atom has a 
tetrahedral geometry, whereas the Rh2 atom has a planar geometry, with 
respect to the Rh2P2, plane (the TPN label arises from the tetrahedral- 
planar geometry of the two rhodium atoms in the neutral complex), 
Figure 13." 

As shown in Figure 14 the neutral derivative undergoes a reduction 
process (peak I), which in the backscan generates a species which 
undergoes an oxidation/reduction process (peaks II/III, respectively) at 
less negative potential values. l 2  

Exhaustive electrolysis consumes two electrons per molecule and 
generates the dianion [ { R~( ,U-BU'~P>(CO)~}~]~- ,  the molecular structure 
of which is shown in Figure 15.12 
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Figure 13 X-Ray structu(e of [ {Rh(p-Bp:P) (C0)2)2]. 4verage 
Rh-Rh = 2.76 A; Rhl-P = 2.24 A ;  Rh2-P = 2.46 A 

Elect rochem ically Induced Structural Mod$cat ions 

c7 02 

u o 3  04w 

Figure 13 X-Ray structu(e of [ {Rh(p-Bp:P) (C0)2)2]. 4verage 
Rh-Rh = 2.76 A; Rhl-P = 2.24 A ;  Rh2-P = 2.46 A 

bond 

39 1 

lengths: 

Both the rhodium atoms assume a tetrahedral geometry with respect to 
the Rh2P2 plane (the TTD label derives from the tetrahedral-tetrahedral 
geometry of the two rhodium atoms in the dianion). On this basis, the 
overall electrode process involves the ECE mechanism illustrated in 
Scheme 4, where: TPA = tetrahedral-planar monoanion, TTA = tetra- 
hedral-tetrahedral monoanion. 

I V  E (V, vs. Ag) 
I I I I 

-2.2 -1.8 -1.4 -1 .o 
Figure 14 Multiscan cyclic voltammograms recorded at a platinum electrode in a thf 

solution of,[ {Rh(p-Bu'ZP) (CO)2J2]. Scan rate 0.2 V s-' 
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Figure 15 X-Ray structure of theodianion [{Rh(p;Bu:P) (C0)2)2J2-. Average bond 
lengths: Rh-Rh = 2.84 A;  Rh-P = 2.32 A 

2 SOME EXAMPLES OF MOLECULAR REORGANISATIONS 
INDUCED BY DEPROTONATION OR DEHYDROGENATION 

In order to illustrate some redox-induced molecular rearrangements 
a little more complicated than simple isomerizations we will consider 
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the electron transfer reactivity of a few metal complexes with the tripodal 
phosphines NP3, PP3 and triphos represented in Scheme 5. 

Me 

PPh2 hPPh2 PPh, 

pp3 triphos 
Scheme 5 

As has already been seen for a few iron13 and nickel14 examples, 
metal complexes of these ligands generally exhibit chemically reversible 
redox processes, allowing, in some cases, the central metal to accede 
unusual oxidation states. However, sometimes these complexes undergo 
well-defined molecular rearrangements following irreversible redox 
processes. 

For example, conversion of the hexacoordinate (octahedral) deriva- 
tives [MI1HCl(PP3)] to the corresponding deprotonated pentacoordinate 
(trigonal-bipyramidal or square pyramidal) derivatives [M1'C1(PP3)] -I- 
(M = Fe, Ru, Os), Scheme 6, follows electrode mechanisms that are more 
or less complicated depending upon the nature of the central metal. l 6  

M = Fe. Ru. 0 s  

Scheme 6 

As a typical example, we consider the behaviour of the chloro-hydride 
complex [RuHC1(PP3)], which displays a rather simple conversion 
mechanism. In fact, Figure 16a shows that it undergoes an irreversible 
two-electron oxidation that generates, on the reverse scan, a voltam- 
metric profile identical to that observed for the chloro monocation 
[RuCl(PP3)] + , Figure 16b. 

This indicates the occurrence of the following deprotonation process: 

t l /2  = 0.5 sec 
[Ru"HC1(PP3)] I% [Ru1I1HCl(PP3)]+ + [Ru1Cl(PP3)]) ?+ [Ru"Cl(PP3)]+ 

-H+ 
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I” 

CI 

16 Cyclic voltammograms recorded at a platinum electrode in thf solutions 08 
( a )  [Ru(H)CI(PP,)]; scan rate 0.5 V s-’; (b )  [RuCI(PP3)][BPh4]; scan 
rate 0.02 v s-’ 

Figure 17 illustrates the molecular structure of the two stable 
derivatives. 

The octahedral/trigonal-bipyramidal reorganization induced by 
deprotonation leads to shortening of the Ru-Cl bond (from 2.52 A to 
2.43 A), whereas the Ru-P distance (trans to Ru-C1) elongates (from 
2.19 A to 2.24 A). 

A deprotonation process is also involved in the anodic conversion of 
the ‘non-classical’’ dihydrogen-Co(1) complex [Co(H2)(PP3)] +- to the 
‘classical’ Co(I1)-hydride [CoH(PP3)] + , Scheme 7. 

Scheme 7 

The molecular structures of the two complexes are shown in Figure 
18.17,18 

Figure 19 shows that the irreversible (one-electron) oxidation of 
[Co(H2)(PP3)] + generates [CoH(PP3)] + . In fact, the voltammetric profile 
which appears in the reverse scan of Figure 19a is perfectly complementary 
to that of the oxidation of the neutral complex [CoH(PP3)], Figure 19b. 

# The meaning of the term ‘non-classical’ will be discussed in Chapter 9, Section 3 .  
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Figure 17 X-Ray structures of: ( a )  [RuHCl(PP3)]; ( b )  [RuCl(PP3)]+, together with 
signijicant bond lengths 

F 

Figure 18 X-rayo structures of: ( a )  [co(Hz)  (PPj)] ' .  Bond lengths: CO-P(.oquutorial) = 
2.20 A;  ~+P(apical) = 2.12 A .  ( k )  [CoH(PP3)] ' . Bond lengths: CO-P(equatoriulj 
= 2.18 A; C+P(apical) = 2.16 A 

V E (V, vs. SCE) 

Figure 19 Cyclic voltammograms recorded at a platinum electrode in thf solutions of: ( a )  
[Co(H2) (PP3)]+; ( b )  [CoH(PP3) ]+. Scan rate 0.2 V s-I 
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Abstraction of hydrogen atoms (either as deprotonation or release 
of dihydrogen) is involved in the electrochemically induced conversion of 
the vinylidene complex [Rh{ C=CH(Ph)}(NP3)] + to the acetylide 
derivatives [Rh(C=CPh)(NP#+ ( n  = 0,2). As illustrated in Figure 
20, the voltammetric backscans of both the (two-electron) oxidation and 
the (one-electron) reduction of [Rh{ C=CH(Ph)}(NP3)] i- clearly indi- 
cate that [Rh(C=CPh)(NP3)]*+ and [Rh(CsPh)(NP3)] are formed, 
respectively, according to the electrode mechanism indicated in Scheme 
8. It is noted that there is the intermediate formation of the stable 
complex [Rh(C'CPh)(NP3)] + . 

E (V, vs. SCE) 
I I I I I I I 

-2.0 -1 .o 0.0 +I .o 
Figure 20 Cyclic voltammograms recorded at a platinum electrode in CH2C12 solutions o$ 

(a,b), [Rh{C= CH(Ph)](NP3)]+;  ( c )  [Rh(C-CPh) (NP3)] .  Scan rate 0.2 
v s- 
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Scheme 8 

3 REVERSIBLE MIGRATION OF A HYDROGEN ATOM FROM 
A METAL CENTRE TO A PERIPHERAL LIGAND 

The reversible redox-induced transformation of the octahedral Rh(1)- 
dimethylfumarate complex [RhH(Me02CCH=CHC02Me)(triphos)] 
to the corresponding Rh(II1)-succinyl derivative [Rh(CH(C02Me)CH2 
(CO2Me))(triphos)l2+, illustrated in Scheme 9, involves a mechanism 
more complex than simple hydrogen atom abstraction. 
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+2e 

1 2 +  

OMe 

. 
OMe 

Scheme 9 

The Rh(1)-dimethylfumarate complex undergoes an irreversible 
(two-electron) oxidation, that generates in the reverse scan a cathodic 
profile completely identical to that of the Rh(II1)-succinyl derivative, 
Figure 21a. 

In fact, the latter displays a first (one-electron) reversible reduction 
followed by a second irreversible reduction that in turn shows, on the 
reverse scan, the oxidation peak of the Rh(1)-dimethylfumarate complex, 
Figure 21 b. The complete interconversion process is illustrated in 
Scheme 10. 

Figure 21 Cyclic voltammograms recorded at a platinum electrode in: ( a )  thf solution 
of [RhH(MeU2CCH=CHC02Me) (triphos) J ;  ( b )  CHzClz solution of 
[Rh{CH(C02Me)CH2(C02Me))(triphos) J2+. Scan rate 0.2 V s-' 
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1 2 +  

-2e 

o=c \ H  
OMe 

p-H elirnin. 1 
I- - 

L 

+e 11-e 

Scheme 10 

4 REVERSIBLE ORIENTATION FROM ‘PERPENDICULAR’ 
TO ‘PARALLEL’ DISPOSITION OF AN ALKYNE GROUP 
BRIDGING TWO METAL CENTRES 

As a further example of redox-induced reorganisation processes we 
illustrate the reorientation of a p-ethyne group bridging two metal 
centres from perpendicular to parallel orientation with respect to the 
metal centres, Scheme 11. 

Scheme 11 

The reorientation takes place during the oxidation of the dirhodium 
complex [(triphos)Rh(p-Cl)(p-y2,y2-C2H2)(triphos)]Cl, the molecular 
structure of which is illustrated in Figure 22a, to the derivative 
[(triph~s)Rh(p-Cl)~(p-y~ ,yl -C2H2)Rh(triphos)12 + (the crystal structure 
of such dication could not be obtained, but that of the related species 
[(triphos)Rh(p-Cl)(p-OH)(p-y ,y -C2H2)Rh(triphos)12 + is shown in 
Figure 22b). l 9  
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Figure 22 X-Ray structurFs 08 ( a )  [(triphos)Rh(p-Cl) (p;q2,q2-C2H2)Rh(tripbos) J + .  

P2 = Rhl-P3 = 2.37 A ;  R l . .  .Rhl' = 3.31 A ;  (b )  [ (triphos) Rh(p-Cl) (p- 
OH) (p-q:  q1-C2H2) Rh(triphos)J2+. All the hydrogen atoms and phenyl 
rings are omitted 

Rh-Clz2.45 A ;  RhlrCl=  Rhl-C2=2.14 A;  Rl-PI ~ 2 . 2 4  A;  Rl-  

Figure 23 shows that the 'perpendicular' monochloro cation 
undergoes an irreversible (two-electron) oxidation that generates a 
voltammetric profile coincident with that of the 'parallel' dichloro 
dication. 

The overall mechanism can be described according to Scheme 12. 

E (V, vs. SCE) 

A 

-1.8 

C 

H 1+ 

Figure 23 Cyclic voltammograms recorded at a platinum electrode on CH2Cl2 solutions 
08 ( a )  [(triphos)Rh(p-Cl) (p-q2,q2-C2H2) Rh(triphos)]Cl; ( b )  [(tri- 
phos)Rh (C1)2(C2H2)Rh(triphos) J (C104)2. Scan rate 0.2 V s-' 
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Scheme 12 

Indeed, a careful assessment of the electrochemical data has enabled 
the process of the alkyne reorientation to be clarified according to the 
more detailed ECaCrE mechanism (C,=chloride ion association; 
Cr=geometric reorganization) illustrated in Scheme 13. 

H l+ 
I 

E"' = +0.32 
H 

I 
7+ 

Scheme 13 
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5 REDOX TRANSFORMATIONS FOLLOWING IRREVERSIBLE 
ELECTRON-TRANSFER PATHWAYS 

To continue the present topic, we would like to underline that often 
irreversible redox processes do not cause the appearance of new, well- 
defined redox waves such as to induce an accurate examination of the 
underlying chemical complications. Nevertheless, not always irreversible 
redox changes lead to complete destruction of the metal complex under 
examination. Analysis of the products arising from irreversible processes 
can sometimes reveal interesting chemical pathways. 

We cite as an example the oxidation of the mononuclear Au(1)-thiolate 
complex [Au(SC6H4CH3)(PPh3)] .20 As illustrated in Figure 24, this 
complex exhibits, in CH2C12 solution, two irreversible anodic processes 
(EO’ = +0.92V and + 1.6 V vs. Ag/AgCl, respectively). 

Controlled potential coulometry in correspondence to the first anodic 
process shows the consumption of a fractional charge (n = 0.5 electrons), 
thus confirming the occurrence of chemical complications accompanying 
the electron removal. Isolation of the product obtained by chemical 
oxidation (by ferrocenium hexafluorophosphate) showed it to consist of 
the tetragold complex [ A u ~ ( ~ - S C ~ H ~ C H ~ ) ~ ( P P ~ ~ ) ~ ~ ( P F ~ ) ~ ,  whose mol- 
ecular structure is illustrated in Figure 25.20 

Based on this result, the following electrode mechanism has been 
proposed: 

CH3 c6 H4SSC6 H4CH3 

I 
-e [ A u ( S C ~ H ~ C H ~ ) ( P P ~ ~ ) ]  - [Au(PPh3)]+ + (SCbH4CH3)’ I -k [Au(SC6H4CH3)(PPh3)1 

h s k i p 2 . 9 ~ ~ 4  [Au4(SC6H4CH3)2(PPh3)4I2+ 

o t  1 
I I I I I I I I ‘ 1  

+0.2 +0.6 +I .o +I .4 +I .8 
E (V, vs. Ag/AgCI) 

Figure 24 Cyclic voltammogram recorded at aplatinum electrode in a CH2CI2 solution of 
(Au(SC6H4CH,) (Ph jP)] .  Scan rate 0.02 V s-I 
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Figure 25 X-Ray structure of [ A U ~ ( ~ - S ~ ~ H , C H , ) ~ ( P P ~ ~ ) ~ ~ ~ ~ .  Au-Aue3.16 2; Aul- 
PI = 2.27 A ;  A u l - S l =  2.34 A 

Even more educational is the case of the dirhenium(II1) complex 
[Re2(p-C1)2C14(PMe3)4] .21 It has recently been reported that in CH2C12 
solution such Re26 + species undergoes irreversible reduction and 
oxidation processes.22 As illustrated in Scheme 14, the use of either 
reducing (namely, [KCg]) or oxidizing (namely, [NOBF4]) chemical 
agents allowed to identify and structurally characterize the different 
complexes arising from such irreversible electron-transfer processes. 21 722 

All the new products (namely: the Re"'-Re" [Re2(p-C1)3C12(PMe3)4], the 
Re'I-Re" [Re2C14(PMe3)4]; the ReIV tran~-[ReCl~(PMe~)~]) clearly testify 
to more or less important fragmentations of the original molecule. 

Scheme 14 
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6 REDOX TRANSFORMATIONS FOLLOWING 
QUASIREVERSIBLE ELECTRON-TRANSFER PATHWAYS 

In Chapter 2, Section 1.3.2, we have already discussed about the 
structural consequences of a quasireversible electron transfer. We have 
thus illustrated that the molecular reorganizations can range from simple 
disappearance of some original bonds to severe geometrical rearrange- 
ments. To conclude the present topic we would like to mention an 
example of metal-metal bond formation following a quasireversible 
electron removal. 

Figure 26 shows the molecular structure of the triplatinum phosphido 
dianion [(C6F5)2Pt(p-PPh2)2Pt(p-PPh2)2Pt(C6FS)2] . 

The three Pt(I1) atoms have a square planar configuration and are 
each coordinated through bridging diphenylphosphido ligands, without 
any metal-metal bonding interaction. 

In CH2C12 solution such a dianion undergoes a quasireversible two- 
electron removal to the corresponding neutral congener [(C6F5)2Pt(p- 
PPh2)2Pt(p-PPh2)2Pt(C6F5)2] (E"' = -0.1 1 V vs. SCE; AEp = 227 mV, at 

As illustrated in Figure 27, the two-electron oxidation product 
essentially maintains the original geometry, but a new PtTII-Pt"' bond 

2- 23 

0.1 vjs-'). 

Figure 26 X-Ray s!ructure of [(C&)2Pt(p-PPh2)~Pt(p-PPh2)~Pt(C$',-)2]2-. Pt2-C 
= 2.08 A ;  Pt2-P=2.32 A ;  Ptl-P=2.37 A ;  Pt * * Pt=3.59 A 
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Figure 27 X-Ray strugture of [ ( C , F ~ ) , % t ( ~ - P P h , ) * P t ( ~ ~ P P h z ) r P t ( c 6 F ~ ~ ~ ~ .  Ptl- 
Pt2=2.{8 A;  Pt2.. .Pt3=!.67 A; Ptl-C=2,08 A; Ptl-P=2,28 A ;  Pt2-PI 
= 2.30 A;  Pt2-P2 = 2.38 A; Pt3-P2 = 2.27 A;  Pt3-C= 2.05 A 

forms, which obviously causes asymmetry in the intramolecular bond 
distances .23 

It is, however, noted that in some cases new bond formation/ 
destruction coupled to important structural reorganizations may afford 
peak-to-peak separations so pronounced as to make the pertinent electron 
transfer apparently irreversible, in that in a limited potential range the 
return peak can escape detection. This is the case of the oxidation process 
of the monoanion [Pt(C&15)4]- to the neutral complex [Pt(c&1,)4] in the 
redox sequence [Pt(C6C15)4]2-i-io.24 In fact, as illustrated in Figure 28, the 
dianion [Pt"(C6C15)4]2- in CH2C12 solution undergoes a first chemically 
and electrochemically reversible one-electron oxidation (E&- = 
+0.54V, vs. SCE; AEp = 60mV at 0.1 V s-'), followed by a second 
one-electron oxidation at high potential values (Ep = +1.85V), which 
exhibits a return peak (Ep = -0.05 V) very far from the forward peak. 

Isolation and structural characterization of the whole redox series 
shows that, in agreement with the electrochemical reversibility, the first 
one-electron removal PtI'/Pt''' does not substantially modify the original 
square planar geometry (the Pt-C bond lengths elongate by less than 
0.01 A, whereas the C-C distances remain ~ n a l t e r e d ) . ~ ~  By contrast, 
more severe are the structural consequences of the second electron 
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Figure 28 Cyclic voltammogram recorded at a platinum electrode in a CH2CIJ solution of 
I P ~ ( c ~ c I ~ ) ~ ] ~ - .  Scan rate 0.2 v s-' 

removal Pt"'/Ptlv. As shown in Figure 29, which compares the 
molecular structures of [Pt''1(C6C15)4]- and [Pt'V(C6C15)4], the neutral 
compound assumes a distorted octahedral geometry forcing one ortho-C1 
atom of two of the four C6C15 rings to form bond with the platinum 
atom.24 

Confirming the assignment, an authentic sample of [Pt'v(C6C1,),] 
exhibits in the forward scan only the apparently irreversible reduction 
Pt'v/Ptl'', which in the backscan generates the reversible Pt"/Pt'" peak- 
system. 

It results that in the absence of any fragmentation of the original 
frame, the process [Pt(C6C1,)4]-'' is in principle quasireversible. The 
large peak-to-peak separation (AEp = 1.9V, at 0.2 V s-') evidently 
reflects the high energy barrier required to pass from square planar 
tetracoordinate-Pt(II1) to octahedral hexacoordinate-Pt(IV), which 
slows down the rate of the heterogeneous electron transfer. 

Figure 29 X-Ray crystal structu[es of ( a )  [Ft(C&l5),]-. oAverage interatomic 
distances: Pt-C=2.09A; C-C= 1.39A; 1.72A; ( b )  [Pt(C&15)s]. 
Averag? interatomic distances: Pt-Cl ; Pt-C3 = 2.0<A; Pt-C2 = P ! 5 4  
= 2.12A; Pt-CII = 2.56A; Pt-C12= 2.68A; C-C= 1.39A; C-CI= 1.73A 
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CHAPTER 8 

Transition Metal Clusters 

A metal cluster complex is an aggregation of (more than two) metal 
fragments held together by ligands in a closed structure able to give rise 
to a series of metal-metal bonds. These compounds display a great 
variety of spectacular geometric arrangements and are often regarded as 
being capable of participating in rich series of electron transfers without 
changing appreciably their molecular structure. On the basis of the redox 
behaviour of a large number of homo- and hetero-metallic clusters,' one 
cannot generalize about the high redox activity of these derivatives. 

1 METALSULFUR CLUSTERS 

Metal-sulfur clusters probably constitute the best known class of clusters 
due to their considerable importance and common occurrence in the 
biological world, where they fulfil the role of electron carriers (see Chapter 
12). This function is related to their high capacity to undergo a cascade of 
reversible redox processes. As an illustrative and introductive example, 
Figure 1 shows the redox ability of [Fe4(p3-S)4(~-C5H5)4]. l a  

Let us consider briefly but systematically the redox properties of a few 
homonuclear metal-sulfur clusters in order of increasing metal atom 
number. 

1.1 

There exist a number of homo metal-sulfur clusters possessing an M3S, 
core (M = Fe, Co, Ni, Mo, W; n = 1-4)la, but the most represented 
assemblies are M3S2 and M3S4, respectively. The latter is present in 
a few biological functions as an Fe3S4 unit2 (see also Chapter 12, 
Section 3). 

M3S, (n = 2, 4) 
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Figure 1 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[Fed (P3-s) 4 (4'- c5H5) 4 1 

As far as the M3S2 core is concerned, it consists of a triangle of metal 
atoms capped by two triply bridging sulfur atoms lying above and below 
the trimetallic plane, respectively. It is interesting to note that the 
strength of the metal-metal bonds varies with the nature of the metal. 
In fact, as illustrated in Figure 2, in [ C O ~ ( ~ ~ - S ) ~ ( ~ - C ~ H ~ ) ~ ]  the triangle is 
regularly ~ l o s e d , ~  in [Fe3(p3-S)2(C0)9] the triangle is open at one side,4 in 
[Ni3(p3-S)2(q-C5H5)3] the Ni3 triangle is almost completely open? 

As illustrated in Figure 3, the three clusters exhibit a significant 
electron-transfer ability according to the following sequences (V vs. Ag/ 
AgCl)6: 

Figure 2 X-Ray structvres o f  ( a )  [Co3(p3-S)z(y-C5H5),/: Co-Co bonding dit- 
tance = 2.69 A ;  ( b )  [Fe3(p3-S)z(CO)9]: Fe-Fe bondingo distance = 2.59 A;  
( c )  [Ni3(p3-S)r(y-C5H5)3]: N i .  - - Ni distance = 2.80 A 
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E ( V , v s  * SCE) *5 

Figure 3 Cyclic voltammograms recorded at a platinum electrode in benzonitrile solutions 

(q-C5H5)j] .  Scan rate 0.02 V s-l 
08 (a)  [co3(cl3-s)2(z1-c5H5)31; ( b )  LFe3 (p3-s)2(c0) 91; ( c )  I N i 3  ( p 3 - s ) 2  

Most electron transfers are chemically and electrochemically revers- 
ible, thus indicating that the respective redox species are stable and 
substantially maintain the original molecular structure. As a matter of 
fact, the monocation [Co3(p3-S)2(q-C5H5)3] + has been structurally 
~haracterized.~ Within the Co3 triangle, two Co-Co distances remain 
substantially unaltered with respect to the neutral parent (Co- 
Co = 2.65 A), whereas the third one shortens to 2.47 A. This suggests 
that in the [ Co ( p 3  - S)2( q - C 5H 5 )  3]  /[ Co (p - S)2( q -C 5H 3] + red ox change 
the electron is removed from an antibonding orbital. 

As far as the clusters containing the M3S4 core are concerned, there are 
two structural types: the linear (a) and the incomplete-cubane (b) 
assemblies, Scheme 1. 

(a) 
Scheme 1 
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Figure 4 X-Ray, structure of [ M o ~ ( ~ - S ) ~ ( S O ) ~ ] ~ - .  Averageo bond lengths: MoI-S 
2.22 A ;  Mo2-S = MO3-S = 2.53 A;  M e C  = 2.00 A .  MO . ' . MO = 3.00 A 

As an example of linear assembly one can cite the dianion 
[MO~(~-S)~(CO>,]~- ,  the molecular structure of which is shown in 
Figure 4.7 

The formal oxidation state of the central Mo atom is + 6, whereas that 
of the two outer Mo atoms is 0. Such a dianion undergoes in MeCN 
solution a one-electron reduction (Eo2/,3- = -1.72 V vs. SCE), which is 
only partially chemically reversible, and an ill-defined irreversible 
oxidation (Ep = + 0.14 V).7a 

It has been assumed that the reduction process is centred on the 
central, high-valent, Mo atom, whereas the oxidation process is centred 
on the outer, low-valent, Mo atoms. 

Similar redox behaviour is exhibited by the isostructural trianion 
[ Fe 3 (p- S)4( SP h)4] - . 

Among the incomplete-cuboidal M3S4 assemblies,'" we can cite as an 
example the monocation [Mo3(p2-S),(p3-S)(q-C5H5)3] + , the molecular 
structure of which is illustrated in Figure 5.9 

Figure 5 X-Ray structure ,of [M03(p.2-s)3(p3-$) ( y ~ - C g H ~ ) 3 ] + .  Aperage bond lengths: 

= 2.03 A 
M ~ M o  7 2.81 A; Mo-pj-S= 2.31 A;  M o - ~ ~ - S =  2.29 A; M O - C S H S ( ~ ~ , , ~ , . ~ ~ ~ ~  
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In CH2C12 solution it undergoes a chemically reversible one-electron 
reduction (E:), = -1.04V vs. SCE) to the corresponding neutral 
derivative [M0&2-S)3(p3-S)(r&H~)~].'~?~ Since theoretical calcu- 
lations foresee that the electron is added to an antibonding Mo-Mo 
orbital, it is expected that the neutral species possesses an expanded 
M03S4 core. As a matter of fact, the permethylated neutral complex 
[Mo3(p2-S)3(p3-S)(q-C5H5)3] has been structurally characterized. Com- 
parison of the relevant bond lengths of the couple quite support the 
theoretical prevision, Table 1. l o  

A further useful example is given by the trianion [Fe3S4(LS3)13- 
{ LS3 = 1,3,5-tris[(4,6-dimethyl-3-mercaptophenyl)thio]-2,4,6-tris( p-tolyl 
thio)benzene(3-)}. The molecular structure of its Fe3S4 core is 
illustrated in Figure 6.l' 

As illustrated in Figure 7, this trianion undergoes a one-electron 
reduction (EiL 4- = -1.72 V vs. SCE), and a one-electron oxidation 

bility on the cyclic voltammetric time scale.' 
(E3+- 01 = -0.74 V), both processes having features of chemical reversi- 

Table 1 Average bond lengths (in A) in [Mo3(p2-S)3(p3-S) (y -C5H~)3/+  and 
[MO3 (p2-S) 3 ( p 3 - s )  ( q - c S M e S )  3 1  

Complex Mo-Mo Mo-p3-S Mo-p2-S Mo-CSMeS(cent, .oi~~ 

Figure 6 X-Ray structureoof the [Fe3S4]' co!e of [Fe3S,(LS,d]3-. Average bond lerzgths: 
Fe-p3S = 2.31 A;  Fe-p2S = 2.26 A; Fe-S = 2.32 A;  Fe - Fe = 2.70 A 



414 Chapter 8 

E (V, vs. SCE) 
I I I I 

-2.0 -1.6 -1.2 -0.8 

Figure 7 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[NEt4I3[Fe3S4(LS3)]. Scan rate 0.05 V s-' 

1.2 M4S, (n = 3-6) 

Figure 8 shows the molecular structure of the monoanion [Fe& 
(NO)7]-,'2 a compound known as 'the black isomer of Roussin's salt'. 

The geometry of the Fe& core is composed of a (open base) trigonal 
pyramid of iron atoms with a triply bridging sulfur atom apically 
positioned above each face. 

In MeCN solution this monoanion undergoes three reversible one- 
electron reductions = -0.68 V; EiLj3- = - 1.26 V; E& 
= - 1.75 V), Figure 9.12 

Figure 8 X-Ray structurf of (Fe4S3(NO17 f-. Average bond lcngths: Fel-Fe = 2.70 A; 
Fel-S = 2.21 A;  Fe-S = 2.26 A.  Fern - - Fe = 3.57 A 
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Y 0.0 
(E, vs. SCE) 

Figure 9 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[NEt4/[Fe4S,(NO)7]. Scan rate 0.2 V s- 

The corresponding dianion [Fe4S3(N0),l2- has been isolated and its 
structure characterized. In agreement with the electrochemical reversi- 
bility of the corresponding reduction process, it maintains the structure 
of the monoanion precursor. Within the Fe4S3 core, the most significant 
differences in the interatomic distances involve a lengthening of the mean 
Fel-Fe bond lengths (by about 0.06 A) and a more limited lengthening 
of the Fel-S and Fe-S distances (by about 0.02 A). 

The best known metal-sulfur assembly is most likely the cubane M4S4, 
because the Fe4S4 aggregate is widespread in biological molecules able to 
function as electron carriers. For example, (as we will discuss in Chapter 
12, Section 3) the redox function of ferredoxins (Fd) and high-potential 
iron proteins (HPIP), in which the cube formed by the Fe4S4 atoms is 
bound to cysteine groups, is linked to the following chemically reversible 
electron transfer processes: 

-e 
Fdred Fdoxl I +e 

I +e +e I 

The important biochemical role played by this type of (non-heme) 
iron proteins has stimulated efforts to synthesise Fe4S4 complexes 
bound to thiolate groups. For instance, Figure 10 shows the 
voltammetric behaviour of two such complexes, [Fe4S4(SPh),12- and 
[Fe4S4( S B U ~ ) ~ ] ~ - .  la  
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(b) 

-+O 

E (V, 
I 

-2.0 -1 .o 0.0 

0 

vs. SCE) 
I I i 

-2.0 -1 .o 0.0 

Figure 10 Cyclic voltammograms recorded in: ( a )  MeCN solution of [Fe4S4(SPh)4]2-; 
(b )  dmf solution of [Fe4S4(SBu')4]z- 

It is clear that the butyl derivative mimics the 3-/2-/1- sequence of 
iron proteins. 

From a structural viewpoint, the Fe4S4 cluster can be considered to 
originate from the interpenetration of Fe4 and S4 tetrahedra. Scheme 2 
depicts the molecular structures of the two redox partners [Fe4S4- 
( S-Ph),12-/[Fe4S4( S-Ph)4]3-. l a  

2.29 
2.30 

Scheme 2 

On the basis of these data it is generally assumed that, as shown in 
Scheme 3, the 2-/3- redox transformation involves a structural 
reorganisation from a compressed to a elongated geometry. 

+e 

-e 
- 
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Analogous cuboidal structures are found not only for the already 
cited series [Fe4S4(C5H5)4In (n= -1, 0, 1 +, 2 + ,  3 +), but also 
for Co& ( [ C O ~ S ~ ( C ~ H ~ ) ~ ] ~ ;  n = 0, 1 +), MO& ([Mo4S4(C5H4-Pr'),l"; 
n = 0, 1 +, 2+),'" and V4S4 ([V4S4(C5H4-Me)4]n, n = 0, 1 + )'" 
derivatives. 

Another four-iron sulfur assembly is Fe4S5. Figure 11 illustrates the 
geometry of the Fe4S5 core of the [Fe4S5(C5H5)4]2+ dication.'" 

Compared to the most common Fe4S4 assembly, besides the three 
triply-bridging sulfur atoms, there is a disulfur group the sulfur 
atoms of which are also triply coordinating. This disposition leads to 
a structurally inequivalent arrangement and, therefore, an inequi- 
valence in the different interatomic distances. 

Figure 12 shows that also this derivative undergoes a rich series of 
reversible redox processes (3 + /2 + / + /O). 

The monocation [Fe4S5(C5H5)4] + has been isolated and its X-ray 
structure solved. As expected on the basis of the electrochemical 
reversibility of the 2 + / +  response, the geometry of the dication 
precursor is maintained, with only a slight lengthening of the bond 
lengths. 

The last tetrairon-sulfur assembly that we consider is Fe4S6. As 
seen in Figure 13, which refers to the cluster [Fe&(C5H5)4], 
it contains two triply bridging sulfur atoms and two disulfide 
groups in which one sulfur atom is triply bridging and one doubly 
bridging. 

As illustrated in Figure 14, this derivative also undergoes three 
separate, reversible, one-electron redox processes (2 + / + lo/-).  

S 

Figure 11 The geometry of the Fe4S5 core in [Fe4S5(C5H5)4]2', together with the 
relevant bond lengths 
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I I I 

-0.5 +0.5 +I .5 

Figure 12 Cyclic voltammogram of [Fe4S5(C5H5)4/2' in MeCN solution 

i 
Figure 13 X-Ray structure ff [Fe4S6(C5H5,l4/. Kel-Fe2 = Fel'-FeZ' = 2.64 A; 

Fe2-Fe2' = 3.41 A ;  Fel - - - Fell = 4.34 A 

E (V, vs. SCE) 
I I I 

-1 .o 0.0 +I .o 
Figure 14 Cyclic voltammetric behaviour of [Fe4S6( C5H5)4/ in CH2C12 solution 
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1.3 MhS, (n = 6, 8, 9) 

The best known geometric arrangement of the M6S6 cluster is that of 
the series [Fe6S6X6]n- ( x  = halides, phenolates, thiolates), called 
“prismanes”.la The term has its origin in the fact that these 
compounds, as shown in Figure 15 for the trianion [Fe6S6C16]3-, have 
a hexagonal prismatic geometry with alternating iron and sulfur atoms. 
Alternatively, it can be considered as a combination of two Fe3S3 
cyclohexane-type ‘chair’ conformations. 

These compounds do not possess a high redox flexibility in that, among 
the various redox changes observed, the only [Fe6S6X6]3-/2- step is 
chemically reversible. For example, in the case of [Fe6S6Cl6I3-, the oxi- 
dation to [Fe6s6C16]2- in CH2C12 solution occurs at +0.19 v (vs. SCE). 
The dianion maintains the same hexagonal prismatic geometry of the 
original trianion, with only fairly minor changes in the bond lengths. 

Many transition metals are able to form the M6S8 assembly. The 
typical geometry is that illustrated in Figure 16 for the dication 

The metal atoms assume an octahedral geometry. Each one of the 
triangular faces is apically coordinated by a triply bridging sulfur atom. 

Figure 17 shows the high redox activity of this dication. It is able to 

2 +  la,14 [Fe6S8 (PEt3) 61 * 

4 + 13 + /2+ /+  /o ( E O /  support reversibly the redox sequence: [Fe6S,(PEt,),] 4+1 
3 +  = + 1.36 V; E3”!+/2+ = +0.80 V; E;L/+ = +0.06 V; Eo’+/o=-1.03 
V). As a rather exceptional case, most members of such redox sequence 
have been isolated and structurally characterized. Table 2 compiles 
the most significant variations in bonding lengths following the different 
redox changes. 

CI 

CI 

Figure 15 X-Ray structure of the trianiog [Fe6S6C16]3-. 4verage distances in the Fe3S3 
subunits: Fe - - - Fe = 3.79 A ;  Fe-S = 2.2% A .  AJerage distance? in the 
perpendicular Fe2S2 rhomboids: Fe - - - Fe = 2.76 A;  Fe-S = 2.2% A 
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Figure 16 X-RUV, structure of [fe6Sa(PEt3)6]20+. Average bond lengths: Fe-Fe = 
2.62 A;  Fe-S = 2.25 A ;  Fe-P = 2.29 A 

As seen, the progressive electron additions cause a lengthening of the 
metal-metal bonds, which is compensated by a slight shortening of the 
metal-phosphorus distances, while the metal-sulfur distances remain 
essentially unchanged. 

Table 2 Bonding distances (A) in the series [FebSs(PEt3)6]3+i2+iiio 
~~~~ 

Species M-S M-P 

2.24 
2.25 
2.25 
2.25 

2.30 
2.29 
2.27 
2.24 

I 
- 

1 

-1.5 -0.5 

Figure 17 Cyclic voltammetric response recorded at a platinum electrode in a CH2C12 
solution of [Fe6S,(PEt3)6]2+. Scan rate 0.2 V s-' 
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Similar behaviour has been displayed by the octahedral complexes 
[c06Sg(PEt~)~] + (which displays the reversible sequence [co6s8 
(PEt3)6I3 + / 2  +/+I0), l a  [MO&(PEt&] (which displays the reversible 
sequence [Mo&(PEt&] +/o/-/2-),1 and [Cr6Sg(H)(PEt3)6] (which dis- 
plays the reversible sequence [Cr6&(H)(PEt3)6] ). In all cases at 
least one redox couple has been isolated and structurally characterized, 
and in all cases the structural rearrangements following the electron 
transfers are minimal. 

The last six-atom metal-sulfur assembly to be considered is Fe&, 
found in the thiolate derivatives [Fe6s9(SR),l4-. The rather unusual 
structure of one of these compounds is shown in Figure 18, which refers 

All six iron atoms are coplanar and each one assumes a tetrahedral 
geometry, binding four sulfur atoms. 

These compounds exhibit the chemically reversible sequence 3-/4-/ 
5-. However, no X-ray structure is available for the different members. 

+ / O / -  16 

to [Fe&g(sEt)2]4-. la  

1.4 M9S9 

To conclude this brief review of homonuclear metal-sulfur clusters we 
consider the NigSg assembly present in the dication [Ni&(PEt3>6l2 + , 
which highlights the spectacular structure and high redox capacity of this 
cluster, Figure 19.1a 

The molecular structure of this cluster can be viewed either as a 
cofacial Ni9 bioctahedron or as three coplanar Ni3 triangles positioned in 
turn inside three coplanar S3 triangles. 

Despite the fact that it has not been possible to isolate any redox 
partners of this compound, it is evident that at least the monocation 

Figure 18 X-Ray structure of [ F e & , ( S E t )  214- 
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Figure 19 Cyclic voltammogram (in MeCN solution) ( a )  and X-ray structure 
(b )  of "is& (PEt3) G I 2  + 

[Ni9S9(PEt3)6] + is stable and probably has the same molecular structure 
of the dication precursor. 

2 METAL-CARBONYL CLUSTERS 

Whereas a large number of metal-sulfur clusters are present in nature, 
carbonyl clusters are exclusively products of chemical synthesis. They 
have been widely used in industrial catalytic proce~ses '~ and some of 
these processes are triggered by the redox aptitude of these 
As for the metal-sulfur clusters, we will briefly discuss their structures 
and their propensity to donate/accept electrons in order of increasing 
nuclearity . We will consider only homonuclear and homoleptic metal- 
carbonyl derivatives. However, it is noted that heteronuclear derivatives 
are gaining considerable interest due to the synergistic effect of metal- 
metal bonds possessing a polar character. lc71d 

2.1 M3(C0)12, [M3(C0)11]2- (M = Fe, Ru, 0s) 

Figure 20 illustrates the molecular structure of [Fe3(CO)12]. Id 

It consists of a triangle of iron atoms. Two CO molecules assume a 
bridging position with respect to one Fe-Fe side (Fe2-Fe3), rendering 
this side shorter by about 0.1 A with respect to the other two sides 
bearing only terminal carbonyl groups. 

In CH2C12 solution this compound displays two successive one- 
electron reductions, only the first of which is chemically reversible 
(E& = -0.35 V; EP+- = -0.85 V (vs. Ag/AgCl)). On the basis of the 
electrochemical quasireversibility of the [Fe3(CO) 12]/[Fe3(CO) 121- pro- 
cess (AEp = 110 mV, at 0.2Vs-'), it seems reasonable to assume that 
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n 

Figure 20 X-Ray structure of [Fe3(CO) 12] together with the relevant Fe-Fe bond lengths 

the monoanion might have a slightly different geometry compared to 
that of the neutral precursor. 

As is evident from Figure 21, the triangular [Ru3(C0)12] and 
[OS~(CO),~]  display only terminal carbonyl groups. 

Although these two derivatives are isoelectronic with [Fe3(C0),,], 
both exhibit irreversible reduction processes. This observation is in 
agreement with the theoretical prediction that the LUMO of [M3(CO)l2] 
compounds, which are electronically saturated (48 valence electrons), is 
metal-metal antibonding, and the antibonding character follows the 
order: 0 s  > Ru > Fe. 

0 -0 

0 

Figure 21 X-Ray structures and relevant structural parameters ofi ( a )  [RuS(CO) 121; 

( b )  ~0S3(C0)12/  
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Figure 22 X-Ray structure 08 (a)  [Fc3(CO) Fe-Fe zz 2.60 A; rel-Cl = 1.85 A;  
Fe2-CI = Fe3-C1= 2.21 A;  Fe2-C2 = Fe3-C2 = 1.96 A;  average Fer 
C(CO-terminal) distyce = 1.75 A". ( b )  [Ru3(CO)llJ2-. Rul-Ru3 = k.78 A ;  
Rul-Ru2 = 2.88 A; Ru2-Ru3 = 2.87 4; Rul-C2 = Ru3-C2 = 2.07 A ;  aver- 
age R U - C ( C O - , ~ ~ ~ ~ , , ~ ~ )  distance = 1.90 A 

As happens for the neutral derivatives, the dianion [Fe3(CO)1 1]2- has a 
molecular structure different from that of the analogous [Ru3(CO)l 
and [OS,(CO)~ 1]2- dianions, Figure 22. 

In the case of [Fe3(C0)11I2-, a triply bridging carbonyl group is 
asymmetrically positioned (as deduced by the bond distances) above the 
Fe3 triangle, which is not found for [Ru3(CO)I 112-," and [os3(Co), 1I2-.l5 

In all the three compounds there is a carbonyl group bridging two metal 
atoms. 

It is found also that for the dianions [M3(C0)11]2- (M = Fe, Ru, Os), 
which are electronically saturated too (48 valence electrons), only 
[Fe3(C0)11]2- has a well-defined redox chemistry. In fact, in thf 
solution, it undergoes a chemically reversible one-electron oxidation 
( E O '  = -0.76 V vs. SCE). The molecular structure of the monoanion 
[Fe3(CO)ll]- is reported in Figure 23.19 

n 

Figure 23 X-Ray structure ,of [Fe3(CO) I I ] - . o  Fel-Fe3 = 2.50 io; Fel-Fez = 2.68 A"; 
Fe2-Fe3 = 2.63 A;  Fel-CI = 1.89 A;  Fe3-C1= 2.49 A 
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Comparison with the corresponding dianion reveals important 
structural differences. In fact, the triply bridging apical carbonyl is no 
longer present and one of the bonds of the bridging carbonyl (namely, 
Fe3-Cl) weakens (becoming half-bonding). This asymmetric disposition 
of the ligand leads to an inequivalence of all the three Fe-Fe distances. 

Unlike [Fe3(CO)1 1]2-, both [Ru~(CO)~  1]2- and [Os3(C0), 1]2- undergo 
irreversible oxidations. 

2.2 [Fe4(C0)13]2-, M4(CO)12 (M = Co, Rh, Ir) 

Figure 24 shows the molecular structure of the dianion [Fe4(CO)13]2-. I d  

The iron atoms are disposed in a tetrahedral arrangement and all the 
carbonyl groups are terminally coordinated, except the one triply 
bridging the Fe3 base. 

Although electronically saturated (60 valence electrons), the dianion 
undergoes a chemically reversible one-electron oxidation (in thf, 
E”’ = -0.17 V vs. SCE). The corresponding monoanion [Fe4(CO)13]- 
is stable and EPR measurements indicate that it probably maintains the 
same geometry as the dianion precursor. 

It is evident from Figure 25 that the isoelectronic [Co4(CO)12] also has 
a tetrahedral geometry,ld but the disposition of the carbonyl groups is 
different from that in [Fe4(CO)13]2-. In fact, three are coplanar and 
doubly bridging the triangular C O ~  base, whereas the remaining nine 
groups are terminal. 

As can be deduced from Figure 26, [ C O ~ ( C O ) ~ ~ ]  exhibits in 
dichloroethane solution a one-electron reduction ( E O ’  = -0.30 V vs. 
SCE) with features of chemical reversibility on the cyclic voltammetric 
time scale, as well as a multielectron irreversible oxidation. Nevertheless, 
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Figure 25 X-Ray structure of [ C O ~ ( C O ) , ~ / .  Average CeCo distance = 2.49 A 

the electrogenerated monoanion [CO~(CO),~]- is unstable on the longer 
time of controlled potential electrolysis. 

Although [Rh4(CO)12] is isoelectronic and isostructural with 
[CO~(CO),~]  (mean Rh-Rh distance 2.78 A), it does not display any 
chemically reversible redox processes. 

Finally, it is noted that no electrochemical data are available for 
[Ir4(CO)12], (which, in contrast to [CO~(CO)~,] and [Rh4(CO)12], display 
only terminal CO groups), because of its complete insolubility in organic 
solvents. 

In conclusion, the low redox aptitude of [M4(C0)12] derivatives is 
related to their electronic saturation (60 valence electrons). 

2.3 

The dianion [OS~(CO)~,]~-  (72 valence electrons) has a trigonal- 
bipyramidal structure similar to that of the monoanion [Rh5(CO), 5]-  

(76 valence electrons) illustrated in Figure 27.1d 

[M5(C0),,]"- (M = Os, n = 2; M = Rh, n = 1) 

E 01, vs. SCE) 

Figure 26 Cyclic voltammogram recorded at aplatinum electrode in a CzH4C12 solution of 
[ c o ~ ( c o ) ~ ~ / .  Scan rate 0.1 v s-' 
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Figure 27 X-Ray struciure of the monoanipn [Rh5(CO) Is]- .  oBond lengths: Rhla 
Rh2 = 2.73 A; Rh2-Rh2’ = 2.74 A ;  Rh2-Rh3 = 2.92 A ;  Rhl-Rh3’ = 3.03 A 

Both compounds are electronically saturated,20 and, as such, they only 

In the case of [ O S ~ ( C O ) ~ ~ ] ~ - ,  chemical oxidation in the presence of CO 
exhibit irreversible redox processes. 

produces the trigonal-bipyramidal [Os5(c0) 161. I d  

2.4 (M~(CO)I,]~- (M = CO, Rh, Ir), [ M ~ ( C O ) I ~ ] ~ -  (M = Ru, 0s) 

Both the series [M6(C0)15]2- (M = c o ,  Rh, Ir) and [M6(C0)1s]2- 
(M = Ru, 0s) are considered as electronically saturated (86 valence 
electrons). The two dianions [M6(C0)15I2- (M = Co, Rh) have the 
octahedral geometry reported in Figure 28 for [co6(co)15]2-. I d  

The presence of three triply bridging, three doubly bridging and nine 
terminal carbonyl groups obviously causes inequivalence in the Co-Co 
bond lengths. 

It is known that this compound can lose or gain carbonyl groups upon 
chemical reduction or oxidation according to the paths: 
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Figure 28 X-Ray structure of [ C O ~ ( C O ) I ~ ] ~ - .  Average Co-Co bond length: 2.51 A” 

However, as shown in Figure 29, electrochemical studies showed that 
the intermediate monoanion [Co6(c0) 153- is a relatively stable species 
(E;L,- = -0.05 V; AE, = 118 mV, at 0.2 V s-’). 

Conversely, the analogous rhodium complex [Rh&O) 15]*- is redox 
inactive. 

Figure 30 shows the solid-state structure of the isoelectronic dianion 
[ I rdco )  1 512-. 

In support of the previous statement that iridium has a lower 
predisposition to form bridging carbonyl bonds compared to cobalt and 
rhodium, in this case, only three of the fifteen carbonyl groups assume 
a doubly bridging disposition whereas all the others have a terminal 
arrangement. 

Figure 29 Cyclic voltammogram recorded at a platinum electrode in a CH2C12 solution of 
[Co,(CO) 15/2- .  Scan rate 0.2 v s-’ 
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Figure 30 X-ray structure of [Ir6(CO) I s /2- .  Average Ir-Ir bond length: 2.77i 

In contrast to [co6(co)15]2- and [Rh6(CO)15]2-, which do not 
afford stable redox partners, [Ir6(C0) 512- generates the correspon- 
ding monoanion (E:$- = + 0.04 V; AEp = 96 mV, at 0.2 V s-') and 
neutral derivative. This latter is, however, only a transient species 
(EZ)o = + 0.36 V), Figure 31. 

Given that the redox change [Ir6(CO)15]2-/- does not depart 
significantly from the electrochemical reversibility, one could predict 
that the molecular geometry of the [Ir6(CO)15]- monoanion is probably 
similar to that of the corresponding dianion. 

Hence, it can be deduced that, despite the electronic saturation of the 
[M6(CO) 512- family, their members possess some redox propensity. 

We turn our attention now to the [ M ~ ( C O ) I ~ ] ~ -  family. In order to 
illustrate the redox activity of the [ R U ~ ( C O ) ~ ~ ] ~ -  and [os6(co)18]2- 
derivatives, it is interesting to examine the redox behaviour of the neutral 
complex [os6(co)18] (84 valence electrons). As already discussed in 

Figure 31 Cyclic voltammogram recorded at a platinum electrode 
[ I ~ ~ ( c o )  15/2- .  Scan rate 0.2 v s-' 

in a thf solution of 
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Figure 32 X-Ray structure of [Os6(CO) 18] together with the relevant bond lengths 

Chapter 2, Section 1.3.2, it possesses a bicapped tetrahedral geometry, 
Figure 32.1d 

As shown in Figure 33, this compound undergoes a single two-electron 
reduction with marked characteristics of electrochemical quasireversi- 
bility (AEp = 255 mV, at 0.01 V 8). 

The molecular structure of the corresponding dianion [Os,(CO) gI2- is 
shown in Figure 34; it has an essentially regular octahedral geometry. 

One must therefore deduce that the quasireversibility of the 
[Os6(CO)1 gloi2- reduction is determined by the significant molecular 
reorganization from bicapped-tetrahedral to octahedral geometry 
induced by the addition of the two electrons. 

The [RU,(CO)~ 8]2- dianion also has octahedral geometry. Its electro- 
chemical 

Figure 33 

behaviour in different solvents has revealed a two-electron 

I I I 

-0.5 -0.1 +0.3 

Cyclic voltammogram recorded at a platinum electrode in a thf solution of 
[Os6(CO) 18]. Scan rate 0.04 V s-' 
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Figure 34 X-Ray structure of [Os,(CO) IS/’- together with the relevant bond lengths 

irreversible oxidation (two separate one-electron steps in acetone; a single 
two-electron step both in CH2C12 and tho, but in CH2C12 solution 
the electrogenerated [ R u ~ ( C O ) ~ ~ ]  species is short lived. By analogy with 
the [ o ~ ~ ( c o ) ~ ~ ] o ’ 2 -  redox couple, it seems reasonable to speculate that the 
transient [ R u ~ ( C O ) ~ ~ ]  species has a bicapped-tetrahedral geometry too. 

To conclude this brief overview of carbonyl clusters of increasing 
nuclearity, Figures 35-37 show the molecular structures and the relative 

E (V, vs. SCE) 

Figure 35 X-Ray structure and cyclic voltammogram (in CH2C12 solution) of 
[Ir14(co)27/- 
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E (V, vs. SCE) 

Figure 36 X-Ray structure and cyclic voltammogram (in MeCN solution) of 
f Pt19 K O )  d4- 

E (V, vs. Ag/AgCI) 
I I I 

-1 .o 0.0 +1.0 

Figure 37 X-Ray structure and cyclic voltammogram (in CH2C12 solution) of 
m 2 4  (c0)3ol2- 

cyclic voltammograms of [Ir14(C0)&, [Pt 19(CO)22]4- and [Pt24 
(C0)30I2-ld, which can be thought as ‘clusters of clusters’. 

We limit the description of these compounds to highlighting simply 
their spectacular structures and versatility in electron transfer processes. 
More detailed aspects can be found in the literature. ldT21 

3 CARBONYL CLUSTERS WITH INTERSTITIAL ATOMS 

In the field of carbonyl clusters it is not rare to find compounds in which 
atoms such as C, N and P become trapped in interstitial or semi-interstitial 
positions inside the metal cage. We will briefly consider this 
type of compound in order of increasing encapsulation of the interstitial 
atom. 
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3-1 [ F ~ ~ ( C O ) I , C ~ ~ - ,  [Fe4(C0)12N]- 
The tetrahedral structure of the dianion [Fe4(CO)13]2- has been 
described in Section 2.2. The reductive degradation of the carbonyl 
group apically bound to the Fe3 basal triangle leads to the 
[Fe4(C0)12C]2- carbide cluster, the molecular structure of which is 
shown in Figure 38.1d 

The tetrahedral geometry of the [Fe4(CO)13I2- precursor is lost, being 
replaced by a 'butterfly' structure. The Fe2-Fe3 bond constitutes the 
body of the butterfly, while the Fe 1 Fe2Fe3 and Fe4Fe2Fe3 triangles 
constitute the wings. It can be seen that the carbide carbon atom is 
positioned half way between the tips of the two wings. 

In CH2C12 solution this electronically saturated carbide dianion (62 
valence electrons) displays four distinct one-electron oxidations, but only 
the first two processes (leading to [Fe4(CO)12C]- and [Fe4(CO)&], 
respectively) are partially chemically reversible. This result is in 
agreement with theoretical calculations which indicate that the HOMO 
of this molecule, which is centred on the Fe2-Fe3 body of the butterfly, is 
metal-metal bonding. One can, therefore, deduce that the removal of 
electrons causes degradation of the molecule. Nevertheless, if the 
oxidation is carried out in the presence of (the two-electron donor) CO 
the neutral compound [Fe4(CO)I 3C] (62 valence electrons) is formed, 
which has a structure substantially similar to that of the original dianion, 
but with the additional CO group bridging the Fe2-Fe3 bond. 

As can be seen in Figure 39, the nitride monoanion [Fe4(CO)12N]- has 
a butterfly geometry similar to that of [Fe4(CO)12CI2-, even if the wings 
are considerably less open. I d  

Despite its electronic saturation (62 valence electrons), this derivative 
in MeCN solution is able to add reversibly two electrons in two separate 
steps (E?,2- = -1.24 V; EzLj3- = -1.58 V), Figure 40. 

Fe3 

Figure 38 X-Ray structure of [Fe,(CO) IrC]2- together with the relevant bond lengths. 
Dihedral angle between the two triangles FelFe2Fe31Fe4Fe2Fe3 = 102.4" 
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N Fe4 Fe3 

Fel  Fe2 

Figure 39 X-Ray structure of [Fed(CO) IJNJ- together with the relevant bond lengths. 
Dihedral angle between the two triangles FelFe2Fe31FelFe2Fe4 = 78.2" 

The [Fe4(CO)I2NI2- dianion is completely stable and, on the basis of 
the electrochemical reversibility of the first reduction process 
(AEp = 60 mV, at 0.1 V s-'), it is reasonable to expect that it has a 
geometry similar to the monoanion precursor. 

[Fe4(CO)12N]- is interesting also because it can give rise to 
electrocatalytic substitution of CO by PPh3 (see Chapter 2, Section 
1.4.4). In fact, Figure 41 shows that, in the presence of PPh3, the cyclic 
voltammogram is modified compared to that reported in Figure 40, in 
that a new (irreversible) reduction peak (E, = -1.45 V) appears in 
between the two original reversible reductions. 

Furthermore, electrolysis at the first reduction peak (E ,  = - 1.25 V) is 
completed in a few seconds, consuming about 0.05 electrons per 
molecule. At the end of the exhaustive reduction the cyclic voltammo- 
gram displays only the irreversible peak at -1.45 V. These data 
unequivocally indicate the existence of the following electrocatalytic 
process: 

E (V, vs. SCE) 

Figure 40 Cyclic voltammogram recorded at a mercury electrode in a MeCN solution of 
[Fe4(CO)12N]-. Scan rate 0.2 V s-I 
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E (V, vs. SCE) 

Figure 41 Cyclic voltammogram recorded at a mercury electrode in a MeCN solution of 
[Fed(CO) I*N]- in the presence of PPh3. Scan rate 0.5 V s-' 

The driving force of this process (as measured by the difference 
between the pair of redox couples [Fe4N(CO)12]-/[Fe4N(CO) 1212- and 
[Fe4N(CO)1 1(PPh3)]-/[Fe4N(CO)1 1(PPh3)I2-) is about 21 kJ mol-'. 

The molecular structure of the monoanion [Fe4N(CO)1 '(PPh3)]- is 
shown in Figure 42.22 

It is evident that the carbonyl group which has been substituted by the 
phosphine is one of those placed at the tip of one of the two 'wings'. 
There are no significant differences in the bond lengths of the Fe4N core 
compared to that of the [Fe4N(CO) 12]- precursor. 
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Figure 42 X-Ray structure of [Fe4(CO)llN(PPh3) /-. Fe4-PI = 2.22 A" 

3.2 [F%(CO) 14Cl2-, [Fe5(CO) i4NI- 

The molecular structure of the carbide dianion [Fe5(C0)&]'- is shown 
in Figure 43. I d  

The five iron atoms assume a square-pyramidal geometry; the carbide 
atom has moved out of the basal plane by 0.18 A in the direction 
opposite to the apical iron atom. Two carbonyl groups in the basal plane 
are semi-bonding. 

This electronically saturated derivative (74 valence electrons) under- 
goes in CH2C12 solution a (two-electron) reduction (E"' = - 1.48 V) and 
a (two-electron) oxidation (E"' = + 0.07 V), both processes looking like 
partially chemically reversible. 

Figure 43 X-Ray structure of [Fe5(CO)14C]2-. AverFge bond lengths: Fe-Fe = 2.61 A; 
Fefbasa,l-C = I .89 A;  Fe~upic.u~~-C = 1.95 A 
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Figure 44 X-Ray structure of [Fes(CO)14N]-.  Average bond lengths: Fe-Fe = 2.60 A; 
Fe(basal)-N = 1.84 A;  Fe(apical)-N = 1.92 A 

As might be expected, the nitride monoanion [Fe5(C0)14N]- also has a 
square-pyramidal geometry, with the nitride atom moved out of the 
basal plane in a direction opposite to the apical iron atom by about 
0.1 1 A, Figure 44.1d 

Figure 45 shows that this monoanion (74 valence electrons) in MeCN 
solution undergoes two separate (one-electron) reductions, only the first 
one (EO’ = -0.90 V) being chemically and electrochemically reversible. 

As can be inferred from Figure 46, and confirmed by controlled 
potential electrolysis, in the presence of phosphines, PR3, [Fe5(C0)14N]- 
also undergoes the electrocatalytic substitution of one CO group with 
formation of [FeS(CO)13N(PR3)]-. 

-1 .o -0.5 

Figure 45 Cyclic voltammogram recorded at a mercury electrode in a MeCN solution of 
[Fe5(CO)14N]- .  Scan rate 0.2 V s-’ 



438 Chapter 8 

E (V, vs. SCE) 

Figure 46 Cyclic voltammograms recorded at aplatinum electrode in a MeCN solution o f  
(a )  [Fe5(CO),,N]-; (b )  [Fej(CO),,N]- + PPh3. Scan rate 0.2 V s-’ 

A comparison of Figures 46 and 45 shows that the use of a different 
electrode materials (Pt vs. Hg) leads to a different degree of reversibility 
in both the reduction processes. As pointed out in Chapter 3, Section 1.1, 
this proves that the effect is due to surface phenomena connected with 
the electrode material rather than to the slow rate of the electron 
transfers . 

3.3 [Fe6(C0)16C12-, [Fe6(C0)15N13--, [os6(co)l8p1- 
In the dianion [Fe6(CO)16C]2-, the carbide atom is completely 
encapsulated in the octahedral metal cage. This dianion (86 valence 
electrons) does not exhibit any redox process with characteristics of 
chemical reversibility. I d  

The isoelectronic nitride [Fe6(CO)I sN]’- trianion possesses a similar 
octahedral geometry, Figure 47.23 

As illustrated in Figure 48a, this complex too has a limited redox 
activity, displaying three irreversible oxidations (peaks A,B,C, respect- 
ively). 

However, in confirmation of the appearance of the peak-system E/F in 
the backscan, exhaustive three-electron oxidation in correspondence to 
the overall anodic process affords the cyclic voltammetric profile shown 
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Figure 47 X-Ray structu!e of [Fe6[ CO) 15N]3-. Average bond lengths: Fe-Fe = 2.64 2; 
Fe-N = 1.84 A 

in Figure 48b, which is quite similar to that illustrated in Figure 45 for 
[Fe5(CO)14N]-. This suggests that, as a consequence of the three-electron 
removal, the octahedral Fe6 complex loses an apical Fe(C0)4 group and 
assumes the square-pyramidal geometry of [Fe5(C0)14N]-.23 

A completely different arrangement of the six metal atoms is present in 
the phosphide monoanion [OS~(CO)~~P]-.  In fact, Figure 49 shows that 
the phosphorus atom is completely encapsulated in a trigonal-prismatic 
metal cage. 

It has been reported that this compound (90 valence electrons) 
in CH2C12 solution undergoes a two-electron reduction to the corres- 
ponding trianion. Id 

SCE) L 
E 

Figure 48 

E G 

Cyclic voltammograms recorded at a mercury electrode in a MeCN solution of 
[Fe6(CO) r5N]3-. ( a )  Original profile; ( b )  profile after exhaustive oxidation 
at + 0.2 V. Scan rate 0.2 v s-I 
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Figure 49 X-Rax structure of [Os6(CO) ,$I-. Average bopd lengths: OS-oS(basa[ )  = 
2.93 A; OS-oS(interbasa[j  = 3.14 A;  OS-P = 2.31 A 

3.4 [os~*(co)24c]2- 

Figure 50 shows the molecular structure of the dianion 
[oSio(co)24c1 . 

It is constituted by a hexaosmium octahedron (encapsulating a carbon 
atom), four faces of which apically bear a OS(CO)~ group. 

The most important redox transformation of this complex (1 34 
valence electrons) is the one-electron oxidation to the corresponding 
monoanion, Figure 5 1. 

2- Id 

3.5 [c0idco)24(c)d4- 
The [CO,~(CO)~,(C)~]~- tetraanion, which contains two carbide carbon 
atoms within its metal cage, has a rather complicated structure, Figure 52. 

0- P 

0s 

S 

Figure 50 X-Ray structure of [Oslo(CO)~&'J2-. Average bond length!: Os- 
OS(central  octahedron j = 2.8a0 A; OS-oS(peripheral  teirahedra) = 2.79 A; 0s- 
C(centrnl  octahedron) = 2.04 A 
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E (V, vs. SCE) 

1 1 1 

+0.4 +0.8 +1.2 

Figure 51 Cyclic voltammograms recorded at a platinum electrode in a CH2C12 solution 
O ~ [ O S ~ ~ ( C O ) ~ ~ C ] ~ - .  Scan rate 0.1 v s-I 

Figure 52 X-Rat structure of [ C O ~ ~ ( C O ) ~ ~ ( S ) ~ ] ' - .  Average bond lengths: Co-Co = 
2.57 A ;  C*C(intrqrismaric) = 1.98 A 

It can be considered to be constituted by two Co6 prisms, each 
encapsulating a carbon atom, having a common apex (Col) but rotated 
with respect to each other. The whole assembly is bound, on opposite 
sides, by a pentacoordinate cobalt atom (Co 12 and Co 13). I d  Clearly, the 
structural complexity results in inequivalent bond distances. 

As illustrated in Figure 53, this complex (177 valence electrons) 
displays in CH2C12 solution a high redox activity. It is able to lose an 
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Figure 53 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[ c o ~ ~ ( c o ) ~ ~ ( c ) ~ I ~ - .  Scan r a m . 2  v s-' 

electron reversibly (E"' ( [Col,(C0)24(C)2l4- /3-) = - 0.54 V}, and accept 
in succession two electrons {E"' ( [CO~~(CO) ,~ (C)~]~-  / 5 - )  = - 1.06 V; E"' 

The trianion [ C O ~ ~ ( C O ) ~ ~ ( C > ~ ] ~ -  has been isolated and its structure 
determined. In agreement with the electrochemical reversibility of the 
[COi 3(cO>24(c)d4- /3- transformation, it maintains the structure of the 
tetraanion and the variations in bond distances are minimal. 

( [ C O ~ ~ ( C O ) ~ ~ ( C ) , ] ~ -  '6-)  = - 1.68 V}. 

3-6 "i32(c0)42(C)6l6- 

The last example of a cluster with interstitial atoms we will deal with is 
the hexaanion [Ni&o)36(c)6]6-, whose molecular structure is shown in 
Figure 54.24 

Figure 54 X-Ray, structure of [Ni32(C0)-36(C)6]6-. Average bond lengths: Ni-Ni = 
2.40 A;  Ni-C(crrrhidel = 2.06 A 
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E (V, vs. SCE) 

Figure 55 Cyclic ( a )  and hydrodynamic (or, with periodical renewal of the diffusion 
layer) (b )  voltammograms recorded at a mercury electrode in a MeCN 
solution Of [Ni32(co),6(c),#-. Scan rates: ( a )  0.2 Vs-'; (b)  0.02 Vs-' 

This high nuclearity cluster displays an extensive redox activity, 
Figure 55,25# in that it undergoes four successive one-electron reductions 
with characteristics of chemical reversibility (EzLI7.- = -0.77 V; 
E;LIX- = -1.06 V; E&+ = -1.33 V; E&lo- = -1.61 V )  and a 
one-electron oxidation complicated by slow degradation of the 
corresponding pentaanion (E;LI5- = - 1.33 V) .  

REFERENCES 

1 (a) P. Zanello, Coord. Chem. Rev., 1988, 83, 199; (b) P. Zanello, Coord. 
Chem. Rev., 1988, 87, 1; (c) P. Zanello, Struct. Bonding (Berlin), 1992, 79, 
101; (d) P. Zanello, Stereochemistry of Organometallic and Inorganic 
Compounds, P. Zanello (Ed.); Elsevier, Amsterdam, 1994, Vol. 5, 163-408; 
(e) P. Zanello and F. Fabrizi de Biani, Metal Clusters in Chemistry 
P. Braunstein, L.A. Oro, P.R. Raithby, eds, Wiley-VCH, Vol. 2, 1999, 
11041 136; (f) G. Longoni, C. Femoni, M.C. Iapalucci and P. Zanello, 
Metal Clusters in Chemistry P. Braunstein, L.A. Oro, P.R. Raithby, eds, 
Wiley-VCH, Vol. 2, 1999, 11 37-1 158; (g) P. Zanello, in Unusual Structures 
and Physical Properties in Organometallic Chemistry, M. Gielen, R. Willem 
and B. Wrackmeyer, eds, John Wiley & Sons Ltd, 2002, pp 1-49. 

2. H. Beinert, R.H. Holm and E. Munck, Science, 1997, 277, 653. 
3. P.D. Frisch and L.F. Dahl, J .  Am. Chem. Soc., 1972, 94, 5082. 
4. C.H. Wey and L.F. Dahl, Inorg. Chem., 1965,4,493. 

# Please note the use of the hydrodynamic technique to detect the zero-current potential value 
needed for a correct cyclic voltammetric analysis. 



444 Chapter 8 

5. H. Vahrenkamp, V.A. Uchtman and L.F. Dahl, J .  Am. Chem. SOC., 1968, 
90, 3272. 

6. T. Madach and H. Vahrenkamp, Chem. Ber., 1981,114, 505. 
7. (a) B. Zhuang, P. Yu, L. Huang, L. He and J. Lu, Polyhedron, 1994, 13, 

125; (b) S.-P. Huang and M. Kanatzidis, Inorg. Chim. Acta, 1995, 230, 9. 
8. K.S. Hagen, A.D. Watson and R.H. Holm, J .  Am. Chem. SOC., 1983,105, 

3905. 
9. P.J. Vergamini, H. Vahrenkamp and L.F. Dahl, J .  Am. Chem. SOC., 1971, 

93, 6327. 
10. R.E. Cramer, K. Yamada, H. Kawaguchi and K. Tatsumi, Inorg. Chem., 

1996,35, 1743. 
11. J. Zhou, Z. Hu, E. Munck and R.H. Holm, J .  Am. Chem. SOC., 1996,118, 

1966. 
12. S. D’Addario, F. Demartin, L. Grossi, M.C. Iapalucci, F. Laschi, 

G. Longoni and P. Zanello, Inorg. Chem., 1993, 32, 1153. 
13. J. Darkwa, J.R. Lockemeyer, P.D.W. Boyd, T.B. Rauchfuss and A.L. 

Rheingold, J .  Am. Chem. SOC., 1988, 110, 141. 
14. C.A. Goddard, J.R. Long and R.H. Holm, Inorg. Chem., 1996, 35, 4347. 
15. T. Saito, N. Yamamoto, T. Nagase, T. Tsuboi, K. Kobayashi, 

T. Yamagata, H. Imoto and K. Unoura, Inorg. Chem., 1990, 29, 764, and 
references therein. 

16. (a) S. Kamiguchi, H. Imoto, T. Saito and T. Chihara, Inorg. Chem., 1998, 
37, 6852; (b) S. Kamiguchi, T. Saito and Z. Honda, J .  Organomet. Chem., 
2000, 609, 184. 

17. P. Braunstein and J. Rose, in Stereochemistry of Organometallic and 
Inorganic Compounds, I. Bernal (Ed.); Elsevier, Amsterdam, 1989, Vol. 3, 
p. 5. 

18. J. Liu, E.P. Boyd and S.G. Shore, Acta Cryst., 1999, C55, 29. 
19. F. Ragaini, D.L. Ramage, J.-S. Song and G.L. Geoffroy, J .  Am. Chem. 

20. B.K. Teo, G. Longoni and F.R.K. Chung, Inorg. Chem., 1984,23, 1257. 
21. Metal Clusters in Chemistry P. Braunstein, L.A. Oro, P.R. Raithby, eds, 

Wiley-VCH, 1999. 
22. P. Zanello, F. Laschi, A. Cinquantini, R. Della Pergola, L. Garlaschelli, 

M. Cucco, F. Demartin and T.R. Spalding, Inorg. Chim. Acta, 1994,226, 1. 
23. R. Della Pergola, C. Bandini, F. Demartin, E. Diana, L. Garlaschelli, P.L. 

Stanghellini and P. Zanello, J .  Chem. SOC., Dalton Trans., 1996, 747. 
24. F. Calderoni, F. Demartin, M.G. Iapalucci and G. Longoni, Angew. Chem. 

Int. Ed. Engl., 1996, 35, 2225. 
25. F. Calderoni, F. Demartin, F. Fabrizi de Biani, C. Femoni, M.C. Iapalucci, 

G. Longoni and P. Zanello, Eur. J .  Inorg. Chern., 1999, 663. 

SOC., 1993, 115, 12183. 



CHAPTER 9 

The Reactivity of Transition Metal 
Complexes with Small Molecules 

Many transition metal complexes are able ‘to fix’ small molecules such as 
02, N2, CO, C02, and SO2. Interest in this aspect of inorganic chemistry 
is largely related to the role that metalloenzymes play in catalysing redox 
reactions of the type shown in Scheme 1. 

H+ H2 0 2  H20 

metalloenzymes 

Scheme 1 

From an energetic viewpoint, these reactions fuel a good number of 
biological functions which are responsible for biochemical reactions 
crucial to ‘life’. In common chemical processes, these reactions require 
the use of heterogeneous catalytic systems and drastic reaction 
conditions (pressures of 100 atm and temperatures around 4OO0C), 
whereas, at a cellular level, they proceed smoothly under ambient 
conditions (room temperature and 1 atm pressure). 

1 THE REACTIVITY OF TRANSITION METAL COMPLEXES 
WITH OXYGEN 

The ability of metal complexes to react with molecular oxygen is a topic 
of considerable interest in biochemistry. We must, however, take into 
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account that metal complexes can coordinate dioxygen 'reversibly' or 
'irreversibly'. * 

1.1 Metal Complexes which React Irreversibly with Dioxygen 

The 'irreversible' coordination of dioxygen to metal complexes is of 
remarkable importance in order to explain the activity of enzymes such 
monooxygenases, dioxygenases and cytochrome c oxidase. 

Monooxygenases, by incorporation of a single atom of dioxygen in 
reactions of the type: 

R-H + O2 + 2H+ + 2e- - R- OH + H20 
catalyse reactions of hydroxylation and epoxydation of organic com- 
pounds. For instance, methane monoxygenases are enzymes which cata- 
lyse the transformation of methane to methanol according to the reaction: 

CH4 + 0 2  + NADH + H+ - CH30H + H20 + NAD' 

(NADH = nicotinamide adenine dinucleotide). 
The molecular structure of the active site of the monooxygenase 

isolated from Methylococcus capsulatus is shown in Figure 1.' 
A dinuclear Fe(I1) centre is bridged by two carboxylate and one 

hydroxide group. It is thought that the activation of molecular oxygen is 
a consequence of the ability of the active site to shuttle the Fe"Fe"/ 
F ~ I I ~ ~ ~ I I / F ~ I I I F ~ I I I  redox changes. 

Dioxygenases, by incorporation of both the atoms of the dioxygen 
molecule, catalyse degradation reactions of aromatic derivatives accord- 
ing to the following mechanisms: 

catechol-I, 2-dioxygenase 

catechol 

cis,cis-muconic acid 

pHoH 
2-hydroxymuconaldehyde 

* With the term 'reversible coordination' we intend the process whereby an oxygenated complex, 
stable under certain conditions of partial dioxygen pressure, temperature and pH, loses the dioxygen 
molecule simply by changing such conditions. The simplest case of such a change in conditions is 
that in which bubbling a gas (e.g. dinitrogen) through a solution of the oxygenated complex liberates 
the coordinated dioxygen regenerating the corresponding deoxygenated complex. 
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Figure 1 X-ray structure of the actiye site 
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of the rnonooxygenase of Methylococcus 

Dioxygenases that open the aromatic ring at the C/C bond between 
the o-diols are called intradiol dioxygenases. A mononuclear Fe(II1) 
complex forms their active site. This is the case, for instance, of 
the active site of protocatechuate 3,4-dioxygenase of Pseudomonas 
aeruginosa, the trigonal bipyramidal geometry of which is illustrated in 
Figure 2.2 

Dioxygenases that open the aromatic ring in the vicinal position to 
the o-diols are called extradiol dioxygenases. A mononuclear Fe(I1) or 
Mn(I1) complex forms their active site. This is, for instance, the case 
of 2,3-dihydroxybiphenyl- 1,2-dioxygenase of Pseudomonas sp. Strain 
KKSlO2, the square pyramidal geometry of which is schematized in 
Figure 3.3 

Tyr447 7- 

0 (hydroxide) 

Figure 2 X-Ray structure of the site active of protocatechuate 3,4-dioxygenase f rom 
Pseudomonas aeruginosa 
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(H20) 0 (H20) 

Glu260 
His209 

Figure 3 Schematic molecular structure of the active site of 2,3-dihydroxybiphenyl- 
I ,2-dioxygenase 

Cytochrome c oxidase is a copper protein, which, in the respiratory 
electron-transfer chain of mitochondria and many bacteria, catalyses 
the reduction of molecular oxygen to water, according to the 
reaction: 

4cyt c2+ + 0 2  + 4H+ - 4cyt c3+ + 2H20 

(which is just the reaction opposite to that occurring in the water 
oxidation centre of photosystem I1 discussed in Chapter 5 ,  Section 3.1). 

The active site of bovine heart cytochrome c oxidase is constituted 
by a multimetallic assembly (Cu, Mg, Fe, Zn),4 but it is thought that 

Figure 4 Structural details of the active site heme a3- CUB of cytochrome c oxidase 
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the fragment specifically responsible for the dioxygen reduction is the 
haeme arCuB site illustrated in Figure 4. 

Despite the above aspects of the interaction of molecular oxygen 
with metal fragments, we will limit our electrochemical discussion to 
the reactivity of transition metal complexes with molecular oxygen in the 
context of modelling the dioxygen transport. 

1.2 Metal Complexes which React Reversibly with Dioxygen 

Three main classes of metalloproteins able to coordinate ‘reversibly’ 
dioxygen are known, namely: 

0 haemoproteins 
0 haemocyanins 

haemerythrin 

Myoglobin and haemoglobin are the haemoproteins that govern the 
dioxygen transport necessary for respiration in mammals, birds and 
fish. A Fe(I1)-porphyrin fragment forms their active site. Figure 5 
shows the molecular structure of the haeme site of oxymyoglobin 
with its ‘end-on’ iron-dioxygen coordination according to a ‘bent’ 
geometry. 

A roughly similar Fe-02 arrangement has been found in human 
ox y haemoglo bin. 

Figure 5 X-Ray structure of the beme group of o:ymyoglobin. Fe~N~porphyri,,, = 1.95 A; 
Fe-N(imidazole) = 2.07 A; Fe-0 = I .83 A ;  0-0 = I .22 A; Fe-0-0 = 115” 
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Figure 6 X-Ray structyre of the heme group of oxyerithrocruorin. Fe-0 = 1.8 A; 
0-0 = 1.25 A ;  Fe-0-0 == 170” 

For some years the exact nature of the Fe-02 bond has been under 
discussion: should it be viewed as Fe’’-0(3 or Fe’*’-O~ ? At present the 
Fel”-O~ form is favoured. 

Considerable importance from the standpoint of the stabilization of 
the coordinated dioxygen is usually given to the “bent” arrangement 
of the Fe-0-0 bond. However, it must be recalled that it has been found 
that in oxyerythrocruorin, a form of myoglobin found in flies, the 
geometry of the bond is essentially ‘linear’, Figure 6,7 suggesting that the 
bent geometry of the iron-dioxygen bond in myoglobin might not be of 
particular importance. 

The second class of dioxygen carriers is that of haemocyanins. These 
proteins, which contain a binuclear Cu(1) site (thus in the oxidized Cu(I1) 
met form they belong to the so-called ‘Type 3 copper proteins’, which 
contain an EPR-silent dicopper active site), regulate dioxygen transport 
in the respiration of arthropods and molluscs. Figures 7 and 8 show 

b 

Figure 7 X-ray structure of the active site of the deoxygenated form of haemocyanin from 
Limulus polyphemus 
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I 1.41 
@ 

‘-9: L . 7 7  I 1;95 

Figure 8 X-ray structural data of the active site of the oxygenated form of haemocyanin 
from Limulus polyphemus 

the molecular structures of the active sites of the deoxygenated and 
oxygenated forms, respectively, of the haemocyanin from Limulus 
polyp he mu^.^*^ 

In the deoxygenated form, each Cu(1) centre is coordinated to 
three nitrogen atoms of three histidines. The great Cu/Cu separation 
(4.62 A) foreshadows the presence of a cavity able to host a dioxygen 
molecule.* In fact, in the oxygenated form, the oxygen molecule is 
planarily positioned according to a p-q2:q2 peroxo coordination, and the 
Cu/Cu separation decreases ( ~ 3 . 5  A). 

It is interesting to underline that there is another (plant) enzyme 
which possesses a coordinatively similar dicopper environment: 
catechol oxidase.” As already mentioned in Chapter 6, Section 3, 
such an ubiquitous enzyme catalyses the two-electron oxidation by 
molecular dioxygen of catechols to the corresponding quinones (the 
so-generated quinones in turn polymerize to form brown polyphenolic 
catechol melanins, which protect damaged plants from pathogens or 
insects). 

The last class of dioxygen carriers consists of haemerythrin, a 
metalloprotein found in a few marine invertebrates.12 Really, its 
reversibility in dioxygen binding is lower than that exhibited by the 
previous classes. As illustrated in Scheme 2, the active site of 
haemerythrine in the ‘deoxy’ form is constituted by two asymmetrically 
penta- and hexa-coordinated Fe(I1) centres connected by two bridging 
carboxylates and one hydroxo group, whereas in the ‘oxy’ form the 
Fe(I1) centres change to Fe(III), the p-hydroxo bridge transforms into a 
p-0x0 bridge and a protonated peroxo group makes both the two iron 
centres hexacoordinate. 

* It is noted that in the deoxygenatede form of haemocyanin from Panulirus interruptus the Cu/Cu 
separation is notably shorter: 3.54 A.” 
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GluSB 

oxyHr N (His 7 7) 

Fe2( I I I )  Fe 1 (I I I) 

Scheme 2 

1.3 Haemoprotein-like Metal Complexes 

The use of models that mimic a protein 'active site' is normally prompted 
by the desire to eliminate any influence of the polypeptide backbone 
surrounding the active site in real biological molecules, which may 
obscure its physico-chemical properties. The first attempts to synthesize 
metal complexes similar to the active site of haemoproteins, through the 
use of simple metalloporphyrin derivatives, failed. The failure was due 
to the fact that these complexes react irreversibly with dioxygen as a 
consequence of side 'autooxidative' reactions of the type: 

2 PFe' 

dimerization 
2 PFeTvO 2 PFem-O-Fe"'P 

PFem-O-O- + PFen /- 

\ 2H+ 
PFem-0-O-FemP - 2 PFe" + H202 

dimerization + protonation 

haemeo, haeme 

P = porphyrin ring 

In natural systems dimerization reactions are prevented by the 
location of the haeme group in a sterically protected protein pocket, 
which prevents another haeme group approaching and attacking the 
original haeme. Analogously, protonation reactions are limited by the 
fact that the haeme group lies in a hydrophobic pocket. 

In order to avoid such irreversible reactions, in synthetic chemistry the 
following strategy has been adopted: 
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Figure 9 A few schematic examples of mononuclear Fe(II)-porphyrin derivatives used to 
prevent the irreversible oxidation to oxygen-bridged binuclear Fe (III) deriva- 
tives. ( a )  ‘Picket-fence ’ complexes; ( b )  ‘strapped’ complexes; ( c )  ‘capped’ 
complexes; (d)  ‘picnic-basket ’ complexes; ( e )  ‘pocket’ complexes 

0 to prepare simple models that can sterically block bimolecular 

0 to test the reactivity in aprotic solvents to avoid protonation 
reactions; 

reactions. 

Figure 9 shows schematically a few Fe(I1) complexes, which model the 
haeme group and contain bulky groups to prevent dimerization. l 3  

Particularly important in affirming this kind of investigation has been 
the Collman’s “picket-fence” complex illustrated in Figure 10a, in that the 
molecular structure of its oxygenated form has been solved, Figure 10b.14 

Despite the statistical disorder, it has been found that dioxygen binds 
the iron centre according to a ‘bent’ geometry, as above seen for most 
haemoproteins. 

Amongst metal complexes able to reversibly bind molecular dioxygen 
one should recall the previously mentioned trigonal-bipyramidal Co(I1) 
complexes with bis( salicy lideneimine- 3 -prop y l)amine, [ Co (R-X- saldp t)] 
(Chapter 5 ,  Section 5)’ Scheme 3. 

Figure 10 ( a )  Colmann ’s ‘picket-fence’ complex; (b )  X-ray structure of the corresponding 
oxygenated form. Fe-0 = 1.75 2; 0-0 = 1.25 2; Fe-0-0 = 131” 
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R = H , M e  

X = H, 3-OMe, 4-OMe, 5-OMey 
5-C1, 5-NO2 

R 

Scheme 3 

These Co(I1) complexes react with molecular oxygen by a two stage 
mechanism: a first step with rapid formation of a 1:l metal-dioxygen 
complex, followed by the slower formation of a 2:l complex (believed to 
be responsible for the 'irreversible' coordination of oxygen) according to 
the sequence: 

KI 
COL+O2 z= CoL(02) 

CoL(02) + COL LCo(O2)CoL 
K2 

Figure 11 shows how the cyclic voltammetric shape of the reversible 
Co(II)/Co(III) oxidation of [Co(MeHsaldpt)] changes with increasing 
concentration (or increasing bubbling time) of dioxygen. l 5  

It is evident that the original reversible CoT1/Co"' step (E"' = -0.14 V) 
is progressively substituted by an irreversible anodic process at higher 
potential (Ep = +0.1 V), which is attributed to the oxidation of the 
formed oxygenated complex: 

[CO"L(O2)1 22 [CO"'L(02)]+ 
unstable + -0.3 +0.1 

E (V,vs. SCE) 

$ -0.3 +0.1 

Figure 11 Anodic cyclic voltammograms recorded at a mercury electrode in a dmso 
solution of [Co(MeHsaldpt) ] with the bubbling time of 0 2  [po2 = I atm]: 
( a )  deaerated original solution; (h )  after 4 rnin; ( c )  after 6 min; (d )  after 
30 min. ( e )  After bubbling again Nz. Scan rate 0.2 V s-' 
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This kind of electrochemical measurement enables the oxygenation 
equilibrium constant K1 to be calculated by taking advantage of the fact 
that: 

0 

0 

as shown in Figure l ld ,  the oxygenation process does not go to 
completion, even for long O2 bubbling times; 
from the height of the residual anodic process Co(II)/Co(III) (E"' = 
-0.14V) one can determine the concentration of the non- 
oxygenated complex at different oxygen partial pressures. 

In the case of [Co(MeHsaldpt)], the constant K1 is equal to 3 x lo-' 
M-' at 20°C. 

The 1 : 1 oxygen complex has been isolated and its molecular structure 
determined. Figure 12 compares the geometries of the original deoxy- 
genated complex (already seen in Chapter 5 ,  Figure 85 from a different 
perspective) with that of the oxygenated complex. l 6  

The oxygen molecule binds (with statistical disorder) the cobalt atom 
according to a 'bent, end-on' fashion. The insertion of the sixth peroxide 
ligand constrains the initially trigonal-bipyramidal complex to assume 
an octahedral geometry. This gives rise to significant shortening of the 
bond distances between the cobalt and the donor atoms of the Schiff 
base. The 0-0 bond length (1.06 A) is unusually short for a superoxide 
bond that is around 1.34 A. It is also shorter than the 0-0 distance of 
molecular oxygen (1.21 This is probably a consequence of the 
uncertainty in the bond length caused by statistical disorder. 

The high capacity of this complex to reversibly interact with molecular 
oxygen (which is the characteristic of dioxygen carriers) can be inferred 
from Figure l le .  One can see that the simple bubbling of dinitrogen 
through the solution regenerates the original deoxygenated complex. 

Figure 12 X-Ray structure? o$ ( a )  [Co(MeHsaldpt) J .  Bond lengths: Co-0 = 1.97 A; 
Co-N3 = 2.15 A; Co-Nl = C e N 2  7 2.04 A; (b )  [Cq(MeHsaldpt ) 'O~~.  
Bond lengths: C ~ O ~ s c h l ~  base) = 1,92 A; Co-03 = I .88 A ;  Co-Nl = 1.90 A ;  
C e N 2  = 2.00 A;  C e N 3  = 2.09 A;  CO-03-04 = 137.4" 
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Table 1 Formal electrode potentials (V ,  vs. SCE) and oxygenation constants 
( I  m o t ' )  for  the complexes [ Co ( R-X-saldpt) ] in dmso solution 

R X E"' k02 
H 

Me 

H 
3-OMe 
4-OMe 
5-OMe 
5-C1 
5-NO2 
H 
3-OMe 
4-OMe 
5-OMe 
5-C1 
5-NO2 

-0.27 
-0.32 
-0.26 
-0.29 
-0.21 
-0.1 1 
-0.14 
-0.17 
-0.14 
-0.15 
-0.07 
+ 0.02 

7 x lo4 
2 x lo5 

3 x lo5 
7 x lo4 
2 x lo4 
3 x lo3 

5 x lo3 

2~ lo3 
1 x lo2 

8 x lo5 

6 X lo3 

6 X lo3 

Examination of a large series of variously substituted [Co(X-R- 
saldpt)] derivatives reveals that the electronic effects of the substituents 
appreciably influence the capacity of the complex to coordinate 
molecular oxygen, Table 1. In fact, the oxygenation constant varies in 
the range from lo2 to lo6 1 mol-'. 

The molecular structure of a Co(I1) macrocycle complex that in some 
way mimics the strapped-type metal-porphyrin complexes is illustrated 
in Figure 13.'g3'9 

In de-aerated MeCN solution this complex displays a reversible 
Co(II)/Co(III) oxidation at about +0.2 V, Figure 14a. 

Figure 13 X-Ray structure of [Co"IC6Me(CH2)[16]Cyd~] together with the relative 
bond lengths 



(c)  

Figure 14 Cyclic voltammograms recorded at a platinum electrode in MeCN solution of 
[Corr (C6~e(CH2) l l6 /Cyd~] .  (a )  Under N2 atmosphere; (b )  after air 
bubbling; ( c )  under 0 2  atmosphere 

Upon bubbling with air, or dioxygen, the anodic process is substituted 
by another reversible process at higher potentials, Figure 14b,c, which is 
attributed to the Co(II)/Co(III) oxidation of the oxygenated complex.20 
The nature of this latter species has not been clarified. In this regard, 
it must be borne in mind that the original complex has two possible 
coordination sites for the coordination of the dioxygen molecule: one 
inside and one outside the macrocyclic cavity. As a matter of fact, in 
the presence of methylimidazole, the oxygenated complex shown in 
Figure 15 has been isolated. 19721 

It can be seen that dioxygen occupies a position internal to the 
macrocycle and assumes a bent superoxide coordination. In this case, 
however, the dioxygen coordination is ‘irreversible’. 

Figure 15 X- Ray structurf of [Corr{C6Me (CH2)  [16]Cyd}( Im02)] .  Bond lengths: 
CO-01 = 1.84 A ;  01-02 = 1.32 A 
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Figure 16 X-Ray structure of the t<tracation [ {Co(t,erpy) (b i~y ) )2 (p -02) ]~ ' .  Bon$ 
lengths: CO-O,~ = 1.87 A; 0-0 = 1.42 A; C e N I  = C e N 3  = 1.94 A;  
C O - N ~  = I .86 A :  C e N 4  = I .99 A 

It has been mentioned previously that the formation of 2:l Co:O2 
p-peroxodimers is generally believed responsible for the irreversible 
coordination of dioxygen. In apparent contrast with this affirmation, 
the mixed bipyridine/terpyridine ligands complex [ (C~(terpy)(bipy))~ 
(p-O2)I4+, the molecular structure of which is shown in Figure 16, 
constitutes an example of reversible coordination of the peroxo group.22 

Such an oxygenated complex is formed by oxygenation of the dication 
[Co(terpy)(bipy)12 + and its formation can be followed electrochemi- 
cally.22 As illustrated in Figure 17, [Co(terpy>(bipy)l2 + undergoes in 

o t  + 
I I olo +O: 5 +I .o +I .5 

Figure 17 Cyclic voltammograms recorded at a glassy carbon electrode in a MeCN 
solution of [Co(terpy) (bipy)I2'. ( a )  Under N2 atmosphere; (b )  under 0 2  
atmosphere. Scan rate 0.1 V s-' 



The Reactivity of Transition Metal Complexes with Small Molecules 459 

MeCN solution a quasireversible CO''/"~ oxidation (EO' = +0.21 V, vs. 
Ag/AgN03). Under dioxygen atmosphere a new anodic process is 
observed at more positive potentials (ITo' = +0.84 V), that is attributed 
to the CoI1/"I oxidation [(C~(terpy)(bipy))~(O~)] 4 + / 5 +  of the oxygenated 
dimer. Upon bubbling dinitrogen through the solution the original 
voltammogram is regenerated. 

Another series of complexes able to coordinate reversibly dioxygen 
is constituted by the derivatives [M(triphos)(catecholate)]+ illustrated 
in Scheme 4 (M = Co(III), Rh(III), Ir(II1); triphos = MeC(CH,PPh& 
catecholate = 9,lO-dihydroxyphenantrene, di-tert-butyl-catecholate, 3,4, 
5,6-tetrachloro-catecholate, 4-methyl-catecholate, ethyl-3,4-dihydroxy- 
benzoate and 1,2-dihydro~ynaphthalene).~~ 

Scheme 4 

These complexes combine a central metal in a high oxidation state 
with a redox active ligand (catechol). This combination arises from the 
idea that the electronic perturbation induced in the metal complex by 
reaction with dioxygen can discharge itself: 

0 on the oxidation state of the metal, that can potentially accede 
several oxidation states 

+e +e +e 
MIIIL e MIIL . MIL M O L  

on the redox activity of the ligand, that (as seen in Chapter 5, 
Section 1 and Chapter 6, Section 3) can be oxidised according to the 
sequence: 

-e -e 

+e +e 
catecholate semiquinone I quinone 

All these complexes have identical spectroscopic properties; there- 
fore, they are assigned the same square-pyramidal geometry found for 
[Co(triphos)(DBcat)]+ , Figure 1 8.24 

As illustrated in Figure 19, which refers to [Co(triphos)(DBcat)]' , 
these complexes display both two sequential reduction processes centred 
on the metal ion and two sequential oxidation processes centred on the 
catechol ligand. 
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Figure 18 

Figure 19 

O1 Y P1 

X-Ray structure of [Co(triphos) (DBcat)]+. Bond lengths: Co-P = 2.21 A; 
Co-Ol= 1.88 A; Co-02 = 1.85 A; CII-CI2 = 1.40 A” 

I \  
I r 1  .o 

n 

-2.0 / -1 

V yui v E (V, vs. SCE) 

Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 
[ Co (triphos) ( D  Beat)]+ . Scan rate 0.2 V s-’ 

As far as the reactivity of these complexes towards molecular oxygen is 
concerned, it has been observed that the ligand-centred anodic processes 
become more informative than the metal-centred cathodic processes. 
This can be seen in Figure 20, which compares the responses of Ir(II1)-di- 
tert-butyl-catecholate in the absence (a) and in the presence (b) of 
dioxygen. 

It is evident that, in the presence of dioxygen, the cathodic part of the 
voltammogram becomes completely uninformative. In contrast, the 
anodic response, which in the absence of dioxygen displays the expected 
catecholate/semiquinone/quinone sequence (in correspondence of the 
peak-systems A/D (EO’ = +0.25V) and B/C ( E O ’  = +l.lOV)), in the 
presence of oxygen, gives rise to a new irreversible oxidation process 
(peak H, Ep = + 1.6 V), which, however, in the reverse scan displays the 
two original peaks C and D. This indicates that the oxygenated complex, 
upon anodic oxidation, loses the coordinated oxygen molecule reforming 
the original compound (in its oxidized state). 
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Figure 20 Cyclic voltammograms recorded at a platinum electrode in a MeCN solution 
of [Ir(triphos) (DBcat)]+ : ( a )  deaerated solution; (b )  oxygenated solution. 
Scan rate 0.2 v s-'. T =  -20 "C 

The molecular structure of the oxygenated form of Ir(II1)-phenantren- 
catecholate complex, [Ir(triphos)(Phensq)(02)]+, is shown in Figure 2 1. 

It can be seen that inside the octahedral coordination of the Ir(II1) 
centre an unusual peroxide bond forms between the terminal oxygen 
atom (04) of coordinated dioxygen and the carbon atom (C7) of the 
semiquinone ligand. In fact, the 0-0 distance of the oxygen molecule 
(1.47 A) is within the typical bond distance of peroxide coordination 
(1.49 A). 

Confirming that the oxidation of the oxygenated complexes regenerates 
the initial complex in the oxidized quinone form (see Figure 20b), 
Figure 22 shows that the oxygenated cation [Ir(triphos)(Phensq)(02)]+ is 
irreversibly oxidized generating in the reverse scan the reduction profiles 

\ 

Figure 21 X-Rax structure of [!r(triphos) (Phemq) (O,)]+. Botd lengths: Ir-P 7 
2.28 A ;  Ir-01 _2.19 A ;  Ir-02 = ?.14 A;  Ir-03 = 1.97 A;  0 3 - 0 4  = 1.47 A;  
04-C7 = I .54 A;  C6-C7 = 1.40 A 
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E (V, vs. SCE) D C 
Figure 22 Cyclic voltammogram recorded at a platinum electrode in a MeCN solution of 

[Ir(triphos) (Phensq) (02)]+. Scan rate 0.2 V s-'. T = -20°C 

C/B and D/A, which correspond to the quinone/semiquinone/catecholate 
sequence of [Ir(triphos)(Phencat)]+ . 

Really, as illustrated in Scheme 5 ,  the irreversible oxidation of these 
oxygenated complexes can involve either a one-electron or a two- 
electron process. This depends upon the fact that the reaction of 
the oxygenated complex to regenerate the non-oxygenated complex 
can proceed through the release of a superoxide ion or an oxygen 
molecule. 

Scheme 5 

As one can infer from the data summarized in Table 2, the 
electrochemical study has highlighted that, within each series, if the 
oxidation potential of the catecholate/semiquinone step is relatively low 
the complex is reactive towards dioxygen and the oxygenated complex 
regenerates the initial complex (in its quinone form) releasing molecular 
oxygen. Conversely, if the oxidation potential is high there is no reaction 
with dioxygen. Finally, for intermediate potential values, the oxygenated 
complex regenerates the initial complex (in its quinone form) through the 
release of superoxide ion. 
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Table 2 
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The reactivity of complexes [M(triphos) (catecholate)]+ ( M  = Co, 
Rh, Ir )  with molecular oxygen as a function of the catecholatel 
semiquinone oxidation potential. I = no reactivity; 11= the oxygenated 
complex regenerates the initial complex in the quinone form by release 
of superoxide ion; I I I= the oxygenated complex regenerates the initial 
complex in the quinone form by release of molecular oxygen 

Catechol Zr Rh co 
9,lO-dihydroxyphenantrene + 0.11 (111) + 0.13 (111) + 0.66 (111) 
1,2-dihydroxynaphthalene + 0.18 (111) +0.21 (111) +0.70 (I) 
di-tert- bu tyl-ca techol +0.25 (111) +0.28 (11) +0.73 (I) 
4-methyl-catechol + 0.70 (11) +0.34 (11) 
ethyl-3,4-dihydroxybenzoate +0.84 (I) +0.79 (I) 
3,4,5,6- tetrachloro-catechol +0.93 (I) 

The last class of derivatives able to mimic the haemoprotein function 
that we will consider is constituted by the series of square-planar Rh(1) 
and Ir(1) complexes with the Shiff base o-Ph2C6H4CH=NR, Scheme 6.25 

M=Rh( I), Ir( I) 
R=Et, Pri, But 

/” 

CH’ ‘RR’  ‘HC 

Scheme 6 

These complexes offer the opportunity to tune the steric hindrance 
around the central metal ion simply by the proper choice of the alkyl 
substituent R. This should clearly have some effect on the ability of 
dioxygen to bind the metal. 

The square-planar geometry (with slight tetrahedral distortion) of 
these derivatives can be proved by that of the related Rh(1) complex 
with 2,2’- bis { [ 0-( dip hen y lphosphine) benzy lidenelamine} -6,6’-dimethyl- 
diphenyl, [ Rh(PPNN)]+ ? Figure 23 .26 

In order to account for the reactivity of these complexes with dioxygen 
one must at first look at the cyclic voltammetric responses reported in 
Figure 24. 

As seen, the Ir(1) complexes show (in addition to two one-electron 
reductions, of little interest with regard to the oxygenation mechanism) 
an oxidation process. While for derivatives with less bulky alkyl groups 
(Et, Pr’) the oxidation involves an irreversible M(1) + M(II1) process, for 
those with the bulky group But it involves a reversible M(1)- M(I1) 
process. 

This being stated, it must be taken into account that the derivatives 
with less bulky substituents (Et, Pr’) react with molecular oxygen, 
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Figure 23 X-Ray structuce of [Rh(PPNN) /+. Average bond lengths: Rh-P = 2.22 2; 
Rh-N = 2.10 A;  dihedral angle between the PlRhNlIP2RhN2 planes = 10.9" 

E (V, vs. SCE) 

Figure 24 Cyclic voltammograms recorded at a platinum electrode in Me2CO solutions o$ 
( a )  [Ir(o-Ph2PC6H4CH = NEt)2/+;  ( b )  [Ir(o-Ph2PC6H4CH = NBu')*]+. 
Scan rate 0.2 v s-' 
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Figure 25 X-Ray structures o$ (a)  [Rh(o-Ph2PC6H4CH = NPr')2]+. Bond lengths: 
Rh-PI = 2.32 A; Rh-P2 = 2.24 2; Rh-Nl = 2.22 A; Rh-N2 = 2.11 2; Rh- 
0 = 2.02 2; 01-02 = 1.44 A". (b )  [Ir(o-Ph2Pc6H&H= NEt)#. Bond 
lengths: Ir-PI = 2.26 2; Ir-P2 = 2.29 A; Ir-NI = 2.10 2; Ir-N2 = 2.16 2; 
Ir-0 = 2.01 2; 01-02 = 1.47 A" 

whereas the derivative with the bulky substituent But does not form 
complexes with dioxygen. In this connection, Figure 25 shows the 
molecular structures of the products obtained by oxygenation of the 
rhodium complex having the isopropyl ~ u b s t i t u e n t ~ ~  and the iridium 
complex having the ethyl ~ubs t i t uen t .~~  

In both compounds the dioxygen coordination is 'side-on' terminal 
and the 0-0 distance falls within the typical range of a peroxide bond 
coordinated to a single metal ion. In both cases the geometry can be 
viewed as either distorted trigonal-pyramidal or distorted octahedral, 
depending on whether one considers the oxygen molecule to occupy one 
or two positions. 

In the light of the electrochemical data it seems reasonable to 
propose that in cases where the substituent provides effective steric 
protection of the central metal, dioxygen can act as a simple (outer- 
sphere) M(1)-to-M(1I) oxidizing agent (reversible one-electron oxi- 
dation). In contrast, in those cases where the substituent offers 
insufficient steric protection, dioxygen can coordinate to the metal by 
oxidative addition forming the peroxo compound M(III)-OZ2- 
(irreversible two-electron oxidation). 

Despite the apparent similarity of the Rh and Ir peroxide complexes, 
the rhodium complex easily loses dioxygen in solution upon bubbling 
through nitrogen, whereas the iridium complex is completely inert to 
deoxygenation. One can attempt to explain this behaviour by recalling 
that, generally, for a homologous series of complexes, the higher 
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the electron density on the metal the stronger the bond that it forms with 
dioxygen. Consequently, within a given family of metal complexes, 
metals of 3rd transition series form dioxygen complexes more stable than 
those of the 2nd transition series.28 

In conclusion, it is noted that, as an empirical rule, first row transition 
metal elements generally form superoxide-type dioxygen complexes, 
whereas elements of the second and third transition series form peroxide- 
type dioxygen complexes. 

1.4 Haemocyanin-like Metal Complexes 

As previously discussed, the binuclear Cu(1) haemocyanins constitute 
another important class of dioxygen carriers. The first model compound 
whose structure in the oxygenated form resembles most closely that of 
oxyhaemocyanin is the dicopper(I1) complex with the tris(3,5-diisopro- 
pylpyrazoly1)borate ligand shown in Figure 26.29 

The 0-0 distance of 1.41 A is typical of the p-y2:y2-(side-on)peroxo 
coordination. Nevertheless, in this complex the 02-binding is 
irreversible. 

Another ,u-y2:v2-peroxo compound able to bind reversibly dioxygen 
has been structurally characterized, namely [Cu202(L)l2+ (L = 172-bis 
[2-( bis( 6-methyl-2-pyridy1)met hyl)-fi-pyridyl]et hane) . 30 

Unfortunately, no electrochemical studies have been reported either 
for these complexes or for the possibly related p-1,2-(end-on) com- 
p l e ~ e s . ~  1732 The only electrochemical information available is related to a 
few binuclear Cu(1) complexes of general formula [Cu2(L’)I2+ and their 
oxygenation products [Cu2(O2)(L’)I2 + , which, based on spectroscopic 
evidence, are likely to coordinate dioxygen in a p-y2:y2-peroxo way.32733 

Figure 26 X-Ray structure of [ { C u ( T p i p r ~ i p r ) ~ ~ ( O ~ ) ] ,  together with structural 
parameters 
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As shown in Scheme 7, L' is a hydrocarbon chain of variable length 
having two tricoordinated bis[2-(2-pyridyl) ethyllamine groups at its 
extremity. 

Scheme 7 

Figure 27a shows the cyclic voltammogram of the dicopper(1) complex 
containing the N(CH&N spacer (abbreviated as [CUI,(N~)]~+) in 
CH2C12 solution. 

It undergoes a single, chemically reversible, two-electron oxidation 
(Cur2/CuTr2): E"' = +0.75V vs. Ag/AgCl). The lack of the intermedi- 
ate CuT2/Cu1Cur1 step indicates that there is no electronic interaction 
(communication) between the two copper centres. After oxygenation, 
the voltammogram reveals an irreversible one-electron reduction 
(Ep = -1.1 V), Figure 27b, which suggests that the peroxide form is 
stable only in the copper(I1) form [Cu"2(N3)(02)l2+. 

1.5 Haemerythrin-like Metal Complexes 

A number of binuclear Fe(I1) complexes mimicking (de0xy)haemerythrin 
have been characterized, but most lack electrochemical investigations, in 

E (V, vs. AgIAgCI) V 
1 1 I L 

-2.0 -1 .o 0.0 +I .o 

Figure 27 Cyclic voltammograms recorded at a glassy carbon electrode in a CH2Clz 
solution of [CU,(N~)/~': ( a )  under dinitrogen atmosphere; ( b )  after 
bubbling of dioxygen and subsequent bubbling of dinitrogen 
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spite of the fact that deoxyhaemerythrin undergoes two (potentiome- 
trically determined) separate one-electron  oxidation^,^^" suggesting 
that in the 02-induced oxidation to Fe1'12 the mixed-valent Fe(I1)- 
Fe(II1) could be an important, even if not indefinitely stable,34b 
intermediate. 

One of the first electrochemically characterized models was the 
diiron(I1) cation [Fe2(0H)(02CCH3)2(Me3TACN)2]+, (Me3TACN = 
1,4,7-trimethyl- 1,4,7-triazacyclononane), the molecular structure of 
which is illustrated in Figure 28.35 In contrast to deoxyhaemerythin, 
both the two Fe(I1) centres are hexacoordinate. 

The complex undergoes in dichloromethane solution a partially 
reversible single oxidation (EO' = -0.25V, vs. SCE), assigned as a one- 
electron process. This result would support the access to the corres- 
ponding mixed-valent Fe(II)Fe(III) species, the partial reversibility of 
the process having been attributed to deprotonation of the p-hydroxo 
group. 35 

The dication [Fe2(Me4-tpdp)(C6H5C02)(H20)]2 + (Me4-tpdp = 
N,N,N',N'-tetrakis ((6-methyl-2-pyridy1)methyl) - 1,3-diaminopropan-2- 
olate) illustrated in Figure 29 constitutes a further (asymmetric) 
binuclear Fe(I1) 

One iron atom is hexacoordinate (Fe I), the second is pentacoordinate 
(Fe2). 

Such a complex exhibits in CH2C12 solution two separate one-electron 

At low temperature (-35"C), in CH2C12 solution, this complex 
reversibly reacts with dioxygen, but nothing is reported about the 
electrochemical behaviour of the oxygenated complex.36 

Q 

Figure 28 X-Raystructureoof[Fe2(OH) (O,~CH,) , (MPJTACN)2]~.  Fe-01 = 1.99 d; 
Fe-02 = 2.14 A;  Fe-03 = 2.12 A;  average Fe-N = 2.29 A;  Fe. . -Fe = 3.32 A 
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Figure 29 X-Ray, structure of [ceZ(Med -tpdp) (C,HjCO,) (HZO) Fel-01 = 
2.06 4; Fel-02 = 2.07 A;  Fel-04 = 2.14 A;oFel-NI = 2.20 A;  Fel-N2 = 
2.29 A; Fel-N! = 2.34 A; Fe2;01= I .98 A;  Fe2-03 = I .99 A;  average 
Fe2-N = 2.19 A;  Fe-Fe = 3.68 A 

The same happens for the last haemerythrin model complex [Fe2(Htpp- 
do)(C6H5C02)l3 +- (Htppdo = N,N,N',N'-tetrakis(6-pivalamido-2-pyridyl- 
methyl)- 1,3-diaminopropa-2-01), in which one Fe(I1) atom is 
heptacoordinate, and the other Fe(I1) atom is hexacoordinate. At low 
temperature (- 50°C), in acetone solution this complex reversibly reacts 
with d i ~ x y g e n . ~ ~  The only electrochemical information is that, in 
MeCN solution, the original trication exhibits two one-electron oxida- 

- 
('%~(II)Fe(II)/Fe(rr)Fe(III) = vs. NHE; '%~(11)Fe(111)/Fe(111)Fe(111) - 

+ 0.79 V).37 

2 THE REACTIVITY OF TRANSITION METAL COMPLEXES 
WITH DINITROGEN 

Interest in metal complexes able to bind molecular dinitrogen is mainly 
due to a desire to understand and reproduce in the laboratory the so- 
called nitrogen Jixation reaction. This process, which in nature is 
catalysed by the metalloprotein nitrogenases, reduces the inert dinitrogen 
molecule to the metabolically useful NH3: 

Nz + 8H' + 8e- + 16MgATP - 2NH3 + H2 + 16MgADP + 16POk 

The electrons required for this reduction process are provided in vivo 
by electron carriers such as ferredoxins (see Chapter 12, Section 3), 
whereas in vitro they can be provided by reducing agents such as 
di thioni te. 
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To appreciate the height of the activation barrier that the biological 
catalysts are able to overcome one can recall that the Haber-Bosch 
process: 

N2 + 3H2 4 2NH3 

uses iron-based catalysts and requires temperatures of 300-500°C and 
pressures of 100 atm. 

To date, three types of nitrogenases have been identified, namely 
FeMo-, FeV- and FeFe- nitrogenases, depending upon the metal (in 
addition to iron) present in their cofactor. 

As shown schematically in Figure 30, the FeMo-nitrogenase is com- 
posed of two proteins: 

0 the Fe-protein (MW ==: 60 000), which contains two identical 
protein subunits bridged by a Fe4S4 cluster; 

0 the FeMo-protein (MW = 220 000), a tetramer containing two 
unique types of metal-sulfur clusters: the P cluster and the FeMo 
cofactor (FeMoco) .38739 

The Fe-protein, whose molecular structure is shown in Figure 3 I ,40341 

acts as a one-electron donor to the FeMo-protein. This electron-donating 
ability arises from the propensity of the Fe4S4 cluster to undergo a one- 
electron oxidation. 

As illustrated in Figure 32, the FeMo-protein (of Azotobacter 
vinelandii) incorporates the P-cluster, which for sake of simplicity can 
be thought of as composed of two cuboidal Fe4S4 centres each linked by 
a common sulfur atom, and the FeMoco (sometimes defined as the 
M-centre) of composition MoFe7Sg. A Fe4S3 subunit and a MoFe3S3 
subunit form this latter centre.42 

Figure 33 shows in more detail the two clusters of the FeMo-protein 
and the sulfur bridges which connect the two cluster subunits. 

+ 

Fe-protein FeM o-protein 

Schematic representation of the FeMo nitrogenase Figure 30 
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Fe4S4 
Figure 31 X-Ray structure of the active site of Fe-protein in the nitrogenase 

of Azotobacter vinelandii. Polypeptide chains surround the central Fe&, 
cluster 

Although the role of the P-cluster is not yet clear, it is believed to act as 
an electron reservoir originating from the Fe-protein in readiness for the 
redox requirements of FeMoco. 

As a matter of fact, the P-cluster exists either in the native PN form 
(shown in Figure 33a) or in the two-electron (chemically) oxidized Pox 
form, the molecular structures of which show significant differences at 
the bridging sulfur connections.42b9c 

Figure 32 X-Ray structure of the active site of FeMo-protein in the nitrogenase of 
Azotobacter vinelandii 
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Figure 33 The molecular structures ofi ( a )  P-cluster; (b )  FeMoco 

At this time we are not aware of electrochemical studies pertinent to 
the redox change: PN Pox + 2e-. In contrast, the redox aptitude of 
FeMoco has been electrochemically proved. The cyclic voltammogram 
of oxidized FeMoco in nmf (HCONHCH3) solution is shown in 
Figure 34.43744 

Even if the extraction of FeMoco in nmf slightly modifies the outer 
coordination of the MoFe7S9 cluster, in agreement with the experimental 
observation that the FeMo-protein can exist in the oxidized, semi-reduced 
and reduced forms, it exhibits two successive one-electron reductions 

= -0.32 V and E;Ad = -1.00 V,vs. NHE). In the absence of thio- 
phenol, the first reduction appears to be complicated by self-oxidation 
processes, whereas the presence of thiophenol apparently stabilizes the 
different oxidation states. 

It is still debated if the overall oxidation state of the FeMo cofactor in 
its resting state (or, without substrate binding) has to be described as 
Mo'VFe'''Fe2' or as M O ' ~ F ~ ~ ' ' ' F ~ ~ ' . ~ ~ ~ ~ ~  

T 

vs. NHE) 
I I I I 1 1 1 1 1 I  

-1.2 -0.8 -0.4 0.0 -0.8 -0.4 0.0 

Figure 34 ( a )  Cyclic voltammogram recorded at a glassy carbon electrode in nmf solution 
of FeMoco. ( b )  After the addition of an excess of PhSH. Scan rate 0.1 V s-' 
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Despite the availability of the molecular structures of the different 
active sites of the FeMo-nitrogenases, the mechanism of nitrogen fixation 
remains obscure. The interest of our discussion, however, is centred on 
the various modes proposed to describe how molecular nitrogen might 
coordinate the FeMoco. Some of the reported schemes are inspired by 
the type of coordination found in model compounds. 

(A) ‘Side-on’ coordination of the nitrogen molecule bridging two iron 
atoms, as if it were substituting for the sulfur atom bridging the 
two subunits. 

Fe’ “;‘ Fe 
‘N’ 

(B) ‘End-on’ coordination of the nitrogen molecule between two iron 
atoms of the Fe4S4 subunits. 

Fe 
N’ 

N ‘ Fe 

(C) Penetration of the nitrogen molecule inside the P-cluster and 
coordination to the six iron atoms of the two Fe4S4 subunits. 

Fe 
Fe Fe\ 

N 
Fe’ I ‘ Fe 

Fe 

These examples would seem to indicate that the molybdenum atom, 
that for a long time was considered to be the specific site of dinitrogen 
coordination, is of little importance. It should be borne in mind, 
however, that the X-ray structure of the protein was obtained in the 
resting state. As noted, under such conditions, the Mo atom is assigned 
oxidation state IV and has a saturated coordination, hence not able to 
further coordinate nitrogen. EXAFS studies on the active protein indi- 
cate a Mo coordination different to that determined by X-ray diffraction. 
One hypothesis considers the dissociation of the homocitrate, induced 
by addition of electrons, that would leave vacant coordination sites 
which could then be saturated by the nitrogen molecule. 
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/ - 0 2  
+ 2e- 4 [RS-Fe&]Mo I”) A [RS-Fe&]Mo 

I ‘ 0  I \  
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+N2 I 
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[RS-Fe&]Mo ’ I I 

I \ N  
His 

The uncertain role of the Mo atom is emphasized by the existence of 
the ‘alternative’ nitrogenases, which contain a FeV or a FeFe cofactor. 

Amongst the model compounds able to coordinate dinitrogen, 
some can coordinate one dinitrogen and some two dinitrogen molecules. 
The following coordination modes have been identified for such 
complexes. 

TERMINAL BRIDGING 

N 

N N = N  

M 

I l l  

I \ /  
M 

end on side on 

TERMINAL 

N 

N 

M 

N 

N 

I l l  

I 
I 
I l l  

N 

N 

M - N - N  

Ill 

I 

end on-cis 

end on 
side on 

BRIDGING 

M - N = N - M - N = N - M  

end on 

end on-trans 

As usual our discussion of the model compounds will be limited to 
those complexes for which an electrochemical study and the correspond- 
ing molecular structure are available. 

2.1 

The first dinitrogen complex, [Ru(NH&(N2)I2+, was prepared in 
1 965.47 Its X-ray structure4* showed an octahedral geometry very 

Metal Complexes with Terminal Coordination to One Dinitrogen 
Molecule 
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similar to that illustrated in Figure 35, which refers to the isostructural 
and isoelectronic dication [OS(NH~)~(N~)]  . 

The N-N distance of the linearly coordinated dinitrogen molecule 
(1.12 A) is slightly longer than that of the nitrogen molecule in the 
gaseous state (I .  10 A>. 

In H2S04-K2S04 solution (pH 1. I), [ O S ( N H ~ ) ~ ( N ~ ) ] ~ +  displays an 
oxidation process to the corresponding trication [OS(NH,),(N~)]~ + / 3  -t 

(E;i+,3+) = +0.28V vs. SCE), complicated by slow degradation of the 
electrogenerated trication probably due to the loss of the coordinated 
dinitrogen molecule.50 

Under the same experimental conditions, [Ru(NH3)5(N2)I2 + gives rise 
to a completely irreversible oxidation (Ep = +0.80 V), indicating that the 
trication undergoes a still faster loss of the coordinated dinitrogen.'' 

Figure 36 illustrates the molecular structure of [ReC1(N2) 
(PMe2Ph)4].5' Also in this case the central metal atom has octahedral 
geometry with a linearly coordinated nitrogen molecule. 

This Re(1) complex, in dichloromethane-methanol (1 0: 1) solution, 
displays a reversible one-electron oxidation (E"' = +0.05 V vs. SCE) to 
the corresponding Re(I1) complex [ReC1(N2)(PMe2Ph)4]+ ,52 thus 
indicating the dinitrogen coordination is maintained upon the electron 
removal. 

The same behaviour holds for the Re(1) monocation [Re(N2) 
(PPh3)(ampy)2]+ [ampy = 2-(aminomethyl)pyridine], Figure 37,53 which 
also exhibits a reversible oxidation to the corresponding Re(I1) dication 
[Re(N2)(PPh3)(ampy)2]2+ (E"' = -0.20 V vs. NHE, in N,N-dimethyla- 
cetamide). 

Finally, the electrochemical behaviour of [FeH(N2)(dppe)2]+ (dppe = 

Ph2PCH2CH2PPh2) and [FeH(N*)(depe)2]+ (depe = Et2PCH2CH2PEt2) 
has been briefly studied. Both complexes undergo oxidation to the 
corresponding Fe(II1) compounds, which are quite stable.54 Even if 

2 +  49 

N 

Figure 35 X-Ray structure of [OS(NH,)~(NZ)/~' 
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N2 

P1 

Figure 36 X-Ray structure of [ReCI(N2) (PMe2Ph)ll 

the X-ray structure of these complexes is not available, they should have 
the octahedral geometry exhibited by [FeH(N2)(dmpe)2]+ (dmpe = 
Me2PCH2CH2PMe2), with the linearly coordinated dinitrogen and the 
hydride atom occupying the axial positions (average bond lengths: 
Fe-P= 2.21 A; Fe-H= 1.33 A; Fe-N= 1.83 A; N-N= 1.11 A).55 

2.2 Metal Complexes with Bridging Coordination to One Dinitrogen 
Molecule 

Figure 38 shows the molecular structure of the tetracation 
[ R U ~ ( N H ~ ) ~ ~ ( N ~ ) ] ~ +  ,56 the binuclear form of the previous dication 
[Ru(NH3)5(N2)l2 + . 

Figure 37 X-Rut  structure of [ R f ( N 2 )  (PPh3) (umpy)z]+. Bond lengths: NI-N2 = 
1.15 A ,  Re-Nl= 1.85 A 
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Figure 38 X-Ray struct~re~of [ R U ~ ( N H ~ ) , ~ ( N ~ ) / ~ ' .  Bond lengths: Rul-NI = 1.93 A; 
Nl-N2= 1.12 A 

Each ruthenium atom is octahedrally coordinated and the dinitrogen 
molecule is positioned in between the two metal centres. 

The cyclic voltammogram in 0.28 M H2S04 solution reveals a 
reversible one-electron oxidation ( E O I  = +0.46 V vs. SCE). However, 
in the long times of macroelectrolysis, the exhaustive oxidation 
causes decomposition of [ R U ~ ( N H ~ ) ~ ~ ( N ~ ) ] ~  + to [Ru" (NH~)~(N~) ]~+  
and [RU~"(NH~)~X]. '~  Since the complex contain two Ru(I1) atoms, the 
lack of the second Rurl/Irr oxidation is likely to be masked by the easy 
oxidation of the aqueous solvent. 

In confirmation of this assumption, for instance, the binuclear 
complex [(terpy)(C1)~0s"(N~)Os"(C1)2(terpy)] (terpy = 2,2/:6/,2/'-terpyr- 
idine) displays in dmf solution two separate oxidation processes 
reversible in ~ h a r a c t e r : ~ ~  

E"' = +0.21 V E"' = +0.77 V 

Figure 39 shows the molecular structure of the mixed-valent 
monocation [(terpy)(C1)~Osll(N~)Os"'(C1)~(terpy)]f .57 

The Osl-Nl-N2-0~2 axis is not perfectly linear. The inequality of the 
bond distances (which would assign the oxidation states I11 to the Osl 
atom and I1 to the Os2 atom, respectively) should classify the monocation 
as a charge localized (Class I) mixed-valent species. Nevertheless, this 
result is in contrast with the electrochemical separation of the two 
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Figure 39 X-Ray structure of the monocation [ (terpy) (C1)20~"(!2) Os"'(C1)~ 
(terpy)]+. Bond lengths: Nl-N2 = 1.13 A; Os2-N2 = 1.91 A;  Osl-Nl = 
1.97 A ;  0.92-Cl = 2.40 2; OsI-Cl == 2.36 A" 

oxidation processes (AE"' = 0.56V)) which, affording a Kcom E= 3 x lo9, 
suggests a completely delocalized (Class 111) mixed-valent species. Hence 
it has to be considered if the crystal packing may somewhat contribute to 
the difference in bonding lengths. 

Figure 40 shows the molecular structure of [Tp(C0)2Re'(p-N2)Re' 
(C0)2Tp] (Tp = hydrotris(pyra~olyl)borate).~~ 

Such complex, in dimethylacetamide solution, also exhibits two one- 
electron processes, the first of which is reversible in character 
(E;;k(l)Re(l),Re(I)Re(II) = +0.90 V, vs. NHE), whereas the second is irrevers- 

An interesting electrochemical behaviour is exhibited by the V(I1) 
complex [V(me~)~(thf)] (mes = 2,4,6-Me3C6H2) under dinitrogen atmos- 
 here.^^ As illustrated in Figure 41a, in thf solution under argon 

ible (EpRe(I)Re(II)/Re(II)Re(II) = +1*55 v>* 

Figure 40 X-Ray structure of [ Tp(CO)2Re(p-N2) Re(COb2TpI. Bond lengths: Rel-NI 
= 1.98 A; Nl-N2 = 1.15 A; Re-N(TpI = 2.13 A 
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E w, vs. SCE) 
1 I I I I I I I I I I I 

-2.6 -1.8 -1 .o -3.0 -2.6 -2.2 -1.8 

Figure 41 Cyclic voltammograms recorded at a platinum electrode in a thf solution of 
[ V(mes)j( thf) /  under the following experimental conditions: ( a )  under Ar 
atmosphere; (b )  under N2 atmosphere. Scan rate 0.2 V s-' 

atmosphere, it displays a reversible one-electron reduction (peak-system 

Upon bubbling dinitrogen, two new peak-systems add to such a reduc- 
tion step: a reduction process at the peak-system E/F (EO' = -2.40 V) and 
an oxidation process at the peak-system I/G (EO' = -1.84 V), respectively, 
Figure 41b. These results have been interpreted as due to the following 
electrode mechanism: 

C/D, Eo' = -2.09V VS. SCE). 

+2e 

-2e 
2 [V(mes )3 ( th f ) ] s  2 [V(mes)3]- + 2thf 

[+N* 

+e +e [(me~)3V=N=N=V(mes)~]- a [(rne~)~V=N=N=V(rnes)~]~- ,- [(me~)~V=N=N=V(rnes)3]~- 

(peak-system G/I) (peak-system W) 

-e -e 

In this connection, Figure 42 shows the molecular structure of the 
monoanion [(me~)~V=N=N=V(mes)~]-.~~ 

In confirmation of the proposed mechanism, an authentic sample of 
[(me~)~V=N=N=V(mes)3]- displays the sequential -/2-/3- reduc- 
tions, Figure 43. 59 

The chemical complications following the oxidation [(meQ3V=N= 
N=V(me~)~l-/' occurring at peak H (Ep = -0.95 V) trigger regeneration 
of the original mononuclear complex [V(rnes),(thf)], which in turn 
oxidizes at the peak-system A/B (E"' = +O. 16 V). 
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Figure 42 X-Ray structureo of  me^)^ V = N = N 

V2-N2 = 1.74 A;  average V-C = 2.09 A ;  Nl-N2 = 1.22 A 
V ( m e ~ ) ~ ] - .  V1-Nl = 1.77 2; 

A further vanadium-dinitrogen complex is represented by 
[{V(NPr;),),(p-N2)], the molecular structure of which is illustrated in 
Figure 44!' 

In thf solution, it exhibits a reversible one-electron reduction 

Figure 45 illustrates the molecular structure of complex [ { W(C5Me5)- 

The dinitrogen molecule bridges the two tungsten atoms, each of 

In CH2C12 solution it exhibits either an irreversible oxidation (Ep = 

(EO' = -0.05 V, V S .  SCE).60 

Me2(0C6F5)}2(~-N2)I.61 

which assumes a 'four-legged piano stool' geometry. 

1 .O V vs. Ag/AgCl) or an irreversible reduction (Ep = -1.65 V)? 

G 
H 

J B V 
E" E (V, vs. SCE) 

-2.4 -1.6 -0.8 0.0 
I I I I I I I I 

Figure 43 Cyclic voltammogram recorded at a platinum electrode in a thf solution of 
[(me~)~V=N=N=V(rnes)J, under Nz atmosphere. Scan rate 0.2 V s-' 
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- Figure 44 X-Rax structure of [ (Y(NPr12)&(N2) J .  Bond lengths: Vl-NI,,in,, - 

1.89 A ;  Vl-Nl = 1.74 A; Nl-N2 = 1.27 A 

We conclude with the dinitrogen complex of a three-coordinate iron 
complex bearing the ligand L = 2,4-bis(2,6-diisopropylphenylimido) 
pentane anion, [{ FeL}2(p-N2)]. The dinitrogen complex has been 
obtained by chemical reduction of [FeLCl] (which is the analogue of 
complex [CuLCl] illustrated in Chapter 5 ,  Section 7) under a dinitrogen 
atmosphere. Its molecular structure is illustrated in Figure 46.62 

Even if the electrochemical behaviour of the complex is unknown, 
chemical two-electron reduction (by sodium or potassium metal) affords 
the corresponding dianion [LFe--N=N-FeLl2-, the molecular struc- 
ture of which is substantially similar to that of the neutral precursor.62 In 
the dianion, the Fe-N(dinitrogen) distance remains essentially unaltered 
with respect to the neutral congener, whereas the N-N distance elongates 
by about 0.06 A. Such a lengthening of the N-N bond agrees with 
theoretical results which show that the two added electrons enter N-N 
antibonding orbitals. 

Figure 45 X-Ray st!ucture of [{W(Cs~es)Me2(OC6Fs))2[N2)] .  Bond length:: W l - N l  

= 1.26 A 
= 1.77 A,; Wl-C1 = 2.13 A; W1-C2 = 2.11 A;  Wl-01 = 2.08 A; Nl-N2 
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Figure 46 X- Ray st!ucture of the iron-dinitrogey complex [LFe-N 7 N-FeL]. Fe-N(i,,.,id,l 
= 1.87 A ;  Fe-N(dinitrogr,z) = 1.77 A;  Nl-N2 = 1.18 A 

2.3 

Figure 47 shows the octahedral geometry of [ M ~ ~ ( N ~ ) ~ ( d p p e ) ~ ]  
(dppe = Ph2PCH2CH2PPh2) with the two nitrogen molecules linearly 
coordinated in trans position.63 

Its cyclic voltammetric behaviour in dmf solution is illustrated in 
Figure 48.64 

It undergoes a one-electron oxidation ( E O '  = -0.23 V), which pos- 
sesses features of chemical reversibility on the time scale of cyclic 
~ o l t a m m e t r y . ~ ~  In reality, as suggested by the appearance of the minor 
oxidation peak after traversing the main anodic peak, the corresponding 
monocation [M~ ' (N~)~(dppe )~]+  slowly decomposes in different solvents 
through dinitrogen release with a lifetime of tIl2=16 s.65766 

The complex trans-[Wo(N2)2(dppe)2] displays a very similar behaviour. 
In thf solution it undergoes oxidation at Eo' = -0.15V, which is 

Metal Complexes with Terminal Coordination to Two Dinitrogen 
M o 1 e c u 1 e s 

P1 N1 

P1 

0 

Figure 47 X-Ray structure of t r a n ~ - [ M o ( N ~ ) ~ ( d p p e ) 2  J .  Phenyl groups bound to the 
phosphorus atoms have been omitted 
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E (V, vs. SCE) 
I I I I I I I I I I I 1 1 -  

+0.5 +0.1 -0.3 -0.7 -1.1 -1.5 

Figure 48 Cyclic voltammograms recorded at a platinum electrode in a dmf solution of 
trans-[Mo(N2)2(dppe)2]. Scan rate 10 V s-' 

substantially coincident with that of trans-[Mo(N2)2(dppe)2], which in 
the same solvent oxidizes at E"' = -0.16V? 

Complex trans-[Mo0(N,)2(PMePh2)4], which is structurally similar to 
t ran~-[Mo(N~)~(dppe)~] ,~~ also displays a one-electron oxidation with 
features of chemical reversibility (in dmf: E,";, = -0.53V;64 in thf: 
I?,";, = -0.43 V67). Also in this case, the electrogenerated monocation 
[ M o ( N ~ ) ~ ( P M ~ P ~ ~ ) ~ ] +  decomposes slowly.64 

Figure 49 shows the molecular structure of the macrocyclic complex 
trans-[Moo(N2)2Meg[ 1 6]aneS4] .68 

In thf solution it exhibits an irreversible Moo'' oxidation (Ep = 
-0.52 V). This result indicates that, despite the easier oxidation compared 
to trans-[Mo(N2),(dppe)2], in the oxidized state it loses the coordinated 
nitrogen much more quickly. 

A final aspect which follows what is discussed in Chapter 7, Section 1, 
is the different electrochemical behaviour of the cis and trans isomers as a 
consequence of the different stability of their oxidized states. 

K 
K: 13 

K 
Mes[ 16laneSd 

Figure 49 X-Ray structure of t , r a n ~ - [ M o ( N ~ ) ~ ( f l e ~ [ 1 6 / a n e S ~ ) ~ .  Average bond 
lengths: Mo-S = 2.42 A ;  M e N  = 2.00 A;  N-N = 1.11 A 
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E 

o t  

(V, vs. SCE) 
I I 1 I 1 I I I I 

+O. l  -0.3 +0.1 -0.3 

Figure 50 Cyclic voltammograms recorded at a platinum electrode in thf solutions o f  
( a )  trans-[ W(N2)2(PMe2Ph)4]; ( b )  cis-[ W(N2)2(PMe2Ph)4]. Scan rate 
0.1 V s-I. T=O"C 

Figure 50 compares the cyclic voltammogram of t ran~-[W(N~)~-  
(PMe2Ph)4] with that of ~is-[W(N2)2(PMe~Ph)~], recorded in thf solution 
at O O C . ~ ~  

It is evident that tr~ns-[W(N2)2(PMe~Ph)~] gives rise to a reversible 
oxidation, which indicates that the W(1) congener is relatively stable 
(at 25 "C, the chemical reversibilty decreases slightly). Conversely, cis- 
[W(N2)2(PMe2Ph)4], though oxidized at the same potential, displays an 
irreversible oxidation, indicating rapid decomplexation of the dini- 
tr ogen . 

A similar behaviour has been found for the isomers t r an~- [Mo(N~)~  
(PMe2Ph)4] and ci~-[Mo(N~)2(PMe~Ph)4].~' 

3 THE REACTIVITY OF TRANSITION METAL COMPLEXES 
WITH DIHYDROGEN 

Even if hydrides of transition metals play an important role as 
intermediates in catalytic processes such as hydrogenation and hydro- 
formylation of alkenes and the Fischer-Tropsch reaction,71 in order to 
follow with the bioinorganic subject, we refer to the interconversion 
process: 

H2 = 2H' + 2e- 

which, in nature, is catalysed by metalloproteins called h y d r ~ g e n a s e s . ~ ~  
In fact, bacterial hydrogenases catalyse both the oxidation of molecular 
hydrogen and the reduction of protons. This biological function is 
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strictly connected to the activity of the previously discussed nitrogenases. 
In fact, the reduction of molecular dinitrogen: 

N2 + 8H' + 8e- + 16MgATP - 2NH3 + H2 + 16MgADP + 16PO;- 

produces dihydrogen, which, if not removed, inhibits the further 
reduction of dinitrogen. 

The link between nitrogen fixation and the oxidation of hydrogen in 
bacterial systems is schematically summarized in Scheme 8 .73 

ORGANIC 
SUBSTRATES 

0 2  H20 

.A, RESPIRATORY CHAIN 

2HuJ-l HYDROGENASE 
L I 

t 
H2 

Scheme 8 

There are several types of hydrogenases, all of which have a metal- 
containing active site. In fact, they are classified as: Fe-only hydrogenases, 
Ni-Fe hydrogenases and Ni-Fe-Se hydrogenases. 

At the moment, the best structurally characterized is the Ni-Fe 
hydrogenase from Desulfovibrio bacteria,74975 even if crystallographic 
data from Fe-only hydrogenases start to be a ~ a i l a b l e . ~ ~  The active site of 
the Ni-Fe hydrogenase contains a NiS2Fe group, two cuboidal Fe4S4 
clusters and one quasi-cuboidal Fe& cluster, Figure 5 1. 

There is evidence that in the oxidized form, an 0x0 or hydroxo group 
bridges the Ni and Fe atoms, which should be absent in the 
enzymatically active reduced form. 

The Fe-S clusters are believed to act as electron transfer centres for 
external redox agents such as cytochrome cj (the high electron transfer 
ability of metal-sulfur clusters has been discussed in Chapter 8, Section 1, 
whereas the redox aptitude of cytochromes will be considered in 
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cys249 
PF&I 

His185 

cys6506 Ni-Fe: 2.9A 

S 

Figure 51 The chain of metal fragments forming the active site of the Ni-Fe hydrogenase 
of Desulfovibrio gigas. ( a )  Overall view; ( b )  structural details of the NiSzFe 
centre 

Chapter 12, Section 2). It is generally accepted that the site responsible 
for the oxidation of dihydrogen and the reduction of protons is the 
nickel-containing assembly, possibly exploiting its capacity to shuttle 
between the multiple oxidation states Ni(III)/Ni(II)/Ni(I)/Ni(O). 

A number of mechanisms of hydrogen coordination to the nickel 
fragment have been proposed, including the possibility that it 
coordinates as molecular dihydrogen. This suggestion is strengthened 
by the observation that in many metal complexes which coordinate 
molecular hydrogen, substitution of dihydrogen by dinitrogen is 
achieved simply by bubbling dinitrogen through the solution. This 
does not occur for the classical hydride complexes.77# In addition, 
dihydrogen-metal complexes seem to play a promising role as diagnostic 
agent in medicinal chemistry.79 

The first molecular structure of a di 
for [W(CO)3(PPri3)2(H2)], Figure 52?’ 

The dihydrogen molecule assumes a 
The W-H2 distance is 1.95 A (X-ray 
diffraction). The H-H distance is 0.75 
(neutron diffraction), with respect to 0 
the gaseous state. 

iydrogen complex was obtained 

‘side-on’ terminal coordination. 
diffraction) or 1.89 A (neutron 
A (X-ray diffraction) or 0.82 A 
74 A for molecular hydrogen in 

As shown in Figure 53, the interaction of dihydrogen with the metal 
centre of transition metal complexes can be described as a two-electron 

# In a few dihydrogen metal complexes also dioxygen can displace dihydrogen.” 
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Figure 52 X-Ray structure, at -ZOO"C, of [ W ( C O ) J ( P P ~ ~ ~ ) ~ ( H ~ ) ]  

three-centre bond generated by electron donation from the filled (T orbital 
of dihydrogen to an empty d orbital of the metal, accompanied by back- 
donation from the filled d orbitals of the metal to the empty u* orbital of 
dihydrogen.*l 

It is easy to imagine that either the depopulation of the bonding orbital 
of dihydrogen, caused by the 0-donation, or the population of the 
antibonding orbital of dihydrogen, caused by the n-back-donation both 
lead to the weakening of the H-H bond. Therefore, there must be 
a delicate balance between these two interactions if a change from a 
'non-classical' coordination (coordinated hydrogen molecule) to a 
'classical' (hydride complex) has to be avoided. 

/" 
"\ H 

H 

-I ti 

nonclassical classical 

Figure 53 The mechanism of formation of the M H 2  bond 
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Due to localization of the electron density, Scheme 10, the oxidation 
state of the metal increases by two units upon passing from a non- 
classical to a classical coordination, which in principle offers the 
opportunity to use electrochemistry to discriminate between classical 
and non-classical hydrides.' 

non-classical classical 

H - H  

Scheme 10 

The first attempt to use electrochemistry to solve the dilemma of 
classical or non-classical coordination was in the case of the poly- 
hydride [ReH5(PPh3)3]. Its solid-state molecular structure would 
correspond to that of the classical pentahydride [ReVHS(PPh3)3], 
whereas solution NMR studies would indicate a non-classical hydride 
[Re1' I H 3 (H2) (PPh3) 31 - 

As shown in Figure 54, this derivative undergoes in CH2C12 solution a 
reversible one-electron oxidation (E"' = +0.29 V vs. Ag/AgCl)? 

Unfortunately, as rhenium can assume all the oxidation states in the 
range from - 1 to + 7, such an anodic process can be attributed either to 
the oxidation Re(V)/Re(VI), according to the classical hydride 
formulation [ReVH5(PPh3)3], or to the Re(III)/Re(IV) oxidation, 
according to the non-classical hydride formulation [ Re111H3(H2)(PPh3)3]. 

In this regard a more significant determination should be obtained 
from a study of the polyhydride complexes [ReH7(PR&], in that: (i) if 
the complex is a classical hydride the rhenium atom would be in its 
maximum oxidation state (+ 7) and, therefore, could not undergo 
further oxidation processes; (ii) if the complex is a non-classical hydride, 
the rhenium atom would be in a lower oxidation state and, consequently, 
could display oxidation processes. 

As shown in Figure 55,  [ReH7(PPh3)2] exhibits an oxidation process 
which is localized at potential values less positive than those of the free 
phosphine ligand." 

This observation (coupled to NMR data) seemed to support the 
thesis that the complex was a non-classical hydride. (Unfortunately) 
the neutron diffraction structure of a few related complexes such as 
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O t  
E (V, vs. Ag/AgCI) 

1 , I I 1 
0.0 +I .o +2.0 

Figure 54 Cyclic voltammograms recorded at a platinum electrode in a CH2Clz solution of 
[ReH5(PPh3)3]. Scan rate 0.2 V s-' 

[ReH7(PMePh2)2] and [ReH7(PPhPr i2)2] showed that they were classical 
hydrides, calling into question the electrochemical and NMR interpret- 
ation on the nature of [ReH7(PPh3)2]. Nevertheless, the subsequent 
resolution of the crystal structure of [ReH,(P(p-t0lyl)~)2], Figure 56,82 
showed that two of the seven hydrogen atoms were separated by 1.36 A 
(H3-H5), which is a distance intermediate between the value of 0.8 A, 
found for non-classical hydrides, and 1.7 A for classical hydrides. In a 
certain sense, this gave again credibility to the [ReVHs(H2)(PPh3)2] 
formulation deducible from the electrochemical behaviour of 
[ReH7 (PPh3) 21. 

Furthermore, this demonstrated that the factors governing the equili- 
brium between classical and non-classical hydrides are very delicately 
balanced. 

O t  + A  
O t  

I 1 r 
0.0 +I .o 

Figure 55 Cyclic voltammograms recorded at a platinum electrode in a CH2Cl2 solution 
of: ( a )  [ReH7(PPh,),]; ( b )  PPh3. Scan rate 0.2 V s-' 
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Figure 56 Neutron diffraction structure of [ReH7(Pl/p-MeC,H,),),l 

Let us now consider a few non-classical hydride complexes for which 
molecular structures are available. 

As already mentioned in Chapter 7, Section 2 (Figures 18, 19)#, the 
monocation [Co(PP3)(H2)]+ (PP3 = P(CH2CH2PPh2)3), present as non- 
classical hydride in [Co(PP3)(H2)][PF6], undergoes an irreversible 
oxidation (Figure 19), which generates the monocation [Co(PP3)H]+, 
thus suggesting that the oxidation of the dihydrogen complex simply 
causes deprotonation. 83 

Figure 57 shows the octahedral geometry of the monocation 
[Fe(dppe)2(H2)(H)]+ (dppe = Ph2PCH2CH2PPh2).84 

Figure 57 The mpleculur structure off Fe(dppe)2(H2), ( H ) / + .  The H-H bond length is 
0.82 A at the neutron diflraction and 0.87 A at X-ray diffraction, respectively 

## It is useful to note that the simple substitution of the counteranion to form [Co(triphos)(H2)][BPh4] 
produces a classical hydride complex. This is a further demonstration of the lability which 
characterizes the boundary between ‘classical’ and ‘non-classical’ hydrides. 
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Figure 58 X-Ray structure of [ReCl(H2) (PMePh2)dJ. The hydrogen atoms have not 
been localized 

In CH2C12 solution, this complex displays an irreversible oxidation at 
Ep = +1.2V (vs. SCE).85 

The isostructural and isoelectronic complex [Os(dppe)2(H2)(H)]+ 86 

also exhibits in CH2C12 solution an irreversible oxidation at E = + 1.5 V 
(vs. SCE).85 It is interesting to note that in [O~(dppe)~(H~)(H)fi the H-H 
distance at the neutron diffraction is 0.79 A, whereas in the related 
chloro-complex [O~(dppe>~(H~)(Cl)]+ the H-H distance is 1.15 A at the 
neutron diffraction (and 1.1 1 A at the X-ray d i f f ra~t ion) .~~ It is hence 
deduced that the nature of the atom tram to H2 (H vs. Cl) significantly 
affects the H-H bond length." 

On the basis of the foregoing discussion it thus would seem that the 
dihydrogen complexes decompose upon oxidation. Some complexes 
have been reported to show reversible oxidation.8' Amongst those for 
which the molecular structure is available we can, for example, mention 
the octahedral [ReCl(H2)(PMePh2)4], Figure 58.89 

In CH2C12 solution this complex displays a reversible one-electron 
oxidation at E"' = 0.0 V (vs. SCE).90 The easy oxidation agrees well with 
the Re(1) oxidation state in a non-classical hydride formulation, even if 
the calculated H-H bond distance of 1.39 A poses the derivative at the 
border of classical and non-classical hydrides. 91 
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CHAPTER 10 

Superconductors in Electrochemistry 

In electrochemical terms, one of the expected employment of ‘supercon- 
ductors’ is as electrode materials. However, before considering the 
eventual benefits offered to electrochemistry by such materials we must 
introduce the physical, physico-chemical and structural properties of 
superconductors. 

1 GENERAL ASPECTS OF SUPERCONDUCTIVITY 

The phenomenon of superconductivity was discovered at the beginning 
of the twentieth century by the Dutch physicist H. Kamerlingh Onnes, 
during the first attempts to liquefy helium (which at atmospheric pressure 
boils at 4.2 K). After refining the technique of helium liquefaction, in 
191 1 , Onnes attempted to measure the electrical resistance of metals 
at these extraordinary low temperatures, and realized that at 4 K the 
resistance of mercury, as well as that of other metals indicated in Figure 1 , 
became too low to be measured. This change in electrical property 
became the indication of the new superconductive physical state. The 
temperature below which materials become superconducting is defined as 
the critical temperature, Tc. 

Twenty years later, in 1933, the German physicist Walter Meissner 
(together with his co-worker Robert Ochsenfeld) discovered that 
superconductors cannot be crossed by magnetic field lines. This property 
is today defined as the Meissner efSect. 

In the years that followed, attempts were made to exploit the 
technological potential of the two properties of superconductivity: 

0 the absence of electrical resistance 
0 an absolute diamagnetism 
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Figure 1 The elements of the Periodic Table which behave as superconductors 
atmospheric pressure and at temperatures lower than 10 K 

at 

Unfortunately, there were two practical problems severely hindering 
possible applications: 

0 the achievement of the superconducting state is dependent on being 
able to reach very low temperatures 

0 the superconducting state disappears when an external magnetic 
field is applied (even quite weak, as that generated by the passage of 
low electrical currents) . 

To overcome these practical problems, research aimed at the 
preparation of new materials exhibiting superconductivity at higher 
and higher temperatures and able to sustain this state even in the 
presence of strong magnetic fields (or, also in the presence of high electric 
currents). 

The first objective was that of achieving critical temperatures higher 
than 77 K (-196°C). In this way liquid nitrogen (boiling point 77 K) 
could be used as the cryogenic liquid instead of the much more expensive 
and difficult to handle liquid helium. 

Some positive steps were made in this direction through the use of 
niobium-based alloys. In 1973 the alloy Nb3Ge was found to have a 
Tc = 23 K, which remained the highest attainable critical temperature 
until 1986. In 1986 two IBM scientists in Zurich, the German, Johannes 
Georg Bednorz and the Swiss, Karl Alex Miiller found that a ceramic 
oxide based on lanthanum, barium and copper (of stoichiometry 
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Lal.s5Bao.15C~04) lost its resistance at a Tc = 30-35 K. The observation 
of superconductivity in a ‘metal oxide’ at temperatures higher than those 
of metals themselves triggered a change in emphasis in superconductivity 
research towards this type of material. In 1987 two research groups, at 
the University of Houston and the University of Alabama, reported that 
the oxide of formula YBa2C~307-x (commonly known as ‘1-2-3 
superconductor’, from the stoichiometric ratios Y:Ba:Cu of 1 :2:3) 
displayed a Tc of 92 K. 

The great interest aroused by these new materials was also due to 
their easy preparation. In fact, ‘ceramics’ are inorganic materials that 
can be mixed and worked into the desired form at room temperature. 
The successive baking at high temperature renders them stable in the 
pre-moulded form both by agglomeration (sintering) of the crystal- 
lites and by partial fusion of the mix of raw materials. The use of 
these mixed ceramic oxides means that superconductivity at liquid 
nitrogen temperatures is no longer a problem. For example, the 
compound HgBa2Ca2Cu30s+, has a Tc= 150 K. 

While attempts are still being made to find materials which exhibit 
superconductivity at temperatures as close as possible to room 
temperature, the main thrust of research is now directed towards 
superconducting materials that can withstand high current densities and 
are malleable and ductile (i.e. able to be prepared as thin sheets or wire). 

1.1 Physical Properties of Superconductors 

1 . I .  1 The Loss of Electrical Resistance. As mentioned previously, a 
superconductor displays an abrupt change in resistivity when it is cooled 
below the critical temperature. 

As schematized in Figure 2, the decrease in resistance of a conductor 
with temperature is a general law of physics. The vibrations of the metal 

0 
[I ------- 

I 
Temperature 

1 superconductor 

f Temperature 
Tc 

Figure 2 Comparison between the change in resistivity with temperature fo r  a metal ( a )  
and a superconductor ( b )  
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atoms diminish as the temperature falls. The vibrations of the atoms 
favour, in fact, collisions with electrons which consequently oppose an 
ordered electron flow in a material subjected to a difference of electrical 
potential. 

However, in the case of a superconductor, below the critical 
temperature the resistivity abruptly becomes zero. This means that a 
current can flow indefinitely through the material. 

1.1.2 The Meissner Efec t  and Levitation. Besides the absence of 
electrical resistance, a superconducting material is characterized by 
perfect diamagnetism. The exclusion of magnetic field lines from a 
material when it passes from a normal state to a superconducting state is 
shown schematically in Figure 3. 

Superconductors which follow this behaviour completely are classified 
as ‘Type 1’. The first superconductors to be discovered belong to this 
category. 

Such a description is, however, only partially correct for ‘Type 11’, 
which include the 1-2-3 superconductors. In this case, the magnetic field 
lines arising from low intensity magnetic fields are completely excluded, 
but with the increasing of the magnetic field a greater and greater number 
of field lines penetrate the material (following a spiralling path), until at 
high magnetic field the material loses its superconducting characteristics. 

The so-called phenomenon of levitation of a magnet placed above a 
superconductor, Figure 4, is a direct consequence of the Meissner effect. 

In order to understand how the Meissner effect leads to levitation we 
must recall the principles of electromagnetism. 

T > Tc 

L 

T c Tc 

Figure 3 The Meissner eflect. A superconductor (here in a circular section) excludes the 
magnetic field lines when it is frozen below the critical temperature 
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Figure 4 The levitation of a magnet placed above a small platelet of YBazCu307-, 
immersed in a liquid nitrogen bath 

The generation of a magnetic field by an electric current is easily 
observed by placing a compass above a wire through which an electric 
current is flowing, Figure 5. 

On this well-known effect is based the construction of modern 
electromagnets, which have found application in the NMR spec- 
trometers (in particular in spectrometers used in the application of 
magnetic resonance in medicine). The strong magnetic field produced by 
a high current density flowing in superconducting materials remains 
indefinitely. Once installed, a current in a superconducting magnet 
can continue to flow for years, providing the circuit is always kept 
below Tc. 

The opposite question of how a magnetic field generates a current in a 
conductor is related to the foregoing discussion and is also of some 
interest to us. The first observation at the beginning of the century 

N 

S 

battery 

Figure 5 The needle of a compass placed upon a wire crossed by an electric current 
deviates from its natural NIS position arranged perpendicularly to the wire 
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showed that when a magnet is moved constantly inside a solenoid a 
current is produced in the electrical circuit, Figure 6. 

In fact, many large-scale electrical generators are presently based on 
this principle. 

The coupling of the two effects described above is responsible for the 
phenomenon of levitation discussed previously. This can be understood 
if one considers that when a magnet (or a magnetic field) approaches the 
superconductor a ‘supercurrent’ is generated in it. This current (which 
does not meet resistance in the superconductor) in turn generates a 
magnetic field opposite to that possessed by the magnet; this generates 
repulsion. 

The magnetic field induced by the current cancels the magnetic field 
induced in the superconductor by the magnet. This is the origin of the 
perfect diamagnetism of Type I superconductors. 

Levitation in Type I superconductors is, however, a rather ephemeral 
effect. The absence of restraints on the lateral motion of the magnet 
eventually result in the magnet falling at the side of the superconductor. 

Conversely, in Type I1 superconductors (that are penetrated by 
spiralling magnetic field lines), levitation is completely stable. In fact, the 
magnetic field lines of the magnet, which enter the superconductor 
following a well-defined spiral geometry, oppose the motion of the 
magnet confining it to a certain position. 

I .  I .3 The Mechanism of Superconductivity. A satisfactory theory of 
superconductivity was proposed in 1957 by the American physicists John 

Figure 6 The periodical movement of a magnet inside a conductive solenoid generates an 
electrical current 
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Bardeen, Leon Cooper and John Robert Schrieffer, which, from their 
initials, was called BCS theory. 

The fundamental concept of the theory appears at first sight 
paradoxical: electrons in the superconductor are mutually attracted 
forming so-called ‘Cooper electron pairs’. 

In fact, this attraction between negative charges (that violates the 
principles of electrostatics) is mediated by the crystal structure of the 
superconductor. In every metal lattice there is a reciprocal stripping of 
valence electrons between metal sites which results in these metal sites, 
fixed at lattice positions, assuming a positive charge. As shown in 
Figure 7, when a moving electron crosses these positive metal sites the 
metal ions are attracted towards the electron trajectory and disturbed 
from its equilibrium position. 

As the positive metal ions are heavier than the electron that caused the 
displacement, they return to their original positions fairly slowly. The 
relatively long time taken to re-establish the original positions allows 
the displaced metal ions to attract a second electron, which, given the 
proximity of the just passed first electron, leads to the formation of a 
Cooper pair. 

It is important to bear in mind that the pairing of the electrons results 
in a coupling of their spins. Consequently, an energy transfer mechanism 
between the electrons which collide with the vibrating atoms of the 
crystal (responsible for the electrical resistance) is absent. Temperature is 
a major factor in destroying the coupling between electrons inside the 
Cooper pairs and, hence, the existence of a critical temperature can be 
immediately anticipated. Analogously, application of strong magnetic 
fields (and the corresponding induced currents) can provide sufficiently 

Figure 7 The coupling of electrons as Cooper pairs 
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high energy levels to destroy the Cooper pairs and, therefore, the 
superconductivity . 

1.2 

1.2.1 Synthesis and Oxidation States of 1-2-3 Superconductors. The 
preparation of platelets of Y B ~ ~ C U @ - - ~  ( x  == 0.1) is relatively simple. The 
typical preparation involves the following steps. A mixture of Y2O3, 
BaC03 and CuO, according to a rough proportion of 1 :2:3 in Y, Ba, Cu, is 
ground, then heated at 950" C for 10-1 2 h. During this phase the crystal 
structure takes shape by mutual migration of the ions, but the composition 
YBa2C~307-x lacks oxygen ( x  == 0.5). The material is then cooled to about 
500" C in the presence of air for another 10-1 2 h. The reaction with oxygen 
has the effect of reducing the oxygen deficit to x = 0.1. 

The non-stoichiometric amount of oxygen is a clear indication of 
lattice defects. 

Assigning oxidation states of -2 to oxygen, + 3 to yttrium and + 2 to 
barium, one would obtain an oxidation state 7/3 for copper when x = 0. 
The non-integer oxidation state of copper is interpreted as if 2/3 of the 
ions are present as Cu2+ and 1/3 as Cu3+. This 'mixed-valent' 
composition seems to be determinant for the occurrence of supercon- 
ductivity. In fact, as noted in Table 1, all the superconducting ceramic 
oxides contain Cu in a non-stoichiometric composition. 

It is noted that, as previously mentioned, there is a rapidly growing 
interest in the superconductivity of inorganic fullerene compounds. 

Chemical Properties of High Tc Superconductors 

Table 1 Superconducting materials 

9 
38 
80 
80 
90 
95 

110 
125 
150 
18 
22 
24 
29 

a Ln = lanthanides. 
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Figure 8 The elementary cell of the perovskite CaTiO3. ( a )  Common representation; 
(b )  stereoscopic representation 

1.2.2 Molecular Structure of 1-2-3 Superconductors. X-ray diffraction 
studies have established that 1-2-3 superconductors have a crystal 
structure similar to that of perovskites. These latter compounds typically 
have a ratio of two metal atoms per three oxygen atoms. Some examples 
are: CaTi03, NaNb03 and LaA103. It is evident that the sum of 
oxidation states of the metal must be + 6, in order to balance the charge 
of -6 of the three oxygen atoms. As an example, Figure 8 shows the 
molecular structure of CaTi03. 

The larger Ca2+ ions are positioned at the corners of the cube, 
whereas the smaller Ti4+ ions are at the centre of the cube and bound to 
the six 02- ions forming a Ti06 group of octahedral geometry. 

Another way of representing the perovskite structure is to move the 
origin of the coordination axes such that the Ca2+ ions are now at the 
centre of the cubic cell, Figure 9. The latter representation allows a 
better understanding of the structure of a superconductor such as 
YBa2C~307-x (x 0.1). 

Figure 9 A second way to represent the molecular structure of CaTi03. ( a )  Common 
representation: (b )  stereoscopic representation. Symbols as in Figure 8 
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Figure 10 Thefirst stage in the building of the molecular structure of the superconductor 
YBa2Cu307-, starting from CaTi03 perovskite units. The formation of 
YBa2Cu3O9. ( a )  Common representation; ( b )  stereoscopic representation 

In Figure 10 one begins with the structure of the perovskite and builds 
that of the superconductor by forming a chain of three cells, then the 
Ca2+ ion is substituted with Ba2+ in the first and third cell and with a 
Y3+ ion in the second cell. In addition, the Ti4+ ions are replaced by Cu 
ions forming Cu06 octahedra. In this way one would generate the 
YBa2Cu309 species. 

The successive removal of 8 oxygen atoms placed on the edges of the 
cube (therefore, 8 x 1/4 = 2 lattice oxygen atoms) leads to the idealized 
structure of YBa2Cu307, Figure 1 1. 

In effect, the Y3+ ion loses 4 of the 12 02- ions which surround it in 
YBa2Cu309. Another 4 02- ions are lost from the bottom and top faces 
of the cell. These oxygen lattice ‘vacancies’ are linked to the oxidation 
state of the copper, in that if one decreases the oxygen content, the Cu 
oxidation state also decreases. In fact, since the solid must be electrically 
neutral, every 02- ion loss must be compensated by the reduction of two 
Cu3+ ions to two Cu2+ ions. As can be inferred, the oxygen vacancies 
create sheets and chains of Cu atoms bound by oxygen bridges that play 
an important role in superconductivity. Moreover, this arrangement 
means that the physical properties of these materials, including 
superconductivity, are anisotropic. 

2 ELECTROCHEMICAL ASPECTS OF SUPERCONDUCTORS 

The recent discovery of high Tc superconductors means that 
applications of electrochemistry in this field are still in the initial phases 
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Figure 11 The second stage in the building of the molecular structure of YBa2Cuj07 
through the removal of two oxygen atoms from YBazCu309. (a)  Common 
representation; ( b )  stereoscopic representation 

of development.2 Unfortunately, not only the electromagnetic properties, 
but also the chemical properties of the last generation superconductors 
(i.e. the copper-based ceramic oxides) make their potential applications 
difficult. In fact, such materials undergo chemical degradation when 
exposed to water, acids and carbon oxides (CO, C02). However, it 
appears that electrochemical studies of copper-based superconductors 
may lead to a better understanding of the essential role played by their 
‘mixed-valent’ Cu2+ /Cu3 + composition. In addition, efforts are being 
performed to improve the resistance of superconductors to corrosion by 
coating their surface with proper adsorbate  molecule^.^ 

2.1 The Preparation and Use of Electrodes of Superconducting Materials 

Before studying the properties of superconductors one must have 
efficient ‘electrodes’ of these materials available. However, their fragile, 
porous and chemically non-inert nature makes them unsuitable in 
principle for use as electrodes. 

Figure 12 shows a number of geometric arrangements which are used 
in the construction of electrodes from ceramic superconductors. 

In all cases the superconducting material is inserted on an inert 
support (usually an epoxy resin) and the electrode surface is frequently 
renewed by mechanical cleaning. 

The use of this type of electrode at room temperature is strongly 
dependent on the choice of solvent. In an aqueous medium the ceramic 



508 Chapter 10 

Y 
Figure 12 Schematic representation of the geometrical arrangements of electrodes of 

superconducting material, in the form 05 ( a )  a small block; ( b )  a cylinder; 
( c )  a micro-disk; ( d )  a thin film 

superconductors degrade. For example, given that yttrium and barium 
have only a single oxidation state, the response of 1-2-3 YBa2C~307-x 
is determined by the redox activity of Cu2+ ions (Cu3+ ion is 
strongly oxidising and is never observed; see the next section). 
Conversely, in non-aqueous solvents the ceramic superconductor (taking 
the proper precautions of mechanical cleaning) behaves as an inert 
electrode. For example, Figure 13 compares the cathodic response 
exhibited by tetracyanoquinodimethane (tcnq) (which undergoes the two 
successive one-electron sequence [tcnqloi-’’-) at a platinum electrode 
(Figure 13a) with those obtained at different ceramic oxide materials 
(Figure 13b-f). 

2.2 Study of the Corrosion of Ceramic Superconductors 

The high reactivity of copper superconductors is a large obstacle to their 
practical application. Many spectroscopic studies have been devised to 
investigate the surface chemistry of these materials, but electrochemical 
investigations can also be important. 

In particular, the use of hydrodynamic techniques (for example 
employing rotating disk and ring electrodes; see Figure 12b) 
has provided information on the stoichiometry of the degradation 
products of YBa2C~307-x. The use of HC1 solutions in the 
concentration range from M to lo-’ M (containing 1 M NaCl 
as supporting electrolyte) gives quantities of Y3+, Ba2+ and Cu2+ 
in the ratio 1:2:3 typical of the original electrode material. In this pH 
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Figure 13 Cyclic voltammetric responses recorded in MeCN solutions of tcnq 
using the following electrode materials: ( a )  platinum; ( b )  YBa2Cu307-x; 

(f) Nd~,85Ceo~15C~04 .  Scan rate 0.1 V s-l. [NEt4][BF4] (0.1 mol dm-3) 
supporting electrolyte 

( c )  La1 .85srO. I5 cuo4; (d )  La I SBa 1 SCeO. 1 Scuo 7.18; ( e  ) T11.5 Ba2cuo5 .3 7; 

range, the rate of corrosion is proportional to the concentration of H +  
ions and follows the reaction: 

YBa2Cu307 + 14H + - Y3+ + 2Ba2+ + 2Cu2+ + Cu3+ + 7H20 

The presence of Cu3+ ions has not been directly verified, but one can 
infer from the observed generation of gaseous oxygen that the following 
reaction takes place: 

1 1 
2 4 

Cu3+ + -H20 - Cu2+ + H+ + - 0 2  

Another method used to study the reactivity of ceramic superconduc- 
tors is to compare the cyclic voltammetric response of a reversible redox 
couple (in the present case [tcnq]”-) at a superconductor electrode with 
and without corrosion. As illustrated in Figure 14, in principle, in 
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potential potential 

Figure 14 Cyclic voltammetric responses fo r  a reversible one-electron process expected at: 
( a )  a perfectly clean electrode surface; ( b )  an electrode surface covered by a 
passivating layer 

the absence of corrosion the peak-to-peak separation of the reduction 
process would be fairly close to the theoretical value of 59 mV 
(Figure 14a), whereas if a thin insulating layer is deposited on the 
electrode surface as a consequence of corrosion, there would be a marked 
deviation of the peak-to-peak separation from this value. 

Given that in aqueous solution YBa2C~307-x undergoes the following 
reactions: 

2YBa2C~307(s) + 3H2O(,) - Y2BaCu05(,, + 5CuO(,, + 3Ba(OH)2 + ( 1/2)02(,, 

Ba(OH)2 + C02 - BaC03(,) + H20 

it is evident that, in the presence of water, the YBa2C~307-x electrode 
would become covered by an insulating material which should alter its 
electrochemical response. 

On this basis the cyclic voltammetric responses of the [tcnqloi- process 
using superconducting electrodes have been studied in acetonitrile-water 
mixtures. Figure 15 shows the results obtained, at room temperature, at 
a YBa2C~307-x electrode, also in comparison with the analogous 
responses obtained at a platinum electrode. 

As can be seen, whereas the platinum electrode does not suffer significant 
effects from the addition ofwater, in the case of the YBa2C~307-~electrode 
the greater the water content the greater the peak-to-peak separation. 
These results are in agreement with the decomposition reactions described 
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Figure 15 Peak-to-peak (AE,) separations as a function of the number of reduction/ 
reoxidation cycles recorded in a MeCN solution of tcnq ([NBu,][BFd] 0.1 
mol dm-3) at a YBa2Cu3O7-, electrode: ( a )  after the addition of 250 mM 
H20;  (b )  after the addition of 10 mM H 2 0 ;  ( c )  without addition of 
H20. ( d )  Platinum electrode after the addition of 250 mM H20. Scan rate 
0.1 vs-' 

above, which cause deposition of insulating materials on the electrode 
surface. 

The same type of experiment has been carried out on electrodes of 
different superconducting materials. As deducible from Figure 16, not all 
of these ceramic materials undergo severe degradation in the presence of 
water. 

The most serious corrosion effects are found for the YBa2Cu307-x 
electrode, whereas an intermediate effect is observed for Lal &3r0. I5CuO4 
and corrosion is negligible for the Ndl.s5Ceo.l 5Cu04 electrode. 

This type of experiment has demonstrated that the surface reactivity of 
copper superconductors follows the order: 

YBa2Cu3O7_, > T12Ba2C~3010+x > Bi2Sr2C~308+x > Lal.85Sr0.15C~04 
> Nd 1.85 CeO. 1 5 cu04 > Nd 1 .85Th0. 1 5cuo4 
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Figure 16 Cyclic voltammetric responses recorded in MeCN solutions of tcnq 
([NBu4][BF4] 0.1 mol drnF3) without (a,c,e) and with the addition of 
4.5% H20 (b ,d f ) .  (a,b) YBa2Cu307-, electrode; (c,d) La1,85Sr0.15C~04 
electrode; (e ,  f )  NdI.85Ce0,1sCu04 electrode. Scan rate 0.1 V s-I 

2.3 Electrochemical Synthesis of Superconductors 

A potential alternative method to chemical synthesis of superconducting 
materials is offered by electrochemistry, particularly in view of the 
possibility that one has to achieve reproducible conditions. 

For example, an electrodeposition method has been reported for a T1- 
Ba-Ca-Cu-0 based superconductor from dmso solutions containing 
TI+ , Ba2+ , Ca2+ and Cu2+ salts of empirically adjustable composition. 
The surface of the working electrode was formed by a sheet of SrTi03 (or 
MgO) on which a very thin layer (= 500 A) of metallic silver had 
previously been deposited. Application of a potential of -4 V (with 
respect to the Ag/AgN03 reference electrode) led to the electrodeposi- 
tion as metals of all the ions present in solution. This system, composed 
of a T1-Ba-Ca-Cu film supported on a conducting material, was removed 
from the electrode and heated at 850-900°C in order to allow 
crystallization and oxygenation to occur and so obtain the super- 
conducting material. This material exhibited a Tc above 100 K, but more 
striking was its ability to support current densities of 5.6 x log A mV2 
at 76 K, in the absence of a magnetic field, and of 2.0 x 10' A m-2 
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at 76 K in the presence of a magnetic field of 1 T. To date, from a 
technological viewpoint, these characteristics are amongst the best 
obtainable. 

2.4 Electrochemistry Using Electrodes of Superconducting Materials 
at Temperatures Below Tc 

Electrochemical studies of redox systems in solution using super- 
conducting electrodes at temperatures below the critical temperature 
are still very much in their infancy. 

The first necessity of such a study is the availability of an electrolytic 
solution able to remain liquid at the low temperatures corresponding to 
Tc. Figure 17 gives a general picture of the various possibilities presently 
available. 

At this point the first investigations on electron transfer phenomena 
could be carried out, using electrodes able to become superconducting at 
sufficiently low temperature. 

One of these studies, which requires sophisticated apparatus, involved 
the ferrocenelferrocenium oxidation process.495 Figure 18 compares the 
response obtained with platinum and superconducting electrodes in the 
temperature range of the Tc. 

Temperature (K) 

Butyronitrile 

31 Yo Butwonitrile Bromoethane 
Butvronitrile Methanol 

lsopropanol 
Dimethylformarnide "*opionitrile I *nn, 

Bromoethane 

isoljentane Bromoethane / Dichloromethane 
Methylcyclopentane Butyronitrile 

Propionitrile 
Butyronitrile 

Ethanol 

Figure 17 The temperature limits of a few electrolytic solutions in comparison with the 
critical temperatures of a few superconductors 
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Figure 18 Cyclic voltammetric responses at diferent temperatures of .ferrocene in a 
16: 17: I chloroethane:tetrahydrofuran:2-methyl-tetrahydrofuran solution 
containing LiBF, (0.6 mol dmd3) as supporting electrolyte. ( a )  Platinum 
electrode: ( b )  TI 1223 ( JTlo,5Pbo,5)Sr2Ca2C~306). Scan rate 0.025 V s-’. 
Potential values are referred to a pseudo-reference silver wire 

It is clear that the decrease of the rate of the electron transfer operated 
by the temperature makes the oxidation of ferrocene become quasi- 
reversible for both the electrode materials. Moreover, it is noted that for 
both types of electrode the faradaic current increases with temperature. 
For both the electrodes the oxidation process is governed by diffusion, 
since in both cases the plot of log(i,) vs. 1/Tis linear. Furthermore, one 
should note in particular that, contrary to the naive expectation, for the 
superconducting electrode one does not observe any abrupt change in 
the response upon crossing the barrier from ‘superconductor’ (that 
should exchange pairs of electrons) to simple ‘conductor’ (that should 
exchange single electrons). 
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CHAPTER 11 

Molecular Metal Wires: 
An Electrochemical Inspection 

Materials composed by linear chain molecules constitute one of the 
most growing areas of research in that topical field known as 
“molecular electronics”,’ i.e. that set of more and more extreme 
miniaturization processes, known as “nanotechnologies”, which would 
provide replacement of the different conducting or semiconducting 
components of the actual electronic microcircuits (wires, transistors, 
silicon-based microchips, etc.) with one or a few molecules. To have an 
idea of such a paradigm, one can consider that the actual level of 
miniaturization in computing systems allows some 100 millions of 
transistors (i.e. those tiny electrical devices able to amplify an electrical 
signal or to switch on/off current flows) to be put in a sliver of silicon of 
a few square centimeters. Representatively, if one were to scale up such 
a conventional microchip to occupy the present printed page, the 
molecular analogue would occupy the space of a period.2 

The molecular wire approach is also of emerging interest in chemical 
~ens ing ,~  s~perconductivity,~ magnetism (see Chapter 5, Section 3 .3)5 
and solar energy conversion.6 

In reality, most studied derivatives linked to the above target(s) are 
organic polymers or conjugated organic molecules, b7d32437 but a recent 
topic in the field is that concerned with “metal” wires, or one- 
dimensional arrays of inorganic molecules.* These latter have, however, 
to be roughly subdivided in three classes: 

0 pseudo-molecular wires formed by monomeric metal complexes which 
in the solid state give rise to unidirectional stacking interactions to 
form inJnite chains. 

The classical example is represented by the square planar anion 
[Pt(CN),I2-, which, through the overlapping of the Pt(II)-d: 

517 
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Table 1 Bond distances (A) and colour of Mrr[Pt(CN)4] 
complexes in the solid state 

Complex Colour Pt-Pt 

Sr[Pt(CN)4].5H20 Colourless 3.60 
Ca[Pt(CN)4].5H20 Yellow 3.38 
Mg[Pt(CN)4].4. 5H20 Yellow 3.36 
Ba[Pt(CN)4].4H20 Yellow-green 3.32 
Be[Pt(CN)4] .2H20 Dark red 3.16 
Mg[Pt(CN)4].7H,O Dark red 3.16 
Sr[Pt(CN)4].3H20 Violet 3.09 

orbitals, forms linear platinum arrays in the solid state. As 
illustrated in Table 1, the Pt-Pt bond length depends upon the 
type of crystal packing forced by the countercations, thus 
conditioning the colour of the different derivatives.’ 

Below the Pt-Pt distance of 3.6 A, the onset of a coloration 
testifies the formation of a solid material, whereas above such 
limiting distance the solid compound maintains the colourless 
appearance of the original monomers. As a further confirmation of 
the role played by crystal packing forces in this area, it must be 
considered that the intensely coloured solid-state complexes 
[Pt(CNR)4][Pt(CN)4], when exposed to volatile solvents, undergo 
significant colour changes (a phenomenon known as “vapochro- 
mism”), just because the interstitial penetration of solvent molecules 
changes the lattice parameters, and hence the PtT1-Pt” interactions. lo 

Other square planar Pt(I1) complexes able to form infinite 
unidirectional chains in the solid state are known, in particular the 
Magnus’s green salt [Pt(NH3)4][PtC14],’ but also Pt(1) complexes 
such as [Pt(bipy)2](N03).2H20 (obtained by electrochemical 
reduction of [Pt(bipy)2](N0,),.H20) have recently shown linear 
chain crystals (Pt-Pt = 3.56 A).12 

For the purposes of molecular electronics, the formation of solid- 
state multiple linear stacks, causing electron delocalization, favours 
electrical conductivity. Further, (partial) oxidation of such linear 
materials can produce non-stoichiometric (or mixed-valent) com- 
plexes like K1.75Pt(CN)4- 1 .5H20,9 and K1.62Pt(C~04)2.2H20,~~ 
which possess higher conductivity than their precursors. 

a molecular wires formed by molecules in which metal fragments are 
interposed by conjugated organic spacers. l3  

a molecular wires formed by polynuclear metal complexes containing 
unidirectional metal-metal bonds.8a 
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This last class, which is the subject of the present Chapter, is essentially 
constituted by metal complexes in which the formation of extended 
metal-metal bonds is favoured by the presence of coordinating bridging 
ligands which hold the metal centres in close proximity. 

Before examining the electrochemical properties of this class of 
compounds (we will limit the discussion to “homonuclear” derivatives), 
it must be clear that the technological application of molecular wires 
belongs to solid-state chemistry. Nevertheless, since the main target of 
such new molecules is to conduct electricity, it seems useful to ascertain 
preliminarily their intrinsic ability towards intramolecular electron 
mobility by electrochemical investigations in solution, i.e. in the absence 
of intermolecular interactions. 

1 PLATINUM BLUES 

A rich family of intensely blue-coloured, linear platinum complexes, 
called “platinum blues”, has received a great body of attention in the 
years from 1970 to 1990, not only for their unusual physico-chemical 
properties, but also for their antitumor properties. l 4  

Our interest towards such derivatives is dictated by the fact that they 
are mixed-valent complexes, which means that electrons may easily flow 
along their metal frame. 

In general, such derivatives are constituted by tetraplatinum 
complexes having as the main ligand a wide range of bio-compatible 
molecules. The first, structurally characterized platinum blue complex 
was the wpyridonate [Pt4(NH&(C5H4N0)4](N03)5, Figure 1. l 5  

”s” 
N 

0 

0 

Figure 1 X-Ray crystal structure of [Pt4(NH3)s(C5H4N0)4l5+ (“031- cation), 
Average bond lengths: Ptl-Pt2 = 2.77 2; Pt2-Pt3 = 2.88 A; Pt-N(NH3) - - 
2.06 2; Pt-N~py,ido,,~ = 2.05 2; Pt-O(pyridone) = 2.04 A; Pt-O(N03) - - 

3.32 A” 
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As a consequence of the Pt'l-Pt'l'-Ptll-Pt'' assignment, the formal 
oxidation state of each platinum atom in the pentacation is + 2.25. 

Interestingly, the one-electron reduced, yellow-green, species 
[Pt4(NH3)8(C5H4N0)4](N03)4 was also structurally characterized. The 
tetracation has a geometry essentially identical to that of the pentaca- 
tion, the main structural variation being a significant increase of the Pt- 
Pt distances (Ptl-Pt2 = 2.88 A; Pt2-Pt3 = 3.13 A), which agrees with 
the electronic structure Pt"-Pt"-Ptr'-Pt" (or, formal oxidation state of 
each platinum atom: + 2.00).16 

In spite of such well defined redox change, no direct electrochemical 
measurement was carried out to determine the redox potential of 
such one-electron process. It has been, however, ascertained that the 
Pt"'~ precursor [Pt2(NH3)4(C5H4NO)2(H20)(N03)](N03)3, in aqueous 
solution (pH l), undergoes a single two-electron reduction (Pt1"-Pt'"/ 
Pt'l'-Ptl'/Ptll-Ptl': E"' = + 0.63 V vs. SCE) coupled to chemical 
complications. Since macroelectrolysis experiments on the reduction 
process afford a blue coloured intermediate, it has been p r ~ p o s e d ' ~  that 
the blue tetraplatinum pentacation arises from the side dimerization: 

A similar behaviour holds for the strictly related redox couple 
[Pt4(en)4(C5H4N0)4]5 + /[Pt4(en)4(C5H4N0)4]4+ . On passing from the 
blue Pt'r-Pt''l-Pt'l-Pt'' to the yellow PtrT-Ptrl-Pt'l-Ptl', the Pt-Pt dis- 
tances vary from iPtl-Pt2 = 2.83 A, Pt2-Pt3 = 2.92 A] to {Ptl-Pt2 = 
2.99 A, Pt2-Pt3 = 3.24 A].'8 

No redox changes have been put in evidence either for the 1- 
methyluracilate blue [Pt4(NH3)8(C5H5N202)4](N03)5, or the yellow 
1-methyhydantoinate [Pt4(NH3)8(C4H5N202)4](N03)4 (which under- 
goes oxidation to a blue-green species). l 9  Brief (ambiguous) electro- 
chemical data have been reported for the 3,3-dimethylglutarimidate 
blue [Pt4(NH3)8(C7H 10N02)41 (No315 -20 

Rather interesting appears the redox behaviour of the a-pyrrolidonate 
tan [Pt4(NH3)8(C4H60N)4](N03)6.21 The Pt-Pt distances in such Pt"- 
Pt'r'-Ptrr'-Ptrl derivative are shorter than those found in the a-pyri- 
donate blue [Pt4(NH3)8(C5H4N0)4](N03)5 (see below). In 4.5 M H2SO4 
solution, the hexacation exhibits a reversible reduction process to the 
(not structurally characterized) blue [Pt4(NH3)8(C4H6oN)4l5 + (E"' = 
+ 0.53 V vs. SCE).22a Further electrochemical investigations also suggest 
the existence of the octacation [Pt4(NH3)8(C4H6ON)4]* + .22b3c Few redox 
congeners have been structurally characterized, some of which are non- 
stoichiometric compounds, Table 2. 
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Table 2 

52 1 

Selected structural parameters (average distances, A) in the family 
rPt4(NH3)s(C4H60N)41n + 

Average Pt Reference 
Complex Ptl-Pt2 Pt2-Pt3 Pt3-Pt4 Colour oxidation state 

[Pt4(NH3)8 2.70 2.71 2.71 dark red 2.50 21 
(C4H60N)4I6 + 

(C4H60N)4]5.4s + 

(C4H,@N)4]4.56f 

[Pt4(NH3) 8 2.76 2.74 2.74 green 2.37 23 

[Pt4(NH3)8 2.84 2.87 2.84 violet 2.14 24 

[Pt4(NH 3) 8 3.03 3.18 3.03 yellow 2.00 22c 
( c 4 ~ 6 0 ~ ) 4 1 4  + 

They prove that the platinum oxidation state can be finely varied 
without causing important structural changes, but for a progressive 
elongation of the Pt-Pt distance with the decrease of the overall 
charge. 

We like to conclude the section with the spectacular molecular 
structure of the octanuclear platinum acetamidate blue [Pt8(NH3)16 
(CH3CONH)8]'0+, Figure 2, even if no pertinent electrochemical inves- 
tigation has been carried 

The average oxidation state of each platinum atom is +2.25. 
An isostructural complex with a overall non-integral oxidation state 
is constituted by the related 2-fluoroacetamidate blue [Pt8(NH3)16 
(CH2FcoNH)8]8.66+ (average platinum oxidation state: 2.08; Pt 1-Pt2 
= 2.94 A; Pt2-Pt3 = 2.83 A; Pt3-Pt4 = 2.98 A; Pt4-Pt5 = 2.96 A).25 

Figure 2 X-Ray crystal structure of [Ptg(NH3) 16( CHjCoNH)8]'o+ ([No3] - cation). 
Average bond lengths: Ptl-Pt2 = 2.88 A;  Pt2- Pt3 = 2.90 A; Pt3-Pt4 = 
2.78A; Pt4-Pt5 = 2.93 A" 
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Finally, rhodium and iridium blue complexes have been also 
characterized, but no electrochemical studies have been carried out, as 
no redox couples seem to be acces~ib1e.l~~ 

2 CHLORIDE-BRIDGED TRIRUTHENIUM COMPLEXES 

A too-quickly interrupted research on redox active Ru3C1, complexes 
appeared in literature in 1980-1990, triggered by the will to determine 
the nature of an elusive ruthenium "blue" complex (actually, a 
tetrarhodium pyrazolate blue complex has been structurally character- 
ized: [Rh4(C3H3N2)4(CNB~'))s1~+).~~~'~~ The first approach led to 
isolation of the deep-green derivative [Ru3ClI2l4-, which contains the 
linear array R U ~ ' ' - R U ~ ~ - R U ' ~ ~ . ~ ~  In it, two triads of doubly-bridging 
chloride ligands hold together the three ruthenium atoms. Unfortu- 
nately, no pertinent electrochemical investigation has been carried out 
(in spite of the hypothesis that "ruthenium blue" could be the one- 
electron reduced product [R~3C112]~-).~~" 

Subsequently, the new class of triruthenium compounds 
[Ru3C18(PR3)4] (R = Me, Et, Bu) was obtained, in which four of the 
six terminal chloride atoms of [Ru3ClI2l4- are replaced by four 
phosphine ligands.28 As a typical example, Figure 3 shows the crystal 
structure of the mixed-valen t Ru" '-Ru"-Ru'~* [ Ru3 C18( PEt 3)4]. 28b 

In CH2C12 solution, these complexes exhibit a one-electron oxidation 
and two separate one-electron reductions, all the processes being 
chemically reversible, Table 3.28b 

The electrode potentials well reflect the electron-donating power of 
the phophine substituents. 

b 
Figure 3 X-Ray crystal structure of [Ru3C18(PEt3)4] 
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Table 3 Formal electrode potentials ( V ,  vs. AglAgCl) for  the redox 
processes exhibited by complexes [ R U ~ C I ~ ( P R ~ ) ~  J in 
CH2C12 solution 

R E?,O E;;- El>*- 

Me + 0.84 + 0.08 -0.80 
Et +0.81 + 0.04 -0.82 
Bu + 0.77 -0.07 -0.92 

As a consequence of such a redox picture, the corresponding 
monocations and monoanions have been isolated; in particular, the 
Ru~I'-RuIII-Ru'~I monocation [ R u ~ C ~ ~ ( P E ~ ~ ) ~ ]  + has been crystallogra- 
phically characterized, Table 4.28b 

The main consequences of the electron removal [R~3Cl~(PEt3)4]~' + 

reside in a slight increase of the Ru-Ru distances and a significant 
shortening of the axial Ru-Cl distance of the outer Ru atoms. This 
means that the HOMO level of [ R u ~ C ~ ~ ( P R ~ ) ~ ] ~  is mainly contributed by 
the outer metal fragments (the metal affords a non-bonding contri- 
bution, whereas the terminal chloride contributes an antibonding 
character). 

The last series of Ru3C1, family is concerned with the monocations 
[ R u ~ C ~ ~ ( P R ~ ) ~ ] +  (R = Et, Bu), in which all the terminal chloride ligands 
of the [Ru3ClI2l4- precursor have been replaced by p h o ~ p h i n e s . ~ ~  
These complexes can be formally represented as Ru"'-Ru"-Ru" arrays, 
but, as deducible from their typical structural parameters reported in 
Table 4, with respect to the RUI"-RU~'-RU"' [ R U ~ C I ~ ( P R ~ ) ~ ]  complexes, 
the one more electron looks like delocalized on both the two outer Ru 
atoms. 

Table 4 Typical structural parameters (average distances, 2) in the d ierent  
families of [Ru3Cln] complexes (atom labelling refers to Figure 3) 

Complex Rul- Ru2- Rul- Rul- Rul- Ru2- Ru3- Ru3- Ru3- 

[Ru3ClI2l4- 2.80 2.80 - 2.37 2.38 2.37 2.38 2.37 - 
[RU3C18 2.86 2.86 2.33 2.34 2.45 2.37 2.45 2.34 2.33 

[RU3ClS 2.89 2.89 2.34 2.28 2.47 2.35 2.44 2.30 2.36 

3.08 3.08 2.31 - 2.50 2.35 2.50 - 2.3 1 

Ru.2 Ru3 p Cl(terminal) Cllbridging) Cl(hridgingJ Cl(hridgingj Cl(rrrminal) p 

iPEt3)4l 

iPEt3)41 + 

[RU3C16 
(PEt3)61+ 
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Table 5 Formal electrode potentials ( V ,  vs. AglAgCl) for  
the redox processes exhibited by complexes [Ru3C16 
(PRS)6] -t in CH2C12 solution 

R 

Et 
Bu 

+ 0.96 + 0.74 -0.38 
+ 1.06 + 0.88 -0.47 

Complementary to the redox behaviour of the series [ R u ~ C ~ ~ ( P R ~ ) ~ ] ,  
the extra electron present in [ R u ~ C ~ ~ ( P R ~ ) ~ ]  + causes the occurrence of 
two reversible one-electron oxidations and a reversible one-electron 
reduction, Table 5.29 

3 OLIGO-2-PYRIDYLAMIDES AS BRIDGING LIGANDS 
IN POLYNULEAR LINEAR COMPLEXES 

(Deprotonated) dipyridylamine has been the fruitful progenitor of a 
series of ligands, Scheme 1, which, by increasing the number of 
coordinating nitrogen atoms, are able to afford (at the moment) from 
trinuclear to nonanuclear linear metal complexes. 

n = 0 dpa = dipyridylamine monoanion 

n = 1 tpda = tripyridyldiamine dianion 

n = 2 teptra = tetrapyridyltriamine trianion 

n = 3 peptea = pentapyridyltetramine tetraanion 

Scheme 1 

3.1 Trinuclear Complexes 

Let us start our examination with the dpa-metal complexes. A series of 
trimetallic complexes of general formula [M3(dpa)4C12] (M = Cr,30 Ni,”’ 
C O , ~ ~  C U , ” ~  R u , ~ ~  Rh,34) have been structurally characterized. As 
illustrated in Scheme 2, such trinuclear complexes in the solid state can 
display either a “symmetrical” or an “unsymmetrical” M3 chain, 
depending upon if the metal-metal bond is extended over the three 
metal atoms, or is localized only between two metal atoms.”’ 
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Scheme 2 

Representatively, Figure 4 shows the crystal structure of [C03(d- 
~ a ) ~ C l ~ ]  ,32g together with its electrochemical b e h a ~ i o u r . ~ ~ ~  

Figure 4a refers to the symmetrical isomer, but it is noted that in 
solution the symmetrical and unsymmetrical forms are equivalent and 
only contain the symmetrical isomer.32d3h 

As seen, [Co3(dpa)4Cl2] (as well as the analogues bearing different 
axial fragments) undergoes two one-electron oxidations displaying 
features of chemical reversibility in the cyclic voltammetric time scale, 
Table 6. 

As discussed in Chapter 4, Section 1.3, the appearance of two 
sequential oxidations allows a preliminary determination of the extent of 
charge delocalization in the mixed-valent monocations [Co3(dpa)4X2] + . 
The separation of 0.8-0.9 V between the two anodic processes leads to 
Kcom values of the order of lo'', which should imply that the monocation 
belongs to the completely delocalized mixed-valent Class 111. As a matter 
of fact, chemical oxidation (by NOBF4) allowed isolation of the 
monocation [ C ~ ~ ( d p a ) ~ C l ~ ]  $- .32f In agreement with the electrochemical 
reversibility of the first anodic step, it shows an (almost) symmetric C O ~  
chain substantially similar to that of the original (symmetric) precursor, 
Table 7. In agreement with the likely extended charge delocalization, the 
variation in Co-Co bond lengths are minimal, if any, but a significant 
shortening of the axial Co-C1 distances occurs. These data suggest that 
also in this case the HOMO of the neutral complex has a chlorine 
antibonding and a metal nonbonding character.32f 

Somewhat different are the structural and electrochemical aspects of 
[Cr3(dpa)4C12]. Like [ C ~ ~ ( d p a ) ~ C l ~ ] ,  the linear Cr3 complex can adopt 
either the symmetric, or the unsymmetric ge~metry.~'" In CH2C12 
solution [Cr3(dpa)4C12] undergoes two one-electron oxidations (E;;. = 
+0.07 V; EYl2+ = +0.83 V, vs. Fc/Fc+) and a one-electron reduction 
(I?",;_ = -0.51 V), all the processes displaying features of chemical 
rever~ibility.~'" Chemical oxidation allowed also in this case the 
obtainment of the monocation [Cr3(dpa)4C12] + , but in contrast to 
[ C ~ ~ ( d p a ) ~ C l ~ ]  $- , it has been found that it prefers the unsymmetrical 
geometry, Table 8. 
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Table 6 Formal electrode potentials ( V  vs. Fc/Fc+) for  the redox 
processes exhibited by complexes [ C ~ ~ ( d p a ) ~ X *  J in 
CH2C12 solution 

[C03(dpa)4C121 + 1.24 + 0.32 32f 
[C03(dpa)4Br21 + 1.25 + 0.35 32i 
[CO3(dP44(CN)21 + 1.01 + 0.28 321 

Table 7 Selected structural parameters (average distances, 2) for  the redox 
couple [Co3 ( d p ~ ) ~ C l ~  lo/+ (atom labelling refers to Figure 4 )  

Complex Col-Co2 Co2-co3 Col-CI Co3-CE Reference 

sym-[Co3(dpa)4C12Ia 2.34 2.34 2.49 2.49 32g 
unsym-[Co3(dpa)4C12]" 2,30 2.47 2.43 2.36 32g 
[C03(dpa)4C121+ a 2.33 2.34 2.36 2.37 32f 

a Crystallographic data at room temperature. 

Such behaviour has been interpreted assuming that in this case the 
electron removal is localized on one of the two outer Cr atoms, and hence 
[Cr3(dpa)4C12]+ can be viewed as possessing the authentic Cr( 1)"- 
~ r ( 2 ) "  - ~r(3) '"  electronic configuration. 'Od 

The last trinuclear dpa complex we will consider is [Ni'(dpa)4C12], the 
electrochemical behaviour of which is known.31 In fact, complexes such 
as [M3(dpa)4C12] (M = Cu, Ru, Rh) have been structurally character- 
i ~ e d , ~ ~ ~ ~ ~  but nothing has been reported on their redox activity. 

In contrast with the Co and Cr analogues, [Ni3(dpa)4C12] has been, up 
to now, crystallized only in the symmetrical geometry (Ni-Ni bonding,' l a  

or, alternatively, Ni-NNi nonbonding31b distances of 2.43 A, and Ni-Cl 

Table 8 Selected structural parameters (average distances, d) for  the redox 
couple [Cr3(dpa)4Clz]oi+ (atom labelling is related to Figure 4)  

Complex Crl-Cr2 0 2 - 0 3  Crl-CI Cr3-Cl Counteranion Reference 

~yrn - [Cr~(dpa )~CI~]"~~  2.37 2.37 2.55 2.55 - 3 Oc 
~ym-[Cr3(dpa)4C12]~~~ 2.37 2.37 2.56 2.56 - 30c 
unsym- [Cr3(dpa)4C12]"'b 2.0 1 2.61 2.54 2.53 - 30c 
un~ym-[Cr3(dpa)4C12]">~ 2.35 2.37 2.56 2.55 - 30c 

2.01 2.56 2.45 2.28 [FeC14]- 30d 
2.09 2.48 f f w61- 30d 

[ C ~ - ~ ( d p a ) ~ C l ~ ] + " * ~  2.01 2.55 2.44 2.27 [AlC14]- 30d 

a Crystallographic data at 213 K; CH2C12 interstitial solvent; crystallographic data at 295 K; thf 
interstitial solvent; toluene interstitial solvent; unresolved. 
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of 2.34 A). Such a neutral complex, in CH2C12 solution, only exhibits a 
chemically reversible one-electron oxidation (E,";, = + 0.91 V, vs. 
Ag/AgCl).3 I' Unfortunately, oxidation with AgPF6 afforded [Ni3(d- 
P ~ ) ~ ] ( P F ~ ) ~ , ~  I' which does not allow a direct evaluation of the structural 
consequences of the electron removal. 

To conclude the section, we recall that ligands somewhat related to 
dpa also give rise to linear trinuclear complexes. This is the case of 
2,6-bi~(phenylamino)pyridine,~~ 2,6-bi~(phenylamino)piperidine,"~ and 
bis (2-pyridyl)f0rmarnidine.~* At the moment, however, no (significant) 
electrochemical investigation has been carried out on their metal 
complexes. 

3.2 Tetranuclear Complexes 

A few linear tetranuclear complexes of ligands related to dpa have been 
structurally characterised, namely [Ni4(phdpda)4] (phdpda = dianion of 
N-phenyldipyridylamine),39 [C~4(dphip)~]~  + (dphip = anion of 2,6- 
bi~(phenylamino)piperidine),~~~ and [Cr4(dpf?4C12]2 + (dpf = anion of 
bi~(2-pyridyl)forrnamidine),~~ but no pertinent electrochemical investi- 
gation is available. 

3.3 Pentanuclear Complexes 

Figure 5 shows the crystal structure of [C05(tpda)4(NCS)2].~* 
All the Co atoms are co-linear and are separated from each other 

by metal-metal like bond distances (really, theoretical calculation 
assigns Co-Co bond order of At variance with the trinuclear 

Figure 5 ( a )  X-Ray crystal structure of [Co5(tpda)4(NCS)z] 
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complexes, they have a substantially symmetric geometry. The same 
structural features are exhibited by complexes bearing different axial 
ligands [ C O ~  (t~da)~(X>,] (X = C1, N3, CN, S03CF3).40b 

As illustrated in Figure 6, all the pentacobalt complexes display at 
least two chemically reversible one-electron oxidations at about 
+0.35 V and + O M  V, respectively, and a one-electron reduction at 
-0.50 V, which in some cases is partially chemically reversible.40b 

The separation between the first two electron oxidations (AEo'= 
0.5 V) affords Kcom values of about 3 x lo8, which suggests that also 
in this case the corresponding monocations [ C ~ ~ ( t p d a ) ~ ( X ) ~ ]  + should 
belong to the completely delocalised mixed-valent Class 111. As a 
matter of fact, oxidation by silver salts allowed the corresponding 
monocations to be isolated and crystallographically ~haracterized.~'~ 
As Table 9 shows, all the Co-Co distances undergo a slight 
elongation, which agrees with the charge delocalization. As in the 
case of the trinuclear analogues, the axial Co-X distances slight 
decrease, indicating the antibonding character of the axial substituents 
in the neutral species. 

The quite similar series [Ni,(t~da)~(X),] (X = C1, N3, CN, NCS) 
has been structurally Although also in this case 

E (V, vs. Ag/AgCI) 

-0.5 +0.5 +1.5 
I I I I I I 

Figure 6 Cyclic voltammmograms recorded in CH2C12 solutions of complexes 
[C05 ( t P d 4 4 ( W 2 1  
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Table 9 Selected interatomic distances (A) for  the redox couples [Co5 
( t p d ~ ) 4 ( X ) 2 / ~ "  (atom labelling refers to Figure 5 )  

Complex COl-CO2 CO2-Co3 CO3-Co4 CO4-COS COI-X COS-X 

:Co5(tPda)4(C1)21 2.28 2.23 2.23 2.28 2.44 2.44 
;C05(fPda)4(C1)2If 2.30 2.25 2.24 2.28 2.42 2.41 
Co5@Pda)4(NCS)21 2.28 2.23 2.23 2.27 2.08 2.07 
jCo5(tpda)4(NCS)2]+ 2.29 2.24 2.24 2.28 2.08 2.04 
:Co5(tpda)4(S03CF3)2] 2.25 2.22 2.22 2.25 2.24 2.24 
: C 0 ~ ( t p d a ) ~ ( S 0 ~ C F ~ ) ~ ]  + 2.28 2.25 2.24 2.29 2.19 2.21 

the Ni/Ni distances fall within apparent bonding lengths, theoretical 
calculation leads to Ni-Ni bond order of O.,la In contrast to 
[C~~(tpda),(X)~I,  the outer Ni-Ni distances are significantly longer 
(by about 0.1 A) than the inner ones. In addition, in spite of the 
lacking electrochemical information, the monocation [Ni5(tpda), 
(S03CF3)2] + has been i~o la t ed .~ '  Interestingly, here all the Ni-Ni 
distances are slightly shorter than those of the neutral complexes, 
thus suggesting that the one-electron removal induces direct Ni-Ni 
bonding interactions. 

We finally mention that [Cr5(tpda)4(C1)2] has been also structurally 
The five Ni" atoms are assumed to form alternating 

Ni-Ni bonds, or Ni-Ni. - .Ni-Ni. . -Ni.42c Such a bonding situation is 
even more evident in the monocation [C~-~( tpda )~ (F)~]  + .42b Also in this 
case the oxidation process [Cr5(tpda)4(X)2lo/+ has not been electro- 
chemically followed. 

3.4 Higher Nuclearity Complexes 

It is hoped that, exploiting the coordinating ability of oligo-a- 
pyridylamines with more and more nitrogen atoms, longer and longer 
metal string complexes will become available. 

Actually, the heptanuclear complexes [M7(teptra)4(X)2] (M = Cr, 
X = Cl;,' M = Ni, X = C1, NCS39144) have been structurally character- 
iaed, but no electrochemical information is available. The same 
(unfortunately) holds for the highly spectacular nonanuclear complex 
[Ni9(peptea)4(C1)2] illustrated in Figure 7.45 

Scheme 3 gives an overall picture of the Ni/Ni distances (in A) 
on passing from [Ni5(tpda)4(Cl)2] to [Ni7(teptra)4(C1)2] to [Ni9 
(peptea)4(C1)21 .45 
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\N~~N-N-N-N"-N-N' 
I I I I I I I  

CI-Ni-Ni-Ni-Ni-Ni-Ni-Ni-CI 
2.38 2.31 2.22 

[Ni7(teptra)&li] 

\ N f i " ' W ~ N ~ N ~ N ~ N n N n N /  

I I I I 1 I I 1 I 
Ni - Ni - Ni-CI 

2.29 2.25 2.24 
CI-Ni- Ni- Ni- Ni- Ni- Ni- 

2.39 

"is(peptea)4C121 

Scheme 3 

As seen, they maintain the trend: the closer to the middle the Ni atoms, 
the shorter are the intermetallic distances. 

4 ISOCYANIDES AND NITRILE LIGANDS IN POLYNUCLEAR 
LINEAR COMPLEXES 

Isocyanides are long known as ligands able to afford linear polynuclear 
complexes. This is, for example, the case of the trinuclear [Rh3 
(C6HSCH2NC) + ,46 and tetranuclear [Rh4(NC(CH2)3NC)8Cl]5 + ,47 

complexes, the electrochemical behaviour of which is, however, unknown. 

Figure 8 X-Ray crystal structure of the [Rh6(MeCN)24J9t unit of IRh(MeCN),+ 
(BF4)b..5],. Average interatomic distances: Rh2-Rh3 = 2.84 A; Rh3-Rh4 = 
2.93 A 
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E (V vs. Ag/AgCI) 
I I I I 

-0.5 +0.5 

Figure 9 Cyclic voltammmogram recorded at a platinum electrode on a MeCN solution of 
f Rh;' (Me CN)10]4 + 

An interesting electrochemical behaviour is linked to the hexanuclear 
motif [Rh6(MeCN)24]9+ illustrated in Figure 8, which constitutes the 
repeating unit of the polymer [Rh(MeCN)4(BF4)1 .5]n.48 

Such a polymer is generated by cathodic electrocrystallization of a 
MeCN solution of [Rh'12(MeCN)10]4+.48 In fact, as shown in Figure 9, 
the tetracation undergoes in MeCN solution a one-electron reduction to 
the unstable trication [Rh"Rh1(MeCN)1ol3+ (EP = -0.05 V vs. Ag/ 
AgCl), which in turn evidently polymerizes to the mixed-valent polymer 
[Rh11*1(MeCN)4(BF4)1 .5]n.48 The assembly of Rh(1) and Rh(I1) centres 
could be responsible for the two types of Rh-Rh bond lengths (both 
them, however, being longer than the Rh-Rh distance of 2.62 A in 

Polymeric mixed-valent Rh(1)-Rh(I1) complexes of the type [Rh2(Me- 
C02)(N-N)2(anion)ln (N-N = bipy, phen; anion = BF4, PF6) have been 
also structurally ~haracter ized,~~ but no electrochemical intervention has 
been occurred in their preparation. 

Finally, we point out that further structural assemblies exist in the 
construction of linear "metallic" frames (such as: Au3 and A U ~ , ~ '  Pd3 
and Pd4,51 Ir4,26), but no pertinent electrochemical investigations on their 
electron transfer ability have been carried out. 

4 +  48 [Rh:' ( M e w  101 ). 
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CHAPTER 12 

The ‘Direct’ Electrochemistry 
of Redox-active Proteins 

1 INTRODUCTION 

The term ‘direct’ electrochemistry of proteins means the possibility to 
detect the ‘direct’ exchange of electrons between the active site@) of a 
protein and a (metallic or inert material) electrode without the help of 
redox mediators, which might favour an ‘indirect’ interaction between 
the electrode and the protein (see the discussion on Electrocatalysis in 
Chapter 2, Section 1.4.4). This aspect of electrochemistry is not yet as 
widely explored as it deserves, but the relevant results are now analysed 
in a rather comprehensive fashion. l4 

Most mechanisms which control biological functions, such as cell 
respiration and photosynthesis (already discussed in Chapter 5, Section 
3.1), are based on redox processes. In particular, as shown again in 
Figure 1, it is evident that, based on their physiological redox potentials, 
in photosynthesis a chain of electron carriers (e.g. iron-sulfur proteins, 
cytochromes and blue copper proteins) provides a means of electron 
transport which is triggered by the absorption of light. 

Other biological redox processes are for instance important in the 
bacterial degradation of chemical products found in the soil (such as the 
oxygenases illustrated in Chapter 9, Section 1.1). 

As electrochemistry is particularly suitable for studying electron 
transfer events, its application to biological redox processes appears 
reasonable. Unfortunately, the difficulties encountered and the few 
results obtained until the beginning of the 1980s meant that it became 
firmly believed that it would not be possible to use this technique to study 
the direct electron transfers activated by proteins. The basis of this 
scepticism were the following: 
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0 the slow rate of diffusion of biological molecules (due to their high 
molecular weight) resulted in very low faradaic currents; 

0 as the electroactive site is buried within the protein chain, direct 
electron exchange with the electrode is considerably impaired; 

0 the first results using a mercury electrode indicated that even when 
a direct interaction between electrode and redox active site could 
be established, it caused denaturation of the protein; 

0 the easy adsorption of proteins onto the electrode can cause severe 
poisoning of the electrode surface. 

In biological systems the movement of an electron from a donor to an 
acceptor site is a quite common and apparently simple event. In reality, 
however, electron transfers over distances greater than 10 A are 
frequently necessary, which means that the electron transfer can be a 
slow process. In fact, according to the Marcus theory, the rate constant 
for electron transfer between two redox sites, ket (s?), is given by? 

1013 1 

where: 

A = structural reorganization energy (eV) necessary such that the 
donor and acceptor sites have geometrical arrangements able 
to favour the electron transfer; 

AGO =change in the free energy (eV) that accompanies the redox 
process; 

d = the separation (A) between the two redox sites; 
p =  a constant (Ap1) which measures how quickly the rate of 

the electron transfer decreases with distance; normally about 

When the electron-transfer sites are well separated (d >> 3 A) the last 
1 A-l. 

term of the above expression approximates to 1. Hence, it reduces to: 

This relationship, which shows that the rate of an electron transfer 
process decreases exponentially with the separation, is usually used to 
evaluate the separation between redox sites when it is possible to measure 
ket . 

For some years the distance between redox centres was considered 
as the rate determining step of electron transfer processes. However, 
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it is now recognized to be only one of the different factors which raise 
the energy barrier of electron transfer (such as structural changes 
concomitant with the electron transfer, spatial disposition of the protein 
with respect to the electrode surface, and other factors we will now 
examine). In this regard, it has been calculated that if the distance 
between the point of contact on the electrode surface and the active site is 
less than 10 A, one can have fast reversible electron transfer. 

The points which render the redox processes of proteins occurring at 
an electrode different from those which proceed via chemical routes are 
the following: 

0 at the electrode-solution interface there is the double layer region of 
molecular dimensions that is organised in function of the charge 
imposed to the electrode by the applied potential; 

0 proteins are also charged, but, contrary to electrodes, they have an 
asymmetric rather than a symmetric charge distribution. 

Consequently, electrostatic interactions at the electrode-solution 
interface between electrodes and proteins can occur at all potential 
values, independent of the sign of the overall protein charge. Hence, the 
asymmetric distribution of charge on the protein, due to the presence of 
positive and negative protein sites, means that irrespective of the global 
charge the protein can be adsorbed onto the electrode surface for any 
value and sign of the electrode potential. Therefore, with respect to an 
electrode, proteins can be active either by a simple electrostatic 
adsorption taking place at any potential value, or by diffusion triggered 
by an electron exchange occurring at the standard potential value of the 
specific redox process. One should thus always keep in mind that upon 
employing voltammetric techniques there exists the possibility that 
protein adsorption on the electrode surface can occur. Furthermore, it is 
possible that in extreme cases a protein is oxidized or reduced only when 
it is adsorbed on the electrode surface. 

2 ELECTROCHEMISTRY OF CYTOCHROMES 

Cytochromes are iron-porphyrin based (hemo)proteins ubiquitous both 
in the animal and plant kingdom specifically deputed to electron 
transport processes. As represented in Scheme 1, there are four main 
classes of cytochromes: a, b, c, d, respectively, depending upon the heme 
type they contain? 
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Scheme 1 

Further classifications among cytochromes belonging to the same 
class are made using symbols related to the order of their participation 
in electron-transfer chains or to the wavelength of their maximum 
absorbance. 

The different cytochromes display rather similar redox activity, i.e. 
the reversible Fe(II1) Fe(I1) process, but their redox potentials 
change with the peripheral substituents of the Fe(II1)-porphyrin 
(particularly, as a function of the axially coordinated groups). 

As an initial example let us consider the chemical reduction of 
cytochrome c (FW = 12 400), a protein which plays a series of important 
roles in living organisms. The structural effects of the Fe(III)/Fe(II) redox 
process are known from crystallographic data, Figure 2.7a2b2c 

As can be seen, the addition of one electron, corresponding to the 
Fe(III)/Fe(II) reduction, does not cause significant structural changes in 
the octahedral coordination sphere of the iron centre. Rather, structural 
variations are concerned with a series of hydrogen bridges which destroy 
and form in the peripheral zone (between residues 40-80), as a 
consequence of protonation/deprotonation processes triggered by the 
electron transfer. Indeed, the coupling of electron transfer to proton 
transfer is fairly common in biochemical processes8 (in general reduction 
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Figure 2 ( a )  X-Ray structure of the active site of the tunafish cyctochrome c. ( b )  The 
most signlJicant structural changes caused by the Fe(I l l ) /Fe(II)  reduction. 
Solid lines represent the reduced state; dashed lines represent the oxidized state 

is associated with protonation, whereas oxidation is associated with 
deprotonation), and has its origin in the different capacity of protons to 
penetrate the molecular frame of the oxidized cytochrome c compared to 
that of the reduced cytochrome c. 

One may deduce that, based on the absence of significant structural 
changes at the active site, the electron transfer process should be fast 
(which means electrochemically reversible). 

When using electrochemistry to monitor directly the Fe(III)/Fe(II) 
reduction it is important to keep in mind that cytochrome c, at pH 7, in 
the oxidised state has an overall charge of + 7.5, whereas in the reduced 
state it has a charge of +6.5.# 

Figure 3 shows the cyclic voltammograms of cytochrome c recorded in 
aqueous solution either when the protein is adsorbed (or immobilized) 
on the electrode (Sn02) surface (a), or when it diffuses to a gold electrode 
pretreated by adsorption of 4,4/-bipyridyl (b). 

Apart from the general appearance and the different current densities, 
it is evident that the reduction process is really reversible (Eo’ = + 0.26 V 
vs. NHE, AEp = 60 mV at the different scan rates) for both experimental 
conditions. As one might expect, in the case of adsorption (Figure 3a) 

# Such overall charges are calculated on the basis of the amino acid composition. In other words, it is 
determined by the number of negative charges due to the COO- groups of glutamate, aspartate and 
cysteinate and the number of positive charges due to the NH; groups of lysine, arginine and 
histidine and those of the metal ion itself. 

However, the knowledge of the isoelectric point (PI) is immediately sufficient to allow one to 
know if the overall charge of a protein is positive or negative, in that a pZ higher than 7 means that at 
pH 7 the protein is positively charged, whereas a p l  lower than 7 means that at pH 7 the protein is 
negatively charged. Accordingly, the isoelectric point of cytochrome c is 10.2. 
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Figure 3 Cyclic voltammograms recorded at diferent scan rates in aqueous solution 
(pH 7) of cytochrome c, under the following experimental conditions: 
( a )  protein adsorbed on the SnOz electrode surface; ( b )  Au electrode 
pretreated with bipyridyl; protein in solution 

the current increases linearly with the scan rate, whereas in the case of 
simple diffusion (Figure 3 b) the current increases linearly with the square 
root of the scan rate. 

From hereafter, we will neglect the electrochemical aspects of redox 
processes of ‘adsorbed’ proteins, in order to consider in more detail 
redox processes governed by diffusion of the protein in solution. As 
mentioned in Chapter 2, Section 1.6, the case of adsorbed species is in 
some ways easier to treat, given the absence of the mathematical laws of 
mass transport, but in some cases it may be complicated by anomalous 
currents or electrode poisoning. 

It is immediately evident from Figure 3b that ‘pre-treatment’ of the 
electrode surface is essential for a ‘direct’ electrochemical study of 
proteins. The reason for the success achieved using an electrode on 
which 4,4’-bipyridyl has been pre-adsorbed is shown in Figure 4. 

Since oxidized cytochrome c, at pH 7, has an overall positive charge of 
+7.5, it means that it bears an excess of NH; groups. Hence, the acti- 
vated complex formed through hydrogen bonds between the lysine 
groups of the protein and the pyridyl nitrogen atoms adsorbed on the 
electrode surface, is thought to provide a good route for the rapid 
exchange of electrons. This hypothesis is supported by the observation 
that if the process is recorded at pH 4, where the pyridyl nitrogen atoms 
are already protonated, the electrochemical activity disappears. 

The investigation on the use of molecules suitable for modifying the 
electrode surface so as to favour electron transfers with proteins 
(so-called promoters, which are non-redox active molecules and therefore 
unable to act as redox mediators) has determined that they must be 
bifunctional molecules X-’W‘-Y, in which X is a group able to 
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Figure 4 ( a )  Typical cyclic voltammogram of cytochrome c recorded at a gold electrode 
the surface of which has been modiJed by bipyridyl ( p H  7 ) .  ( b )  The hypothesis 
of the interaction between the electrode surface and the protein 

produce an almost irreversible adsorption with the electrode surface, Y is 
the functional group able to electrostatically interact with the protein 
and the spacer -'W'- can be either an aliphatic or an aromatic chain. 

Usually X is a group able to act either as a-donor, or as n-acceptor, 
such as 4-pyridyl-N, -SH, -S-S-, or -PR,. 

The effectiveness of the Y groups can be divided into two classes: 

0 neutral groups, such as 4-pyridyl-N, anilines Ar-NH2, which are 
slightly basic, hence able to form hydrogen bonds with the lysine 
residues -NH: ; 

0 anions such as carboxylates, sulfonates, phosphonates, phosphates, 
which can interact with the -NHT residues either through hydrogen 
bond formation, or through salt reaction. 

Within the promoter there can be subtle structural differences that 
influence the polar interaction with the protein. For example, Figure 5 
illustrates the cyclic voltammograms of cytochrome c obtained at a gold 
electrode modified with isomers of pyridine-carboxylaldehyde-thiosemi- 
carbazone (PATS). 

As seen, the shift of the pyridyl nitrogen atom from para (PATS-4) to 
ortho (PATS-3), to meta position (PATS-2), making more and more 
difficult the hydrogen bond formation with the -NH:residues of the 
protein, progressively worsens the voltammetric response. 

Recently, an inorganic promoter as [ R U ( C N ) ~ ( S ~ ~ > ] ~  (Spy = 4-thio- 
pyridine) adsorbed on a gold electrode surface also proved to be very 
effective in the direct electrochemistry of cytochrome c; the tetraanion not 
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Figure 5 Cyclic voltammograms of cytochrome c recorded at gold electrodes mod$ed 
with diferent isomers of PATS 

only strengthens the stability of the adsorbed layer, but its negative charge 
also provides a favourable electrostatic interaction with the protein.’ 

The selective pretreatment of electrodes also has the advantage of 
preventing the occasional adsorption of other molecules, which is very 
probable when working with biological materials. 

However, modification of the electrode surface is not the only way in 
which one can facilitate reversible electron transfer between an electrode 
and a protein site. The indispensable condition is that the electrode 
surface is electrostatically compatible with the protein surface. 

An example is represented by the reduction of cytochrome c using a 
pyrolytic graphite electrode suitably prepared. In fact, as schematised in 
Figure 6, this type of carbon material (briefly alluded to in Chapter 3, 
Section 1.1) has a solid state structure fairly close to the ideal structure of 
graphite. 

In the electrode construction, this anisotropic material can be cut 
either ‘parallel’ to the basal benzenoid-like carbon planes formed by C/C 
covalent bonds (plane ab),  or ‘perpendicular’ to the carbon layers where 
the C/C bonds are van der Waals type (planes ac and bc). 

Figure 7 shows the cyclic voltammetric responses of cytochrome c 
obtained at pyrolytic graphite electrodes treated in various ways. 



548 

C 
Chapter 12 

a 

b 

Figure 6 Schematic representation of the layered structure of pyrolitic graphite 

Edge 

1-1 I200 900 600 
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Figure 7 Cyclic voltammograms of cytochrome c recorded at different types of pyrolitic 
graphite electrodes. Also shown are the relative E S C A  spectral patterns which 
show the OfC ratio in the different treated electrode material ( a  scale 
enlargement (x 3)  is shown for  the 01, peak) 
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As one can see, at an electrode freshly cut along the basalplane the 
response is fairly poorly defined, whereas if the electrode is cut along 
the edge planes (i.e. perpendicular to the carbon layers) the response 
becomes reversible. As can be inferred from the ESCA (electron spectro- 
scopy for chemical analysis) data, the explanation of this behaviour is 
that when the cut is made in the basal plane a quasi-metallic, hydro- 
phobic surface is formed with the carbon valencies almost saturated 
(O/C = 0.02). Conversely, when the cut is made in the edge plane an 
unsaturated surface is created which can generate a high number of C-0 
functional groups, such as carbonyl, phenol, carboxylic (O/C = 0.33). 
These groups impart to the electrode surface a hydrophilic, and hence a 
negative character in neutral or basic solutions. This favours the 
eletrostatic interaction with those proteins that have a positive charge. 

It is also evident that polishing (with alumina) the surface cut parallel 
to the basal planes can improve the response. In fact, the mechanical 
action breaks the covalent C/C bonds, which then reform binding oxygen 
from the air (O/C = 0.11). 

It is noted that the glassy carbon electrode behaves as the perpendi- 
cularly cut pyrolytic graphite electrode. 

In support of the explanation presented above, using perpendicularly 
cut pyrolytic graphite in solutions containing agents (such as amino- 
Cr(II1) salts or Mg2+ ions) which neutralize the negatively charged 
functional C/O groups, Scheme 2 (with consequent weakening of the 
electrostatic interaction with the protein), the redox activity is 
significantly reduced, Figure 8. 

electrode 

Scheme 2 

In summary, the overall successful effect has been assigned to the fact 
that any pretreatment of either the electrode surface (use of promoters, 
use of specific carbon electrodes, with the eventual generation of 
functional COO- groups) or the solutions (addition of multicharged 
cationic species, proper choice of pH) creates at the bare electroinactive 
surface more and more specific microscopic active sites able to favour the 
exchange of electrons with proteins." This means that, in the absence of 
proper pretreatments, the electrode surface does not possess specific sites 
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Figure 8 Cyclic voltammograms of cytochrome c recorded at an edge-oriented 
pyrolitic graphite electrode. In the absence ( a )  and in the presence ( b )  of 
r c r ( l v ~ , ) ~ i ~ +  

to favour the electron transfer, and the cyclic voltammogram is quite flat 
(for instance, Figure 8b). As soon as the pretreatment is started, the 
number of specific sites begins to increase and the cyclic voltammetric 
response improves more and more (for instance, Figure 8a). 

As illustrated in Figure 9, a single specific microscopic active site 
created at the electrode surface is sufficient to afford a ‘sigmoidal’ curve, 
in that the mass transport is governed by radial diffusion (see Chapter 2, 
Section 1.1.1.1), even if in this case relatively low faradaic currents 
are generated at the microsized active electrode. Upon increasing 
the number of specific sites through the proper prefunctionalization of 
the electrode surface, the mass transport, because of the overlap of the 
multiple radial diffusion layers, becomes governed by linear diffusion 
and the voltammogram assumes the typical ‘peak-shaped’ profile, giving 
rise to relatively high faradaic currents. 

Let us pass to other cytochromes. Cytochrome f (or cytochrome ~552) 
(FW = 15 000), the crystal structure of which is known,” is an electron 
carrier present in the photosynthetic chain and also possesses a positive 
overall charge. It exhibits a reversible Fe(III)/Fe(II) reduction at a gold 
electrode modified with 4,4’-dithiopyridine,’* Figure 10. 

The process occurs at potential values slightly more positive (by about 
20 mV) that those of cytochrome c. 

It is also interesting to look at the electrochemical behaviour of bovine 
liver cytochrome b5 (FW = 16 000), a microsomal protein of known 
crystal s t r ~ c t u r e , ’ ~  which forms a complex with cytochrome c and pos- 
sesses a negative overall charge. As illustrated in Figure 11, such protein 
affords a reversible Fe(III)/Fe(II) reduction (EO’ = + 0.0 1 V vs. NHE) at a 
gold electrode modified using as promoter a cysteine-lysine-cysteine 
peptide. In fact, as shown, it is assumed that the modified electrode surface 
exposes a positive charge to the negatively charged protein. l 4  

Similar results have been obtained at a gold electrode modified using 
P-thiopropionate as promoter. 
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Figure 9 Schematic representation of the conversion of the difusive movement of a species 
towards the electrode from radial to linear with the increase of the number of 
microscopic sites present at the electrode surface. Electrode of radius r 

It is interesting to note that the outer mithocondrial membrane 
cytochrome b5, which is isostructural with the microsomal cytochrome 
b5,16 reduces, under the same experimental conditions, at slightly more 
negative potential values (E”’ = -0.05 V vs. NHE),17 suggesting the 
presence of minor structural differences. 

We consider now the electrochemical behaviour of an unusual 
cytochrome, namely cytochrome c3. This protein (FW = 14 000), 
which was first found in anaerobic sulfate reducing Desulfovibrio 
bacteria and then in the facultative anaerobic Shewanella putrefaciens, 
is one of the few (at the moment) proteins containing more than one 
heme group18 (for instance, the crystal structures of the diheme 
cytochrorne c4, l9  the triheme cytochrome c ~ , ~ ~  the octaheme cytochrome 
C C ~ , ~ *  the nonaheme cytochrome ~ H c c , ~ ~  up to the 24-heme hydro- 
xylamine ox idored~c tase~~  are known). As illustrated in Figure 12, 
cytochrome c3 from Desulfovibrio vulgaris is a tetraheme c y t o ~ h r o m e ~ ~  
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Figure 10 Cyclic voltammograms at a modijied gold electrode (see text) of: 
( a )  cytochrome c; ( b )  cytochromef. Aqueous solution buflered at p H  7.3 

(some structural differences exist with respect to the heme core of 
Shewanella b a ~ t e r i a ~ ~ ) .  

Cytochrome c3 has a positive charge (PI = 10.5) and displays 
problems of adsorption at a mercury electrode. However, these problems 
are avoided using a glassy carbon electrode, Figure 13,26 in that, as said 
above, such a material behaves as a negatively charged surface. 

In spite of the presence of four Fe(II1)-porphyrin groups, the reduc- 
tion process in cyclic voltammetry substantially appears as a single 

I NH,+ - S - CH2 - C,H 
c=o 

CH-CH,-CH,-CH~-CH~-NH~+ 

0 

4 
E (V vs. NHE) 

I I 
-0.2 0 .o +o .2 

Figure 11 Cyclic voltammogram of cytochrome b5 recorded at a gold electrode pretreated 
with Cys-Lys-Cys. Aqueous solution at p H  7.0 (KC1 0.1 mol dm-3). Scan rate 
0.005 Vs-' 



The ‘Direct ’ Electrochemistry of Redox-active Proteins 553 

Figure 12 X-Ray structure of the active site of cytochrome c3 

E (V vs. NHE) 
r ~ 1 1 1 1 i  
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Figure 13 Cyclic voltammograms recorded at a glassy carbon electrode in an aqueous 
solution (pH 7) of cytochrome c3. Scan rates: 0.002, 0.004, 0.007 V s-’ 

reversible four-electron process ( E O ’  = -0.32 V vs. NHE), due to 
essentially overlapping processes. Even if potentiometric measurements 
reveal four microscopic separate electron additions (in the range from 
- 0.29 V to -0.37 V vs. NHE27), it can be stated that the four electrons 
are added at essentially the same potential value, which implies that there 
is very little electronic communication among the four heme groups. 
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Before leaving our discussion of cytochromes, it is instructive to 
examine the voltammetric response of cytochrome c at a gold electrode 
modified by hydroxoalkanethiol carbon chains of variable length, 
Figure 14.28 

As can be seen, the increase in separation between the electrode 
surface and the redox-active site operated by the variable-in-length 
carbon chain {from (CH2)3 to (CH2)11} makes the process change from 
electrochemically reversible to irreversible. In fact, in agreement with the 
(simplified) Marcus equation, ket = lO”/ePd, the rate of the electron 
transfer is considerably reduced with the distance d. 

The modification of electrode surfaces by adsorbates can be related to 
a further successful way to obtain direct electrochemical responses from 
enzymes.29 In particular, application of films mimicking biomembranes 
(which are structurally constituted by assemblies of both phospholipids 
and proteins) allowed to achieve positive electrochemical results 
from enzymes, the direct redox behaviour of which escaped the above 
mentioned methodologies. The rationale is that most enzymes are 
naturally active when bound to membranes.” In this connection, 
biomembrane-like films are obtained by mixing surfactants and proteins, 
spreading the liquid mixture on the electrode surface and drying. As a 
typical example, Figure 15 shows the cyclic voltammetric behaviour in 
aqueous solution of a cytochrome P450cam-DMPC film at a basal-plane 
pyrolytic graphite electrode (the phospholipid DMPC is dimyristoylpho- 
~phatidylcholine).~’ The reversibility of the Fe(III)/Fe(II) reduction is 
evident. 

A short introduction to cytochrome P45Ocam is needed. The term P450 
historically refers to the pigment obtained by reduction of the involved 

4 - 0  

E (V vs. SCE) 

Figure 14 

I I I I I 1 1- 
~~ 

-0.8 -0.4 0.0 +0.4 

Cyclic voltammograms recorded in an aqueous solution of cytochrome c 
(pH 7.1) at gold electrodes modijied by: ( a )  3-hydroxo-1-propanthiol; 
( b )  11-hydroxo-I-undecanthiol. Scan rate 0.5 V s-’. T = 0°C 
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Figure 15 Cyclic voltammogram recorded in a aqueous solution (pH= 7 )  of a 
cytochrome P45OC,,-DMPC thin jilm at a basal plane pyrolitic graphite 
electrode. Scan rate 0.1 V s-' 

biological system under CO atmosphere; it absorbs at 450 nm. 
Cytochromes P450 are ubiquitous b-type heme proteins containing a 
cysteine thiolate in axial position which catalyze hydroxylation of a wide 
number of aromatic or aliphatic substrates (they hence act as 
monooxygenases, see Chapter 9, Section 1. l).31 In particular, cytochrome 
P450,,, catalyses the hydroxylation of camphor to isobutyrate and 
acetate in the soil bacterium Pseudomunus putida; the molecular structure 
of its heme core in the camphor-free form is shown in Figure 16.32 

It must be taken into account that the redox potential of protein 
films slightly depend on the nature of the surfactants themselves and 

9 

Q 
Figure 16 X-Ray structure of the active site of cytochrome P45fC,,. In the camphor- 

bound form the bond distances are: Fe-S = 2.20 A ;  Fe-N = 2.05 A".33 
The heme geometry of the camphor-free form is substantially similar to that of 
the camphor-bound form; the only diference is that the iron atom is dtsplaced 
from the tetrapyrrole plane towards the axial sulfur atom by 0.30 A in the 
camphor-free form, and by 0.44 A in the camphor-bound form 
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Table 1 Formal electrode potentials (V vs. NHE) for  the one-electron reduction 
of substrate-free cytochrome P450,,, under diferent experimental 
conditions 

pH aqueous solution 7.0 7.0 7.4 
DDABa - film forming surfactant DMPC 

type of pyrolytic graphite electrode basal plane basal plane edge plane 
temperature ambient ambient 6" C 
E"' -0.12 + 0.02 -0.28 
reference 30 30 34 

a DDAB = didodecyldimethylammonium bromide. 

also slightly differ from those obtained from proteins in solution, see 
Table 1. 

It is interesting to note that despite the overall negative charge of 
cytochrome P45OCa, (pZ= 4.55) at pH 7, it gives a successful 
voltammetric response at the negatively charged edge-plane electrode. 
This has been attributed to the fact that a specific positive charge pattern 
is most likely present at the protein surface, such as to favour a local 
electrostatic i n t e r a ~ t i o n . ~ ~  It is also interesting to know that the 
camphor-bound cytochrome P45OCam, the molecular structure of which 
is known,33 reduces at potential values less negative than the substrate- 
free congener by about 0.14 V,34 whereas, under CO atmosphere, it 
reduces at potential values less negative by about 0.06 V.30 

3 ELECTROCHEMISTRY OF IRON-SULFUR PROTEINS 

Iron-sulfur proteins are non-heme electron carriers present in a wide 
range of living organisms and are known to cover different and 
important roles in biological processes. They will be treated here in 
order of their increasing iron content. 

The simplest of these proteins are rubredoxins, which are bacterial 
proteins having a characteristic red colour (from which their name is 
derived) containing an FeS4 assembly, consisting of an Fe(II1) ion 
coordinated to four cysteine groups. The typical tetrahedral structure of 
this group is illustrated in Figure 17 for the rubredoxin isolated from 
Clostridium pasteurianum (FW = 6 

One obviously expects that these Fe(II1) compounds exhibit a Fe(III)/ 
Fe(I1) reduction. However, since the protein has a total negative charge 
of -13 at pH 7 (pZ = 3), a situation which is electrostatically opposite to 
that of cytochrome c, it is fairly intuitive that the use of a perpendicularly 



The 'Direct' Electrochemistry of Redox-active Proteins 557 

Figure 17 X-Ray structure of the active site of the rubredoxin from Clostridium 
pasteurianum 

cut pyrolytic graphite electrode does not favour the electrostatic 
interaction between the electrode surface and the protein. As discussed 
above, this can be overcome by the use of positively charged 
additives (Mg2 + salts, [Cr(NH3>,l3 + , [Pt(NH3>,l4 + ), which compensate 
the negative charge of the electrode. Figure 18 shows that through the use 
of such an artefact one obtains well-shaped voltammetric responses 

Similar well-shaped responses have been obtained at a gold electrode 
using the aminoglycoside neomycin (neomycin sulfate), which is a 
positively charged promoter favouring the electrostatic interaction with 
negatively charged proteins.36 

Rubredoxins have E"' values for the Fe(III)/Fe(II) reduction which 
range from +0.05 V to -0.05 V vs. NHE.37 

The second class of iron-sulfur proteins contains an 2Fe-2S core. 
The first subclass of such proteins is that of 2Fe ferredoxins. These 
are proteins from plants or algae containing an Fe2S2 core formed by 
two Fe(II1) ions linked by two sulfide bridges, each Fe(II1) ion being 
in turn bound to two cysteinyl thiolate residues, according to the 
formula [ (C~s)~Fe"~(p~-S)~Fe~ '~(Cys)~]~- .  Figure 19, for example, 
shows the molecular structure of the ferredoxin from Spirulina 
platen~is.~' 

These proteins (FW == 11 000) bear a strongly negative charge (-1 8 in 
the oxidised state; -19 in the reduced state). It is therefore expected that 
treating a 'perpendicular' pyrolytic graphite electrode with positive 
additives will afford good results. In effect, under those conditions 

(E"' = -0.07 V VS. NHE).3 
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O + O  E (V vs. NHE) 
I 1 1 1 1 1 1  

-0.4 -0.2 0.0 +0.2 

Figure 18 Cyclic voltammograms recorded at an edge-oriented pyrolitic graphite 
electrode in an aqueous solution (pH 8)  of the rubredoxin from Clostridium 
pasteurianum. In the absence (a)  and in thepresence (b )  of [Cr(NH3)6/3+. 
Scan rate 0.02 v s-' 

cys-s S s-cys 4. / \ ..+ 
Fe Fe 

cps* ' s ' 's-cys 

Figure 19 X-Ray structure of the active site of the 2Fe ferredoxin of Spirulina platensis 
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Figure 20 Cyclic voltammograms recorded at an edge-oriented pyrolitic graphite 
electrode in an aqueous solution (pH 8 )  of spinach ferredoxin. In the absence 
( a )  and in the presence ( b )  of [Cr(NH3)6/3'. Scan rate 0.02 V s-' 

one obtains a reversible one-electron reduction ( E O '  =-0.40 V vs. NHE), 
Figure 20.3 

Concerning the 2Fe ferredoxins, the reduction process [2Fe-2SI2 + / + ,  
which corresponds to the redox change: 

+e 
Fe;" Fe"'Fe" 

-e 

occurs at potentials between -0.43 V and -0.24 V (vs. NHE).37 On this 
basis they are classified as 'low potential' iron-sulfur proteins. 

The other subclass of 2Fe-2S electron carrier proteins is constituted by 
the Rieske-type iron-sulfur clusters, or Rieske ferredoxins. This class 
of proteins in turn divides in two subclasses: (i) those which are active in 
the respiratory or photosynthetic chains (Figure 1) of eukaryotes and 
prokaryotes; (ii) those present in a few aromatic ring-dihydroxylating 
dioxygenases. Like 2Fe ferredoxins, the iron-sulfur core of these 
proteins is formed by two Fe(II1) ions linked by two sulfide bridges, 
but, in contrast with the former proteins, one of the two iron centres is 
linked to two histidine ligands (rather than to two thiolates), according 
to the formula [(Cy~)2Fe~~~(p~-S)~Fe~~~(His)2]'. Figure 2 1, which refers to 
the iron-sulfur assembly of the respiratory bcl complex,39 exemplifies 
the molecular structure of the Rieske ferredoxins. 
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Figure 21 X-Ray structure of the Rieske ferredoxin o$ bovine heart mitockondrial bc, 
complex. Fel-S = 2.25 A;  Fe2-N ==: 2.15 A;  Fel. . .Fe2 = 2.71 A; SFeIS = 
105.6": NFe2N = 90.8" 

Crystal structures of the Rieske centres in photosynthetic com- 
ponents (namely the b6 f complex)40 or in biphenyl dioxygenase41 
display substantially similar geometrical features. It is important to 
consider that either in the respiratory/photosynthetic subclass or in the 
bacterial dioxygenase subclass the Rieske centres lie near the protein 
surface. 4w2 Such common peripheral location is in some way 
connected with the redox aptitude of these proteins. In fact, like the 
2Fe ferredoxins, the Rieske ferredoxins undergo reversible Fe:'I/Fe"'- 
Fe'l one-electron reduction; in the case of the membrane-associated 
complexes the formal electrode potential of such a redox step markedly 
varies with pH, whereas in dioxygenases it is independent of pH. An 
earlier explanation proposed that in the respiratorylphotosynthetic 
complexes the dependence of the potential from pH likely arose from 
the solvent exposure of the Fe2S2 cluster, which causes protonation/ 
deprotonation of the histidinyl ligands; in contrast, the pH-independent 
potential of dioxygenase-type Fe2S2 clusters was attributed to the fact 
that the iron-sulfur assembly was probably buried inside the protein 
loops and hence inaccessible to solvent effects. In reality, the structural 
findings that in all cases the Rieske centres are located close to the 
protein surface, make rather complex the explanation of the depen- 
dence of the redox potential from pH on the basis of macroscopic 
structural 

This being stated, what is really striking is the difference in 
redox potentials between the two Rieske subclasses. In fact, 
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in membrane-associated complexes the Fe:ll/Fell'Fell reduction occurs 
in the range from +0.3 V42 to +0.15 V43(vs. NHE), at pH = 7.0, 
whereas in dioxygenase complexes it occurs at -0.15 V (vs. NHE).44745 
In this connection, Figure 22 compares the cyclic voltammetric 
profiles exhibited by the 2Fe-2S cluster present in bcl complex45 and 
that present in biphenyl-dioxygenase f e r r e d ~ x i n ~ ~  in aqueous solution, at 
pH = 7.0. 

More simple is to account for the difference between the relatively high 
redox potentials of Rieske ferredoxins and the low potential values of 
plant 2Fe ferredoxins. In fact, the dianionic form of plant ferredoxins 
[(Cy~)2Fe"'(p2-S)2Fe'~~(Cys)~]~- certainly electrostatically disfavours 
electron addition with respect to the neutral charge of Rieske ferredoxins 
[(Cy~)~Fe'~'(p~-S)~Fe~~~(His)2]~. 

The next class of iron-sulfur proteins contains Fe3S4 clusters. The 
commonest example of such proteins is that of 3Fe ferredoxins, which are 
found in bacteria. As shown in Figure 23, in these proteins the Fe& 
cluster belongs to the class previously defined as having an 'incomplete' 
cuboidal geometry (Chapter 8, Section 1. l).46 

Potentiometric data assign to the [3Fe4S] +lo process: 

+e 

-e 
Fe;" 2 Fe:"Fel' 

potential values of about 4 . 1 5  V (vs. NHE).37 In this connection, 
however, it is interesting to discuss aconitase, an enzyme which catalyses 
the citrate/isocitrate interconversion in the Krebs cycle. In fact, in its 
catalytically inactive form, it possesses a cubane-like [3Fe4S] + 

&+o &+O 

E (V vs. NHE) 
I I I I I I I l I I I  

-0.1 +0.3 +0.7 -0.3 -0.1 +0.1 

Figure 22 Cyclic voltammograms recorded in aqueous solutions of Rieske fragments 
from: ( a )  bc, complex; glassy carbon working electrode; p H  7.2; 
( b )  (recombinant) biphenyldioxygenase; (basal) pyrolitic graphite working 
electrode (in the presence of the positively charged additive neomycin) ; p H  7.0. 
Scan rate 0.01 v s-' 
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cys-s , s-cys 
SJ- F,", 
I Fe-s I 

Fe-1-S 
cys-s' 's 

Y 
Figure 23 X-Ray structure of the active site of the 3Fe ferredoxin of Deswlfovibrio gigas 

(which can physiologically convert to the catalytically active cuboidal 
[4Fe4SI2+ form47b discussed below). As illustrated in Figure 24, such an 
[3Fe-4S] + pseudo-cuboidal form exhibits a reversible one-electron 
reduction at an edge-plane pyrolitic graphite electrode (E"' = - 0.27 V 
vs. NHE, at pH 7.4). 

It is, however, evident that either the electrode potential linearly shifts 
towards more negative values, or the current decreases, with P H . ~ *  

The fact that aconitase is positively charged (PI= SS),  not only agrees 
with the successful response at the negatively charged edge-plane 

E (V vs. SCE) 
I I I I I 

-0.6 -0.2 +0.2 
Figure 24 Square wave voltammograms recorded at an edge-oriented pyrolytic graphite 

electrode in buflered aqueous solutions of [3Fe-4S] aconitase. ( a )  p H  6.2; 
( b )  p H  7.5; ( c )  p H  8.2. Scan rate 0.1 V s-' 
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pyrolytic graphite electrode, but also explains the progressive decrease of 
the current. In fact the increase of pH, attenuating the positive charge of 
the protein disfavours the electrostatic electrode-protein interaction. On 
the other hand, the shift of the potential with pH indicates that electron 
transfer is coupled to a concomitant proton transfer.48 

A further interesting aspect is given by the fact that the cuboidal Fe3S4 
cluster of aconitase at pH 3 9.5 assumes the linear Fe3S4 assembly 
discussed in Chapter 8, Section 1.1. As a matter of fact, under the 
experimental conditions of Figure 24, but at pH 9.5, the [3Fe-4S]+/O 
reduction occurs at E”’= -0.28 V, or at a potential value less negative 
than the value of -0.35 V expected on the basis of the above cited linear 
cathodic shift with pH if the Fe3S4 would have maintained its incomplete 
cuboidal geometry.48 

Recently, another protein, which would possess a linear Fe3S4 core, 
has been characterized, but electrochemical data are not available.49 

Let us now pass to the proteins containing the ‘complete’ cuboidal 
Fe4S4 unit, already mentioned in Chapter 8, Section 1.2. They can be 
divided into two distinct classes: 

0 the so-called ‘high potential’ proteins (HIPIP) (FW == 9800); 
0 the ‘low potential’ 4Fe ferredoxins (FW = 5500). 

The molecular structure of a member of each class is shown in 

Potentiometric results indicate that: 
Figure 25. 50351 

0 the ‘high potential’ proteins undergo an oxidation process [4Fe- 
4SI2+/’+, which corresponds to the sequence: 

Asp30 

Phe48 

m F e  0 s  

Figure 25 X-Ray structure of the active sites of the 4Feproteins: ( a )  HiPIP Chromatium 
vinosum; (b )  Bacillus thermoproteolyticus 
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characterized by potential values in the range from +0.1 V to 
+0.46 V (vs. NHE).37 
the low potential 4Fe ferredoxins undergo a reduction process [4F- 
4S]*+'+, which is described as: 

+e 
Fe;" Fei' . Fell1 Fe!' 

-e 

characterized by potential values in the range from -0.42 V to 
-0.28 V ( V S .  NHE).37 

Directly related to the single Fe4S4 proteins are the bacterial 8Fe 
ferredoxins, which contain two Fe4S4 units (FW = 6000), Figure 26.52 

These ferredoxins also possess an overall negative charge (-12 in the 
oxidized state). In fact, as Figure 27 shows, the use of a 'perpendicular' 
pyrolytic graphite electrode in the presence of positively charged addi- 
tives (actually, decamethonium bromide = DM2 + = Me3N(CH2)lo 
NMe32f) reveals a single two-electron reduction with features of 
reversibility ( E O '  = -0.38 V vs. NHE).3 

Figure 26 X-Ray structure of the active site of the 8Fe ferredoxin of Peptococcus 
aerogenes 



The 'Direct' Electrochemistry of Redox-active Proteins 

(4 G+Q 
565 

-t 0 

li' E (V vs. NHE) 
I I I 

-0.5 -0.3 -0.1 

Figure 27 Cyclic voltammograms recorded at an edge-oriented pyrolitic graphite 
electrode in an aqueous solution (pH 8 )  of the 8Fe ferredoxin of Clostridium 
Pasteurianum in the absence (a)  and in the presence ( h )  of OM2'. Scan rate 
0.02 vs-* 

The addition of one electron by each Fe4S4 cluster at the same 
potential indicates that there is no electronic interaction between the two 
iron-sulfur clusters. 

For these proteins, the reduction process [2(4Fe4S)]4+12+ is 
described as: 

+2e 
2 Feil'Feil 2 Fe"'Fe\' 

-2e 

The process occurs at potentials of about -0.45 V (vs. NHE).37 
The last class of iron-sulfur proteins to be considered is that of the 

bacterial 7Fe ferredoxins, which contain both an Fe3S4 and an Fe4S4 
cluster. Figure 28 shows the molecular structure of that from 
Azotobacter vinelandii (FW = 12 700).53 

Since these proteins have a negative charge, one can expect that their 
voltammetric behaviour may be studied using a 'perpendicular' pyrolytic 
graphite electrode in the presence of positively charged additives. In fact, 
the 7Fe ferredoxin from Sulfolabus acidocaldarius, which has an overall 
negative charge of -22, displays a well defined voltammetric response at 
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Figure 28 X-Ray structure of the active site of the 7Fe ferredoxin of Azotobacter 
vinelandii 

a perpendicular graphite electrode in the presence of the positively 
charged additive neomycin, Figure 

As expected on the basis of the presence of an Fe3S4 and an Fe& 
cluster the response displays multiple redox processes. As a matter of fact 
there are three consecutive reduction processes, namely A, B and C, with 
characteristics of chemical reversibility . The processes A and B involve 
one-electron additions, whereas process C is a two-electron step. 
Processes A and C are assigned to the Fe3S4-centred reductions 
[3Fe-4SIt/' and [3Fe4S]Oi2-, whereas the central system B is assigned 
to the Fe4S4-centred reduction [4Fe-4SI2+/+ . The redox potentials 
(vs. NHE) for these processes are: 

Figure 29 

I I 

-0.8 -0.4 olo 
Cyclic voltammogram recorded at an edge-oriented pyrolitic graphite electrode 
in an aqueous solution ( p H  6.4) of the 7Fe fervedoxin of Sulfolabus 
acidocaldarius in the presence of neomicin sulfate 
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+e +2e 
Fe;" Fe;"Fe" Fe;' 

-e -2e 
peak-system A peak-system C 
E"' = -0.27 V E"' = -0.66 V 

-e 
peak-system B 
E"' = -0.53 V 

In confirmation of the chemical and electrochemical reversibility of 
these processes, the one-electron reduced complex of the 7Fe ferredoxin 
of Azotobacter vinelundii has been structurally characterized. The Fe& 
cluster, on which the first reduction is centred, maintains a quasi- 
cuboidal geometry essentially unaltered with respect to the oxidized 
form; some minor structural variation is observed on the peripheral 
amino acids? 

It is recalled that in Chapter 9, Section 2, the electrochemical behaviour 
of the FeMo cofactor from FeMo-nitrogenase, was reported. It possesses 
a heteronuclear iron-molybdenum-sulfur (MoFe7S9) cluster, which has 
similarities with the above discussed iron-sulfur proteins. 

4 ELECTROCHEMISTRY OF BLUE COPPER PROTEINS 

Blue (or 'type 1') copper proteins (or cupredoxins) are important 
components of biological electron transfer processes in many organisms 
ranging from bacteria to animals, from fungi to plants? They are 
characterized by: 

0 a very strong absorption band at = 600 nm, with an extinction 
coefficient (E = 4 x lo3 M-' cm-') 10 to 100-fold greater than most 
Cu(I1) complexes, which imparts their blue coloration; 

0 an EPR spectrum characterized by small hyperfine coupling 
constants (All = - 5 mT) in the gll region; 

0 a Cu(II)/Cu(I) redox potential considerably higher than that of the 
Cu2+/+ couple in aqueous solution (+ 0.16 V vs. NHE). 

Let us start our examination with the prototypical blue protein 
plastocyanin, found in the thylacoid membrane of chloroplasts, where it 
acts as an electron carrier in photosynthesis (see Figure 1). As Figure 30 
illustrates, the active site of plastocyanin is formed of a Cu(I1) ion 
(pseud0)tetrahedrally coordinated to two histidine nitrogen atoms and 
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Figure 30 X-Ray structure of the active site of poplar plastocyanin 

two sulfur atoms, one from a methionine and one from a cysteine 
residue.57 In fact, the coordination can be typically seen as a nearly 
trigonal planar (His)2Cu(Cys) centre bound to a more remote Met ligand. 

The protein (FW = 10 500) has an overall negative charge (pZ = 4.2. 
In particular: -8 in the oxidized state; -9 in the reduced state). It is, 
therefore, expected that in order to have a good voltammetric response 
for the Cu(II)/Cu(I) reduction using a ‘edge-plane’ pyrolytic graphite 
electrode, a positively charged additive (e.g. [Pt(NHJ6I4+) is necessary, 
Figure 3 1 . 3  

The electrochemical reversibility of the Cu(II)/Cu(I) process 
(Eo’= +0.36 V vs. NHE) is in agreement with the X-ray structure 
of reduced plastocyanin, which shows that the active site maintains its 
trigonally distorted tetrahedral geometry with a slight lengthening 
(of about 0.1 A) of the Cu-N distances. 

It is interesting to note that the plastocyanin from the alga Anabaena 
variabilis has a similar structure to that isolated from poplar, while 
having a different amino acid sequence?’ This results in an overall 
positive charge of +2. Thus, as shown in Figure 32a, it affords a well- 
shaped response for the Cu(II)/Cu(I) reduction ( E O ‘  = + 0.32 V vs. NHE) 
using a ‘perpendicular’ pyrolytic graphite electrode, without the presence 
of additives. 

In confirmation of such an electrostatic interaction, the addition of 
positively charged additives compromises the response, Figure 32b.59 
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Figure 31 Cyclic voltammograms recorded at an edge-oriented pyrolitic graphite 
electrode in an aqueous solution (pH 6) of spinach plastocyanin. In the 
absence (a )  and in the presence (b )  of [Pt(NH3)6/4’. Scan rate 0.02 V s-’ 

The molecular structure of another blue protein, the ‘phytocyanin’ 
(phytocyanins are electron carriers found in the non-photosynthetic part 
of plants) cucumber basic protein (FW= 10 loo), also known as 
plantacyanin, is shown in Figure 33!’ 

In this case also, the Cu(I1) ion is coordinated to two histidine nitrogen 
atoms, a cysteine sulfur atom and a methionine sulfur atom with a 
distorted tetrahedral geometry. Since this protein has an overall positive 
charge ( p l  = 10.6), it gives a well formed response for the Cu(II)/Cu(I) 
reduction (I?’’= +0.32 V vs. NHE) simply using a glassy carbon 

(b) 

E (V vs. AgIAgCI) 

/------ 

Figure 32 Cyclic voltammograms recorded at an edge-oriented pyrolitic graphite 
electrode in an aqueous solution (pH 7.0) of plastocyanin from Anabaena 
variabilis. In the absence ( a )  and in the presence ( a )  of Mg(I I )  salts. Scan 
rate 0.01 v s-’ 
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Figure 33 X-Ray structure of the active site of plantacyanjn from Cucumis sativ!s 
(cucumber). Bond lenphs: Cu-NIHis3gJ = 1.?3 A;  Cu-N(HiS84) = 1.95 A ;  
Cu-S(CJs7g) = 2.16 A;  CU-S(Met8Yj = 2.16 A 

electrode, Figure 34,61 which, as previously mentioned, behaves as the 
negatively charged 'perpendicular' pyrolytic graphite electrode. 

As illustrated in Figure 35, the same redox behaviour is exhibited 
by the positively charged blue protein pseudoazurin (FW = 13 400; 
p l  = 8.9), a class of proteins devoted to reduction of NO2- to NO in 
denitrifying bacteria. 

In agreement with the electrochemical reversibility of the Cu(II)/Cu(I) 
reduction (dEp = 60 mV at 0.001 Vs-'; E"'= +0.28 V vs. NHE),61 
which preludes a substantial maintenance of the original molecular 

I I I I I I 
+0.2 +0.4 +0.6 

Figure 34 Cyclic voltammogram recorded at a glassy carbon electrode in an aqueous 
solution (pH 6.0) of Cucumis sativus plantacyanin. Scan rate 0.001 V s-' 
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Figure 35 ( a )  X-Ray structure of pseudoazurin (from Alcaligenes faecalis). ( b )  Cyclic 
voltammogram recorded at a glassy carbon electrode in an aqueous solution 
(pH 8.0) of pseudoazurin (from Achromobacter cyclostases) . Scan rate 
0.001 vs-’ 

structure,62 the reduced Cu(1) protein (crystallized at pH 7.8) maintains 
the pseudotetrahedal geometry of the Cu(I1) congener.63 In particular, as 
a consequence of the one-electron addition, the Cu-N(His8 1) elongates 
from 2.13 A to 2.29 A, the Cu-N(His40) remains unaltered at 2.16 A, 
the Cu-S(Cys78) passes from 2.16 A to 2.17 A, and the Cu-S(Met86) 
elongates from 2.76 A to 2.91 A. 

Another interesting blue protein is steZZacyanin (FW = 20 000) from the 
Japanese lacquer tree Rhus vernicifera, in which, with respect to the other 
cupredoxins, glutamine replaces the methionine ligand.64 SteZZacyanin 
also bears an overall positive charge (pZ= 9.9). It, therefore, gives a 
reversible Cu(II)/Cu(I) response at a glassy carbon electrode in aqueous 
solution (pH 7.6)? The formal electrode potential of the Cu(II)/Cu(I) 
reduction ( E O ’  = + 0.18 V vs. NHE) is the lowest among cupredoxins. 

In this last connection we must mention the copper protein with the 
highest Cu(II)/Cu(I) potential, namely rusticyanin, a blue copper pro- 
tein (FW = 16 500) highly stable in acid solution (pH = 2), which, 
through its Cu(II)/Cu(I) cycling, contributes to maintaining the Fe(II)/ 
Fe(II1) respiratory chain of the gram-negative bacterium ThiobaciZZus 
f e r r o ~ x i d a n s . ~ ~  Oxidized rusticyanin possesses the typical distorted 
trigonal planar geometry of the other blue Cu(I1) proteins, even if the 
weakest Cu-S(Met) bond is here even weaker (Cu-S(Metl48) = 2.9 A), 
Figure 36? 

Since rusticyanin is positively charged (PI= 9. 1), its electrochemical 
response should be tested at negatively charged electrodes (namely, edge- 
plane pyrolitic graphite or glassy carbon electrodes). As a matter of fact, 
no positive response is obtained at a carbon paste electrode, but in 
the presence of a promoter such as 4,4’-bipyridyl a sufficiently resolved 
cyclic voltammetric response is obtained, Figure 37.67 
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Figure 36 X-Ray structure of rusticyanin 

The Cu(II)/Cu(I) reduction occurs at E"' = + 0.47 V vs. Ag/AgCl 
(E"' = + 0.67 V vs. NHE), the highest potential found in blue copper 
proteins. Attempts have been made to correlate such a potential value 
with the presence of the abnormally weak axial Cu-S bond. Nevertheless, 
more complicated structural factors seem to be responsible.68 

In agreement with the chemical reversibility of the Cu(II)/Cu(I) 
reduction, the reduced form of rusticyanin possesses a copper 
coordination quite similar to that of the oxidized form.69 

A further cupredoxin we consider is mavicyanin from green zucchini 
peelings (FW = 12 700),70 a positively charged phytocyanin (PI = 8.85) 
the copper site of which is very similar to that of the above discussed 

I 1 -  I I 

+0.2 +0.4 +0.6 +0.8 
Figure 37 Cyclic voltammogram recorded at a carbon paste electrode pretreated with 4,4'- 

bipyridyl in an aqueous solution (pH 2.2) of rusticyanin 
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+ O  

NHE) 
I I I I I 

0.0 +0.2 +0.4 

Figure 38 Cyclic voltammogram recorded at a pyrolitic graphite electrode in an aqueous 
solution (pH 6.0) of Zucchini mavicyanin. Scan rate 0.02 V s-' 

pzantacyanin. Figure 38 shows the cyclic voltammogram recorded at a 
pyrolitic graphite ele~trode.~'  

It undergoes a reversible Cu(II)/Cu(I) reduction (Eo'= +0.22 V vs. 
NHE). Quite similar behaviour has been obtained using a gold electrode 
using bis(4-pyridy1)disulfide as promoter.72 

Finally, we examine azurin, a blue protein (FW = 14 000) devoted to 
bacterial electron transport, the copper centre of which has a penta- 
coordinate trigonal bipyramidal geometry, at variance with all the other 
cupredoxins, Figure 39.73 

In fact, in addition to the usual strong N2CuS in-plane coordination 
[Cu-N(His46); Cu-N(Hisll7); Cu-S(Cysl12)], in axial positions there 
are either the usual weak fourth Cu-S bond [Cu-S(Met121)], or an 

\ Met121 

Figure 39 X-Ray structure of the copper centre in azurinfrom Pseudomonas Aeruginosa 
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E (V vs. NHE) 
I I I 

0.0 +0.3 +0.6 

Figure 40 Cyclic voltammograms recorded at a carbon paste electrode pretreated with 
4,4‘-bipyridyl in an aqueous solution of azurin (from Pseudomonas 
Aeruginosa) bufered at p H  7.0. Scans at diferent times: (i) after 4 min; 
(ii) after 13 min; (iii) after 85 min 

unusual fifth weak bond with the carbonyl group of a glycine residue 

As shown in Figure 40, azurin, which is negatively charged ( P I =  5.4), 
affords a reversible Cu(II)/Cu(I) reduction ( E O ’  = + 0.31 V vs. NHE) at 
a carbon paste electrode pretreated with 4,4’-bi~yridyl.~~ 

The slight variations of the voltammetric profile with time are due to 
slight absorption of the protein on the carbon electrode. 

Once again electron addition causes a general elongation of the 
copper-to-ligand bonds LCu-N(His44): from 2.10 to 2.14 A; 
Cu-N(His117): from 2.03 A to 2.12 A; Cu-S(Cysll2): from 2.25 A to 
2.28 A; Cu-S(Metl21): from 3.13 A to 3.21 A; Cu-O(Gly45): from 
2.96 A to 3.06 A],’ while maintaining the distorted trigonal bipyramidal 
geometry of the copper centre.56b 

[CU-O( Gly45)]. 
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CHAPTER 13 

Linear Correlations Between 
the Redox Potential and Other 
Chemical and Physico-chemical 
Parameters 

The redox potential of an electron transfer process involving a metal 
complex is influenced by various factors; typically, in addition to the 
many times cited inductive effects of the ligands (together with the 
eventual substituents of the ligands themselves) and the stereochemistry 
of the redox couples, the degree of solvation of the complex and the 
temperature also play an important role. In an attempt to rationalize the 
effects of these factors on the redox potential, as well as the relationship 
between the redox potential and the spectroscopic properties of the 
complex, linear correlations between redox potential and widely differing 
chemical and physico-chemical properties have been investigated. 

Since such correlations belong to a series of treatments which are 
commonly identified as Linear Free Energy Relationships (LFER), and as 
only the standard potential is an electrochemical quantity directly linked 
with free energy (AGO = -n - F - AE"), one can make use of these 
mathematical treatments only in cases of electrochemically reversible 
redox processes (or in the limit of quasireversibility). Only in these cases 
does the measured redox potential have thermodynamic significance. 

1 REDOX POTENTIAL AND ELECTRONIC EFFECTS 
OF THE LIGANDS 

The electronic effects that ligands can have on the redox potential of a 
metal complex have been considered in the following way: 

579 
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0 electron-donating ligands render oxidation easier and reduction 

electron- withdrawing ligands render oxidation more dzficult and 
more dificult 

reduction easier. 

In order to put the discussion on a more quantitative basis we consider 
one of the more traditional and conceptually simpler methods. 
Obviously, when speaking about 'ligands' one must take into account 
that a ligand can bear different substituents. To correlate the variation of 
the redox potential of a metal complex with the electronic effects played 
by the substituents of an aromatic ring ligand one uses the Hammett 
equation in its electrochemical form: 

AE"' = p - 0  

where: 
AE"' = the difference between the redox potential of the complex 

containing the substituted ligand and that of the complex 
containing the unsubstituted ligand 

p = constant which measures the sensitivity of the redox potential 
to the electronic effects of the substituents 

o = Hammett parameter which assigns a numerical value to the 
electronic effects of the substituents 

The values of the Hammett 'constant?, o7 normally refer to the 
inductive electronic effects of the substituents in meta (om) or para (up) 
positions of aromatic rings. 

Electron- withdrawing groups have positive 0 values, whereas electron- 
donating groups have negative 0 values. 

When the substituent groups enter resonance with the reaction centre 
through bonds, it may be necessary to modify the values of the o con- 
stants on the basis of either the inductive or resonance effects. In this case 
the situation becomes complicated and will not be treated further here.' 

Values of the constants om and op for a number of substituents are 
reported in Table 1. A more extensive list of substituents can be found in 
the literature.' 

The Hammett equation has been further extended to include 
substituents of aliphatic systems too. In this case the constants that 
quantify the inductive effects, which are represented as o*? have different 
values compared to those concerned with aromatic systems and are 
defined as Taft constants. Some values of these latter are also reported in 
Table 1. 

As an example of the application of this method we can con- 
sider the cobalt complexes of bis(sa1icy1deneamine-3-propy1)amine7 
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+0.20 
E O' 

(V) O.OO 

-0.20 

-0.40- 

Table 1 0 (for substituents of aromatic rings) and c* (for substituents 
of aliphatic groups) values for common substituents 

- 

cow. coeff. = 0.94 
corr. coeff. = 0.97 

- 

- 
-a - P-ct 
P-Wc H m - 0 ~  

Substituen t owl 6 U  6* 

0.00 
-0.07 
+ 0.43 
-0.07 
+ 0.06 
+ 0.21 
-0.06 
-0.04 
-0.08 
-0.07 
-0.10 
+ 0.12 
+0.15 
+0.10 
+ 0.35 
+ 0.37 
+ 0.06 
-0.16 
-0.16 
+ 0.71 
+ 0.34 
+ 0.37 
+ 0.39 
+ 0.35 

0.00 
-0.17 
+ 0.54 
-0.15 
-0.04 

-0.13 
-0.15 
-0.16 
-0.12 
-0.20 
-0.27 

0.00 
-0.24 
+ 0.42 
+ 0.45 
-0.01 
-0.83 
-0.66 

+ 0.23 

+ 0.78 
+ 0.06 
+ 0.23 
+ 0.23 
+0.18 

+ 0.49 
0.00 

-0.10 

-0.11 
-0.19 
-0.13 
-0.12 
-0.30 
-0.22 

-0.18 

+ 2.00 
+ 0.60 

+ 0.97 
+ 0.41 
+ 0.37 
+ 0.38 
+ 0.38 

[Co(R-X-Saldpt)] (already mentioned in Chapter 5, Section 5, and 
Chapter 9, Section 1.3). The values of the Co(II)/Co(III) oxidation 
potential for different substituents are compiled in Chapter 9, Table 1. 

As Figure 1 shows, there is a linear relationship between the redox 
potentials and the electronic effects of the substituents for the two series 

-0.50 0.00 +0.50 +l .oo +1.50 
20 

Figure 1 Dependence of the formal electrode potentials of the Co(II)/Co(III) oxidation 
for [Co( R-X-Saldpt)] derivatives on the electronic effects of the substituents 
(m) R=H; (a) R=Me 
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of derivatives (R=H, Me) if the substituents are considered to be in a 
meta or para position with respect to the phenolic oxygen. In contrast, if 
one prepares an analogous plot considering the substituents in meta or 
para position with respect to the CH=N group, a linear relationship is 
not obtained. 

This implies that the path by which the substituents drive electron 
density towards, or attract electron density from, the cobalt atom 
passes through the XC6H4-O-Co-O-CgH4X bonds. It is noted that 
the molecules under study have two aromatic rings. Therefore, the 
parameter 20 is reported along the x-axis. 

To illustrate an example of substituents on aliphatic ligands, let us 
consider the case of a few triferric-metallacycle clusters of general 
formula [Fe3(C0)8(RC2R)2], Scheme 1. 

R 

Scheme 1 

These complexes undergo two consecutive one-electron reductions 
with features of chemical and electrochemical reversibility both in 
MeCN and CH2C12 solution.2 Table 2 summarizes the formal electrode 
potentials for the first reduction process and the sums of the Taft 
constants of the various substituents for each complex. 

Table 2 Formal electrode potentials ( V vs. SCE) for  thejrst  reduction 
process of [Fe3(CO),(RC2R)2] complexes together with the 
relative Taft constants 

Complex MeCN CHZCI, c 6* 
-0.66 
-0.81 
-0.76 
-0.70 
-0.8 1 
-0.74 
-0.73 
-0.73 
-0.72 

-0.75 
-0.94 
-0.83 
-0.74 
-0.86 
-0.83 
-0.79 
-0.80 
-0.78 

+ 2.40 
-0.40 
+ 1.00 
+2.18 
+ 0.78 
+ 1.58 
+ 1.58 
+ 1.80 
+ 1.80 
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-0.6 

-0.7 - 

-0.8- 

-0.9- 

corr.. coeff 
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= 0.92 
= 0.97 

I 
I 1 

0.00 +1.00 +2.00 +3.00 

co* 
Figure 2 The dependence of the reduction potential of the series [Fe3(CO),(RC2R)2/ on 

the sum of the Taft constants of the diferent substituents 

As illustrated in Figure 2, there is a good linear correlation between 
E"' and Co* in both solvents. 

The linear dependence of the sum of the four substituents' Taft 
constants suggests that the electron density due to the substituents is 
delocalized along the entire butadiene system. 

As already mentioned, in order to evaluate the electronic effects of 
the ligands on the redox activity of a metal complex one can also use 
spectroscopic data (usually, IR or NMR). As an example we again 
consider the complexes [Fe3(CO)8(RC2R)2] for which IR and NMR data 
have been reported, Table 3.2 

Table 3 Formal electrode potentials ( V  vs. SCE) for the first reduction process 
of complexes [Fe3(C0)8(RC2R)2] and relative I R  and NMR spectro- 
scopic parameters 

Complex 

-0.66 
-0.8 1 
-0.76 
-0.70 
-0.8 1 
-0.74 
-0.73 
-0.73 
-0.72 

-0.75 
-0.94 
-0.83 
-0.74 
-0.86 
-0.83 
-0.79 
-0.80 
-0.78 

2005 
1990 
1999 
2004 
1996 
1998 
200 1 
2005 
2003 

203.0 
205.9 
204.2 
203.8 
204.8 
204.1 
204.1 
203.9 
203.8 

a The most intense CO band sensitive to electronic variation; average value. 
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-0.6 1 I E;- 
-0.7 

-0.8 1 
cow. coeff. = 0.87 
corr. coeff. = 0.95 

1990 2000 2010 

vco 

Figure 3 The dependence of the reduction potential of [Fe3(CO),(RC2R)2J on the vco 
of the sharp band more sensitive to electronic variation 

Figures 3 and 4 show the trend of the redox potential as a function of 
the stretching frequency and the chemical shift of the CO group, 
respectively. 

In both cases there is a good linear correlation. 
As a general conclusion, one may state that in a homologous series of 

complexes a linear correlation exists between the redox potential and the 
spectroscopic parameters when the variation of both parameters are 
dictated purely by the electronic eflects of the substituents. If these effects 
are present concomitant with steric eflects induced by the substituents, 

I E"d, 
0.7 

I 
i 

-O.i: 

corr. coeff. = 0.92 

corr. coeff. = 0.94 
\ 

203 204 205 206 

6co 

Figure 4 The dependence of the reduction potential of [Fe3(CO)a(RC2R),J on the 
average I3C chemical shift of the CO groups 
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it may happen that one does not observe a linear relationship, unless 
other parameters are introduced (through the use of multi-parameter 
equations) into the correlation equation which take into account the 
steric effects. 

More recent approaches to the effects of the ligands on the redox 
activity of metal complexes are based upon the assumption that 
the electrode potential of a redox change involving a metal complex is 
determined by the additivity of the electronic contribution of all the 
ligands linked to the metal centre, or to the overall balance between the 
a-donor and the n-acceptor capability of each ligand.3 In particular two 
ligand electrochemical parameters have gained popularity: 

the so-called ‘Pickett-Pletcher’ parameter, PL,4a 

the so-called ‘Lever’ parameter, EL.4b 

Since the two parameters are related each other by the empirical 
r e l a t i~nsh ip :~~  

it is possible to pass from one scale to the other. 
Both treatments are essentially concerned with octahedral metal 

complexes (even if these are recent attempts to apply it to other 
geometrical assemblies). 

The numerical value of PL assigned to each ligand reflects the net 
difference between its n-acceptor and its o-donor ability. Table 4 
compiles a list of PL (and EL) values for some common ligands. 

Table 4 PL and E L  values (in V )  for  a f ew  common ligands 
~~ 

Su bstit uen t PL E L  Substituent PL E L  

Br- 
-CH=CH2 
co 
(coo);- 
C6HSN 
CN- 
c1- 
c104- 
F- 
H20 
I- 
MeCN 

-1.17 

0.00 

-0.59 
- 1 .oo 
-1.19 

- 

- 

- 

- 

-1.15 
-0.58 

-0.22 
+ 0.76 
+ 0.99 
-0.17 
+ 0.25 
+ 0.02 
-0.24 
+ 0.06 
-0.42 
+ 0.04 

+ 0.34 
-0.24 

-0.07 
-1.26 
-0.77 
+ 1.40 

- 

-1.16 
- 1.55 

-0.18 
-0.35 
-0.88 

- 

+ 0.68 

+ 0.07 

+ 0.02 
-0.1 1 
-0.25 
-0.59 

-0.30 

- 

+ 0.33 
+ 0.58 
+ 0.39 
-0.06 
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Obviously, those ligands which have weak n-acceptor character 
(which favours oxidation) and strong o-donor character (which also 
favours oxidation) will display a low PL and will contribute to a decrease 
in the oxidation potential (or an increase in the reduction potential). The 
opposite happens for strong .n-acceptors and weak o-donors. 

Let us start with an example of the Pickett-Pletcher treatment. 
Consider the series of the octahedral alkenylcarbyne tungsten complexes 
represented in Scheme 2.6 

Scheme 2 

These derivatives undergo an irreversible oxidation process. Assuming 
that such electron removal involves an electrochemically reversible 
process complicated by fast chemical reactions, a thermodynamic 
meaning can be assigned to the different peak potential values. 

Table 5 compiles the oxidation potentials of a few members of the 
series and Figure 5 shows the relative plot of the oxidation potentials vs. 
the respective PL parameters? 

The plot is linear and obeys the equation: 

Ep = 0.80 P L  + 1.80 

Table 5 Electrochemical parameters for  the oxidation of 
the complexes [ W( X) (CO)  2 (dppe) (CCH-R) ] 
(dppe = PPh,CH,CH,PPh,; R = CJH,) in MeCN 
or thf solution 

X 

~~ 

E P  P L  
( V ,  vs. SCE) ( V ,  vs. NHE)  

CO” 
CN 
c1 
MeCNb 
OCN 
Pmej 
SCN 

+ 1.78 
+ 1.07 
+ 0.82 
+ 1.34 
+ 0.85 
+ 1.45 
+ 1.04 

0.00 
- 1 .oo 
-1.19 
-0.58 
-1.16 
-0.47‘ 
-0.88 

a cis isomer; monocation; estimated from EL. 
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4 1 . 1 . 1 . 1 . 1 . , . I .  
-1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0 

PL (V> 

Figure 5 Plot of the peak potential for the oxidation of [ W ( X )  (CO)z (dppe) (CCH= 
R)] VS. P L  

According to the theory of the ligand additivity, the oxidation 
potentials of a series of complexes having a common metal fragment Ms 
are governed by either the electronic effects of the variable L ligand (the 
net n-acceptor minus a-donor capability), PL, or the electron richness of 
the metal fragment itself, Es, (the higher Es, the lower the electron 
richness): 

where p is a measure of the sensitivity of the redox potential to the 
electronic effects of the ligands or the polarizability of the metal site 
(the lower p, the lower the polarizability). 

This means that in the present series the richness of the 
[W(X)(C0)2(dppe)(CCH=R)] fragment Es is 1.80 and the sensitivity 
p is 0.80. 

Comparison of Es and p values for different families of complexes can 
account for, or allows one to predict their reactivity.4a76 

In conclusion, the present treatment offers the opportunity to evaluate 
the electronic effects played on completely changing one of the ligands 
present in a certain metal complex (in contrast to the Hammett or Taft 
treatment, which make reference to the substituents of the same ligand). 

The Lever treatment is of wider application in that it can be extended 
to (six-coordinate) complexes which have only the same central metal ion 
in common but totally different ligands. Consider the series of iron(I1) 
complexes in Table 6.4b 
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3.0- 

2.5- 

2.0- 

1.5- 

1 .o- 

0.5- 

0.0- 

-0.5- 

Table 6 Formal electrode potentials ( V ,  vs. NHE) for  the 
Fe(II)/Fe(III)  redox change of a series of iron 
complexes in non-aqueous solvents and sum of the 
electrochemical EL parameters ( V ,  vs. NHE) of all the 
ligands 

Complex E"' EEL 

+ 2.64 
+ 1.41 
+ 1.27 
+ 1.33 
+ 1.6 
+0.71 
+ 1.79 
-0.31 

2.74 
1.56 
1.55 
1.49 
1.68 
1.08 
1.98 
0.12 

As Figure 6 shows there is a good linear correlation between the formal 
electrode potentials and the sum of the ligand parameters. Such a linear 
trend obeys the expression: 

E"' = 1.14 - CEL - 0.43 

In this connection, it must be considered that according to the 
theory,4b the following relationship holds: 

which means that the experimental electrode potential is a linear function 
of EEL and the slope S M  reflects the sensitivity of the metal core towards 

E0 * 
(V) 

1 .o 

J I . I . I . l . l . l . l '  
0.0 0.5 1.0 1.5 2.0 2.5 3.0 

=L (V) 
Figure 6 Plot of the Fe(II) /Fe(III)  electrode potential and the overall ligand contribution 

CEL for a series of iron(II) complexes 
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the ligands. In this connection, note that an S M  value of 1 for a series of 
metal complexes implies that the dependence of the electrode potential 
from the ligands is of the same order of that which the same ligands 
would exert towards the Ru(III)/Ru(II) reference couple: the lower S M ,  

the lower such dependence. Importantly, different series of complexes 
exhibiting the same SM value are likely to possess the same 
stereochemistry, and spin state. The intercept ZM in turn essentially 
depends on the access to low or high oxidation states of the metal under 
study. 

It must be taken into account that the Lever equation also allows 
one to predict reliably the formal electrode potential of a redox 
process for those complexes which are eventually so sensitive to 
the working conditions to make difficult the relative experimental 
measurement. 

Finally, a further refinement of the Lever equation4" allows one, in 
applying the treatment of ligand electrochemical parameters EL, to 
account for the presence of eventual aromatic or aliphatic ligands 
bearing different substituents, i.e. to take into account the Hammett, or 
Taft, substituent parameters 0 (above discussed) for a certain ligand. The 
expression is: 

Eobs = SM - EEL + 2 . 3 0 3 L ' p .  Ca + IM 
n . F  

Here, p measures the sensitivity of the redox potential to substitution at a 
ligand L, and C.0 is the sum of the Hammett, or Taft, parameters of the 
substituents attached to L. The symbols R, T, n,  F have their usual 
meaning. 

2 REDOX POTENTIAL AND SOLVENT EFFECTS 

The data of Table 2 have already effectively shown that the solvent 
induces appreciable variations in the formal electrode potential of redox 
processes. Furthermore, such an effect was described during the 
discussion of ferrocene oxidation in Chapter 4, Section 1.1. 

When one tries to rationalize the effect of the solvent on any type of 
chemical reactivity, considerable problems are encountered due to the 
multiple factors responsible for the solute/solvent intera~t ion.~ One of 
the common ways to take into account the solvent effect is to consider it 
in terms of polarity (or polarizability) of the solvent. However, this 
concept is vague and difficult to define precisely. A first tentative 
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explanation was given in terms of electrostatic models of solvation which 
essentially take into account: 

0 the dielectric constant of the solvent 
a the d@ole moment of the solvent. 

The dielectric constant is a measure of the variation of the intensity of 
the electric field observed between the plates of a capacitor when it is 
taken from vacuum into the solvent. 

An electric field induces a dipole moment in non-polar solvent 
molecules and consequently these molecules become electrostatically 
aligned with the electric field according to the field polarity. Hence, the 
dielectric constant describes the capacity of a solvent to separate the 
electric charges of a solute through an appropriate orientation of its 
molecules. 

The solute/solvent interaction is, however, a much more complex 
physical effect than the simple creation of dipole moments in solvent 
molecules and their subsequent reorientation operated by the charges of 
the salts forming the solute. In fact, one can consider: 

a the electrostatic interactions due either to inductive effects, or to 
instantaneous dispersion forces (i.e. van der Waals bonds), or to 
formation of hydrogen bonds, 

a the interactions between Lewis bases and Lewis acids (electron pairs, 
donor and acceptor atoms) 

a the solvophobic interactions. 

Therefore, one must accept that the description of the solvent effect is 
rather complex and cannot be simplistically made on the basis of single 
physical parameters. A large number of parameters (including empirical 
parameters) must be considered which derive from thermodynamic 
calculations (equilibrium constant) and kinetic calculations (rate con- 
stants) performed on a large number of chemical reactions. 

Consequently, it is also apparent that the solvent effect can be 
described on the basis of mathematical relationships between parameters 
which fall within the relationships defined as free energy correlations. In 
fact, the more parameters that are included in the mathematical 
treatment (multi-parameter equations), the better the description of 
the solvent effect that results. However, we will consider here only 
those parameters which take into account the solvent effect on redox 
potentials. 

The empirical parameters most frequently encountered in the 
description of the solvent effect (still in non-SI units) are:7 
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the Dimroth-Reichardt parameter ET(30) (kcal mol-l) 
Gutmann donor number DN (kcal mole-') 
Gutmann acceptor number A N  (dimensionless) 
Kosower value 2 (kcal mol-') 
Brooker parameters xR and XB (kcal mol-') 
the Knauer-Napier parameter AN (G) 
Brownstein parameter S (dimensionless) 
the Kamlet-Taft solvatochromic parameters a, p, n* (cm-') 
the Koppel-Palm parameter B (cm-l) 
the Kagiya electron donor and electron acceptor power AvD, AvA 
(cm- ) 

The measurement units of each parameter give a preliminary 
indication of the nature of these parameters, but for a more precise 
idea of their chemical and physical significance the reader is referred 
to the In the present context it is sufficient to bear in 
mind that most of these empirical parameters can be subdivided into 
parameters which measure the Lewis acidity (hence, the electrophilic 
power) and Lewis basicity (hence, the nucleophilic power) of a 
solvent. 

Table 7 reports a few of these empirical parameters for those solvents 
used most frequently in electrochemistry, together with dielectric 
constants (1) and dipole moments (p, in Debye). 

Table 7 Empirical parameters for  solvents commonly used in electrochemical 
studies 

(acidity) (basicity) (polarity) 

Solvent ET(30) A N  u D N  B 7c* & P 

MeCN 45.6 
PhCN 41.5 
thf 37.4 
CH2C12 40.7 
1,2-C2H4C12 4 1.3 
Me2CO 42.2 
dmf 43.2 
dmso 45.1 
MeN02 46.3 
PY 40.5 
EtOH 51.9 
PC" 46.0 
HCONH2 55.8 

19.3 0.19 14.1 0.31 0.75 36.0 3.96 
15.5 0.00 11.9 0.41 0.90 25.2 3.9 
8.0 0.00 20.0 0.55 0.58 7.4 1.7 

20.4 0.30 0.0 0.00 0.82 8.9 1.5 
16.7 0.00 0.0 0.00 0.81 10.4 1.75 
12.5 0.08 17.0 0.48 0.68 20.7 2.86 
16.0 0.00 26.6 0.69 0.88 36.7 3.86 
19.3 0.00 29.8 0.76 1.00 46.7 3.90 
20.5 0.22 2.7 - 0.85 36.7 3.57 
14.2 0.00 33.1 0.64 0.87 12.3 2.2 
37.1 0.83 21.0 0.77 0.54 24.3 1.70 
18.3 0.00 15.1 0.40 0.83 65.0 4.98 
39.8 0.71 23.0 - 0.97 109.5 3.4 

a Propylene carbonate. 
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As indicated, the parameters ET(30), AN and a measure the acidity, 
whereas the parameters DN and p measure the basicity of the solvents. 
The parameter rc* is not correlated with the acid-base properties, but 
with the capacity of the solvent to act as an electric dipole. 

It should be kept in mind that the terms ‘acidity’ and ‘basicity’ of 
the solvent have to be intended not only according to the Lewis con- 
cept (electrophilic vs. nucleophilic properties), but also according to 
the Bronsted concept (proton donor vs. proton acceptors), or to the 
hydrogen bonding capacity (hydrogen bond donor vs. hydrogen bond 
acceptor) . 

As an example, the variation of the redox potential of the ferrocene/ 
ferrocenium oxidation with solvent is considered. This has already been 
cited in Chapter 4, Table 2, and is now more extensively reported in 
Table 8. 

Among the reported parameters the only one which shows some 
degree of linear correlation with the redox potential is the acidity 
parameter ET(30), Figure 7. 

This suggests that the effect of the solvent on the oxidation process of 
ferrocene is essentially dependent on the electrophilic properties of the 
solvent. 

A more complex example can be found in the oxidation of the 
dinuclear complex [Rh2(form)4] (form = N,N’-di-p-totylformamidi- 
nate). Its lantern-like structure is shown schematically in Scheme 3. lo 

Table 8 Formal electrode potentials ( V  vs. SCE) 
for the one-electron oxidation of ferrocene 
in d ieren t  solvents 

Solvent Supporting electrolyte E”’ 
(0.2 M )  

HCONH;? 
PC” 
MeCN 
PhCN 
thf 
CH2C12 
1,2-C2H4C12 
Me2C0 
drni 
dmso 
MeN02 
PY 
EtOH 

+ 0.25 
+ 0.32 
+ 0.38 
+ 0.38 
+ 0.54 
+ 0.45 
+ 0.46 
+ 0.46 
+ 0.49 
+ 0.40 
+0.31 
+ 0.50 
+ 0.33 

a Propylene carbonate. 
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Figure 7 The dependence of the oxidation potential of ferrocene upon ET(30) 

Ar 

Table 9 shows that the electrode potential of the reversible, one- 
electron oxidation exhibited by such a derivative [which corresponds 
to the redox change Rh(II)Rh(II)/Rh(II)Rh(III)], is very dependent on 
the solvent. In the same table the values of the empirical parameters 
for the basicity (DN), acidity (ET(30)) and polarizability (n*) of the sol- 
vents used are also reported." 

Table 9 Formal electrode potentials ( V  vs. Fc/Fc+) f o r  the one-electron 
oxidation of [Rh2(forrn)4] in different solvents and pertinent empirical 
parameters 

MeCN -0.36 14.1 45.6 
thf -0.24 20.0 37.4 
CH2C12 -0.23 0.0 40.7 
dmf -0.40 26.6 43.2 
PY -0.39 33.1 40.5 

0.75 
0.58 
0.82 
0.88 
0.87 
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One does not gain a clear indication of the dominance of any of 
the empirical parameters of the solvent from an examination of the 
dependence of the redox potential on those parameters, as the 
coefficients of the linear correlation are: 0.72 (DN), 0.57 (ET(30)) and 
0.69 (7t*), respectively. However, using equations which take simul- 
taneously into account the acidity, basicity and polarizability of the 
solvent," one can obtain, for example, a linear variation of the redox 
potential according to the following equation: 

E"' = -0.0047 D N -  0.0108 ET(30) - 0.2006 n* - 16.5186 

This result confirms that in order to have an adequate treatment of the 
effect of solvation on the redox potential, one should make use of multi- 
parameter equations which take into account, on a case by case basis, the 
acid, basic and electrostatic character of the solvent, thus allowing 
evaluation of their respective contributions. 

3 REDOX POTENTIAL AND TEMPERATURE 

In general, the study of the variation of the formal electrode potential of 
a redox process with temperature has thermodynamic implications. 
Hence, one is interested in the measurement of AGO, ASo and AH" for 
the electron transfer process. It is recalled from thermodynamics that, 
under standard conditions, AEo is directly proportional to the free 
energy of the redox reaction according to the equation: 

AGO = - n -  Fa AEo 

where: 

n = the number of electrons involved in the redox reaction 
F = the Faraday constant (96500 Coulomb) 

AEo=E:athode -EaOnode 

To adapt this fundamental relationship to the case of voltammetric 
investigations on redox processes of metal complexes, let us assume that 
the reversible reduction of any complex: 

takes place at a potential of E ~ ~ 7 + L , w - l I + L ) .  The value of AE"' 
which should be used in the preceding thermodynamic relationship is 
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the difference between the potential value EFh+L,M'n-,j+L) and the 
electrode potential of the reference electrode. 

Therefore, if a normal hydrogen electrode (NHE) is used as reference 
electrode, one can describe the reaction in the electrochemical cell as: 

If a Ag/AgCl electrode is used as reference electrode, the reaction 
occurring in the electrochemical cell can be described as: 

M"+L + Ag + C1-= M'""'+L + AgCl 

Finally, the use of a saturated calomel electrode as reference electrode 
would generate a reaction which can be described as: 

Nevertheless, since in thermodynamics the values of the standard 
potentials are normally referred to the NHE electrode, when one wishes 
to obtain thermodynamic data from electrochemical experiments it is 
usual to transform the redox potentials obtained employing other 
reference electrodes into values with respect to the NHE, according to 
the scales given in Chapter 3, Section 1.2. 

As an example of thermodynamic treatment of electrochemical data, 
we can consider the case of the planar (with slight tetrahedral distortion) 
Cu(I1) complex, [CuLI2+ shown in Scheme 4 (already mentioned in 
Chapter 5, Section 7).12 

a-N\c"/Nm 

I 
s' 's 

I 

Scheme 4 

As previously discussed, this complex in MeCN solution undergoes an 
essentially (both chemically and electrochemically) reversible Cu(II)/ 
Cu(1) reduction. At 20°C, the formal electrode potential of the reduction 
process is: 
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Eo' = +0.01 V, vs. SCE 

Chapter 13 

which corresponds to: 

E"' = +0.25 V, vs. NHE 

This means that at 20°C the standard free energy variation for the 
reaction: 

is given by: 

AGO = -n F -  AE" = -1.96500 * (E:it - E,";) = -96500 * (+0.25 - 0.00) 
= -24125 J mol-' = -24. I kJ mol-' 

The use of a non-isothermic electrochemical cell (see Chapter 3, 
Section 2.1) enables one to calculate the entropy variation for the redox 
couple [CuLI2 +- /[CuL] + , AS;c = S;ed - Six, by measuring the redox 
potential as a function of temperature (in K), and using the 
relationship: l3  

where the symbols rc and ni indicate redox couple and non-isothermic 
conditions, respectively. 

For the case in question, the variation in redox potential of the couple 
Cu(II)/Cu(I) in the temperature range from -20 to + 20°C follows a 
linear trend with a correlation coefficient of 0.97, Figure 8.  

The positive slope of the line (0.00137 VK-I), which represents the 
temperature coefficient (dE"'/dT) in the above relationship, enables one 
to determine: 

AS,", = SicuLl+) - S&uL12+) = 1.96500 - 0.00137 = 133.2 J K-' mol-' 

Considering the general reaction: 
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Figure 8 Variation of the formal electrode potential for the one-electron reduction of 
[CuL12' with temperature, in MeCN solution 

the entropy variation is given by: 

Since it is commonly accepted that:14 

it follows that: 

ASo = 133.2 - 65.2 = 68.0 J K-'mol-' 

Knowing this value, from the relationship: 

AGO = AH' - TAS" 

one can calculate that at 20 "C the variation in enthalpy of the reac- 
tion is: 

AHo = -24125(J mol-') + 293(K) * 68.0(J K-' mol-') = -4201 J mol-' 

= -4.2 kJ mol-' 

Coming back to the factor AS&, besides the determination of the 
thermodynamic parameters which accompany a redox reaction, it also 
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presents some interest with respect to the structural reorganizations 
which accompany a redox process, a theme central to the electrochemical 
study of inorganic complexes. In fact, by determining the parameter AS,O, 
makes possible to draw (semi-quantitative) conclusions not only on the 
metal-ligand structural reorganization (first coordination sphere; 'inner 
sphere' entropy) following a redox process, but also on the metal 
complex-solvent reorganization (second coordination sphere; 'outer- 
sphere' entropy) accompanying the redox process. 

This interpretation is based on the fact that the variation of the overall 
charge which occurs when the metal complex undergoes a redox process 
influences the number of solvent molecules surrounding the complex 
(which are hence electrostatically orientated), as well as the number of 
solvent molecules which form hydrogen bonds with the complex. The 
change in the number of solvent molecules near the metal complex can be 
translated into an increase or decrease of the molecular order of the 
entire system and, hence, into an increase or decrease of entropy. 

In the case of the [CuLI2+ complex discussed previously, it is likely 
that the positive value of AS:c (+ 133.2 J K-' mol-') might result as a 
consequence of the charge decrease that occurs on passing from [CuLI2+ 
to [CuL] + , which causes a release of solvent molecules (acetonitrile) 
towards the mass of the solution, i.e. part of those molecules which were 
ordered by the dipole interaction around the metal complex become 
disordered. 

An opposite case is found, for example, in the reduction of Cu(II1) 
complexes with some deprotonated peptides. For example, Figure 9 
illustrates the molecular structure of the trideprotonated Cu(I1) 
tetraglycine [CU"(H_~G~)] .2- 

As may be expected, the planar geometry of the Cu"N4 coordina- 
tion enables access and stabilization of the corresponding complex 

CH:! 
I coo- 

'0 

Figure 9. X-Ray structure of [CuII(H-3G4)]'- 
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Figure 10 Variation of the formal electrode potential for the one-electron reduction of 
[CU"'(H-~G~)]-  with temperature, in aqueous solution (pH = 9.5) 

[Cu"'(H_~G4)]-. The reversible Cu(III)/Cu(II) reduction of the complex 
in aqueous solution at several temperatures demonstrates that the redox 
potential decreases linearly with temperature, Figure 10." 

Calculation of the entropy variation of the [CU'~~(H-~G,)]-/ 
[Cu"(H3G4)I2- redox couple from the negative slope of the linear 
trend gives: 

= -82.8 J K-' mol-' 

In this case, the decrease in entropy of the redox couple (i.e. a decrease 
of the molecular disorder) is proposed to be due to the passage of the 
complex from the Cu'"N4 square planar geometry to the usual 
octahedral geometry of Cu(I1) complexes which requires the axial 
coordination of two solvent molecules (water). This reduces the disorder 
of the solvent molecules around the complex. 

Negative values for redox couple entropy have also been obtained for 
the Cu(II)/Cu(I) reduction, in aqueous medium, of the blue copper pro- 
teins stellacyanin, plastocyanin and azurin. l4 The decrease in molecular 
disorder has been attributed in this case to the fact that the charge 
neutralization of the redox site (from + 1 to 0) favours the formation of 
hydrogen bonds between the solvent (water) and the copper centre.17 

It should be kept in mind that this type of study, treated here in terms 
of single complexes, acquires greater importance when carried out on 
a series of homologous complexes. This allows one to evaluate how 
the electronic and/or structural variations of the ligand influence the 
reorganization processes of the solvent molecules. In fact, such a com- 
parison has recently led to a reinterpretation of the Asroc parameter 
also in terms of the structural reorganisations of the first coordina- 
tion For example, if one compares the AS;c values for 
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, one 3 + / 2 +  the isostructural couples [ F e ( b i ~ y ) ~ ] ~  + / 2 +  and [WbiPY )31 
finds in aqueous solution: 

[Fe(bipy)3]3f/2+ 

[C~(bipy),]~'/~+ 

ASYc = 8.4 J K-' mol-' 

AS:, = 92.0 J K-' mol-' 

About the same difference holds for the couple [ F e ( ~ h e n ) ~ ] ~ + l ~ +  vs . 
3 + / 2 +  13 [Co(phen)31 

Since the difference in entropy between the two redox couples is 
difficult to ascribe to different complex-solvent interactions, as the 
charges of the complexes are identical in the two cases, other causes of 
the entropy difference must be considered. 

In the case of the iron complex, the Fe-N stretching frequencies are 
essentially identical in both the Fe(II1) and Fe(I1) oxidation states. This 
agrees with the fact that, as mentioned in Chapter 5,  Section 4, the 
averaged Fe-N bond length is essentially the same in the two cases 
(1.96 A). However, in the case of the cobalt complex, the Co-N 
stretching frequencies of the Co(II1) complex are higher by about 
130 cm-' than for the Co(I1) complex. As a matter of fact, as seen in 
Chapter 5 ,  Section 5,  the averaged Co"I-N distance (1.93 A) is 
significantly shorter than the Co'I-N distance (2.13 A). This implies 
that a good part of the entropy difference (about 84 J K-' mol-') 
between the two redox couples results from entropy effects of the 
intramolecular vibrational motion (due to the lengthening of the bonds 
which accompanies the Co(III)/Co(II) reduction), or, it can be ascribed 
to structural factors concerned with the first coordination sphere. 

To conclude, a related thermodynamic treatment has been extended 
to the calculation of the enthalpic variation for redox couples, AH,", = 

-H:x .  Such a treatment is useful to understand how enthalpic 
or entropic factors may influence the magnitude and sign of the free 
energy, or the electrode potential, of a redox change.20 In fact, one must 
consider that: 

The determination of AH;c is based on the Gibbs-Helmholtz equation: 

In this case also the slope of the temperature coefficient dE"'/dT, under 
non-isothermic conditions, as a function of 1 / T  affords AH,",. 
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For example, in Chapter 12, Section 4, we have examined the 
electrochemical response of azurin (from Pseudomonas aeruginosa), the 
only cupredoxin in which the copper(I1) ion is pentacoordinate. Its 
reversible Cu(II)/Cu(I) reduction occurs at E"' = + 0.31 V, vs. NHE, at 
25" C. Measurements of the variation of the formal electrode potential 
with temperature in a non-isothermic electrochemical cell gives the two 
diagrams illustrated in Figure 1 1 .*O 

From the negative slope of the plot E"' vs. T (-0.00068 V K-') we 
can calculate that: 

AS,O, = SPaZurinred) - SPazurinox) = -1.96500 * 0.00068 = -65.6 J IS-' mol-' 

From the positive slope of the plot E"'/T vs. 1/T (0.5 V) we can 
calculate that : 

AH,", = Htazurin red) - HPazurin ox) = -1.96500 . 0.5 = -48250 J mol-' 
= -48.2 kJ mol-' 

Simple thermodynamic considerations state that the reduction process 
is favoured (i.e. more positive E&Ir)lcu(I) potential values are obtained) 
if the electron transfer is exothermic (AH" negative) and if the molecular 
disorder increases (AS" positive). It is therefore evident that the positive 
potential value for the reduction of azurin (as well as that of the most 
blue copper proteins) is favoured by the enthalpic factor. This means 
that the metal-to-ligand interactions inside the first coordination sphere 
(which favour the stability of the reduced form over the oxidized form) 
prevail over the metal complex-to-solvent interactions inside the second 

E"' 
(V) 

280 290 300 310 320 

T (K> 

0.0012 
E "'/T 
( V 4  0.0011 

0.0010 

0.0009 

I I 1 1 

0.0032 0.0034 0.0036 

1/T (K-I )  

Figure 11 ( a )  Variation of the formal electrode potential for  the one-electron reduction 
of azurin with temperature; ( b )  variation of the EO'ITparameter as a function 
of 1IT. Gold working electrode pretreated with 4-thiopyridine. Phosphate 
bufler aqueous solution (pH = 7.0) 
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coordination sphere (namely, the release of ordered water molecules as a 
consequence of charge neutralization, see above14). 

REFERENCES 

1. C. Hansch, A. Leo and R.W. Taft, Chem. Rev., 1991,91, 165. 
2. D. Osella, G. Arman, M. Botta, R. Gobetto, F. Laschi and P. Zanello, 

3. B.E. Bursten and M.R. Green, Progr. Inorg. Chem., 1989, 36, 393. 
4. (a) J. Chatt, C.T. Kan, G.J. Leigh, C.J. Pickett and D.R. Stanley, J .  Chem. 

SOC., Dalton Trans., 1980, 2032; (b) A.B.P. Lever, Inorg. Chem., 1990, 29, 
1271; (c) H. Masui and A.B.P. Lever, Inorg. Chem., 1993, 32, 2199. 

5. M.F.C. Guedes da Silva, A.M. Trzeciak, J.J. Ziolkowski and A.J.L. 
Pombeiro, J.  Organomet. Chem., 2001, 620, 174. 

6. (a) L. Zhang, M.P. Gamasa, J. Gimeno, R.J. Carbajo, F. Lopez-Ortiz, 
M.F.C. Guedes da Silva and A.J.L. Pombeiro, Eur. J .  Inorg. Chem., 2000, 
341; (b) L. Zhang, M.P. Gamasa, J. Gimeno, M.F.C. Guedes da Silva, 
A.J.L. Pombeiro, C. Graiff, M. Lanfranchi and A. Tiripicchio, Eur. 
J .  Inorg. Chem., 2000, 1707; (c) L. Zhang, M.F.C. Guedes da Silva, M.L. 
Kuznetsov, M.P. Gamasa, J. Gimeno, J.J.R. Frausto da Silva and A.J.L. 
Pombeiro, Organometallics, 2001, 20, 2782. 

Organometallics, 1989, 8, 620. 

7. C .  Reichardt, Angew. Chem. Int. Ed. Engl., 1979, 18, 98. 
8. M.J. Kamlet, J.L.M. Abboud and R.W. Taft, Progr. Phys. Org. Chem., 

9. T. Kagiya, Y. Sumida and T. Inoue, Bull. Chem. SOC. Japn., 1968,41,767. 
10. P. Piraino, G. Bruno, S. Lo Schiavo, F. Laschi and P. Zanello, Inorg. 

11. R. Seeber, P. Piu, P. Piraino P. Zanello, Inorg. Chim. Acta, 1989, 155, 27. 
12. M. Gullotti, L. Casella, A. Pintar, E. Suardi, P. Zanello and S. Mangani, 

13. E.L. Yee, R.J. Cave, K.L. Guyer, P.D. Tyma, M.J. Weaver, J .  Am. Chem. 

14. V.T. Taniguchi, N. Sailasuta-Scott, F.C. Anson and H.B. Gray, Pure & 

15. H.C. Freeman and M.R. Taylor, Acta Cryst., 1965, 18, 939. 
16. M.P. Youngblood and D.W. Margerum, Inorg. Chem., 1980, 19, 3068. 
17. N. Sailasuta, F.C. Anson and H.B. Gray, J.  Am. Chem. SOC., 1979, 101, 

18. D.E. Richardson and P. Sharpe, Inorg. Chem., 1993, 32, 1809. 
19. P.W. Crawford and F.A. Schultz, Inorg. Chem., 1994, 33, 4344. 
20. G. Battistuzzi, M. Borsari, L. Loschi, F. Righi and M. Sola, J.  Am. Chem. 

1980, 13, 485. 

Chem., 1987,26,2205. 

J. Chem. SOC., Dalton Trans., 1989, 1979. 

SOC., 1979, 101, 1131. 

Appl. Chem., 1980, 52, 2275. 

455. 

SOC., 1999, 121, 501, and references therein. 



Appendices 

PHYSICAL CONSTANTS 

Name Symbol Value 

Avogadro's constant 
Bohr's magneton 
Boltzmann's constant 
elementary charge 
Faraday's constant 
gas constant 
gravitational acceleration 
speed of light 
standard temperature 

N 
BM 
k 
e 
F 
R 
g 

T 
C 

6.0221 x 
9 . 2 7 4 0 ~  J T-' 
1.3807 x J K-' 
1.6022 x C 
96485 C mol-' 
8.3145 J K-' mol-' 
9.8066 m s - ~  
2 . 9 9 7 9 ~  lo8 m s-' 
25" C 

SI BASE UNITS 

Base Quantity Unit Symbol 

length metre m 
mass kilogram kg 
time second S 
electric current ampere A 
thermodynamic temperature kelvin K 
luminous intensity candela cd 
amount of substance mole mol 

DERIVED SI UNITS 

Quantity Unit Symbol Dimensions 

capacitance farad F C V-' kg-' mP2 s4 A2 
Celsius temperature degree Celsius O C 
energy joule J N m  kgm2 s - ~  
electric charge coulomb C A s  
electric conductance siemens S A V-' kg-' m-2 s3 A2 

(continued) 
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Quantity Unit Symbol Dimensions 

electric potential 
difference 
electric resistance 
force 
frequency 
inductance 
magnetic flux 
magnetic flux density 
power 
pressure 

volt 

ohm 
newton 
hertz 
henry 
weber 
tesla 
watt 
pascal 

V 

i2 
N 
Hz 
H 
Wb 
T 
W 
Pa 

W A-' kg m2 s - ~  A-' 

V A-' 
Kg m s - ~  
S-' 
Wb A-' kg m2 s - ~  A-2 
v s  kg m2 s - ~  A-' 
Wb m-2 kg s - ~  A-' 
J s-' kg m2 s - ~  
N m-2 kg m-' s - ~  

kg m2 s - ~  A-2 

SI PREFIXES 

Factor Prefix Symbol Factor Prefix Symbol 

10' 
1 o2 
1 o3 
1 o6 
1 o9 
10l2 
1015 
10l8 
lo2' 
1 024 

deka 
hecto 
kilo 
mega 
gigs 
tera 
peta 
exa 
zetta 
yotta 

da 
h 
k 
M 
G 
T 
P 
E 
Z 
Y 

lo-' 
1 o-2 
1 o - ~  
1 o-6 
lo-' 

10 - l~  
10-l8 
1 o-21 
1 0-24 

deci 
centi 
milli 
micro 
nano 
pic0 
femto 
atto 
zepto 
yocto 

d 

m 
c1 
n 
P 
f 
a 

Y 

C 

Z 

CONVERSION FACTORS 

1 Pa = 9.869 x cmHg 
1 electronvolt (eV) = 1 . 6 0 2 2 ~  
1 J = lo7 erg = 6 . 2 4 2 0 ~  10" eV = 0.2389 cal= 1 kg cm2 s - ~  

kWh 
1 cal=4.186 J=2.613x10'9eV=1.163x10-6kWh 
1 eV/molecola = 23.060 kcal mol-' = 96485 J mol-' 
1 kilowattora (kWh) = 3 . 6 ~  lo6 J = 2 . 2 4 7 ~  
1 watt (W) = 0.2389 cal s-' 
R - T = 2.479 kJ mol-' 

atm = 10 dyn cm-2 = 7.501 x 
J = 3 . 8 2 7 ~  cal= 8065.5 cm-' 

= 1 V C = 2.778 x 

eV 

R - T/F = 0.02569 V 
2.303 * R - T/F = 0.05916 V 
l / F  = 0.010364 V [l/(kJ mol-')I 
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F/R * T = 38.92 V-' 
" C = 5  ( O F  - 32)/9 ' F = 9 ( " C ) / 5  - 32 K="C+273.15  
1 tesla (T) = 1 weber metro-* (Wb m-*) = lo4 gauss (G) 
1 Wb = lo8 maxwell (Mx) 

THE GREEK ALPHABET 
(TOGETHER WITH THE EQUIVALENT ENGLISH LETTERS) 

alpha 
beta 
gamma 
delta 
epsilon 
zeta 
Eta 
thGta 

iota 
kappa 
lambda 
mu 
nu 
xi 
omicron 
Pi 

rho 
sigma 
tau 
upsilon 
phi 
chi 
psi 
omega 
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blue copper proteins, 302, 450, 

Brooker parameters, 59 1 
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Butler-Volmer equation, 26, 30, 

567-577 

34,47 

x, Brooker parameters, 591 
calomel, electrode, 18, 19, 141-143 
capacitive currents, 43, 44, 47, 108, 

110, 111, 113, 144 
capacitor, 43, 44, 143, 144 
carbon electrodes, 12 1 , 140 

carbon nano tube, 140 
carbon paste, 140 
glassy carbon, 140, 141 
pyrolitic graphite, 140, 547-549 

catalytic regeneration of the reagent, 
83, 128, 194, 196 

catechol oxidase, 348, 451 
CE mechanisms, 68 
cell, voltage, 17, 20 

cells, electrochemical, 16, 19, 44, 

for controlled potential coulo- 
metry, 147-149 

for cyclic voltammetry, 146, 147 
non-isothermic, 147 

diagnostic criteria, 86, 87 

time constant, 144 

142-149 

chemical reactions, coupled, 13, 
67-99, 126 
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following, 13, 67, 74-87, 127-130 
interposed, 88-93, 130-1 33 
preceding, 13, 67, 68-74, 126, 127 

chromium complexes, 230-236 
molecular wires, 525, 530 

chromocenes, 205, 206 
chronoamperometry, 123-1 33 

double potential step, 124 
single potential step, 123 

classical hydrides, 4 8 7 4 9  1 
clusters, transition metal, 

carbonyl, 422-444 

sulfur, 409422 

molecular wires, 525, 528 

with interstitial atoms, 432-443 

cobalt complexes, 276289 

cobaltocenes, 208, 209 
coefficient, diffusion, 37 

transfer, 26 
compact layer, 46 
comproportionation, 101 

constant, 101, 174 
concentration, gradient, 35, 36, 51 

profiles, 3 8 4 1 ,  51, 52 
consecutive electron transfers, 99 

diagnostic criteria, 104 
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diagnostic criteria in, (table), 122 
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convection, 35, 126 
Cooper electron pairs, 503 
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117-123, 147 

proteins, 302, 450, 567-577 

128, 133 

117-123 

67-99 

and potential, 16 
capacitive, 43, 44, 47, 108, 110, 
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exchange, 30, 31 
faradaic, 15, 30, 45, 110, 115, 144 
non-faradaic, 15 
residual, 45 

111, 113 

cyclic voltammetry, 49-1 10, 11 5 
cytochromes, electrochemistry, 

cytochrome b5, 551, 552 
cytochrome c, 543-551, 553, 554 
cytochrome cj, 552, 553 
cytochrome f ,  55 1 
cytochrome P450, 554 

542-556 

AEp, 56, 64 
AGO, 23, 24, 27-29, 255, 541, 579, 

594, 596, 597 
AH", 594, 597 

Av, Kagiya electron donor/acceptor 

AS", 591 
AS;,, 596-601 
D, diffusion coefficient, 37 
DN, Gutmann donor number, 

(table) 591 
delocalization of charge, 104, 173, 

174 
dendrimers, 186193 
diagnostic criteria for, 

122 

AH",, 600-602 

power, 591 

consecutive electron transfers, 99, 

following chemical reactions, 
first-order, 76, 79, 86, 87, 122 

reagent, 86, 87, 122 
catalytic regeneration of the 

second-order, 
dimerization, 81, 82, 122 
disproportionation, 83 

interposed chemical reactions, 93, 

irreversible processes, 60-62, 122 
122 
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E~(30) ,  (table) 591 
EC, mechanisms, 74 
ECE, mechanisms, 88, 122, 130 
EE, mechanisms, 99 
electrocapillary curves, 47 
electrocatalysis, 93, 96, 434-438 

catalytic efficiency, 98 
driving force, 98, 435 

electrochemical, cells, 16, 19-22, 44, 
142-149, 596, 601 

irreversibility, 42, 59 
reversibility, 42, 51, 56, 57 
potential, 46 
sensors, 193-198 

electrochemically induced structural 

electrode, 1 1, 139-142 
Ag/Agf, 141, 142 
auxiliary, 19, 20, 139, 147 
carbon, 121, 140 

glassy, 140, 141, 549 
nanotube, 140 
paste, 140 
pyrolitic graphite, 140, 547-549 

modifications, 38 1-408 

counter, 14, 16, 139, 146 
energy of electrons inside, 15 
enzymatic, 194 
formal potential, 25, 27, 57 
gold, 121, 140 
indicator (working), 139-141 
interface, 11, 17, 43-45, 145 
mercury, 38, 45, 47, 1 12, 117, 140, 

normal (standard) hydrogen 

planar, 36, 139 
diffusion at, 36 

platinum, 121, 140, 438 
poisoning, 121, 545 
potential, 17 

formal, 25 
windows, (table) 140 

438 

(NHE), 19, 141, 595 

pretreatment, 547 
reactions, 12, 14 

rate of, 14 

preceding chemical reactions, 

quasireversible processes, 6 6 6 6  
reversible processes, 56, 57, 122 

first order, 72, 74, 122 

dielectric constant of solvents, 

differential pulse voltammetry, 

diffusion, 35, 36, 39, 40, 104, 126 

(table) 150, 590 

110-1 13 

coefficient, 37 
layer, 11, 46 

elect rode with periodical 
renewal of the, 116, 117 

thickness of, 39, 40, 115, 120 
linear, 36, 41, 51, 59, 139, 146, 

radial (spherical), 38, 41, 58, 59, 
550, 551 

139, 146, 550 

484-491 
dihydrogen metal complexes, 

dimerization, 79 
diagnostic criteria, 8 1, 122 

Dimroth-Reichardt parameter 
(ET(30)), (table) 591 

dinitrogen metal complexes, 474-484 
dioxolene ligands, 227, 348-353 
dioxygenases, 446-448, 560 
dioxygen metal complexes, 449-469 
dipole moment of solvents, 590, 

direct electrochemistry of proteins, 
(table) 591 

blue copper, 567-577 
cytochromes, 542-556 
iron-sulfur, 556-567 

disproportionation, 82 
diagnostic criteria, 83 

dithiolene ligands, 348, 356-363 
double layer, 11, 4 3 4 7  
dropping mercury electrode, 38, 45, 

47, 112, 117, 140 

E ,  dielectric constant, (tables) 150, 

EL, Lever parameter, (table) 585, 587 
Es, electron richness, 587 

59 1 
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reference, 19, 20, 139, 141, 146, 

rotating disk, 116, 28 1 
saturated calomel, 18, 19, 

silver-silver chloride, 14 1, 142, 

spherical, 38, 59, 139 
standard potential, 25 
superconductors, 140, 507, 508 
with periodical renewal of the 

diffusion layer, 116, 117, 443 
working, 14, 17, 20, 27, 115, 

147 

141-143, 146, 149, 595 

146, 149, 595 

139-141, 145-147 
electrocrystallization, 123 
electrolysis, 97 

cell for, 148 
controlled potential, 117-123 
reversal, 122 

electrolyte, supporting, 36, 123, 140, 

electron carriers, 539 
electron-donating effects, 165, 166, 

electron carriers, 539 
electron transfer, 7, 12,22,42,46, 51, 

59, 62, 543 

149- 1 54 

284, 580 

catalytic chain, 93, 96 
coupled to proton transfer, 543, 

563 
kinetics, 22, 24, 46 
reactions, 7 

electroneutrality, 1 1, 12, 17 
electronic, communication, 102, 173, 

185, 274, 346 
delocalization, 173 
effects and redox potential, 

electron-withdrawing effects, 166, 

electrostatic potential, 46, 47 
empirical parameters of solvents, 59 1 
energy, of electrons, 15 

enthalpy, 597 

579-589 

170, 580 

reorganization, 283, 284, 541 

redox couple, 600-602 
entropy, 597, 

redox couple, 596-60 1 
enzymatic electrodes, 194 
equation, Butler-Volmer, 26, 30, 34, 

Cottrell, 38,40, 123, 124, 128, 133 
Gibbs-Helmholtz, 600 
Hammett, 580 
Nernst, 18, 24, 25, 30, 32, 52 
Randles-Sevcik, 54, 100, 118, 133 

equivalent circuit, 44, 142, 144, 145 
error function, 39 

ETC catalysis, 93, 96 
exchange current, 30, 31, 46 

47 

complement, 39, 126 

density, 31 

Faradaic, current, 15, 30, 45, 110, 
115, 144, 147 

impedance, 144 
Faraday, constant of, 14, 118 

law of, 14, 15, 118, 121 
Fe-protein (nitrogenase), 470 
FeMo cofactor (nitrogenase), 470 
FeMo protein (nitrogenase), 470 
Fermi level, 1 5, 16 
ferredoxins, 415, 558, 561, 562, 564, 

565 
Rieske, 558-560 

ferrocenes, electrochemical beha- 
vior, 3, 57, 58, 159-204 

as electrochemical sensors, 

as ligands in metal-complexes, 

as materials for non-linear optical 

molecular orbital diagram, 2, 3, 

monoferrocenes, 160-1 67 
multiferrocenes, 171-193 

oligoferrocenes, 17 1-1 82 
polymers, 182-1 93 

linear, 182-1 85 

193- 198 

325-3 3 2 

properties, 198-204 

159 
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branched, 186-193 
ferrocenophanes, 167-1 7 1 
Fick, first law, 37, 38, 52 
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flux, 37 
554-556 
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first-order, 74-79, 83, 127, 128 
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diagnostic criteria, 76, 79, 86, 
87 

second-order, 79, 83 
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Fourier theorem, 201 
free energy, 23, 27, 541, 579 
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Gibbs-Helmholtz equation, 600 
glassy carbon electrode, 140, 141, 

549 
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Gouy-Chapman-Stern double layer, 

Gutmann, acceptor number (AN), 

donor number (DN), (table) 591 

45 

(table) 591 

haemerythrin, 449, 45 1 
haemerythrin-like complexes, 

haemocyanins, 449, 450 
haemocyanin-like complexes, 466, 

haemoglobin, 449 
haemoproteins, 449 
haemoprotein-like complexes, 

Hammett, constant, 580, (table) 581 
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467-469 

467 

452466 

equation, 580 
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standard rate constant, 26 
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366, 367, 370 
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io, exchange current, 31, 32, 46 
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irreversible processes, 59-62 
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polarography at solid electrodes, 1 17 
porphyrazine ligands, 368, 370 
porphyrin ligands, 363-370 
potential, 15, 16 

formation, 13 

blues, 5 19-522 

and current, 16 
difference of, 17, 20 
electrochemical, 46 
electrostatic, 46, 47 
standard, 15, 16, 25 

potentiometric sensors, 193, 

preceding chemical reactions, 13, 67, 
196-198 

68-74, 126, 127 
diagnostic criteria, 72, 74 

profiles, concentration, 38-4 1, 5 1, 52 
promoters, 545, 546, 550, 557, 571 

proteins, electrochemistry of, 
5 39-57 7 

proton transfer, 543, 563 
pseudoazurin, 570 
pulse amplitude, 1 10 
pulse period, 11 1 
pulse width, 110 
pulsed voltammetric techniques, 

pyrolitic graphite electrode, 140, 
110-1 15 

547-549 

quasireversibility, electrochemical, 
62 

chemical meaning, 66 
diagnostic criteria, 64-66 

quasireversible processes, 62-67 
quinone diimine ligands, 353-356 

radial diffusion, 58, 59 
Randles-Sevcik, equation, 54, 100, 

rate, of reaction, 14 
118, 133 

constant, 26 
standard constant, 26 

reaction, coordinate, 23, 27-29 
order, 22 

redox-active ligands, 325-379 
azopyrimidine, 288, 314 
dioxolenes, 227, 348 
dithiolenes, 348 
ferrocenes, 325 
fullerenes, 332 
polypyridines, 225 
porphyrins, 363 
quinone diimines, 348 
tetraazaporphyrins, 369 

redox non-innocent ligands, 325 
redox, catalysis, 93, 95 

mediators, 95, 96, 194, 539 
potential, 28 

and electronic effects, 579-589 
and solvent, 589-594 
and temperature, 594-602 

reducing agents, 217, (table) 218 
reduction, 14, 15, 24 
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reference electrode, 19, 20, 139, 141, 

reorganization, energy, 283,284, 541 

resistance of solutions, 17,2 1,22,44, 

reversal electrolysis, 122 
reversibility, chemical, 55, 161 

diagnostic criteria, 56, 57 
meaning of, 57 

reversible processes, 5 1-59 
rhodium molecular wires, 532 
Rieske ferredoxins, 558-560 
Robin-Day classification, 173, 174, 

rotating disk electrode, 116, 281 
rubredoxins, 556 
rusticyanin, 571 
ruthenium molecular wires, 522-524 

146 

metal-ligand, 598 

143 

electrochemical, 42, 51, 56, 57, 62 

238 

CT, Hammett constant, 580, (table) 

CT*, Taft constant, 580, (table) 581 
S, Brownstein parameter, 59 1 
SM, sensitivity towards ligands, 588 
sample width, 111 
sarcophagine, 235 
Saturated Calomel Electrode, 18, 19, 

scorpiands, 234 
sensors, electrochemical, 193-198 

58 1 

141-143, 146, 149, 595 

amperometric, 193-196 
anionic, 197 
cationic, 197 
potentiometric, 193, 196-198 

sepulcrands, 284 
silver-silver chloride electrode, 141, 

142, 146, 149, 595 
simultaneous electron transfers, 100 
single sweep voltammetry, 50 
solution resistance, 17,2 1,22,44, 143 

non-compensated, 21, 142 
solutions for electrochemical studies, 

149-154, 513 

solvent effects and redox potential, 

solvents, 140, 144, 149 
589-594 

acidity, 591 
basicity, 59 1 
dielectric constant of, (table) 150, 

590, (table) 591 
dipole moment of, 590, (table) 591 
empirical parameters of, 59 1 
polarity of, 589, (table) 591 
viscosity, 150 

electrodes, 38 

Osteryoung, 1 13-1 15 

spherical, diffusion, 38, 58 

square wave voltammetry, 110 

standard, hydrogen electrode, 19, 
141, 143, 595 

potential, 15, 16, 25, 218 
rate constant, 26 

stationary conditions, 50 
stellacyanin, 570, 599 
structural modifications, 38 1-408 

induced by deprotonation 

isomerization, 38 1-392, 484 
migration of hydrogen atoms, 

reorientation of alkyne groups, 

structural reorganizations, 284, 598 
following irreversible processes, 

following quasireversible pro- 

following reversible processes, 57, 

or dehydrogenation, 3 92-3 97 

3 97-3 99 

399,401 

62, 393,402 

cesses, 66, 67, 404 

58 
superconductivity, 497 

mechanism of, 502-504 
superconductors, 140, 497-5 15 

chemical properties, 504-506 
electrochemistry, 506-5 14 
physical properties, 499-504 

supporting electrolytes, 36, 123, 
(table) 140, 149-154, 
(table) 150 
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Taft constant, 580, (table) 581 
temperature, and redox potential, 

594-602 
critical, 497, 504 

tetraazaporphyrins, 369 
phthalocyanines, 369, 370 
porphyrazines, 369 

thickness of diffusion layer, 39, 40, 

transducer, 196 
transfer coefficient, 26 
transition metal clusters, 409-444 
transition metal complexes, 21 7-325, 

115, 120 

325-379 
metallocenes, 159 
electrochemical behaviour, 

reactivity with small molecules, 
159-2 15 

445-495 
dihydrogen, 484-49 1 
dinitrogen, 474-484 
dioxygen, 445,449-469 

haemery t hrin-li ke, 467-469 
haemocyanin-like, 466, 467 
haemoprotein-like, 452-466 

vanadium, complexes, 2 19-229 
ni trogenases , 

vanadocenes, 204, 205 
vapochromism, 5 1 8 
viscosity, solvents, 150 
voltage, cell, 17, 20 
voltammetry, cyclic, 49-1 10, 1 15 

pulsed, 110 
differential pulse, 1 10-1 13 
square wave, 1 10, 113- 1 15 

single sweep, 50 

wires, molecular, 5 17-537 
working, curves, AE',/AE"', 103 

AEp/Y!, 65 
(ia/ic)/(kf.T), 78, 129 

z, Kosower value, 591 
zero current condition, 49, 11 5 
zinc complexes, 3 14, 3 15 
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