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This textbook is written in accordance with the new syllabus 1 scribed for B.Sc.
Students of the Universities of Pakistan. In presenting this book, carc has been taken to
fill a gap that often develops in teaching the students of chemistiy in wlleges. The
objective of this book is to provide maximum information in a systcmalic manner
regarding the elementary principles of atomic and molecular structurcs, which are uscful
in describing, interpreting and correlating the structure, reactivity and energetics of
chemical systems. These structural principles are supported by extensive applications and
examples.

Various topics have been discussed with due consideration to the limitations set
by the syllabi and’ courses of reading for undergraduatcs. However, certain topics get
confused if they are not discussed at length. Thus efforts have been made to discuss such
topics in detail e.g., theories of chemical bonding, acids und bases, shapes of molccules,
etc. Care has been taken to deal with' these topics to such an extent that further reading
does not remain a necessity. Some additional topics have been discussed in this edition
e.8.. Modern Materials, gilicoﬂes, Silicon for Solar Energy, Fuilcrencs, Analytical
Techniques, Solvent Extraction, Chromatography, Spectroscopy etc. ,

In the beginning of this book the general principles of chemistry and physical
aspects of Inorganic Chemistry have been discussed. The chemistry of both non-transition
and transition elements is discussed subsequently along with some industrial topics in
the syllabus. The reaction chemistry is described in elaborated, extended and
strengthened form by using recent interpretations wherever required. The structural
aspects that determine the state of a substance are fully explored. The figures, tables,
examples and graphs have been given liberally in order to clarify various points. The
references have not been provided due largely to the fact that students taking a coursc on
the level for which this book is intended have not much inclination to such references and
often have limited access to adequate library facilities. The chapters on Periodic Tablc,
Periodicity of Properties, Acids and Bases, Nuclear Chemistry as well as Chemical
Industries have been revised keeping in view the recent developments in Chemustry.
Objective type and short questions have liberally been added at the end of each chapter.

It is hoped that factual errors.are not present in the book. The author will
appreciate having errors, if any, called to his attentior: and would welcome all types of
suggestions for improvement of this text. Thanks arc duc to Dr. Hafiz Muhammad
Farooq, Dr. Amjad Nasim, Dr. Farhana Mazhar & Dr. Nargis Naz for uscful
suggestions and to all those who helped in proof reading during the printing of this book.

Lahore

June, 2005 AUTHOR
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CLASSIFICATION OF
ELEMENTS

One of the important scientific activities is the search for an orgmiiscd
way of prescnting the facts. If a large number of observations can be categorised
according to some common features, it becomes easicr to describe them. As more
and more of chemical elements were discovered, nced was felt to systematisc

them.

Muslim scientists were the first to categorise the then known elements and
compounds. One of the first attempts to arrange elements and compourds on the
basis of their origin was made by Al-Razi. In 1789, Lavoisier alse arranged
elements into four groups. The first type included gases such as oxygen and
nitrogen. The second type contained elements such as sulphur and phosphorus
which form acidic oxides. The third type included metals Such as copper, zing, tin,
lead, etc. The fourth type contained simple earthy salt-forming substances such as
oxides of calcium, barium, magnesium and silicon.

DOBEREINER’S TRIADS:

‘The German chemist Johann Dobereiner in 1829 made a serious attempt
to classify elements. He observed that some groups of three eclcinents (triads)
showed similar physical and chemical properties i.c., chlorine, bromine and
iodine. The properties and atomic weights of these elements were found to be
such that the middle clement had average of the properties and atomic weights of
the other two. Thus the average of the atomic weights of chlsnne 135 45) and
iodine (126.9) is 80.75 a.m.u., which is close to the atomic weight of biomine,
79.9 amu. The elements of a triad also have similar chemica! propeities The
acids of halogens, HCI, HBr and HI aie all compounds of similar nature A list of
Dobereiner’s triads is given in Table 1.1.

Dobereiner’s concept of triads in spite of its limitations has provided the
background to seck further information for the classification of clcments.
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TABLE 1.1
Doberciner’s Triads
Lo Average Atomic | Density , o |

Element Atomic weight weight (g/ml) M.P. (°C)
Lithium 7.0 | 0.53 180.5
Sodium 23.0 23.0 0.57 97.9
Potassium 39.0J 0.86 63.7
Chlorine 35.45) : 1.6 -101.0
Bromine 79.90 80.75 3.1 -70
lodine 126.90} 49 113.5
Sulphur 52.10 2.1 95.5
Selenium 79.00 79.6 4.8 217.0
Tellurium 127.60 6.2 452.0
Calcium 40.10 1.6 845.0
Strontium 87.60 88.3 2.6 770.0
Barium 137.30 ' 35 725.0
SPIRAL ARRANGEMENT:

Elements were arranged subsequently in order of their relative atomic
masses in a spiral around a cylinder divided into vertical strips. Elements with

similar physical and chemical properties fall on the same vertical (Figure 1.1).
Alkaline earth metals

eeed® "

Fig. 1.1. A spiral arrangement of the Feriodic Table.
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NEWLAND'S OCTAVES:

In 1866, an English chemist John Newland examined the then known
elements and arranged them in the increasing order of their atomic weights. He
observed that chemically similar elements reoccur at regular intervals and the
properties of elements are repeated after every eighth element. Newland noted
that similarity of periodic reoccurrence of the properties of elements resembles
the musical octaves and postulated the law of octaves (Table 1.2). '

"Chemically similar elements reoccur in octaves when arranged in
order of increasing atomic weights."

There were valid objections to the Newland's arrangements of elements in
octaves. Several elements were arranged out of place. For example, iron could not
be with oxygen and sulphur due to its quite different physical and chemical
properties. In spite of objections and drawbacks of Newland's arrangement of
eleraents in octaves, more extensive ordering of elements was visualized.

TABLE 1.2
Newland’s Arrangement of Elements in Octaves
H L’ <] B¢ B! c” NE 0'®
Fio Na? Mg NG Gi28 P! §32
CP K Ca® Ti*® Cr? M Fe*

MEYER’S ATOMIC VOLUME CURVE:

In 1870, Lothar Meyer produced a table showing periodic arrangement of
the elements by plotting the atomic volume (relative atomic mass density) of
eleients against their relative atomic masses (Figure 1.2).

80

(2]
o

Ba

N
(=]

Atomic Volume/cm® mol’
E S
o

1 1 1 H 1 1
0 5 10 15 20 25 30 35 40 45 50 55 60
Atomic mass
Fig. 1.2. Variation of atomic volume with atomic mass.

MENDELEEV’S PERIODIC TABLE:

About the same time that Meyer (1871) produced his arrangement based
on his atomic volume curve, the Russian chemist Dmitri Mendeleev produced a
form of the Periodic Table (Table 1.3) by arranging atomic weights of elements in
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increasing order from which the modern Periodic Table has been developed.
Mendcleev arranged the elements into horizontal rows called periods and eight
columns called groups. The clements in the same grcup were found to posscss
similar propertics and formed similar compounds.
TABLE 1.3 .
Mendeleev's early periodic table, published in 1872. Note the gaps left for
missing clements with atomic masses 44, 68, 72 and 100 and the other gaps
for elements with unpredicted masscs.

Periods| Gruppe | | Gruppe it | Gruppe I!l | Gruppe iV | Gruppe V| Gruppe VI Gruppe Vlll Gruppe Vili

— — — RH¢ RH? RH? RH —

RO | RO R0- | RO? R20% RO?* R207 RO*
1. H=R]
2 Ju=7 Be=9 4 | B=11 c=12 | n=14 | 0=16 | F=19.
3. NO =33 Mg=24 AI=273 Si=28] P=31 - $=32Cl=355
4 K=39 Ca=40 |-=44 Ti=48 V=51 [cr=52 Mn=55 | Fe=56 Ce=59,
5 (Cu=63) 2Zn=65 - =68 =72 As=75  Se=78 Br=80| Ni=59 Cu=63
6 |Rb=85 |Sr=87 [Vt=88 JZr=90 Nb=94 [Mo=98  |-=100
7 (Ag=108) Ca=112] tn=11J" Sn=118) Sb=122] Te=125 .J=127{Ru=104, Rh =104,
8 Ics=133 [Sa=137 |Wi=138 |Ce=140 |- - - Pd = 106, Ag = 108
9 ) - - - - . 44—
10 |- - PE=176 [Lo=180 [To=182 W=184 |- Os =195, Tr = 197,
1 (Au=199) Hg=2000  Ti=204f Pb=207| Bi=208 - | Pt=195, Au = 199
12 |- _ - Th=231 |- U=240 |- J—

~As is obvious from the table, Mendeleev placed some elements in a
separate group that did not fit into the arrangement. He also left gaps if none of
the known elements could fit in. However, he predicted propertics of unknown
elements which fitted remarkably well to those predicted. For example, he noted
that elements of Group III form halides and oxides of the type, MCly (AICl;) and
M;0; (Al,03), but titanium forms compounds such as TiCl, and TiO;, similar to
those of Group IV elements. Accordingly Mendeleev placed titanium in Group IV
and a space was left for the undiscovered element, which was later found to be
scandium, Sc. .

PERIODIC LAW:

Mendeleev interpreted this relation between elements on the basis of
Periodic Law which he stated as:

"The properties of elements are periodic functions of their atomic
weights.”

However, certain discrepancies were noted while arranging the elements
on the basis of atomic weights. For example, beryllium was out of place in the
table as its atomic mass was 13.5 which should fit in between carbon and
nitrogen. Similarly, inert gases had no proper place in the Periodic Table.

These problems were not fully resolved until 1914 when Moseley showed
that elements could be arranged in a periodic pattern on the basis of their atomic
numbers The Periodic Law now states as:
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"The properties of elements are periodic Junctions of their atomic
numbers. "

By taking atomic numbers as the basis of the periodic classification of
elements, various anomalies and misfits have been removed. For example, proper -
positions to cobalt and nickel, potassium and argon, etc., have been given,

The classification of elements was an interesting arrangement and
attracted considerable atiention. Scveral gaps in the table suggested discovery of -
new elements. Chemical and physical properties of unknown elements could be
predicted which helped in the scarch of new elements. Mendeleev suggested that
elements similar to aluminium and silicon should exist. Gallium, Ga (similar to
aluminium) was discovered i 1875 and Germanium, Ge in 1886. Mendelecv
solved the problem of odd ciements (which could not be adjusted properly in a
group) by dividing groups into subgroups ‘A’ and ‘B’ For example, among
metals of the first group, sodium and potassium were placed in Group [A and
copper and silver in Group IB because of the difference in properties. Noble gases
were discovered in the last decade of the nineteenth century and were placed in
zero group because of their inertness

The main features of Mendeleev’s Periodic Table were the arrangement of
elements in vertical columns or groups and the horizontal rows or periods. He left
spaces for the unknown elements and predicted properties of the Germanium
which was not discovered until 1886. He called it eka-Silicon as it fell below
Silicon. ’

LIMITATIONS OF MENDELEEY’S PERIODIC TABLE;:

Mendeleev’s Periodic Table in spite of its advantages suffers from the
following drawbacks and has thus limitations in its application.

(1) Position of hydrogen is not clear because it resembles with both
alkali metals and halogens. It gives the positive H" ions like alkali
metals and gives the hydride ions like halides.

(2) Certain chemically similar elements, e.g., copper, gold, platinum are
placed ir different groups while some dissimilar elements are
grouped together.

(3) Certain clements of higher atomic weight precede others with lower
atomic weight
Argon (At. Wi =40) Precedes Potassium (At. Wt. = 39)

Cobalt (At. Wt. =59) Precedes Nickel (At. Wt. = 58.6)

(4)  No position is assigned to isotopes in different groups.

(5) Maximum valence state is depicted by an element in a particular
group The elements of group VIII usually do not depict 8 maximum
oxidation state except ruthenium and osmium.

(6) No explanation is available for the inert pair effect and stability of
valence siates differing by units of two.
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(7) The anomalous behaviour of the first member of a group and for the

diagonal relationship cannot be explained.

(8) The lanthanides or rare earths and actinides do not find anv

appropriate places in the Periodic Table.
PERIODIC TABLES:

The standard form of Periodic Table is snown in Table 1.4. This is not the
only form of Periodic Table possible. Different types~of Periodic Tables such as
rectangular, triangular, circular and cven three-dimensioned tables have been
presented. Each table has its advantages and disadvantages. All tables depict
intertelationship between the elements.

TABLE 1.4
. 13
I-1A 0 or VIllA

1 ;4 2 . . 13 14 15 16 17 Hze
Loored A . M-A IV-A V-A VI-A VILAL pooen

N O Transition elements T % T 7 1 ¢ 1 9 |

2| Li | Be PraN BICI{N]O]|F|Ne
694 {sornel [ 9 11 10811 | 12011 {14.0063{15 9994/18 9984 20.160

3 h‘l‘ ,le 3+ a4 5 6 18 vii-8 04 12 Rl 'S‘, El 186 gl Aa
a ] X . R K r"—"“__"—l | X i r
22.9898124 X050 -8 Iv-8 V8 vi-B VI8 -8 -8 26.9815|28 0855[3u. 73| 32.066 35 45221 38 938

o n e e a7 R AT NP OO I U L B B 0] 2§ 3 RN

4l K|CalSc| Ti|VicCe|Mn Fe 1 Co| Ni | Cu|Zn | Ga|Ge A 1 Se| Brj Kr

~ |39 0s38] 40 078 |4 9559] 47 88 |50 941551 996154 9380l 55,847 |58.9332) 5869 |63 46 6539 69723 | 7256 |74 6| 78.96 | 799c4 | 3360
BT % @ | & ] @ | & | s | a5 | 4| 47 |48 T R TR VI T
s{Rb|Sr| Y |Zr [Nb|Mo| Tc|Ru Rh | Pd Ag CdlinisSn{SbjTe| | |Xe

85 78] 87 62 |88 9059] 91224 |92 3064 9594 | (98) | 10107 [102906] 106 42 }107 868 112.411] 11482 |18 710 12175 | 12780 1126 905} 131.29
S e+ me o e M T OO I U DU R S 1 81 | 82 | 81 | 84 | & | 8

6| cs {Ba|*ta| Hf | Ta | W Re {Os | Ir PtAuH% nmiPbl BijPol At | Rn
132 905|137 327 138.906] 170 49 {180 948} 183 85 |186 207| 1902 | 192722 19508 [196 967 20059 | 20459 | 2072 |208980] (209) | (219) [ (222

87 [1] 8 104 | 105 | 106 | 107 | 106 | 109

7] Fr 1 Ra |+Ac| Rf { Db | Sg | Bh | Hs Mt
;| oz |z e qosty | (262) ] (263) | (264) | (265) | (268

. . 58 59 60 61 62 63 64 65 66 €7 68 65 70 "
Lanthanide | Ce'| Pr | Nd | Pm | Sm | Eu | Gd | Tb |'Dy | Ho | Er | Tm | Yb |\ Lu
series Jﬂ? 140908] 14424 | (145) | 15036 151 965] 157 25 1158.925] 16250 {164 330 16726 1168 9241 17304 |174 967
« Actinid % T o 0 | & | 64 % | % | 9 | 8 | %9 100} i I ERE
ctinide | Th f Pa| U Ng PulAmlCm|Bk | Cf | Es |FmiMd| No| Lr
series 2320381231.036]238.029]237.048] (244) (244) | (247) | (247) (251} | (252) | (257) {258) | (259} | (260

ATOMIC NUMBER AND THE MODERN PERIODIC LAW:

After arranging the elements in the Periodic Table, it was natural to give
each element a number indicating only its position on the serics based on
increasing atomic weight. No real physical significance was associated with the
concept of atomic number when it first came into use, but after Rutherford
proposed the atomic model with a nucleus in the centre it was cstimated that the
-charge on the nucleus was very close to one-half the atomic weight:

1 .
Nuclear charge = Z = 5 (atomic weight) = atomic number

For many elements one-half of atomic weight is equal to afemic number
e.g., helium with an atomic weight of 4 is second in the tahle, carbon with an
atomic weight of 12 is sixth in the table; oxygen, 16, is cighth, and sulphur, 32, 1s
sixtecnth. In the second and third periods this rule holds good
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Photographic plate

_Crystal diffraction grating

Slit

Metal target used as anode

Eiectron beam

Fig. 1.3. Moseley’s apparatus.

The verification of this hypothesis came from the work of Moseley. He
analysed X-rays produced when cathode rays strike metal target. When metallic
clements are used as targets for cathode rays (electron beams) they emit an X-ray
spectrum. Figure 1.3 shows a diagram of the apparatus used by Moseley, and Fig.
1.4 shows a typical X-ray spectrum produced by a metal target.

Ka

1
A
I

Intensity Kb

~_

Wavelength —>
A typical X-ray spectrum

Fig. 1.4.

The X-rays are generated when the cathode ray collides with an electron
in the K shell knocking the electron out of the atom. The vacancy in the K shell is
filled when electrons in higher energy levels fall into the K shell. This causes the
emission of X-radiation (Fig. 1.5).

NP v = a@-b)

a& b are constants v = Frequency Z = atomic number

The energy of an electron in an atom depends on the nuclear charge Z (the
atomic number). As the nuclear charge increases, the force holding the electron
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also increases. Hence, the energy and frequency of the X-rays emitted by metal
targets must depend on the atomic number of the target element. Moseley found -
that the frequency and hence the energy at the bright lines of the X-ray spectrum
increases in a regular way as the atomic number increases. A plot of the atomic
numbers versus the square roots of the frequencies of either line is linear for 38
metallic elements investigated by Moseley. Following the publication of
Moseley’s work in 1913, it became obvious that the properties of the elements
are periodic functions of their atomic numbers.

Cathode ray "

./

(a) An electroninthe K () Ljection leaves a (c) An X-ray is emitted
shellis ejected by a vacancy in the K shell when an electron from a
cathode ray ‘higher orbit falls into the

K shell

Fig. 1.5. Production of X-rays. . \

The order of the elements according to atomic number is almost identical
with the order according to atomic weight but there are a few important
differences. The atomic weight guide would put potassium before argon, nickel
before cobalt, and iodine before tellurium.

K(39.10), Ar (39.95) <+ Ni (58.69), Co(58.93)

1(126.90), Te(127.60).

The atomic numbers for these elements are in the reverse order. Argon
should appear in the Periodic Table as it does because atomic number of Aris 18
and that of K, 19. Similarly, Co(27) is put before Ni(28) and Te(52) before I1(53).

In order to have similar elements in the same group Mendeleev found it
necessary to transpose certain pairs of elements arbitrarily in his Periodic Table
based on atomic weights. When the elements are placed in order of atomic
number, no transpositiot s are necessary. The modern Periodic Law states that the
properties of the elemenis are periodic functions of their atomic numbers.
THE QUANTUM MECHANICAL PICTURE OF ATOMS:

The Bolir theory describes the electron shell K, L, M and N. Close

examination of aterfiic spectra indicates that they correspond to the quantized
energy lovels which mayyin fact split into finer lines. The electron shells are split
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further into sub-shells each with its own quantized energy level. These sub-shelis
have been labelled keeping in view the types of spectral lines in the atomic
spectra to which they correspond i.e., s for sharp, p for principal, 4 for diffused
and f for fundamental. An s sub-shell consists of one s orbital, a p sub-shell
consists of three p orbitals, a d sub-shell has five d orbitals and an f sub-shell has
seven f orbitals.

The spectral lines correspond to transitions between the sub-shells. The
sub-shells are further split when atoms of elements are subjected t¢ a magnetic
- field. This is calied the Zeeman effect. It has been shown that only p, ¢ and f sub-
shells can be split into further energy levels. A magnetic field has no effect on an
s sub-shell because s orbitals are spherical.

The atomic spectra of elements can also be split due to ths spin of an
electron which may be either clockwise or anticlockwise.

The work of de Broglie, Davisson and Germer, and others, has indicated -
that electrons in atoms can be treated as waves although they are compact
particles continuously travelling in orbits. Very small particles such as electrons,
atoms and molecules do not obey the laws of classical Newtonian mechanics
which are applicable to larger objects such as hockey ball. Quantum mechanics
describes the behaviour of very small particles more precisely and is based on
quantization of energy. : )

One of the underlying principles of quantum mechanics is that we cannot
determine precisely the paths that electrons follow In 1927, Werner Heisenbern
gave a theoretical statement that 1s consistent with experimentel obgeryations
called Heisenberg uncertainty principle. It states that it is impossible to determing
accurately both the momentum and the position of an electron simultaneously
Since according to Heisenberg’s uncertainty principle it is not possible to
determine both the position and the velocity of an electron, we can talk in terms of
probability of finding an electron within specisied regions in space

According to one of the postulates of quantum mechanics the allowed
energy states of atoms and molecules can be described by the sets of numbers
called quantum numbers. In 1926, Erwin Schrodinger deduced an equation by
imposing wavelength restrictions suggested by de Broglie’s experiments. This
equation allowed him to calculate the energy levels in hydrogen atom. The
quantum mechanical treatment of atoms and molecules is highly mathematical
The solution of Schrodinger wave equation gives rise to the concept of quantum
numbers which are in accord with the experimental observations. Solutions of
Schrodinger equation also provide information about the shapes and orientations
of the probability distribution of electrons. The atomic orbitals, deducted fiomn
Schrodinger equation are directly related to quantum numbers.
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QUANTUM NUMBERS:

There are four quantum numbers which describe the electron in an atom.
They are denoted by the letters n, [, m and s, called the principal quantum
number, azimuthal quantum number, magnetic quantum number and spin
quantum number, respectively.

1. Principal Quantum Number (n):

This quantum number describes the motion of an electron in an orbit and
stands for the number of shell or orbit. In other words, it is a rough measure of the
size of the orbit. The larger the value of n, the greater is the volume of the bulk of
~ the electronic density, # may have any integral value ie, 1,2,3,4,5, - It may
take the values up to 7 corresponding roughly to seven horizontal rows of the
Periodic Table. The value of »n describes the binding force and distance between
the nucleus and the orbit in which an electron moves. The lower value of n
corresponds to lower energy, while the higher value of n corresponds to the higher
energy. The energy levels K, L, M, N, O, P and Q- correspond ton=1,2,3, 4,5,
6 and 7, respectively.

The value of 1 also determines the number of breaks and discontinuities in
the electron cloud. These breaks are also called nodes. The number of breaks is
given by # — 1 and is denoted by / called azimuthal quantum number.

2. Azimuthal Quantum Number (/):

This quantum number describes the shape of an orbit. Its value
corresponds to the value of # and is given by n — 1. Tt is also called secondary
quantum number. The value of / tells whether the orbit is spherical, is like a
dumb bell, sausage shaped or even more complicated. It means that ‘I’ is
associated with a certain value of an angular momentum. The larger the value of /,
the more complicated will be the shape of the electronic cloud. The angular
momentum is given by

h
mvr = o [{+1)

This quantum numbet explains the fine structure of the spectral lines in
the hydrogen spectrum, thus lending support to the Sommerfeld’s assumption that
the orbits are somewhat elliptizal rather than being circular. The values of / and
the number of orbitals are given ‘n Table 1.5.

The resolution of single hne into two or more than two lines indicates that
there are various sublevels in an energy level, in which an electron revolves. The
energy :s also quantized in various sublevels. The main energy shell thus can be
considered as being made up of one or more energy sublevels. According to
Sommerfeld modification the electrons in any particular energy level could either
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have a circular orbit or a number of elliptical orbits about the nucleus. The
number of sublevels is always equal to the value of n. For example, when n = [,
/ = 0, this means that the main energy level and sublevel coincide with each other.
When n =2, / = 0 or 1, which means that there are two sublevels in the second
energy level, one having elliptical shape and the other circular shape. Similarly,
when n =3, / =0, 1, 2. This means that there are three sublevels, one having
circular shape and the two other with elliptical shapes.

When »n = 4, [ can have four values (0, 1, 2, 3) corresponding to 4
sublevels, one with circular and three with elliptical shapes. Thus it is seen that
the number of sublevels for a given principal quantum number is equal to the
value of that quantum number. So if /=0, 1, 2 or 3, the electrons are said to be in
the s, p, d or f sublevels after the spectral names called sharp, principal, diffused
or fundamental, respectively. .

3. The Magnetic Quantum Number (m):

This quantum number explains the magnetic properties of an electron. The
motion of an electron around a nucleus produces a magnetic field, which can be
presented as a vector in the direction of an external applied field. This vector is
zero for an s orbital because of its spherical symmetry. When there are more than

A A A A

[=0 =1 =2 =3
Fig. 1.6. Representation of Allowed Orientations of Orbital Magnetic
Moment in Magnetic Field.

one orbital of a given type (/ value), these cannot possibly all line up equally with

an external magnetic field. This difference in orientation is represented by

magnetic quantum number m, which may have values from zero to + [ as shown

in Figure 1.6.

: In the above figure the splitting of the spectral lines are shown for /= 1
(p-orbitals), / = 2 (d-orbitals) and / = 3 (f-orbitals) with the value of 3, 5'and 7
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with different orientations in space. The arrows indicate an appropriate quantum
number 7.¢., the value of m. The angular momentum in the direction of the applied
ticld is given by

mih
2n

The values of m are given in Table 1.5. It is clear from the table that when
n=1 1=0,m=0. Hence the number of orbital is one which is circular and is
called s otbital.

Angular momentum

When n = 2, [ =1, m = + 1, 0, -1, the number of orbitals 1s 3
corresponding to three p orbitals with their orientations parallel to three co-
ordinate axes x, y, and z.and called p,, py and p., respectively. Similarly, for /=2
and / = 3, the number of orbitals will be 5 and 7 orbitals, respectively
corresponding to S type of d orbitals and 7 type of f orbitals. Each of these orbitals
.an ~ccommodate two electrons at the most. Thus s, p, d and f orbitals

accommodate 2, 6, 10 and 14 clectrons, respectively as shown in Table 1.5.

4. The Spin Quantum Number (s):

This quantum number is associated with the spin of an electron in the
atorn. Al the electrons spin cither in clockwise direction or in anticlockwise
Jirection of the motion The direction of the motion can be found out by the
application of an external magnetic field. Since the probability of motion in each
case is 50 %0 oo hwise, thercfore the motion is described by the spin quantum
aumber having a vaiue of + 1/2. Similarly, the motion in anticlockwise direction
nas a value of 1/2. This quantum number is denoted by the letter “s”. It is also a
measure of the number of units of magnetic moment associated with a given
electron due (o its interaction with a magnetic field externally applied. The value
of the spin momentum is given by

. 1 ( h)
Spin momentum =+ \(\ZRJ
LS h D

- = =

and 5 \271)

The angular momentum is then given by
h
Angular momentum = mvr = - s(s+1)

The positive value has a lower energy and the negative one has a higher
energy. '
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TABLE 1.5
Quantum Numbers for the First Four Levels of
Orbitals in the Hydrogen Atom.

Orbital
Designation

m

Number of
Orbitals

WN—=ON—O— OO ~

1s
2s
2p-
3s
3p
3d
4s
4p
4d
4f

_3,

-1

b

0
0
0
0
’07
0
0
0
0

b

- -1
—27_1’ H

-1, 0,
—27 _1’ b
-2, -1

2 2 2

+1
+1
+1,
+1
+1,
+1

2

+2

+2
+2. +3

1
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ATOMIC STRUCTURE:

The fundamental concept of atomic theory describes that matter is made
up of ultimate units called atoms. An atom is a smallest object which has a shape,
size and mass. It consists of a central part or nucleus which contains protons and
_neutrons and is the seat of energy and mass. Extranuclear portion of the atom
consists of electrons which revolve around the nucleus in circular paths called
orbits, shells or energy levels. The discovery of these and other fundamental
particles is based on various experimental observations such as production of
‘cathode rays and canal rays (positive ions) in a discharge tube, attraction of
cathode rays towards the positive pole of the electric field, Millikan’s oil drop
experiment, scattering of alpha and beta rays etc. Alpha particles are emitted from
radioactive elements with great velocities, on an average about 180,000 miles per
second.

All the elements depict the physical and chemical properties which can be
correlated with the structure of their atoms. The chemistry of the elements can be
better understood on the basis of knowledge of atomic structure. The chemical
characteristics of elements and their compounds are essentially functions’ of -
electronic configuration of the atoms of elements.

Rutherford, in 1911, projected a beam of alpha particles from a
radioactive source upon a thin gold foil. He found that most of the particles
passed through the solid gold foil without deflection, and only a few of them
suffered abrupt back deflection as if the alpha particles in that area have met with
some obstacles in their onward journey. From this, Rutherford assumed that the
mass of an atom is concentrated in a central body called the nucleus which is
exceedingly small as compared to the total size of the atom and it carries the
entire positive charge of the atom. The electrons carry equal negative charge and
constitute the extranuclear part of the atom. Rutherford also measured the nuclear
charges of a large number of atoms and proved that the number of positive
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charges on the nucleus is, in many cases, approximately one-half the atomic
weights of the elements and also equal to the number of free electrons in the atom
which keeps the atoms electrically neutral.

In 1914, Moscley worked out a method for determining the number of
positive charges on the nucleus of an"atom. The method is based on measurement
of the wavelengths of X-rays produced by bombarding various targets of elements
with cathode rays. Moseley arranged the X-ray spectra of elements in the
increasing order of their atomic weights and found that the wavelengths of X-rays
produced varied with atomic weights of elements. It was observed that heavier the
atomic weight shorter would be the wavelength. However, the frequencies of X-
rays produced by the clements were directly proportional to their atomic weights.
This could be correlated to the number of positive charges in the nucleus. Thus all
the elements can be arranged in the increasing order of the positive charge on the
nuclei of their atoms. The number of positive charges in the atoms were
designated as atomic numbers (Fig. 1.7) :

Increasing Wavelength of X-rays At. No

5
7

As 33

Se 34

Br35

Rb 37

Sr 38

<«——— Frequency
Fig. 1.7. X-rays Spectra of Moseley.
FUNDAMENTAL PARTICLES OF ATOM:

An atom is the smallest object which has definite shape, size and mass. It
also possesses its own chemical identity and properties. Various experiments
indicate that atoms can be sub-divided into smaller sub-atomic particles known as
fundamental particles. A large number of particles (about 35), have so far been
identified but mass of them are short-lived and unstable. For the study of
chemistry, three fundamental particles namely, electron, proton and neutron are
important. ‘

Electron:

An electron is the smallest of the sub-atomic particles. It has the unit
negative charge. Its mass is about 1/1840 times less than that of a hydrogen atom
or proton. The charge of electron is 1.602 m x 107" coulombs and mass is
9.110 x 1078 g. The charge to mass ratio, 1.76 x 10® coulombs per gram e/m of an
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electron has been experimentally determined and found to be constant irrespective
of the source and the method of production. Electrons are emitted from the
surface of a substance exposed to the action of X-rays, ultraviolet rays and even
on exposure to ordinary light. Electrons appcar to constitute the outer structures of
atoms, since they are easily dislodged under the influence of electric ficld. The
chemical properties of elements and their compounds depend upon the electronic
arrangement of electrons in their atoms. Electrons are present in the extranuclear
part of atoms.

Proton:

A proton carries a unit positive charge, which is equal but opposite to the
charge of an electron. A proton is 1840 times heavier than electron. It has a unit
positive charge of 1.602 x 107"” am.u but is about 1840 times heavier than an
clectron. The mass of proton is 1.673 x 107* g. If hydrogen is present in the
discharge tube, the positive rays formed consist of protons. The protons are
present in the nucleus of an atom. The number of protons is always equal to the
number of electrons and therefore atom is electrically neutral.

Neutron:

In 1932, Chadwick discovered neutron as a fundamental particle of atom.
He observed that when a-particles are bombarded on thin sheets of beryllium
metal, uncharged particles are emitted. The uncharged particles are called
neutrons. They have a mass equal to 1.0087 on the atomic weight scale. It was
later discovered that a neutron may disintegrate to form a proton and an electron.
It has a mass of 1.675 » 107" g, The sum of protons and neutrons in the nucleus is
known as Atomic Mass. ‘

The Nucleus:

The nucleus of an atom contains protons and neutrons except hydrogen
which consists of a single proton. If occupies only about 107" of the volume of an
atom, each proton and neutron has a mass of approximately | a.m.u. on the basis
of atomic weight of carbon, C = 12 a.m.u. The atomic weight of an element is
approximately equal to the sum of the weights of the total number of protons and
the total number of neutrons in the nucleus by neglecting the negligibly small
weight of the electrons present.

The protons and neutrons are held together in the nucleus by a force
known as nuclear force. According to Heisenberg, a neutron in the nucleus
sometimes is transformed into an electron and a proton. The electron might
escape in the form of beta rays. ' _

In 1935, Yukawa proposed that a fundamental particle known as meson is
absorbed by the neutron when a proton and a neutron interact. The two type of
mesons are pi-mesons and mu-mesons. These may be positive, negative or
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" neutral. In the exchange of positive pi-mesons, the proton becomes a neutron and
the neutron becomes a proton.

.
P =——= nt+n

n =—— 7n-+p

The present day knowledge of the structure of the nucleus has progressed
so far as to presént a very complicated picture. However, only the proton-neutron
concept of the nuclear structure will be sufficient to understand the elementary

aspects of the subject
EXTRANUCLEAR STRUCTURE OF ATOM:

Extranuclear structure of an atom consists of electrons in various energy
levels. Bohr’s model atom describes the motion of an electron in a circular path in
an orbit of definite energy state. When an electron jumps from one energy state to
another, it involves change in energy state. In this manner, origin of special lines
can be visualised. A

Since there is an uncertainty in the position and momentum (or energy) of
an electron, therefore one can speak of the probability that an electron is in a
certain region or space. The greater the probability of finding an electron in a
certain region of space about a nucleus, the greater is the density of electronic
charge, i.e., the quantity of the negative charge per unit volume. The theory that
predicts such probability for different electrons is called quantum mechanics. The
probability of finding an electron is denoted by | w? | where ¥ (Psi) is the wave
function.

Electron density can be depicted mn two ways. One is with the help of
probability curves and the second by plotting the contour maps of the probability
of finding an electron shown in Fig. 1.8. The concentric shells are obtained which
describe 90 %- of W2, ie., the probability of finding the electrons within the
boundary surface of the shell. Such shells are spherically symmetrical and
represent the ground state of the hydrogen atom and are called ‘atomic orbitals’ or
‘sub-levels’. Spherically symmetrical orbital is called ‘s’ orbital. The boundary
surfaces of ‘s”, ‘p’ and ‘d” and *f’ orbitals are given in Fig. 1.9.

06

0.8

Fig. 1.8. Contours of ¥ relative to w2 at the origin.
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All atoms have energy levels (orbits) and sublevels (orbitals). The
electrons reside in various energy levels, lower energy levels are occupied first.
Each energy level can accommodate 21* as maximum number of electrons, where
‘n’ is the principal quantum number for that level. For example, when n = 1, 2
(2 x 12)_electrons can be accommodated in the first level. Similarly, for n = 2, 3
and 4; 8, 18 and 32 electrons will be accommodated at the most in all these levels,
respectively.

Each energy level is subdivided into sublevels. The number of sublevels is
equal to the value of n. Hence the first level will have one subshell called ‘s’
orbital which can accommodate only two electrons at the most. Similarly, the -
second, the third and the fourth levels will have 2 (s, p), 3 (s, p, d) and 4 (s, p, d, f)
sublevels. The s, p, d, f, sublevels or orbitals can accommodate at the most 2, 6.
10 and 14 electrons, respectively.

The order of filling of various orbitals is based on increasing energy or
n + [ value (n = principal quantum number or number of the orbit i.e., K = 1,
L =2, M = 3 etc., [ = azimuthal quantum number which describes the shape of the
orbital and its value for ‘s’ orbital is = 0, for ‘p’ orbital is = 1, for ‘d’ orbital is =2
and for ¢/ orbital is = 3). Thus 1s orbital has lower energy state (n + / for 1s is
1 + 0= 1) than 2s because n + 1 for 2sas5 = 2 + 0 = 2 and lower than 2p etc. (for
2pis2+1=3). :

The order of electron filling of the orbitals for Ca (At. no. = 20) will be
157 2s* 2p6 357 3p6 4s* because the energy levels have energy in the order:

s <2s<2p<35s<3p<ds _

If two levels have the same value of n + /, then the electron will prefer the
level which has lower value of #. For example, in the case of scandiumi Sc (At.
no. = 21) the arrangement of electrons should be 1s% 2¢* 2p° 3s? 3p(’ 4s* 3d' 4p.
After 4s (n + [, 4 + 0 = 4) the next incoming electron goes to 3d orbital because
applying n +/rule,3d (n=3,/=2,n+1=5)and4p (n=4,1=1,n+1=35) both
have n + [ values 5 but 34 orbital belongs to lower level (n = 3) than 4p (n = 4).

The overall order of filling the orbitals is:

1s? 257 2p° 352 3p° 45 30 4p° 557 4d"® 5p° 65% 47" 54'° 6p°

o ©O

Is 2s 3s ,
Boundary surface representations of the Is, 2s and 3s orbitals. These representations show the
boundaries of the orbitals that contain 95 % of the electron density of the orbital. For example,
there is a 95 % probability that an electron in the 1st orbital will be within the volume shown for
the Is orbital. '
Fig. 1.9. (a) Boundary surface of s orbitals.
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Fig. 1.9.(d): Boundary surfaces of 'f" orbitals. The + and - signs show the orientation of

orbitals above (+) and (-) the planes and not the charge.

The electronic configuration of the atoms in their ground states is given in
Table 1.6. ’
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HUND’S RULE OF MAXIMUM MULTIPLICITY:

Magnetic measurements have helped to determine the electronic
configurations of many elements and thereby establish a hypothetical order in
which the orbitals may be assumed to fill. The electronic configurations of
orbitals of the first five elements is simple as shown below:

1s , 2s : 2p

H = ‘I

2He =

1
L= 1| 1
1| A
B = 1l | 1

A question arises concerning the electronic distribution of the sixth
element, carbon, since there are three 2p orbitals. Does the next incoming electron
belong to the 2p orbital already holding one electron or does it belong to another
2p orbital? This has been explained by the Hund’s rule, which states that
electrons are distributed among the orbitals of a subshell in such a way as to give
the maximum number of unpaired electrons. Therefore, cach of the two 2p
electrons of carbon must assume its own orbital instead of pairing with the other
electrons in a single orbital. Similarly, the arrangement of electrons in Nitrogen,
Oxygen, Fluorine and Neon is:

1s 2s 2p

1
111
o o= | 1 1 TL11]7

v o= [ THEEE
e = [ 1] 1 IR

Electrons are negatively charged and repel each other. Hence they spread
~ out and occupy the 2p orbitals singly before they begin to pair. After each of the
2p orbitals holds one electron, pairing occurs because less energy is required to

‘Be =

~
Z
—_—
Py
—
=
— —
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overcome the interelectronic repulsion and to add an electron to an orbital already
holding an electron. This general order of orbital filling is observed for all
subshells. ‘

The spectroscdpic notations for electronic configuration can be written
with superscripts indicating the number of electrons in each subshell. Thus the

electronic configuration of oxygen may be indicated 1s* 25> 2p* or 1s? 257 2p: Zp}l,

2p; .

ORDER OF FILLING ORBITALS:

The electronic structure of an element is correctly deduced by successive
addition of electrons into orbitals arranged in order of increasing energy until the
proper number of electrons for that element has been accommodated.

It is assumed that each electron enters the lowest energy level available to
it, and since all of the orbitals of a given sublevel have equivalent energies, this
amounts to an arrangement of sublevels. It is possible for a simple ‘orbital of one
level (e.g., 4s) to have a lower energy than a more complicated orbital of an inner
level (e.g., 3d) and hence the 4s sublevel fills before the 3d, the order of filling is
then not by increasing value of n, but may be derived from the order of occupancy

atomic orbitals. (Fig. 1.10)

~

/
/
/ /,

g//

Fig. 1.10. Order of occupancy of atomic orbitals. The orbitals fill in order, starting with the Is
orbital, in the direction of each arrow, going down the arrows from top to bottom.

In the use of this diagram, the orbitals are being filled starting at the
bottom of the chart and proceeding upward. Aufbau way of filling sublevels is
shown in Fig. 1.11.

.
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Fig. 1.11. Generalised energy-level diagram for atomic orbitals in an atom
with two or more electrons (not to scale).

To determine the electronic configuration of any element, one starts with
hydrogen and on the basis of the Periodic Table accounts for every electron added
until the.desired element is reached. Thus for tungsten (Z = 74) the first period
gives 1s?, the second é)eriod, 2s* 2p6, the third 3s* 3p6; the fourth, 4s* 3d"° 4p6; and
the fifth, 5s* 4d"® 5p°. The sixth period in which tungsten is found — starts with
6s' for caesium and 6s” barium, adds 4/** for the inner transition elements and the
final term is 53¢, since tungsten is the 4th element in the 5d transition series.

Rearranging these terms in sequence we get its electronic configuration:
‘ 15* 257 2p° 357 3p° 3d'° 4s? 4p° ad™ 4f* 557 5p° 5d* 6s”

The electronic configurations predicted by the aufbau procedure are
confirmed by spectral and magnetic studies for most of the elements.
ATOMIC STRUCTURE AND PERIODIC TABLE:

The elements arranged in horizontal rows in the table are called periods.
The vertical columns are called groups in which elements of similar physical and
chemical properties are present. In the Periodic Table, the elements are arranged
in seven periods and eight groups. The symbols of elements are written in boxes
along with their atomic numbers and atomic weights. Sometimes additional
information is provided in the box.

The horizontal rows or periods indicate the gradual filling of energy levels
with electrons. The first element, hydrogen (H) having one electron in ‘s’ orbital
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is represented as ls' The next element helium (He) having twc electrons has
electronic configuration 15> The number on the left of ‘s’ orbital indicates the
number of orbital and on the right upper corner gives the number of electrons.
The first period starts with H and ends with He and has only two elements
because only “s” orbital becomes available and orbital gets completed with two
" electrons. ‘

The second period starts with lithium sLi (atomic number = 3) having
clectronic configuration 1s® 25" The next element is beryllium 4Be with electronic
configuration 1s% 26% Here the ‘s’ orbitals are completely filled (‘s" orbitals can
have at the most 2 clectrons). The next clectron goes to 2p orbital of boron, sB
with electronic configuration 1s* 25 2p'. Five more electrons are regularly added
to 2p orbitals to get elements «C, 7N, O, oF and 1oNe (an inert gas with 2p°
configuration) (Table 1.6). As 2p orbitals can have at the most 6 electrons, the
next incoming electron enters the next available 3s orbital to give sodium,
. Na(1s? 2s* 2p° 3s"). The process of addition of electrons continues in the third
period as the second one is completed with argon gAr configuration.
Consequently, second and third periods have eight elements each on the basis of
complete filling of orbitals of °s’ with 2 electrons and p with 6 electrons.

In fourth period starting with 19K, one electron is added in fourth energy
ievel 4s' orbital. The next element calcium. Ca has electronic configuration, 157
2% 2p° 3s° 3p° 4s%. After that the filling of the 3d orbitals starts as they are the
next available orbitals As the complete filling of 34 orbitals requires 10 electrons,
the next ten clements after caicium i, scandium (5,8¢) to zinc (3Zn) are
members of ‘d’ block or transition clements which have properties different trom
the main group elements due to ‘d’ orbital filling. Transition elements were
assigned ‘B’ subgroup in the Periodic Table. After zinc, 3Zn ( electronic
configuration g[Ar] 3d'0 4s%) six more electrons are added to 4p orbitals to get
16Kr (inert gas) configuration ([Ar] 3d'0 457 4p6), The fifth period is filled in the
same manner as the fourth period and has also 18 elements.

The interruptions take place in the sixth period. After the 6s orbital 1s
filled (in barium) and one electron s added to Sd orbital (in lanthanum), the 4f
orbitals are filled (Table 1.6). The 'f’ orbitals require 14 electrons to be filled.
Therefore, 14 elements after lanthanum (s7La) belong to f block elements (cerium,
5sCe to lutetium 71Lu). These elements are called inner transition elements and
written at the bottom of the Periodic Table. All of them have the same chemical
properties. When 4f orbitals have been completed, 5d orbitals become available
for filling. So 10 members of 6th period (from atomic number 71 to 80) belong to
" d-block elements. After 5d orbital filling 6p orbitals are filled and six elements
after mercury, soHg (thallium, Tl to radon, ¢sRn) appear. The sixth period has,
therefore, 2 + 14 + 10 + 6 (due to 7s?, 4fM, 5d"°, 6p6) or 32 elements. Similarly,
seventh period is filled in this manner. -
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PERIODS: ' ‘

~ There are seven periods of elements in the Periodic Table (1.4). These are
horizontal rows which are across the table. The first period contains two elements
H and He. Second and third periods have eight elements each and are all main
group elements. Fourth and fifth periods contain eighteen elements (two of ‘s’
block, ten of ‘@ block and six of ‘p’ block). Sixth period has thirty-two elements
(two of ‘s’ block, ten of ‘@ block, fourteen of ‘f ’ block and six of ‘p’ block).
Similarly, seventh period should have the same number of elements as are present
in the sixth period but is still incomplete. Members of lanthanides are present in
sixth period and actinides in the seventh period. Both are presented at the bottom
of the Periodic Table because they possess identical chemical characteristics and
cannot be adjusted in the normal manner.

GROUPS:

The vertical columns in the Periodic Table are called groups or families.
Each group is labelled with a number and a letter ‘A’ or ‘B’. There are eight
groups in the Periodic Table (IUPAC has recently resolved to recommend 18
groups to avoid ‘A’ and ‘B’ classification). Inert gas elements are shown as group
8A or O because of their zero valent state and inactivity towards chemical
reactions.

The elements in a group have similar physical and chemical properties.
Elements in the same group show similar chemical properties because of similar
~ electronic configuration in the outermost energy levels.

The elements present in Group I-A (except hydrogen) are called alkali
metals. They react with water to form strong alkalies. They have one electron in
the outermost ‘s’ energy level, (1s"). The members of alkali metals are Li, Na, K,
Rb, Cs and Fr. They are soft metals and quickly tarnish in air. They react readily
with water to form corresponding hydroxides. They are mostly used as heat
exchanger in certain type of nuclear reactors. The bright yellowish street lights are
sodium vapour lamps. Group I-B includes Cu, Ag and Au.

Group II-A elements are called the alkaline earth metals. Each one of
them has outermost ‘s’ orbital filled with two electrons. The elements in this
group are Be, Mg, Ca, Sr, Ba, Ra. Magnesium and calcium are the most abundant
among them. Magnesium is a light metal and is used to build aircraft parts.
Beryllium is hard and has high melting point. For this reason it is used to prepare
window-panes of aircraft. Group II-B includes Zn, Cd and Hg.

Group III-A elements include B, Al, Ga, In and Tl. They have electronic
configuration in the outermost energy level, ns* np'. Aluminium is abundantly
found in earth’s crust and is very useful. It is used in cgnstruction and to prepare |

(?f)m wires. Gallium is a liquid (m.p. 30°C) at room tempeérature in summer.
F g
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Group IV-A contains elements, carbon (a non-metal), silicon and
germanium (semi-metals or metalloids) tin and lead (metals). They all have
ns® np* configuration and are tetravalent. Carbon is extremely important for life
processes. It is the building block of organic compounds. It exists in different
forms. Diamond and graphite are allotropic forms of carbon. Different forms of an
element which have the same chemical properties but different physical
characteristics are called allotropic forms or allotropes and phenomenon is known
allotropy. Silicon is the most abundant element on the earth’s crust. Silicon is a
semi-conductor and silicon technology is gaining significance because of its use
as semi-conductor. Tin cans are useful in stoting food. Lead is used in chemical
industry and storage batteries. It is poisonous and damages the nervous system.

Group V-A contains N, P, As, Sb and Bi. They have electronic
configuration ns’ np® in outermost orbitals. Nitrogen gas is present to the extent of
about 78 % in air. It is converted by nitrogen fixing bacteria to its compounds
which are useful for fertility of soil. Nitrogen is also converted into artificial
fertilizers such as urea, etc. Liquid nitrogen is used as coolant. Phosphorus exists
in allotropic forms — yellow and red. Red phosphorus is used in safety metals.

Group VI-A consists of O, S, Se, Te and Po. The electronic configuration
of outermost orbitals is ns* mp*. Oxygen and sulphur are the most abundant
elements among these. Oxygen is present to about 20 % in the air. It is essential
for life processes. Ozone is an allotrope of oxygen found in the upper atmosphere.
It helps in preventing the ultraviolet light t6 reach the surface of earth. Sulphur is
mainly used in chemical industry and vulganization of rubber. Selenium is a
component of photoelectric cell and is used to convert energy of sunlight into
electric energy.

Group VII-A constitutes the halogen family. The members of this family
are F. Cl, Br, I and At They are typical non-metals and have electronic
configuration ns” np’. Fluorine is the most reactive element. Its compounds are
useful for healthy teeth. Chlorine is used commercially for the purification of
water and its compounds are commercially useful. Tincture of iodine contains
iodine in alcohol and is used as disinfectant.

Inert gases comprise of Group zero (0) of the Periodic Table. The
members include He, Ne, Ar, Kr, Xe and Rn and have electronic configuration

» ns* np®. As p orbitals are completely filled they show chemical inertness. They
make up about 1 % of the atmosphere by volume. Neon gas produces orange-red
glow of neon signs. Argon is used in incandescent light bulbs. Krypton is used in
incandescent lamps along with mercury. Xenon is used in flash bulbs.

Groups I1I-B to VIII-B consist of transition elements. They have different
characteristics from main group elements. The most prominent characteristic
properties of transition metals include their high melting points, variable
valencies, coloured ions and formation of complex compounds.




[Chapter 1] CLASSIFICATION OF ELEMENTS

25

TABLE 1.6
Electron Configurations of the Elements

Atomic Electron Atomic Electron Atomic Electron
Number Symbol Configuration Number Symbol Configuration | Number Symboll Configuration
1 H s 38 Sr |[Kr] 5s? 78 Pt |[Xe] 6s 4f14 549
2 He [is? 39 Y  |[Kr] 5s? 4d! 79 Au  |[Xe] bs? 41 5d10
: 1 40 Zr |IKr] 5s? 4R 80 Hg |iXe] 6s? 4" 5d™
3 | L |1st2s'=[Hep2s' | 41 Nb  |{Kr) 55t 4d* 81 T |[Xe} 65 41 5d10 6p!
4 Be |[He]2s? 42 Mo  |[Kr} 5s' 4d8 82 Pb |[Xe] 6s? 4ft4 5410 6p?
5 B |[He] 25%2p 43 Tc  |[Kr] 5s'4c6 83 Bi |[Xe] 6s? 41" 5d° 6p
6 € |He] 2s2p? 4 Ru |{Kr] 5s'4d 84 Po |[Xe] 652 4f* 5d1° 6p*
7 N |[He]2s22p? 45 Rh  J[Kr] 5s! 4c® 85 At  |[Xe] 6s? 4f™ 5d' 6ps
8 . 0 [{He] 2s72p* 46 Pd  |[Kr]4d1 86 Rn [{Xe] 6s? 4f*4 5d10 6p®
9 F  }{He] 2s22p* 47 Ag  |[Kr] 5s' 4d™
10 Ne |[He] 2s72p® 4 | .Cd |[Kr] 552 44" . 87 Fr  |[Rn}7s!
49 in |[Kr]5s?4d" 5p1 88 Ra |[Rn]7s?
1 Na |[Ne}3s! 50 Sn |[Kr]5s?4d® 5p? 89 Ac |[Rn] 7s?6d!
12 Mg  |[Ne]3s? 51 Sb |[Krj5s24do5p}| 90 Th  |[Rn] 7s2 6c?
13 Al |[Ne] 3s23p! 52 Te |[Kij5s24d95p% 91 Pa |[Rn] 7s?5R 6d!
14 Si |Ne] 3s23p? 53 | |[Kr}5st4d0sps| 92 U  |[Rn] 7s2 57 6d!
15 P |iNe]3s3p? 54 Xe |[Kr)5s?4d5p%| 93 Np |[Rn]7s?2 5 6!
16 ] I[Ne] 3523p* 94 Pu |[Rn}7s25f
17 | C  |[Ne]3s%3ps 55 Cs |[Xe]6s' 95 Am |[Rn] 7525
18 Ar  |[Ne] 3s23p® 56 Ba |[[Xe] 6s? 9 Cm  |[Rn] 7s? 5 6d'
57 La {[Xe] 6s25d' 97 Bk [[Rn] 7s25f 64!
19 K |A)4s 58 Ce |[[Xe]6s?5R 98 Cf |[Rn}7s25f1®
20 Ca |[{Ar]4s? 59 Pr  ][Xe] 652 5P 99 Es |[Rn) 7s25M
21 Sc  [[Ar] 4s%4d! 60 Nd |[Xe] 652 5F* 100 Fm [[Rn] 7s? 512
2 T[] 4s4eR 61 Pm  |{Xe] 65256 101 Md |[Rn] 7s? 5%
23 VA 45U 62 Sm  [{Xe] 6s? 5 102 No |[Rn] 7s2 51
24 Cr  |{Ar] 4s'4d® 63 Eu  j[Xe] 6s2 51 103 Lr  |[Rn] 7s2 5" 6d!
25 Mn |[Ar] 454 64 Gd |[Xe] 6s24f 5d' | 104 Rf [|{Rn] 7s? 5f' 6d?
26 Fe |[Ar) 4s4ck 66 b |{Xe]6s?4P 105 | Haf [[Rn]7s?5f"6d?
27 Co  |[Ar] 4st4d’ 66 Dy |[[Xe]6s24f0 106 Sg |[Rn] 752 5f*4 6d*
28 N [[Ar) 4524 67 Ho |[Xe] 6s 4f't 107 Ns |[Rn] 7s? 5" 6d°
29 Cu [[Ar) 4s'4dv 68 Er  |[Xe] 6s? 42 108 Hs |[Rn] 7s?5fM 66
30 Zn  ||A)4s'4dv 69 Tm  |[Xe] 65?4 109 | ‘Mt |[[Rn]7s250"6d7
K| Ga [Ar] 4s? 3d" 4p! 70 Yb  |[Xe] 6524 110 Um  |[Rn] 7s2 5 6d®
Kyl Ge |[Ar] 4s? 3d" 4p? Al Lu |(Xe]6s?4f8d| 111. | Uuu [[Rn]7s?5f"6d°
KX] As  |[Ar} 4s2 3d% 4p? 72 Hf |[Xe] 6s24f4 5d?| 112 Uub |[Rn] 7s2 5% 6d1°
K| Se  |[Ar] 4s? 3d©0 4p* 73 Ta [[Xe] 652 4f14 5d°
35 Br  |[Ar] 4s? 3 4ps 74 W |(Xe] 652411 50
3 ko |[a4St3d0aps | 75 | Re  |[Xe] 65?4 565
: 76 Os  |[Xe] 6s? 4f" 5¢¢6
7 Rb  {[Kr] 5s! 77 Ir  {[Xe] 6s? 4f' 5d7
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* Lanthanide series ¥,

+ Actinide series .

The order of occupancy of Atomic Orbitals in the Periodic Table.

Placement of Elements Based on Electronic Configuration in
Periodic Table:

An important feature of the long form of the Periodic Table is that it can
be divided into s, p, d and f blocks. The division is based upon the type of atomic
orbital which receives the last electron in its atom.

s-Block elements belong to the class of representative or non-transition elements.
The incoming electrons enter the outermost S- orbltals in the atoms of these
elements. They have the configuration ns' and ns®. The s-block elements with ns
configuration are alkali metals and belong to Group IA. These elements with ns?
configuration are called alkaline earth metals and are members of Group IIA.

p-Block elements are also representative elements having the outermost orbital
electronic configuration 7s?, np'™. These elements belong to Groups IIIA (13),
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IVA (14), VA (15), VIA (16), VIIA (17) and VIIIA (18) and consist of a set of six
elements, e.g., B, C, N, O, F and Ne.

d-Block elements have the orbital electronic configuration (n — 1) ¢'™'° ns* or
(n = 1) &' ns'. The last electron enters the (n — 1) d-orbital. The elements are
called transition elements (a set of ten) and lie between s- and p-blocks e.g.,
members of first transition series Cu, Zn, Sc, Ti, V, Cr, Mn, Fe, Co, Ni and
belong to groups (IB to VIIIB).

f-Block elements have the general orbital electronic configuration (» — 2) f'™"*
ns*or (n = 2) £ (n = 1) d" ns* These elements are also called inner transition
elements. They are assigned special place at the bottom of the Periodic Table as
members of first or Lanthanide series in which 4 f-orbitals are being filled to get a
set of 14 elements and the members of second or Actamde series in which 5 f-
orbitals are in the process of completion.

According to recommendations of IUPAC (Internatnonal Union of Pure
and Applied Chemistry) adopted in 1984, the groups are numbered 1 to 8 as
shown in Table 1.4. Thus, the alkali metal Group IA becomes 1, while alkaline
earth metals Group IIA becomes 2 and so on. The d-block or transition elements
are labelled from group 3(Sc—) to 12 (Zn, Cd, Hg). The noble or inert gases are
placed in group 18.*

Elements of groups IA (1), IIA (2), IIIA (13), IVA (14), VA (15), VIA
(16), VIIA (17) have the outermost shells incompletes. These are called normal or
representative or non-transition elements.

Elements or groups IIIB (3), IVB (4), VB (5), VIB (6), VIIB (7), VIIIB
(8, 9 and 10), IB (11), IIB (12) are known as transition elements. These have their
d-orbitals incompletely filled. Elements of zero (18) group are called inert or
noble gases and have the shells completely filled.

Anomalies:
Elements of second period at the top of Group I to VII are sometimes
called head elements. They are interesting because some of the properties of these
elements and their compounds are slightly different from those of the other
" elements in their respective groups. These instinctive properties can be attributed
to the smaller size of their atoms, their higher electronegativities and ionisation
energies. For example, hydroxides of lithium and beryllium show more covalent
character than the corresponding hydroxides of other metals of Group I and IL

" Lithium hydroxide is thermally more stable than other alkali metal hydroxides.
Oxidation States of Lanthanides:

The lanthanides or lanthanons are the fourteen elements that follow
lanthanum (At. no. 57) in the Periodic Table. Electrons are successfully added to
the lanthanum configuration (------- 5d' 6s%) in 4f orbitals for these elements.
(Table 1.7)
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TABLE 1.7
w Atoghlc Name of Elements  Symbol  Electronic Configuration '
57 Lanthanum La 15 257 2p° 35 3p°3d° 4s? 4p°
| 4d" 55 5p°5d' 65
58 Cerium Ce ---4f154" 657
59 Praseodymium Pr ---4f% 65
60 Neodymium Nd. ---4f* 65>
61 Promethium Pm ---4f% 65
62 Samarium Sm ---4f% 65
63 Europium Eu ---4f7 65
64 Gadolinium Gd - --4f"5d' 65°
65 Terbium Tb ---4f°65
66 Dysprosium Dy -4 65
67 Holmium Ho ---4f1 65
68 Erbium Er ---4fh 657
69 Thulium Tm ---4f P 65
70 Ytterbium Yb o ---4M6s
71 Lutetium Lu - - - 4f'*5d' 65

The chemistry of these elements is predominantly ionic and is determined
by the size of M?>* ion. They are highly electropositive and their compounds have
ionic character.

The oxidation states of lanthanides can be correlated to their ionization
potential values. Ytterbium.and Lanthanum form only M** ions since removal of
three electrons give stable inert gas configuration. Lutetium and Gadolinium also
form M’ ions due to attainment of stable 4f '* and 4f’ configurations after
removal of three electrons from 5d and 6s orbitals. Ce** and Yb?* ions are stable
due to f®and f'* configurations after removal of four electrons from Ce and two
electrons from Yb atoms. (Table 1.9)

. Eu?* attains f configuration after the removal of two electrons from its
atoms, since half-filled orbitals have the tendency to gain stability. Similarly,
thermodynamic and kinetic factors impart stabilities to Nd#* | Pr**** and Ce®".
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Artificial (Man-Made) Elements:

Elements beyond uranium (92) are not found in nature. They are
artificially prepared. Man-made elements were named after the person or place of
discovery. For example, element 98 is named ‘Californium’ because it was first
produced in California. Element 99 was named ‘Einsteinium’ after Albert
Einstein.

In recent years conflicts have arisen between scientists on the
nomenclature of the artificially prepared elements. To avoid such controversies, a
systematic approach for naming elements beyond 103 has been adopted. It is
based on naming the element according to its atomic number. The following
terms have been adopted while naming these elements: '

0 nil (n) 5 pent (p)
1.un(u) 6 hex (h)
2 bi (b) 7 sept ()
3 tri (7) 8 oct (0)
4 quad (¢) 9 en (e)

Names are given on the basis of above terms to represent atomic numbers
and they end in ‘—ium’. For example, element 105 would be ca}led
‘unnilpentium’ as follows:

un nil pent ium
1 0 5 ending

- The symbol for unnilpentium is Unp. Similarly, the names of the elements
with atomic numbers higher than 105 are given below:

Atomic Number Nomenclature Symbol
106 Unnilhexium Unh
107 Unnilseptium ' Uns
108 Unniloctium Uno
109 Unnilenium Une

Oxidation States of Actinides:

Actinium (Atomic no. 89) and the elements following it are called
actinides. (Table 1.8). These include both naturally occurring (up to Uranium) and
artificially prepared elements.
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TABLE 1.8
Atomic Name of Elements  Symbol Electronic Configuration
Number
89 Actinium Ac ---6d7s
- 90 Thorium Th ---6d*75
91 Proactinium Pa ---5f*6d 75
92 Uranium U ---5f6d 75
93- Neptunium Np -5 75
94 - * Plutonium Pu 57578
95 Americium Am ---5f775
96 Curium Cm --- 5765 75
97 Berkelium Bk ---5f % 75?
98 Californium Cf - 51075
99 Einsteinium Es A
100 Fermium Fm - 512 76
101 Mendelevium Md S Lo
102 Nobelium No -5 TS
103 Lawrencium Lr ---5f"6d s
The known oxidation states of actinides are :
Ac | Th|Pa| U |Np|Pu|Am|Cm|Bk | Cf | Es | Fn | Md | No
3" (33T 33|32 282" [ 272" | 2
4" 4" 4* 4+‘ 4* 3* 3* 3* 3* 3+ 3* 3+ 3+
' 5* 5* 5+‘ 5* 4t 4" 4" 4*
6" 6" |6 |5
77| 6

The actinides form complexes with high coordination numbers.

£
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10.
11.

12.
13. .

14.
15.

16.
17.

18.

Questions

What was the basis of classification of elements early in chemical history?
How Dobereiner proceeded to classify elements into triads? What were
the characteristics of triads? ’

What is meant by Newland’s octaves? Discuss discrepancies. in this
arrangement.

- Who presented the first Periodic Table of elements? What was the basis of

his presentation?

Discuss Mendeleev’s Periodic Table of elements. Why did he leave gaps
and what discrepancies were noticed in the first Periodic Table?

What is Periodic Law? Discuss the various aspects of this law.
Discuss classification of elements on the basis of electronic configuration.

What are atomic numbers? How is Periodic Law correlated to atomic
numbers?

Discuss various groups and periods on the basis of atomic structure.
Justify the position of groups and periods on the basis of electronic
configuration. -

Discuss the periodicity of properties iin the modern form of Periodic
Table. :

What are the anomalies found in the Periodic Table?

How are the elements with atomic number more than 103 named? Discuss
with examples.

Discuss merits and demerits of various forms of Periodic Table.
Write notes on the following:

(a) Periods (b) Groups

(c) Periodic Law (d) Periodic Tables

Discuss the quantum mechanical picture of atoms.

What are the common oxidation states of lanthanides. Give reasons with
specific examples.

What are actinides? Give the common oxidation states of actinides.
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19. Werite short answers to the following questions: '
@) State Periodic Law.
(i) What are the limitations of Mendeleev’s Periodic Table?
(i) ~ What is the correlation in Atomic Numbers and Modern Periodic
Law?
(iv)y How are elements placed in Periodic Table based on electronic
' configuration?
v) What is the significance of the principal and the azimuthal
quantum numbers?
(vi)  Describe the significance of the magnetic and the spin quantum
numbers.
(vii)  What are the fundamental particles of atom?
(viii) What is extranuclear structure of atom based on?
(ix) Describe Hund’s rule of maximum multiplicity giving suitable
examples.
(x) Discuss Aufbau order of filling orbitals. Give electronic
configuration of element with atomic number 26.
(xi)  Draw correlation between Atomic Structure and Periodic Table.
(xii) What are Periods? Give their significance in the Periodic Table.
(xii) What do you understand by groups? What is the basis of forming
these groups in the Periodic Table?
(xiv) What are man-made elements? How are they named?
20. Give the correct answer:

Electrons are distributed among the orbitals in such a way as to
give the maximum  multiplicity ie., maximum number of
unpaired electrons, which is according to:
(a) Pauli Exclusion principle (b) Hund’s rule
(c) éufbau’s Principle (d) none of these

(Ans: a)
Which of the following has the same number of electrons as an
alpha particle? -
(@) H (b) H
() H. (d) He*

(Ans: d)

e
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(1)

(iv)

v)

(vi)

(vii)

(viii)

The atoms A and B have the electronic configurations given |
below:

A: 15* 25% 2p° 35 B: 1s* 25* 2p*

Which of the following compounds are they likely to form?
(@ AB (b) AB;

(C) AB (d) . A2B4

(Ans: a)

Which of the bfollowing represents the configuration of the three
electrons of highest energy for the ground state of an element in
Group III?
(a) 1s*2s' ) 15225 20!
© 3p’ () 45 4p’

, (Ans: d)
Which of the following electronic configurations represents an
element that forms a simple ion with a charge of —37?

() 157 25*2p° 35 3p! (b) 15 2¢* 2p° 35% 3p°
(¢) 15257 2p! () 1525 2 357 3p° 3 a8
(Ans: b)

What is the atomic number of an element that has four unpaired
electrons in its ground state? '

(a) 6 ' (b) 14
(c) 22 (d) 26
- (Ans: d)

Which of the following ions has more electrons than protons?
(a) He' (b)) H;0"
(c) H' (d OH~™

, (Ans: d)
Which of the following ions contains an unpaired electron?
(a) Ca* , (b Cu*
(c) K' - (d) Zn*

(Ans: b)
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(ix)  Which of the following would, on losing an electron, have the
half-filled set of p-orbitals?

(a N : (b Li
(© O (d F
| ' (Ans: ¢)
(x) What is the electronic configuration of the atom of the element
which is isoelectronic with H;S?
(a) 1525 2p° (b) 15* 25% 2p° 35
(c) 1s*25* 2p°3s* 3p* (d) 15* 2% 2p° 35% 3p°
(Ans: d, because S~ in H,$ has the configuration 15* 25% 2p° 35* 3p%)

(xi)  For which element does its ground state atom has no paired p

electrons?
(@ C b O
(©) Mg , @ S : -

(Ans: a)
(xii) What kind of orbital must an electron with a principal quantum
number 7 = 2 may occupy?
(a) an s-orbital (b) s or p-orbital
(c) p-orbital (d) d-orbital
(Ans: b) -
(xiii) Which particles are the same for the two nuclides TgAr and ?gK?
(a) the number of electrons
(b) the number of neutrons
(c) the number of nucleons (protons & neutrons)

(d) the number of protons

. | (Ans: ¢)
(xiv)  Which of the following ions contain five unpaired d-electrons?
@@ crt (b) Fe*
() Cu* (d) . Ni*’

' . | (Ans: b)
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ng). Which statement is correct about the composition of an atom of
o 68
the gallium isotope 3;Ga used to detect tumours?

(a) it has 37 neutrons (b) it has 32 protons
(c) it has 32 electrons

(d) it has 4 electrons in outer shell

(Ans:'a)
(xvi) An ion contains 42 protons. What is the electronic configuration
of the ion?
(a) [Ar] 3d" 45% 4p° 4d’ (b) [Ar]3d" 45% 4p° 4
© [Ar]3d"4s 4p5ad (d) [Ar] 3d" 4s* 4p° ad®

(Ans: c; with 42 electrons)

(xvii). Carbon-14 is radioactive and is used by archaeologists in carbon
dating. Which of the following species has both the same number
of neutrons and the same number of electrons as an atom of C-14?

(a) I4N+ (b) ]602+
© 'F (d si
(Ans: b; 6 electrons & 8 neutrons)

(xviii)) Which of the following statements about the s, p and d orbitals of
principal quantum numbers are true?

(a) each s orbital can have a maximum of two electrons.
(b) a transition metal arises from the filling of d orbitals.

(c) a p orbital has higher energy than the s orbltal of the same
principal quantum number.

(d) ad orbital has lower energy than p orbital.
(Ans: a)
(xix) thch of the following statements about the two isotopes .§P and
6S are correct?
(a) P has more neutrons than S. ,
(b) on adding a neutronto P, sulphur is produced.'
(c) bothP and S contain 32 electrons.

(d) both P and S contain 32 protons.
(Ans: a)
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(xx)

(xxi)

(xxi1)

(xxiii)

(xxiv)

(xxv)

Which of the statement is correct?

(a) the nucleon number of an element is the number of neutrons
in an atom.

(b) the proton number is always equal to number of neutrons.
(c) the electron number is always equal to number of neutrons.
(d) the charge of an electron is equal to that of proton.

(Ans: d)
Which of the following is the strongest reducing agent?
@@ CI - (b) Ar
() X (@ Ca*

(Ans: a)

Which of the following elements would be expected to form the
largest ion with a noble gas electronic configuration?
(a) Al () Cl
(c P @ K

(Ans: ¢)
The chioride of one of the following elements does not react with
water or dissolve in it. Which of the following element it could
be? -
(a) aluminium (b) phosphofus
(c) carbon (d) silicon

(Ans: c)
When either chlorine or hydrogen chloride is passed over a heated
metal, M, the chloride is produced. An aqueous solution of this
chloride is acidic. Which is the following metal, M?
(a) aluminium (b) copper
{c) iron . (d) calcium

, (Ans: a)

Which of the following set of elements have giant metallic
structures? '
(a) Na Mg Al (b) Mg Al Si
(c) C Si Sn (d SiPS

(Ans: d)
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21.

(xxvi) Fruit juices are often packed in aluminium cans. Why aluminium

(xxvii)

(xviii)

is considered to be the most suitable?
(a) aluminium can be recycled.

(b) aluminium has a very low density.
(c) aluminium is a cheap metal.

(d) aluminium is resistant to corrosion.
(Ans; d)

The element has a low atomic number. It forms ah amphoteric
oxide and its chloride when anhydrous is readily hydrolysed in
water. To which group the element belongs? '

(a) GroupIl (b) Group III
(¢) GrouplV (d) GroupV
(Ans: b)

Which property of the first six elements of Period 3 (sodium,
calcium, aluminium, silicon, phosphorus, sulphur) continuously
increases numerically? E

@) atomic radius
(b) first ionization energy
(c) maximum oxidation number in oxide

(d) melting point

(Ans: ¢)
Fill in the blanks:
® One of the first attempts to arrange elements and compounds on
the basis of their origin was made by
(i) The concept of groups of three elements or triads was developed
by :
(i)  Chemigally similar elements reoccur in when

arranged in order of increasing atomic weights.
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(iv)  Meyer produced a table showing periodic arrangement of the

-elements by plotting of elements against their
relative

(v) Mendeleev arranged the elements into  rows
called periods and eight called groups.

(vi)  The properties of elements are of their atomic
weights.

(vii)  X-rays are produced when cathode rays strike

(viii) The principal quantum number describes the motion of an electron

in
(ix)  The Azimuthal quantum number describes the of
an orbit.
(x) measured the nuclear charges on the nucleus.

(xi) Fundamental particles of atom are:

(a) () (©

(xii) proposed a fundamental particle known as meson.

(xiii) Electrons are distributed among the orbitals of a subshell in such a
way as to give the maximum number of electrons.

(xiv) Elements beyond are not found in nature.

1 Lk



GROUP TRENDS AND
PERIODIC PROPERTIES

We have studied the Periodic Table and noticed that the arrangement of
elements in the Periodic Table is based on atomic number and the outer electronic
configuration. It results in two patterns emerging in the properties of the elements
and their compounds:

(2)

(b)

Elements with similar chemical properties are all in the same
groups. For example, alkali metals are members of Group IA and
halogens are in Group VIIA. :

The most electropositive elements and thus the most reactive metals
are in the bottom lefi-hand corner of the table. In general, the
electropositivity of elements increases down a group on the left of
the Periodic Table and decreases from left to right in a period on
crossing the periods. Consequently, the s-block metals tend to form
cations readily and thus form ionic compounds. The p-block
elements in the centre of the table tend to form covalent compounds
only. The more electronegative p-block elements on the right side of
the table can form either covalent or tonic compounds depending
upon the atoms with which they react. The inert or noble gases, of
course, with their stable electronic configuration (where outermost p
orbitals are completely filled with 6 electrons) form relatively few
compounds (Table 2.1).

TABLE 2.1

Trends in Compound Formation

Electropositive nature decreases (Electronegativity increases)
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The maximum attainable oxidation states of elements also exhibit a
periodic variation. They tend to increase on crossing a period until maximum is
reached in Group VIL

The d-block elements tend to be ionic with a high degree of covalent
character. They tend to form complex ions. The .d-block elements exhibit
variation in oxidation states. The maximum oxidation states usually occur in the
middle of the series.

The variation and periodicity can well be described in terms of physical
properties such as sizes of the atoms, ionization potentials, electron affinities,
clectronegativities, etc. Therefore, these properties will first be described.

SIZE OF ATOMS AND IONS:

If we look at the Periodic Table, we find a gradual decrease in the atomic
size with increasing atomic number in a period. As we proceed across the Periodic
Table, a progressive addition of electrons takes place in the orbitals having very
nearly the same energy. The result is that the increased nuclear charge will pull
the entire electron cloud to an increasingly greater extent. It has been found that
the decrease in size is more pronounced in s orbitals and the relative decrease in
size becomes progressively smaller for electrons in p, d and f orbitals. When we
move to the next period, electronic addition takes place and the size increases.
Thus, the size of the atom will be more for the first member of each period and
will decrease as we go across the Periodic Table from left to right as shown in
Table 2.2

TABLE 2.2
Sizes of the atoms and their ions (pm)
Atomic | Na Mg Al Si | C N 0] F
Size 151 136 125 117 77 70 66 64
lonic Na" | Mg? | Al Si** c* N~ or F~
Size 95 65 50 41 260 171 140 136

It is seen in the above table that for the iso-electronic series ct, N3‘, 02’,
F-, Na', Mg®", A" and Si*", the contraction in size of ions is more as compared
to the trend in parent atoms. This is due to increasing nuclear charge on the ions.

A decrease in size of the atom in a period is due to a shrinkage caused by
the increased nuclear vharge resulting in an increased attraction for all the
clectrons in quantum she’l. Similarly, the increase in size of the atoms in a group
is due to the introduction or addition of new shells of electrons which outweigh
the effect of increased nuciear charge. In Table 2.2, a decrease in size is observed
in passing from a neutral atom to a positive ion. This is-attributed to the reduction
in the number of shells of eiectrons with the loss of electrons from the outermost




[Chapter 2] GROUP TRENDS AND PERIODIC PROPERTIES ‘ 41

shells and the greater attraction of the remaining ones by the nucleus. A positive
ion thus has a smaller size thar the corresponding neutral atom. More the
electrons are removed, smaller wil' be the size. On the other hand, a negative ion
is bigger due to the decreased at raction of the outer electrons to the nucleus
because of the greater number o7 negative charges, reduced effect of nuclear
charge and the expansion of the ele :tronic cloud.

The sizes of atoms are e>pressed in terms of atomic radi, ionic radii.
covalent radii and Van der Waal’s radii.

The size of an atom is meisured by the most probable distance from the
nucleus to the outermost shell. This distance is called the atomic 1adius of an
atom. Various factors effect the atomic radii
ATOMIC RADIL:

Owing to the wave nature of the electron, an atom does not have strictly
defined boundaries. So that it is impossible to determine its absolute dimensions.
In practice, we are forced to deal vvith the radii of atoms linked together by some
type of chemical bond. The atomi: radius of an atom is defined as half of bond
length or the distance between two identical atoms in a chemical bond.

FABLE 2.3
Molecule Bond Ler.gth (pm) Atomic Radius (pm) f
H-H 110, | 55 |
F ) % 41 72 5
CRECE 20 101 |
Br - Br 20y » 133 }

The relationship between etomic radii of elements and bond iength are
given in Table 2.3 Within a periog the radii of the atoms decreasc as the charge
on the nucleus increases. The greatest decrease is observed in the elements of the
short periods, since their outer shells are filled. In longer periods we observe a
smoother reduction of radii withia the families of « and / elements (This is
generally known as « or f or lanthan.de contraction).

The atomic radii of many of the regular elements in the Periodic Table are
given in Table 2.3. The atomic radii are found to decrease across a period and
increase down a group. The decrease in atomic radius across a period is due to the
fact that the valence electrons in atoms experience a greater and greater attractive
force as the nuclear charge increuses resulting in the contraction of atoms and
rPductlon of radius. For example, all atoms of the third pericd have a neon cor¢
1s% 25 2p°. Thus Na can be represcnted as [Ne] 3s', Mg as [Ne] 3s* 3p" and so on.
Experimental evidence strongly irdicates that the necon core of the third period
clements is not very much disturbzd by the addition of electrons to the 3s and 37
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orbitals. As the atomic number increases in a period, the nuclear charge on the
core increases and the more attractive forces between nuclear and electronic
charge (in the same orbit) result in contraction of atom and therefore, reduction in
atomic radii from left to right in the period. _

The increase in atomic radii down the group is due to increase in nuclear
charge and simultaneous increase in the number of energy shells. This results in
the increase of atomic radii down a group.

The radii of atoms in general increase with the increase of atomic number; .
but to a large extent in the s and p sub-groups than in the d subgroups, as shown
in Table 2.4.

TABLE 2.4
Element | At. No. | At. radius (pm) | Element | At. No. At. radius (pm)
As 33 148 A" 23 "~ 134
Sb 51 161 Nb 41 145
Bi 83 182 Ta 73 146

As is seen in Table 2.4, the atomic radius increases in the arsenic sub-
group by 21 pm from Sb to Bi, while in the vanadium sub-group it increases only
by 1 pm between Nb and Ta.

This should be known that radii of atoms and ions of & elements in the
fifth and sixth periods of a given sub-group are approximately equal. This is
explained by the fact that the increase in radii due to the increase in number of
electron shells in passing from the fifth to the sixth period is compensated by the
4f contraction (lanthanide contraction) due to the filling of the 4f sub-shell of
elements of the sixth period. Bgcause of the similar structure of their valency
clectron shells and the approximately equal radii of their atoms and ions, the
properties of the d block elements are particularly close to one another.

"~ (a) Variation of Atomic Radii Within a Group of the Periodic Table:
The distance of an electron from the nucleus of an atom depends primarily

on the principal quantum number, (7 = 1,2, 3, which represents the number

of orbit or shell). Higher the value of n, the larger the atom. In other words, more
electronic shell in an atom, tie larger is the atomic radius. Thus the atomic radii
increase down a group with iacreasing size of the atoms of elements in the same
group. '

(b) Variation of Atomic Radii Within a Period in the Periodic Table:

With increasing atomic number from left to right in a period, the effect of
the effective nuclear change on tae incoming electron in the same shell increases
resulting in decrease of atomic radius. The result is that the atomic radius
decreases from left to right across a period in the Periodic Table.



[Chapter 2] GROUP TRENDS AND PERIODIC PROPERTIES 43

(c) Variation of Atomic Radii Within a Transition Series:

In transition elements, additional electrons go into inner d orbitals, which
participate effectively in screening the outer-shell electrons. There is initial
decrease in atomic radii for the first two or three members but following that
atomic radii change little in a transition series.

The unit that has long been used to describe atomic dimensions is the
angstrom unit, A°. In SI units, the either nanometer (nm) or picometer (pm) is
used. : '

1A° = 1x10m = 0.10nm = 100 pm,

For bonded atoms, we customarily speak of atomic radii, covalent radii, -
ionic radii and metallic radii (in case of metals). For atoms that are not bonded
together, the radius is described by Van der Waals’ radii.

COVALENT RADIIL:

The covalent bonds are formed from the overlap of the orbitals in the
region between the centres of two atoms. As a result of it the nuclei of bonded
atoms approach each other more closely than do the nuclei of non-bonded atoms
The covalent radius of an atom is taken as one half the distance between the
nuclei of two identical atoms forming a single covalent bond.

Thus we can say that the bond distance between the two atoms A — B
should be the arithmetic mean of the bond lengths A — A and B — B. Take the
case of covalent radius of carbon which is one half the experimentally determined
distance between C — C single bond. This gives the value of 77 pm. Similarly,
for the Si — Si linkage the covalent radius comes to be 117 pm. Now if we
consider the bond distance between carbon and silicon, we should expect a bond
length of 194 pm. This is in very good agreement with the experimentally
determined C — Si distance of 193 pm in carborundum (silicon carbide).
Covalent radius of C — Si bond is half of the bond length.

The covalent radii decrease with increase in bond order because there is
corresponding decrease in internuclear distance. Thus in carbon, the internuclear
distance and atomic radii decrease with increase in bond.

Bond Order II)I;?:;E‘;C(I:% Atomic Radius (pm)
Cc-C 154 77
C=C 134 67
C=C 120 60

Although the above rule works in many simple diatomic molecule, but
this is not generally the case. Very often there is a considerable deviation from the
expected result. This deviation can be attributed to many factors like multiple
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bonds, ionic character and various possible hvbridized orbitals that determine the
geometry of covalently bonded molecules. The covalent radii can be named in
terms of their geometry. For instance, covalert radii for the tetrahedral structure
arc called tetrihedral radii. Similarly, for octah:dral structures, these are known as
octahedral rad:1.

The ccvalent radii are usually classifie] as either normal radii, tetrahedral
radii, octahed:al radii, square radii or metalic radii as the case may be. The
metallic radius is invariably larger than the s'ngle bond covalent radius for the
same atom. A:omic radii and single bond cov :lent radii of some metals and non-
metals are given in Table 2.5,

TABLE 2.*
Compariscn of Atomic Radii and Single 3ond Covalent Radii for Some
Metals and Non-M:tals (pm)

. ingle . ingl d
_ Atomic Single bond Atomic Single bon
Metals " covalent | Nor-Metal : covalent
radius radius radius radius

K 231 202 C 77 77

Ba 217 198 P 110 . 110

La 188 169 S 104 104

Zr i 157 145 Br 115 114

Pd 138 128

In 162 150

In th. above table, the discrepancies in the values of radii are due to
difference ir the electroncgativitics between the bonded atoms. In order to
compensawe for this ionic difference, many empirical formulae have been
suggested by different workers like Schomak.r and Stevenson, According to their
equation,"the covalent energy distance r°xp which is related to the actual bond
length rap and the bond energy Eap is given b

1
r°an = rap t 3 logio Ean

Except for hydrogen, it is in agreement with the experimental results.
IONIC RADII:

When neutral atoms gain or lose ele.trons completely, ions are obtained.
Positive ions will be smaller than their parcnt atoms and negative ions will be
larger. This is readily understood in terms of the number of electrons, the nuclear
charge holds. For a positive ion, the nuclear charge is exerting influence on a few
electrons and hence pulls them all closer together, whereas in the case of a
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negative ion the nuclear charge must act upon more electrons so that each is held’
less tightly and the electron cloud expands. As shown in Table 2.6, the radius of
the ion decreases with an increase in the number of electrons lost and size of ion.

. TABLE 2.6

v Ionic Radii (pm)
H- | L' | Be* | B* | c*
154 | 60 | 31 20 15

o' | F- | Nat | Mg¥ | A | si* |'p* | s* | o™

. 140 136 95 - 65 50 41 | 34 29 - 5 26

s? | ¢ | K* | Ca¥ [ s [ Ti* [ V' | | M

184 | 181 | 133 | 99 | 81 | 6 | s9 | s2 | 46

'se? | B~ | Rb" | S | YN [ zi* | Nb™ | Mo* | Tc™

198 |-195 | 148 [ 113 | 93 | 80 | 70 62 —_

Te™ I Cs* | Ba® | L& | Hf" | Ta" | wW* | Re”

221 | 216 | 169 | 135 | 15 | 79 | 71 | 65 | 50
It-is not simple to calculate ionic radii as in the Casg'of covalent radii since
. like atoms do not form ionic bonds with each other. The measured distance
between the nuclei held by ionic bonds cannot be-halved to give the desired ionic
radii. The only way radii can be assigned is to determine how closely the centres
of the two atoms or ions actually approach each other in solid substances and then
to assume that such a distance is equal or closely related to the sum of the radii of
the two atoms or ions, Even this procedure is ambiguous and many assumptions
are made to get the desired set of radii. Pauling calculated the radii of the four
salts NaF, KCI, RbBr and Csl, in each of which the cation and anion are iso-

electronic and the radius ratio ("cation / "anion = "* /") should be similar in all
four cases. Two assumptions were made:

(a) The cation and anion were assumed to be in contact §0 that the mter—
nuclear distance was equal to the sum of the radii. -
(b) For a given noblg gas electronic configuration, the radius is assumed
- to be inversely proportional to the eﬁ‘ectxve nuclear chdrge felt by
~ the outer electrons. -
The apphcatxon of these rules can be illustrated by takmg the case of NaF
in whlch the internuclear dxstance is 231 pm. Hence

rNa* +rF~ = 231 pm
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‘ Now using the rule developed by Slater to estimate how much the various
electrons in the 15 2p* 2p° conﬂguratlon shield the outer electrons from the
nuclear charge, we obtain the value 4.15 for the shielding parameter. The
effective nuelear charges Z, felt by the outer electrons for Na' with Z = 11 will be

11-4.15 = 6.85
and for Fionwith Z = 9 |
9-415 = 485,

~ According to the rule (b), the radius ratio rNa / rF~ must be inversely
" proportional these numbers. Thus s

s . _ 485 _ ‘
rNa ¢ rF ——685 0.71.

Solving this and the previous equation for. the sum of the radn
sxmultaneously, we get ,
rNa* = 95pm
rF~ = 136 pm
The radii for a number of i important ions given by thls procedure are ngen
in Table 2.6.
’ Among the five species Na Mg, Ne, Na" and Mg the Na atom is larger '
than Mg. The ionic radii are smaller than atomic radii because of the removal of
~ electrons and resulting in the reduction of size of the ion. 'Na', Mg**and Ne are
said to be iso-electronic because they have the same number of electrons (10)'
© with identical configuration (1s* 25* 2p° ) Ne has a nuclear charge of + 10, Na'
has a nuclear charge of + 11. So Na* has a smaller ionic radius due to the

attraction between + 11 nuclear charge on to the same number of electrons (10) as
compared to that of Ne. Similarly, Mg?** is still smaller because it has a nuclear

charge.of + 12. (
_ When a non-metal atom gains one or more electrons to: form a negative
" ion (anion) there is an increase in size.. The addition of electrons to an atom causes
' an inicrease in repulsion among the electrons. The electrons spread out more, and
the size of the ion increases. The covalent, ionic and metallic radii are compared
in Figure 2.1. . ' ' :
PROBLEM: ,
- The following specres are iso-electronic with the noble gas argon. Without
s reference to ﬁgures or tables in the text, arrange in order of i mcreasmg size:

A, Ca¥ K*, CI; sz‘

N\
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The forces of attraction or pull on energy level of electrons and -thus
smal]er in size. Thus order is:
Ca®* <K'<Ar<Cl~ <s¥

Covalent . lonic radius .  Metallic radius
1. 57 A° (157 pm) 0.95 A° (95 pm) - 1.81 A°(181 pm)

P
. -~

‘Na

(a) ‘ » S (b) ¢ ‘ | (c) » .
Fig. 2.1. (a) The covalent radius is one half the distance between the centres of
/ - two Na atoms in the gaseous molecule.

(b)  The ionic radius is based on the distance between centres of ions in
~ an ionic compound, such as NaCl. ,
(c) . The metallic radius is taken as one half the distance between the
) centres of adjacent atoms in solid metallic sodium.

VARIATION OF IONIC RADII IN THE PERIODIC TABLE:

Two general perxodlc trends are found for ionic radi, (a) Size decrease
along a period, (b) Size increase down a group in long form of the Periodic Table
‘as shown in Fig 2.2. '

On moving from left to right across a perlod inthe Periodic Table, there is
a regular decrease’ in ionic radii. This is because as the nuclear charge increases
and electrons are added to the same energy levels, the increase in nuclear charge
- draws the electron cloud closer and closer to the nucleus. The rate of decrease in
‘size becomes smaller as the atoms become heavier. A relatively small decrease in
ionic radii is observed in transition elements. The rate of decrease in size along
the lanthanide series is even less than in the transition series because of addition -
of electrons irvinner ‘f’ orbitals which screen out the effect of effective nuclear
charge on outer electrons.  This small decrease of size along the lanthamdes is
referred to as the lanthanide contraction. ‘

- Decrease Ca

3
Cd

M

lonic Radii -

Increase Increase

N

Fig. 2.2. General trend ih ionic radii in the periodic table.
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VAN DER WAALS’ RADIIL:

In addition to ionic and covalently bonded atoms, there are certain atoms

in solids and liquids, which are not bonded to one another either ionically or
covalently. For example, noble gases can be liquefied and solidified, hence it is.
assumed that there are some forces of attraction between these atoms; and since
‘éxtremely low temperature is required to condense them, this proves that these
forces are very weak. Such forces are usually called Van der Waals’ forces or
Loridon forces. One half of the distance between the atoms of the.noble gases
such as Krypton (Kr — Kr) is called Van der Waals’ radius of Krypton. The Van

der Waals’ radii are much larger than ‘covalent radii e.g., ionic radius of Br™ ion is -

1.25 A°, the covalent radius of Bris 1.15 A® and the Van der Waals’ radius of Br
is 2.00 A°. - * ' . .

~ Van der Waals’ radii for all elements may be estimated if the distance of
closest approach of their atoms to other atoms (when no chemical bond exists

*

between them) and are known from structural studies. For example, in solid -

bromine, the distance between the non-bonded bromine atoms is 3.90 A°, giving a
Van der Waals’ radius of 1.95 A°. In case of the molecules with permanent dipole
moments, the dipole-dipole attraction will also contribute to the stability of the
crystals, but even the closest approach of the two non-bonded atoms can be taken
‘as the sum of their Van der Waals’ radii. Some of the van der Waals’ radii of non-
metallic atoms are given in Table 2.7.
| TABLE 2.7
Van der Waals’ radii of some non-metallic atoms (pm)

'H 110 , He 179
N 150 - 0] 140 " F 135 Ne 160
P - 190 S 185 Cl 180 Ar "192

- As 200 . Se 200 Br 195 Kr- —
Sb 220 Te 220 1 215 Xe 200

IONIZATION POTENTIAL OR IONIZATION ENERGY, I:

Ionization potential is one of the few fundamental properties which can be
measured directly. Atoms can Jose electrons. They must -absorb energy to bound.
The energy that the gaseous atom must absorb in order to separate most loosely
held electron from the atom is called ionization energy or ionization potential.
The ionization potential of an element is defined as the minimum energy
required to remove an electron from its isolated atom (in the gaseous state)
when at ground level, to form a cation e.g., *

%Hz — > H'+e AH
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The ionization potential is expressed in elect'rdn_ volts/atom or in
kilocalories per mole or kJ/mole. The symbol I, stands for first. ionization

potentlal

~ If second electron is ejected from the singly posmve ion, it is known as

second ionization potential, I; e.g.,
: Mg(g) — Mg'(@)+e¢, . I = (738 ki/mole)
Mg"(g) — Mg¥(g) + ¢, I, = (1451 k¥/mole)

Similarly, the third ionization potential relates to a process in which one
electron is removed from +2 ion.

The 1omzatlon potential depends upon the followmg factors:

1.
-

.3. X
4.

The magnitude of the nuclear charge.

The distance of the outermcst electron from the nucleus i.e., atomic
radius.
The shielding effect of the underlying shel]s of electrons.

The extent to which the outer electron penetrates the charge cloud
set up by the low-lying electrons.

It has b_een found that the degree of penetration of electrons in a given
principal quantum level decreases in the order s > p > d > f. This corresponds to
the extent of binding of the various electrons. An ns elettron is more tightly
bound than any np electron, whlch in turn, is more tightly bound than an nd

electron etc.

The periodicity of the ionization potential can be seen in the plot between
the first ionization potential and atomic number as shown in Figure 2.3.
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In this plot the minima occupied by the IA elements on the curve i.e.,
alkali metals, are consistent with the lone pair- valence electron being at a
relatively large distance from the nucleus in addition to being well-shielded from.
it by the underlying inert gas configuration. Gradual increase occurs as we
proceed across the given period in the Periodic Table until maxima are reached at
the inert gases on the extreme right corresponding to the peaks in the curve. The
minor irregularities which appear in the general trend are associated with the
‘stability of filled, half-filled or empty orbitals. . S

Very little change in the ionization potential is noticed across a given
transition series. This may be attributed due to the increased nuclear charge which
is offset by increased screening by the additional electrons entering low-lying '@t
orbitals. : : : S

The peaks which occur at zinc, cadmium and mercury and the minima
which occur at gallium, indium and thallium are most likely the result of filled s
sublevel stability and the very effective screening of the s electron pair.

" Ionization energies decrease as ths sizes of atoms increase. Ionization
potential values of alkali metals are given in Table 2.8. o

In the Periodic Table, the ionization potential decreases in the groups,.and
this decrease is rapid up to 4th period, less up to sixth and slight from 6th to
“seventh. Effect from first to 4th period is due to the effect of additional shells
which outweighs the attraction due to the increased positive charge on the .
nucleus. From 4th to sixth period in each step, 18 protons are added up and
attractive influence is increased. The lower the ionization potential values, the
more metallic is the element. -

TABLE 2.8
Tonization Potential Values
ev/atom kJ/mole
Li (2s") 539 520
Na (3s') 514 495
K (4s") 4.34 418
Rb(55") o 4.17 , 403
Cs«(6s") . 389 375

The ionization potential increases from left to right when we move along a
period. The number of protons in the nucleus and the nuclear charge goes on
increasing with an increase iri the atomic number. The attractive influence of the
nucleus on the shells increases and the electrons become more tightly bound and
difficult to remove. Thus energy required to eject an electron increases and there
.is an increase in the ionization potential from left to right. This is shown in the
Table 2.9. o ‘
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TABLE 2.9
' First Ionization Potential (KJ/mole)
- H ‘ ‘He
1312 g 2373
Li Be B | C- N o F - Ne -
520- | 897 800 | 1090 1398 1312 1678 2083
Na Mg Al Si P S cl - Ar
492 733 578 781 1061 1003 1254 | 1524
- K " Ca Ga Ge As Se Br Kr
418 589 578 760 946 940 1142 1349
" Rb Sr ~In Sn | Sb Te T Xe .
403 |- 452 557 707 833, | 869 1007 1170
Cs .Ba | Pb Bi .Po | - At Rn
376 493 588 714 703 813 — | 1036
- Fr Ra - Ac
— 508 —
ELECTRON AFFINITIES:

Electron affi mty is defined as the minimum energy- released when an
electron is absorbed in the lowest energy state of an isolated atom to form an
anion. Electron affinities similar to ionization potentlals are expressed in electron
volts or kJ/mole, e.g,

Agteg — Ay

Agpteg — A

Cl(g)+e o — Cl- )+384KJ -

O(g)+e — O ® = 142 KJ

o) (g)+e —_—> 02 (g)+780KJ
When a second electron is absorbed to a uni-negative ion, the incoming

electron is repelled by the —ve ion and energy is absorbed in this process, i.e., it is

“an endothermic process. For example, E.A. for O™ is 1.48 e.v. and for o” is—73

ev. as shown in Table 2.10.

A TABLE 2. 10
. Electron Affinities Data For Some Elements (KJ/mole)
H
74 S
Li’ Be B - C. N "0 F Ne
52 | -57 19 120 9 141 332 0
Na | Mg Al Si P S Cl Ar
71 - 28 28 100 ~ 57 199 348 . 0
For 2 electrons ‘ Br " Kr
0 S Se 324 0
-704 ~ 328 ~405 1 | Xe
: - 295 0
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, There are only a few cases which have the positive values of E.A. These
are mainly lighter and non-metallic elements. Larger positive values are shown

only by those elements which have one or two vacancies in a valence shell close

_ to the nucleus.- Electron affinity increases with the increase in atomic number

" within* a period and decreases with increasing atomic number within a group of
the periodic table. R o :

As shown in the table, Be and Mg have low values of E.A. It is because
Be and Mg atoms have completely filled ‘s’ sub-shells and thus an electron added
will occupy a sublevel of higher energy which is not so easy and hence these
atoms have low E.A. If both the s and p orbitals are filled up, the incoming
electrons will enter into still higher energy levels and the E.A. will be zero as is
_ shown by inert gases. In case of nitrogen and phosphorus the orbitals are half-
filled and extra-stable. The E.A. for them would be less than that expected
otherwise. ’ : -

It is also observed that E.A. decreases from lighter to heavier elements in
~ a given group of the Periodic Table. This is quite clear in Cl, Broand 1. The
representative member of each period i.e., Li, Be, B, C, N, O and F have lower
electron affinity than the next heavier members. It ‘is because the incoming
electrons are repelled by the electrons already present in the atom. This effect is
‘'unusually high for the smaller atoms in the 2nd period. Second and higher order
E.A. are all negativein sign because of the repulsion between the electrons being
added and the negatively charged ions already present. - |

The elements of group VIIA(17), halogens have relatively small size and
the nucleus has rather strong- attraction for electrons. Addition of e_lectrons also
produces the stable noble gas configuration. o

It is difficult to determine the electron affinity as compared to ionization
potential. Electron affinities can be obtamed by using Born-Haber cycle (See
Chapter 3). - . ‘ L -

CHARGE DENSITY OF IONS: |

(Polarization and Polarizability). The ratio of the size of an ion to its
charge is called Charge Density. Generally positive ions have high charge
density and smaller size and negative ions have larger size but low charge density -
. (except F'andO* ioms). = B

When two ions A" and B™ (perfect spheres with equal charge) are brought
close to each other, the positive-ion attracts the electrons on the negative ion but
repels its nucleus; thus distorting its shape. Thé negative ion is said to be
polarized as shown in Figure 2.4. . o
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'Normai’ L " Polarized
e th 2.4.

If the polanzatlon is quite small, the bond is xomc if the degree of
polarization is large, electrons are drawn to the positive ion and an appreciable
covalent character results. The extent of distortion depends on both polanzmg,
power of a positive jon and the su.scepttbtlt(y of polartzatzon of the other ion i.e.,
_its polarizability. Generally .the polarizing power increases as ions. become
smaller and more highly charged. .

The polarlzabthty of a negative ion is greater than that of a positive ion,
since the electrons in the former case are weakly held due to the weaker effective
nuclear charge. Large negative ions with low charge densxty are more polatizable
than the smaller ones. The trends of the polarizability are glven by Fajan’s Rule
which states that the covalent bonding is favoured by:

() Small positive ions e.g,, Li'", Be*, A",

(b) Large negative ions e.g., I, Br™, CI".

()  Large charges on either ions ¢.g., A", Mg®".

. ~ AICl; is more covalent than MgCl,. The former- subhmes whereas ‘the
latter melts at 112°C. :

(d) The posmve ions (xf they- do not have a noble gas electromc

configuration). : -

Examples: - ' ' . ‘
1. ' The large iodide and bromide ions are relatlvely dxstorted by the small
~ positive jons. For example, Mg®*, Fe** and AI’* are more effective
. polarizing agents. :
2. More covalent character is shown by compounds made up-of small
positive and large negative ions.

e.g., AlCl;, FeCls, SnCly are the compounds whxch show relatlvely more

*

covalent character.
3. A gradual change from covalent to ionic bond character is shown by the
hydrogen halides from HI to HF. . :

H  HBr HCl = HF
IonicCharacter = 5% 11% ° 17% 43.6 %
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4. The ions with charge greater than 3+ do not exist as discrete free particles.’
For example, C*, P**, §** and CI™ do not exist, because such ions are
easily attracted to the negative ions to form covalent molecules. However,
their oxidation states 4*, 5", 6" and 7" are exhibited in the corresponding
covalent compounds such as CCly . CO3, PCls, SFs, SO3 and C,O7.

- Similarly, when MgS80Q4 is dissolved in water, Mg*" and SO*", ions will be
produced. The S6* and O*" ions do not exist because these have smaller size and
high charge. Even if they are generated, they will not exist in contact with water
molecules as shown in the following reaction - '

R 0* +H,0 ——» 20H"
_ ELECTRONEGATIVITY: - N

 Electronegativity is defined as the relative tendency of an atom in a
molecule to attract a shared pair of electrons. Elec{ronegativity depends upon
the atomic structure and the number and nature of atoms tending to combine
together. Generally small atoms are more electronegative. The atoms with nearly
filled shells of electrons have higher electronegativity than those with less than
half-filled or scarsely filled. For example, alkali metals are the elements with
scarsely filled shells and are least electronegative. Halogens, on the other hand,
are the elements with nearly filled shells and hence they are. the most
_electronegative. : ' = v

It must be made clear that electronegativity is not the same as electron
affinity. Electronegativity is a relative property - of atoms in their molecules
whereas electron affinity is a property of isolated atoms. -

In the Periodic Table, electronegativity decreases when we descented
from top to bottom in a periodic group with a few minor exceptions in the
 transition elements. Electronegativity decreases due to the successive appearance
of electronic shells in each step forward. The addition of extra shells in larger
atoms screen the shared pair from the nucleus and the pair is attracted less by the
element in the combined state. Electronegativity values increase from left to right
- in the periods. | SR o

Electronegativity is not a directly measurable because it is not a precise
quantity. The electronegativity of an element is taken relative to the value of other
elements. Electronegativity of an element refers to its most common oxidation

state. Higher the oxidation of an element, more strongly will it attract the electron.

ELECTRONEGATIVITY SCALES: | ,
Several  methods for the estimation of relative electronegativity have been

used.

L)



[Chapter 2) GROUP TRENDS AND PERIODIC PROPERTIES

THE PAULING’S SCALE:

Pauling was the first to introduce the concept of electronegatxvxty H,
~ defined electronegativity difference for two atoms A and B in a molecule A — B,
in terms of deviation (A) of the A — B bond energy from the geometric mean of
A — A and B — B bond energies. .

If two atoms A and B have the same electronegatxvnty, the bond energy of 4
the A — B-bond would be equal to the geometric mean of A — A and B*— B
bond energies. This would be so since the electrons in' the bond would be equally
shared in purely covalent bonds in all three cases. Thus, the A — B bond ¢nergy:,
~-could be expressed as -

Ea-8 = [Ea-a x Exs-B]"2 L

Pauling, however, observed that for the- majonty of A—B bonds

energy exceeds the geometric average because generally the atoms A and B

- different electronegativities and there is an ionic contnbutxon to the bond
addmon to the covalent one. .

Let the difference between A — B bond energy and the geometnc meatt’;

of A— AandB BbeA. _ : DS

A= EA—B [EA—A xEpg)? ¢

"In H —F, molecule, H — H and F — F bond energies aré 436 K} mol"‘m'

and 158 KJ morl respectlvely Their geometric mean E5-p is BT

| = (158 x 436)"% - - w‘*

= 244 KJ mol™ I

The expenmentally determined - bond energy is 566 KJ mol™:
difference is 322 KJ mol™. This excess energy is known -as the ionic re
energy. This energy can be used as.an empmcal basis to . determiti¢ . the
: electronegatlwty differences. If X, and Xp represent the electronegatlvmes fi]
and B, respectlvely The difference Xa — Xp could be related to A as: '

A
Xa=X8 = (965 KJ mol )2

, The factor 96.5 KJ mol™ converts A from KJ mol™ (SI units) to&ctron
“volts (ev) per molecule. o
Examples. The bond energies of Hz, Clh; and HCl are,
Enn = 436KJmol™
Eaa = 243KJmal™ -
Epa = 431KJ mol ,
What is electronegatmty difference XH x Xar.
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" Solution: ' ’ ' o S
’ En-cr [Ex-u x Ecra] 12
431 - [436 x 243]"?
106 KJ mol™

. aHc  T*

R R [96.5KJmol"]

172

B )
= [96.5] =105

The value devised by L. Pauling are given in Table 2.11.
, - From Table 2.11 it appears that the electronegativity values gradually
_ increase as we pass from one element to the other element in a horizontal period.
Similarly, in a group- going from lighter to the heavier elements, the trend is
geneérally a slow decrease in the electronegativity. However, a few exceptions are
seen particularly in the case of transition elements. ' :

A HCI

Il

i

' TABLE211 -
Electronegativities of the Elements (Pauling’s Values)
Li | Be | : - B|C|N|O|F
10|15 | ‘ . : 20{25]30]35]40(
Na|[Mg| o  fafsi{ep]|s|a
09112 S - “ 1.5{18421|25]|30

KT cal sc 1TilV]Cr|Mn|Fe|Co|Ni|Cuzn|Ga|Gel|as|se]|Br
fosliol 13 |1s)|i6l1el1sf{1sf18|18{19]|16]|16[18]20}24]28

frofsr| Y |zr|No|Mo|Tc|Ru|Rh|Pd|Ag|Cd|In}Sn Sb|Tel 1

08|10 12 [14]16]18f19]22}22]22]19]|17)L7)18]19}21 25
Cs | Ba | LaLu | Hf | Ta | W|Re [Os | Ir [Pt [ Au|Hg|Th|Pb | Bi | Po | At
07109 |11-12013|15)17]19]22]22]22]24]|19]18]18 1912022

MULLIKEN’S SCALE: : : : .

~ According to Mulliken, electronegativity is determined, partly by the
tendency of an atom to bind an additional electron and partly by its tendency to
hold on to those it already has, On this scale, the electronegativity is taken as the
mean value of the first ionization energy and the first electron’ affinity. Both the
quantities are given a positive valye if loss of electron involves absorption of
energy and gain of electron involves release of energy. Thus, ‘

: Yo = IE + EA - [IE = Ionization Energy,

Mo 2, . EA = Electron Affinity]




- Pauling’s Scale) are 2.48, 2.75 and 3.29 in sp’,
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The commonly accepted values in terms of Paulmg Scale may be obtamed o
from the relation. '

Iomzatnon energy + Electron aﬁ'xmty (in KJ mol™)
EN. = | 544

A complet° electronegatxvnty scale cannot be constructed based on
Mulliken’s concept since electron affinities (EA) are known for only a few atoms.
ORBITAL ELECTRON EGATIVITY

Electronegatxvxty is believed to depend on the nature of orbitals involved
in bondmg For example, s-orbital penetrates nearer to the nucleus than a p-orbital
and the former contributes more electronegative character. The orbltal '
electronegat:vntxes ‘therefore, depend on the percentage of s and p character in sp’,
sp® and sp hybridization. Thus for carbon atom the electronegativities (on
3 sp and sp hybndxzatlon
respectively. The commonly used value of 2.5 for carbon 1s based on sp’
 (tetrahedral) hybridization. .

- GROUP ELECFRONEGATIVITY: - :

The electronegativity of an atom adjusted for the presence of substituents
is known as the group electronegativity. The group electronegativity of CHj or
CF; will be the electronegativity of carbon-adjusted in presence of three H or F
atoms. Several methods making use of kinetic data, atomic electronegativities and '
‘other physical measurements, have been developed to calculate the group
electronegativities. Electronegativities of some common groups are given in
Table2.12. ‘ \

| TABLE 2.12
Electronegativities of Some Groups
Group Electronegativity
CH; S 23
CF; . 335
CCl, 3.0
CN 33
COOH - 2.85
"CeHs 3.0

ELECTROPOSITIVITY (THE METALLIC CHARACTER):

" Electropositivity is the converse of electronegativity. It is related to the
tendency of conveniently losing an electron. The stronger the tendency to lose
electrons, the more electropositive will be the element. The larger the size of an .
~ atom, the valency: electrons in the outermost orbit will be placed farther from the

nucleus and hence will be easily removed making that atom electropositive.
v . | . ' R
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Greater the electropositivity of an element, more will be its metallic nature. When
two atoms have the same size, the one with greater atomic number will be more
metallic in nature. Metallic character decrgases from left to right across the
Periodic Table because of the decrease in the atomic size and an increase in the
" jonization potential. For example, sodium and magnesium are more metallic than-
silicon and germanium. The most electropositive elements are found in the lower
left of the Periodic Table and the most non-metallic are found on the top right.

The electropositive elements are also more basic in nature. Basic
properties increase as we go down the group since the elements become more
electropositive. This does not hold good in the case oftransition elements e.g., Cr,
Mn, Fe, Co, Ni where the basicity decreases as we go down a group.
Electropositive elements have the following properties: D ‘

_ .(a)  They react with water to form basic oxides and hydroxides.
~ (b) Strongly electropositive metals have a greater tendency to attract the
opposite charges. Thus, they are not readily hydrated. N

(c) They have little tendency to hydrolyse and form oxy-salts.

(d)  They have little tendency to form complexes.
REDOX POTENTIAL: | o \ |
: Oxidation process involves.loss of electrons and reduction involves gain
of electrons. In oxidation process there is the gain or increase of positive charge
and in reduction loss or decrease of positive charge. -~ S

‘ ' Fe** — > Fe*" +¢ (Oxidation)
Cl+e ——— Cl'  (Reduction)

. Oxidizing agents cause oxidation and are themselves reduced i.e,
KMnO;, K,Cr0,, HNO; etc. Reducing agents cause reduction and are
themselves oxidised i.e., Na. = SR ‘ . : .
. Redox potential is a measure of the tendency of an element or ion to gain

or lose electrons. It is a combined term involving oxidation potential and the

reduction potential. . . o - o
. Oxidation potential of an electrode is its standard electrode potential in
volts as compared with that of standard hydrogen electrode arbjtrarily fixed as
zero at 25°C when it is in contact with 1 M solution of its cations. Standard
hydrogen electrode is an inert platinum electrode with a coating of platinum black
at one end. It is dipped in 1.0 M solution of an acid at 25°C and hydrogen at one -
atmospliere pressure is bubbled over it. Oxidation potential of zing, for example,
is 0.76 volts and that of copper is — 0.34 volts. o :
' Reduction potential of an electrode is the oxidation potential with the

changed sign and that is the measure of the tendency to gain electrons. Thus
reduction potential of zinc is — 0.76 and that of copper is + 0.34 volts. -
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~ The potential of an electrode under changéd conditions is given by Nernst.
equation. The generalized form of Nerst equation is-expressed as: -

RT . .
% E°+l';z'}:‘."‘ln(1or})
. Electrode potential ‘ : '
Standard electrode potential at unit activity
Gas constant , ' N
Temperature in Kelvin’s scale o
Number of electrons transferred in the half reaction
Faraday e , «
activity of the ion which can be replaced by concentration
~ under certain conditions. ‘
. The Nerst equation can be expressed in terms of activities ad:
| g - po_ RI aRed
E=FE -1 m aOx

i

e SR m

Wen o ow o

(ion)

[Rex] is concentration of oxidization agent or reduction species.

[0X] in the concentration of reduction agent or oxidized species.

From the knowledge of oxidation and reduction potentials we can
. determine the feasibility of a chemical reaction. A cell can be constructed by

- utilizing an oxidation-reduction reaction. If the voltage of the cell is positive then
the reaction is possible, and if negative, the reaction is not possible. The voltage
can be calculated from the knowledge of the single electrode potentials of the two
half reactions. Let us take the case of the reaction in the Daniel cell. -
Zn(,) + Gt — Zn™ + CU(s)
The reaction proceeds in two steps:

Zngy —> Zn*" +2e . (+0.76 Anodic oxidation)
Cu™ +2¢ —— Cugy (+ 0.34 Cathodic reduction)
Zng +Cutt ——— Zn™+Cuy  (+1.10 Volts) |

’ As the voltage is positive the reaction proceeds in the forward direction

and not in the backward direction. So the reaction is feasible.

Let us take another example as to what reaction is possible if I and Br,
are added to a solution containing I and Br. Let us suppose that the
" concentration of each species is 1’ M. . '

The two possible reactions are:

21" +Br, ——> L+2Br e @)
2Br +I ———— Brp+2I° . ()
~ Voltage. of reaction (i) from the table of the electrochemical series is
calculated as given below: n ' SR : S
: AT ——— Li+2e . —0.535volts.
Br; +2¢7 — 2Br - + 1.065 volts.

21" +Br, —— 2Br + +0.530 volts.
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The voltage is posmve hence the reaction is possxble
Voltage for reaction (ii) is:

2B ——— Brp+2¢° = -l 065 volts.
) L +2 — 2I° o ~+.0.535 volts.
2Br +1; —————) Br; + 21 o —0.530 volts.
Voltage is negative, hence this reaction is not possxble
ELECTROCHEMICAL SERIES: :

Electrochemical series of elements is the arrangcmnt of elements in the
order of increasing or decreasing electrode potentials. In the series Li has got
highest potential and ﬂuonde ion has got the lowest as shown in Table 2.13.

.~ TABLE2.13
Electrochemncal Sents of Elements
Redn. Potential
S . . involts -
Li'* - Li . ~3.05
K" K 1 -292
- Ca* : Ca . -2.84
AP* - Al | -166
Mn®*  Mn  -108
Zn™ Zn -076
Fe* |  Fe -044
- Ccd* cd -040.
Co™* Co -027
Ni* | N | -023
o Sn* . Sn -015
B Pb | -013
H N : S | 0.00
Cu® Cu . +034
Ag' Ag 1 . +080
Av** - Au ~ +138
0 OH" +0.40. e
i 3 o~ +0.57
B, . | B #1.07
Cl, o~ | +136
F2 - F° +2.87
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All the other elements occupy their positions above or below zero of
~ hydrogen in the series.
Electrochemical series have got the followmg applncatlons

1.

From the position of an element in the series we can know the

‘ strength of an oxidising agent or that of a reducing ‘agent. In the

series given above we can.say that lithium is the strongest reducmg
agent as it has greatest tendency to lose electrons and fluoride ion is
the weakest reducing agent. On the other hand, F; is the strongest
oxidising agent as it has got the greatest tendency to’ accept electrons
and lithium is the weakest oxidising agent. ‘
From the series we can determine Whether a metal will be dlsplaced
by another metal or not. In the series a metal will displace the
positive ion of another metal provxded the latter metal is below the
first one in the electrochemical series. For example zinc precedes
copper in the ¢lectrochemical series. That is why zinc can displace
copper.

Zn(s) + CU — Zl’l +CU(5)
From the positions of the reactants in the electrochemical series, ‘we
can see whether a reaction is feasible or not. We sum up the
voltages of two half reactions by constructing a cell. If voltage of
the cell is positive, the reaction is possible -and - if negative, the
reaction is not possxble Let us’ consxder the following reactions: '

Zngy + Cu"™* —— Zn™ + Cug

" From the table of electrochemxcal series, we have -

Zng — Zn™ + 2e . +0.76 volts.
Cu™" +2e — Cug) - +0.34 volts.
Zng + Cu"™" —— Zn"™ + Cug - +1.10 volts

The voltage' of the cell is positive. The reaction is possible and the

 electron current in this cell flows from zinc to copper as the former
_has got a greater tendency to donate electrons than that of copper.

From the electrochemical series of elements, we can calculate the
voltage of any cell which can be constructed by using-any two -
elements as electrodes or by combmmg any two oxidation-reduction.
réactions. An example of such an arrangement is the Daniel cell .and

its calculated voltage is + 1.10 volts.

PERIQDICITY IN REDOX PROPERTIES:

~ The redox properties of the eléments also exhibit periodicity. In general,
elements on the left of the Periodic Table (s-block elements) are strongly
reducmg On crossmg a penod from leﬁ to nght the elements become weakly
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. reducing or a&fy oxzdtsmg Group A% elements are strongly oxidising. The
R scneral trends summansed as: ' ,
. The s—Block Elements are Strongly Reducing: :
- ;. The cﬁ acteristic features of s-block metals (Na, K, Mg, Ca, etc. ) are:

@) {&W ionization energies.

(b) low elegton affinities
‘ low electronegativity values
. high electropositivity values

negative standard redox potentials

-~ Alkali and alkaline earth metals react with air or Qxygen
. 2Mg) + Oy ——> 2MgOy)
¢~ They react with chlorine to form chlorides: -
2Nagy + Clagy ——> 2NaClg
R They react with dilute ac1ds to liberate Hy:
Mg+ 2H' @y ——> Mguy+Hig
‘, " These are all examples of reducing action of s-block metals as each metal
1 readnly gives up electrons and themselves are easily oxidised:
e Na ——— Na'+e” '
' Mg ——— Mg* +2¢”
Group VII Elements are Strongly axzdmng
. Their characteristic features are:
__(a) high jonization potential values (b) high electron affinities
. “.(c) high electronegatnve values (d) positive standard redox potentials
'Examples' :
g . ' Chlorine is strongly oxidising. It reacts violently with hydrogen in
sunhg‘ht to produce HCL. It does not react with other oxidising agents such as
& - oxyjgir and acids. .
The: Gmup V and VI Elements: ‘ .
o * The p-block elements in the middle of period tend to be weakly reducmg
i or widy oxidising. For example in Group IV sﬂlcon reacts slowly thh oxygen
¥, to fqﬁm silicon dioxide:
i Sl(,) + 02(3) —_— SlOz(,)
. In Group V, nitrogen can act either as a weak reducing agent or as weak
idising agent:
) Nz Oz —> 2N0(,) (Nz as weak reducing agent)
oy .. Nyg3Hyg —> 2NHzp  (Nzas weak oxidizing'agent)
"' The d-block elements mostly act as weak reducing agents. For examplé,
: "__feacts in hot with steam to liberate H; from water: -
Fe+ H;0 ————— FeO + Hyy) (steam)
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Questlons

1. What do you understand by ionization potentlal? How is it related to the
tendency of the elements to form positive ions?
2. What is meant by electron affinity? Explain why the electron’ afﬁmtles of
o the atoms increase from left to right along a row in the Periodic Table?
3. (a) How do the ionization potentials vary in the Periodic Table? .
(b) Where are the elements with the greatest electron affinity found?
4. Explain the term electronegatnvxty of the element. How does the
, v electronegatmty change within a periodic group?
S. Explam what is meant by redox potential? How this can be applied for
~ determining the feasibiljty of a chemical reaction?
6. What is meant by electrochemical series of elements? What are the
~applications of this series?
7. Briefly explain the following statement:

(i) CI' islarger than CI°, but K'* is smaller than K.

(ii) The first ionization potential of the elements thh At. no. 17, 18, 19
aremtheorder18<l7<l9 ‘

. (iii) The first ionization potenhal of Mg is larger than that of Na.
(iv) The sizes of the followmg atoms and-ions are not in order:
Na'*, Na, Fe**, Mg**
(v) Ashasa larger 1omzatlon potential than Cs.

8. ' (a) What trends in the atomic size are to be expected in a glven family
like the alkali metals? Support your answer on the basis of
electronic structure of the atoms.

(b) Write brief notes on: .
()  Atomic radii. (ii) Ionic radii. (iii) Covalent radii.

(iv) Van der Waals’ radii.
9. Write short answers to the following:

: (x) - Why elements with similar chemical prbperties are in the same group?
(i) Why most electropositive elements and the most reactive metals are
in the bottom left-hand corner of the Periodic Table? '

(iii) Why most electronegative p-block elements are on the right side of
the Periodic Table?
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(iv) Why atomic radii and ionic radii of d-block elements in the fifth and
sixth periods of a given subgroup are approximately equal?
(v) What is the variation. trend of atomic radii w1thm a group, within a
- period and within a transition series? ) :
(vi) Why covalent radii decrease with i increase in bond order?
) (vu) How did Pauling calculate the ionic radii of salts? ,
(vm) What is the trend of variation of ionic radii in the Penodlc Table’7 '
Give suitable reason for this trend. :
(ix) What is the correlation- of ionization potentlal and atomic number?
Draw a graph to explain the situation. :
(x) What is the trend of variation of ionization potenual in penods and
, groups in the Periodic Table?
(xi) What is electronegativity? Give salient features of Paulmg s scale of
- electronegativity. : ,
(xii) What is redox potential? How can you dctPrmmc the feas:blhty of a
' chemical reaction based on redox potential?
10. Give the correct answer:
‘ (i) Which of the following elements has the largest second jonization
potentlal? ' ‘
(@ O ) F (c) Mg (d) Na (Ans: d)
(i) The second ionizaiion potential or energy of calcium is 1150 KJ
’ mol™". Which of the following correctly represents this statement?
(a) Cag — Ca'g+2¢ AH = +1150 KJ mol™
(b) Ca'y —> Ca¥gte AH = + 1150 KJ mol™
(c) Ca'y —> Ca¥gte AH = - 1150KJ r‘nol'1
d) Cay ——— Ca¥'ap+2e = AH= +1150 KI mol™
| L : " (Ans: b)
(iii) The ionization energies, in KJ mol™, of a series of elements of

increasing atomic number are given below: o
548 620 " 660 660 680

‘Where in the Periodic Table is thxs sequence of elements llkely to be

located? _ '
(a) group I : (b') group II (c) group VII (d) from Srto Mo
' ' : (Ans: d
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- (iv) Which of the foilowmg elements with electronic conﬁguratnon has
the highest first jonization potential values?

(@ 1s*2¢2p° () 152820
(©) 157257 2p° 35 @) 15728 2p° 352 3p° |
o ' (Ans: a).
) Whnch equatnon relates to the first 1omzatlon energy of bromine?
(@) Brg —> Brg-e (b) Bry —> Br’ (g)+e
(c) ; Bryg — Brig-e¢ = (d) % Bryg —> Br © +e'
| : ' (Ans b)
(vn) Whlch equation is used to define the first ionization of bromine?.
(a) .Bf(zo — Brg-e (®) Brg —> Brig+e
© %Brzw — Brp-€ @ 3Bug—Brgte
B - - | X (Ans: b)

(vii)) Which propeny of the first six elements of period 3 (sodium to
sulphur) continuously i’ncremes numencally? '

(a) atomic radius _ -(b) ﬁrst ionization energy
(c) maximum oxidation number * (d) melting point
in oxide ‘

(Aﬁs: c)

$$E$*
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, You are already aware of the fact that forces of attraction exist between"
atoms. These forces are either relatively weak which exist between the atoms of
- inert gases or they may be qurte strong which bmd the metal atoms into a metalhc
solid.

" The force which hold two atoms together in the molecule are described by
the word bond. Before the consideration of the electronic structure of atoms, the
nature of forces binding atoms together to form molecules were considered to be -
due to their combining capacity called valencies. Thus the valeny was considered
as the number of valence bonds formed by an atom of one element with other
atoms. This classical concept of chemical bond formation has now been replaced -
by modern and more useful theones of bonding discussed in next chapter.

A stable molecule is a group of atoms held together by valence forces.
The distances of separation of atoms in the molecules are of the order of atomic
diameter taken in Angstrom units (1 Angstrom = 10" ¢m = 10™! nm). The fcrces
which are responsible for chemical bonding depend upon the structure of atoms. It
is due to this reason that progress in the understanding of chemical bonding has
gone hand in hand with progress in the elucidation of atomic structure. -

Thomson suggested that -electrostatic forces of attraction between
- oppositely charged ions were responsible for chemical bonding. According to
Kossel (1916), the atoms of more electropositive elements immediately following -
- inert.gases lose one or more electrons to produce positively charged ions with
inert gas configuration. In the same way, atoms of strongly electronegative .
elements which precede the inert gases would gain-one or more electrons to
produce negatively charged ions having inert gas conﬁguratron The electrostatic
forces of attraction between the oppositely charged ions are responsible for the
formation of chemical bond. This type of bond is referred ‘to ionic or polar bond.
Lewis (1916) suggested that the atoms of some elements would form bonds by
sharing of electrons. Such type of bonds are called: covalent or nonspolar bonds. It
needs to be mentioned over here that these ars not the only forces responsible for
-all chemical bonds, but the ion-dipole forces or dipole-dipole forces, interactions
arising out of thé polarization of atomic systems, and the forces operative in solids
also play an important role. Following discussion will deal with the simple

67
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. concepts of electron transfer and electron sharing and a brief treatment of other
types of bonds. . ' ' _
~When atoms combine to form molecules, they come close together and
~interact in such a way that the energy of system is lowered. During the bond
formation the energy of the molecular systems falls due to the attractive forces. It
cogtinues to fall until the two atoms come SO close together that the nuclear
repulsions Of the system go through a minimum. and show.a rise afterwards
(Fig. 3.1). The energy is minimum at an equilibrium internuclear’ distance R.

(curve A) where the two atoms are held together very firmly with the maximum -

possible decrease in energy. As this energy is much lower than that present in
atoms, the stability of the molecule is gained and a chemical bond is formed.
Depending upon the nature of the atoms it is sometimes possible that with the
decrease in interatomic distance R, the energy increases. In this situation atoms do
not combine to form molecules (curve B in Figure 3.1). At R, the repulsive and

attractive forces are equal so that the net force is zero.

XXX

Energy

. ¢—>»R, =————> Rz«
R=0 . R
Fig. 3.1. Potential energy diagram for the formation of a chemical bond between two atoms.
R = Internuclear distance, R, = internuclear distance at equilibrium on bond formation.
D = bowd dissociation energy. - L ,
Nature and Types of Chemical Bond:
"' We shall 8w consider the following types of bonds: .
(1) lonic or electrovalent bond.
- (2) . Covalent or electron pair bond. ‘ B
(3) Coordinate-covalent paif bond (a type of covalent bond).
(4) Metallic and non-localised bond. = - : :
(5) ' Van der Waals’ and long-range bond.
(6) Hydrogen bonding e
(7) Electron Deficient Molecules. :

o
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(1) ~ IONIC OR ELECTROVALENT BOND: . |

- This type of bond is exhibited by atoms which can either lose electrons to
form positively charged ions (cations) or gain electrons to form negatively
charged ions (anions). The atom which can lose electrons is said to be
electropositive or basic and the atom capable of gaining one or more electrons is
referred as electronegative. The more electropositive atom has always low value
of ionization potential and is thus capable of losing electrons with greater ease.
The electrons lost by electropositive atoms are completely transferred to other .
atoms which show greater electronegativities. The bond formed by complete
transfer of electrons from electropositive atom to more electronegative atom is
called ionic or electrovalent bond. The electropositive elements in energy terms

"should have higher energy states than those of electronegative elements. This
. energy difference will be responsible for the flow of electrons from' higher energy
states to lower energy states. The two atoms are held together by electrostatic
forces of attraction acting between such atoms. ~

M +X —— 5 M X s G.1

- The energy required to completely separate the ions from a diatomic_
molecule is given by the following expression. - - ‘ '

Potential energy = Electrostatic energy + Van der Waals’ energy.
: 2 . . !

N ‘ 3 ) : e
The electrostatic energy = ﬁ—%—-

where q, and q, are charges on atoms M and X and R is the internuclear

separation. PR ,
The general tendency of various atoms to form molecules is to attain inert
gas configuration, being the most stable. The atoms of the inert gases have
outermost p orbitals completely filled. Such a configuration will not easily lose or
.gain any electron because very high ionization potentials (or electronegativities)
‘will be required to remove an electron or gain any additional electron. Let us -
consider potassium and chlorine atoms which would combine to form potassium
chloride molecule. Potassium atom (Atomic number of K = 19) has the electronic
configuration 1s* 25* 2p° 35 3p° 4s'. Chlorine (Atomic number of Cl = 17) has
electronic configuraiion 1s* 25* 2p° 3s* 3p°. None of these has an inert gas
structure. But they possess an incomplete shell of*electrons and orbitals. The
negrest inert gas to both is argon having electronic  configuration 15 25* 2p°
35°3p°. Thus the loss of one electron from potassium and gain of this lost electron
by chlorine would leave both the atoms with argon configuration. During ‘this -
process, K and CI” would be produced and the electrostatic attraction between
these oppositely charged lons should be responsible for a stable ionic bond.

-Let us take some more examples to élaborate the ionic bonding situation.

t
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’ (i) .‘

- (ii)

(iii)

Formation of Sodium Chloride Molecule:
Na®-1l¢” ———> Na'
(2823 L (1882 2%
' ~ Neon configuration
A CP+1e — CI
(1s22s’2p6 323p%) (157257 2p° 357 3p°)
Argon configuration

" Another way of representing the bondmg situation is:

Ng 430k ——> N& G ——>Na-Cl

| Formatlon of Magnes:um Chloride Molecule

Mg°® -2¢° ——> Mg
(128 2p°38) (15°25*2p°)
' ; Neon-configuration
2CI° + 2¢” -——-————) 2CIr

(1s2 25% 2p 357 3p5) ' (1s* 2% 2p° 35* 3p)
| c1 +Mg +c1 — 01 Mg :Cl: T ——>Cl- Mg c

' Formatlon of Aluminium Fluoride:

CAP-3¢ —— AP*
3F° +3¢ ——— 3F°
AP* +3FT ——— AlF3
The ions O*,F~ Na Mg2+ AP’ with outer conﬁguratlon 28 2p° belong

" to neon configuration and s Cl K Ca“ belong to-argon configuration.

Various posmve 10ns do’ not attain inert gas configurations after the ionic

bond formauon Thus transmon metal ions show such beha,vxour For example,

. Zn-2¢ —_ s Zn*
(1s' 257 2p° 352 3p° 3d"° 45%) (15 2s’2p 3523 3d‘°) '
Other ions belonging to this category‘are
Cut  (152522p°3523p°3d")
Fe* ' (152287 2p°353p°3d)
Fe* (1925 2p°38°3p°3d)
Co** (1525 2p°35*3p°3d") .
Co™ (15725 2p°35°3p%3d%)
Ni&* (1525 2p° 357 3p° 3d°)
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" Transition metal ions which do not resort to inert gas conﬁgurat:on attain
their stability through the formatian of complex ions, The ions with odd number
of s or p electrons are not known, but an odd number of d electrons is found in
transition metal ions.

It should be noted that important forces between atoms or groups of
atoms are electrostatic in nature. » .
Crystal Structure of Ionio.Compounds:

, Mmy solid substances consist of an ordered array of ions. Since the sohd :
as-a whole is electncally neutral, the total number of posmvely charged ions
(cations) must be equal to the total number of negatively charged ions anions.
Crystalline sodium chloride, for example, .consists of equal number of sodium’
ions, Na" and chloride ions, CI” arranged in a face-centred cubic arra.ngement
()  Sodium Chloride Structure: o
o The ion pair of sodium chloride can- be represented as shown in Figure

3.2. Two ion pairs will join to form electrically neutral structure (see Figure 3.2).
In the [Na" - CI']; configuration there is an additional attractive force of each'Na* ‘
ion for the CI™ ion of the othez ion pair. As a result of this the energy of the

4+ Vam
system woulﬂ“decrease The coulomb attractxon energy = 2 [ (r + r’j:,

v

. - Fig. 3.2. Ion-pairs of sodium chloride. .

If more than two ‘ion pairs’ join to Cl —— Na
form the crystal shape, a three dimensiond] | R /4
ionic lattice is set up. In case only four ‘ion - oL ‘
pairs’ come together, a ctibic arrangement is |~ _— .CI’
formed (Figure 3.3). It constitutes the unit | o
cell for sodium chloride structure. A4 © = R
structural unit of definite shape which is o b
repeated over and over again during the : onnen-
Jformation of the crystal is called a ‘unit / /
cell'. The unit' cefls are distinguished by the - o /
- lengths of edges and angles between them. . fa” >
- The common unit cells are: cubic, hexagonal Hlg. 3.3. Four ‘ion pairs’ ifpodium
tetragonal and monoclinic. =~ , : chloride.
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The unit of sodium chloride structure is a cube. Let us designate the
chlorine atoms by O and sodium atoms by @. (The term ion should be used
instead of the term atom, but the term atom is used because the true nature of the
bond: has not been considered over here). The arrangement of the chlorine and
sodium atoms is found to be face-centred cubic. They would be closely packed
only if the atoms are in contact. A I
" Consider the chlorine atom marked ‘A’ in the Figure 3.4. It is surrounded
by six atoms of sodium arranged around the corners of a regular-octahedron. This
holds good for all the chlorine atoms. - Thus chlorine atoms’ occupy the octahedral
sites in a cubic closely packed type of crystal structure. Similarly, sodium atoms can
be shown to be surrounded by chlorine atoms along octahedral sites. In order to
occupy an octahedral site there is maximum limiting ratio-of the radii of both atoms.

In case of sodium chloride #Na’ / rClI™is 0.414 which would be required
by an octahedral site to form. All the octahedral sites are occupied and each
octahedral site is available for sodium and chlorine atoms. This corresponds to a
1 - 1 stoichiometry as is found in sodium chioride molecules. - ' '

RasZasid

J\\W

A

\
()

Fig. 3.4. (a) The sodium.cll,lvride structure.
(b) Octahedral coordination in NaCL ,
- There are three different ways of describing the structure of sodium
chloride: - _ S S
| (i) A cubic closely packed type of arrangement of chlorine atoms with
‘sodium atoms filling all the octahedral sites. o
(i) A cubic closely packed type of arrangement of sodium atoms, with
" chlorine atoms filling all the octahedral sites. - . ,
(i) Two interpenetrating closely packed cubic type of crystal lattices,
one of chlorine atoms and the other of sodium atoms. S
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‘The first description is more close to the true cxystal shape because it is
very convenient to consider the larger atoms as being closely packed and the
smaller atoms present in the interstitial sites. It should be noted that all the three
descriptions givén above are true*for describing the sodium chloride structure.
However, the structure should be better described to be built up of i ions rather than
of atoms, because of the ionic nature of the compound. Since each ion is
surrounded by six ions of opposite charge, the sodium chloride structure has
coordination No. 6 (6 : 6). On counting the total number of sodium and chlorine:
atoms it is found that four atoms of each kind (or four molecules) are present in
the unit cube.-This corresponds to stoichiometry of 1 : 1 keepmg with the formula
~ NaCl. :

The face-centred cubic structure i$ quite common and is present ‘in alkali
metal halides and most of the oxides, sulphides, selenides etc., of alkaline earth
metals: Silver fluoride, chloride and bromide have the sodium chloride structure;
but iodide does not show this structure due to the bxgger ionic radius of iodine. -

(b)  Caesium Chloride Structure'

- The structure of . caesium
chloride is cubic. Chlorine atoms are- -
again represented by O and caesium
atoms by @. The caesium atoms are
present in the body-centre of the cube
with eight chlorine atoms present as
nearest neighbours as shown in Figure
3.5. On extending the structure further
it would become clear that each
chlorine is also surrounded by eight
caesium atoms. Thus both type of
atoms have equivalent positions in this F,g 3.5, The caesium chloride littice
structure and the coordination number = . and its unit cell.
is 8. It is not reasonable to refer this -~

structure as body-centred cube because this term implies that the body-centre is
occupied by the same kind of atom as that at the corners of the cube, but it is
customary to refer it to a body-centred structure.

RADIUS RATIO:

The structures of solids are determined by the relative numbers of
different ions (dependmg upon the formula type) and their sizes. The effect of the
sizes of different ions is discussed in terms of the radius ratio. The radius ratio is

 the ratio of the radii of the cations and the anion, ™MIrEX. \
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| Let us consider a
-compound of the type MX:in
which the coordinatior{ number

is six. The arrangement of X~
ions around M" ions will be
octahedral (but a square planar
arrangement of four X~ ions
about M* at the centre of the
square plane is also possible) as |
shown in Figure 3.6. X~ ion

one above and one below M"
are not shown. - : Fig. 3.6. A4 cmas-natwu thmgh an odahcdral ute.

Radius ratio = M _ radius of eatlon
 radusTalio = radius of anion

" Radius ratio can be calculated from the geometry of the molecule. Let us
- calculate the radius ratio for sodium chloride type structure having octahedral

sites. Consider Figure 3.6 for this purpose There are two ways to calculate the
value of the radius ratio. ~

1st Method: In the trianglea b ¢
bc = ab cos45°

or rX = (rM'+rX‘)/\/§
(bc
rX-

1
M +rX \ﬁ
\/_

rX-; ab M X cos45°=-\}-—)

on inverting we get,
- rMTH+rXT
orXe

rM’ |
X \2
M .

rXx- V2-1

= 1.414-1=0414
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2nd Method: In the right angle triangleabc | S

(ab)2 = (bcff+(ac)} . (v ac=bc=rX)
M +rX) = (X ) +(X) | -
= (e Xy
rMY+rX” = \ﬁrX“
rM' = \/-2-,rx_'-—rX'> ‘
rMY = 1414rX -rX"
rl;id’: = 1414rX™ | ,
- -
o xe T 04 R
Thus : - '
- Radius ratio i‘fd‘::fsff":;:g: = 0.414 (for octahedral site)

S Lmutmg radius ratio is the maximum ratio of the radius of the cation to
the radius of anion up to which the crystal structure is retained. Above this
radius ratio the pamcular crystal structure will not be retained. Values for the
‘radius ratio of various crystal structures are shown in Table 3.1. ‘

o TABLE 3.1
Values for the Radius Ratio _
‘ Coordination | Limiting radius ratio,
No. - Structure Type Number rM*/rX”
1. |Closely Packed Hexagonal 12 1
2. |Cubic 8 © 0.732t01
3. |Octahedral 6 0.4141t00.732
4. |Square Planar 4 041410 0.73
5. |Tetrahedral 4 - 022510 0.414
6. |Triangular 3 0.155 to 0.225
7. |Linear 2 0.155

Itis obv:ous that the knowledge of ioni¢ radii can give us a clue to the

possible crystal structures. But the limiting radius ratio condition should not be

applied very strictly, since other factors such as repulsive forces between ions of

- similar sign will also decide about the possxble structure among the two at
 limiting radius ratio.

The coordination number of the positive ion is not always equal to the
coordination number of the negative ion. But it remains the same in structures of
general formula AB. In such cases electncal neutrality principle would be
observed and there must be equal number of A* and B ions in the structure. The
%sasgftgalzfeatures of a number of simple i morgamc substances are summamed in

€ .
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TABLE 3.2
Jonic Structure

Coordination | Coordination

" Stn;‘uct:rc Examples _ Radius Ratio number of _ number of
» | . B positive ions ncgative ions
1. Cacsium | CsCl, CsBr, Csl 0732 ormoic | 8(Cubic)6 | 8(Cubic)
chloride ' 1 | &5 - 1) - '

2 Sodium | NaCl NaBr,Nal, | 0414-0732 | 6(Octahedral) | G(Octahedral)
- chloride MgO, CaO, MnO ' - '
. Fluorite CaF,, StF,, ThO; 0.732 or morc 8(Cubic) 4(Tctrahedral)

14 Rutile’ TiO,, Sn0,, PbO, 0.4 14 or more 6(Octa__hcdral) 3(Trigonal)

It should be noted that the relative sizes of the combining ions play the
key role in deciding the crystal structures of various compounds. The degree of
ionic or covalent character of the compound has also a strong influence on its _
nature and behaviour. The flucrite and rutile type Jattices are shown. in Figures 3.7
and 3.8. - o - S ‘

® Cacum °*
O Fiuoride
Fig. 3.7. Fluorite lattice. '
@ = Tenum
O o

esosfone AL LRy

R e L L E R R R R L A R
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LATTICE ENERGY: o o | '
" Lattice energyis the amount of energy given out when gaseous ions of
opposite charges are brought together from infinity into a solid lattice to form 1
gram mole of a compound. It is also called the crystal energy of the compound.
The lattice energy depends upon (a) the sum of the coulomb attractions and
" repulsions between all ions in the lattice and (b) the Born repulsion between
ions in contact. A theoretical value of the lattice energy can be obtained from the

equation 3.2. ‘ :
- ), : 2 2 . . : . B
Z°N 1
g = &£&—4 (1.. -) : Crvenen (3.2)
o r n R
where U = is the lattice energy.

is the charge on an electron. .
is the common factor of the charges &n two ions.
is the Avogadro number. o
‘= is the Madelung constant (depends upon the geometry of
 the crystal lattice and is independent of the charges of
' ions). : : : ' E
‘ (A = 1.76267 for CsCl lattice; A = 1.74756 for NaCl lattice; A = 12.5 1937
- for fluorite lattice; and A = 2.408 for rutile lattice), .

> Z N ©
}

_is the distance of nuclei of the two unlike ions. ‘
'n is an integer which is almost equal to 10. o .

Since large values of the lattice energy will increase the energy of
formation, it is obvious that large charges on both ions would enhance the
stability of ionic compounds. This is because in polyvalent ions the term Z* will
be more and consequently the value for the lattice energy would correspondingly
increase. ‘ o ,

THE BORN-HABER CYCLE: S .
It is based on the principle that sum of the energy changes in the initial
and final states of various processes occurring in a closed cycle is zero. This
- principle -is based on the law of conservation of energy in accordance with the
first law of thermodynamics. : , .

The standard heat of formation, Hy of sodium chloride is the heat given
out when one gram molecule is formed from solid sodium ¢ nd gaseous
chlorine. The experimental value of it is 98.2 kcals. Itiis possible to proceed from
the starting materials to the same product by a series of steps where the energy of
each step is known. In accordance with Hess’s law the total energy changes
involved in various routes by which the final product is formed can be equated to

~ each other. N . - '

r



78 o ,. | " INORGANIC CHEMISTRY

Let us con31der the step-w15e route for the formatlon of so'hd sodium
chlonde from solid sodium and. gaseous chlorme The ﬁrst step is the conversion
_of sodium from the solid to the gaseous. state in- which it exists as ,sod.l)gm. atoms
The energy required during this ’s;tep is the Energy of Sublimati’oh, S. In the
~second step, an- electron is removed from' the gaseous sodium atom: to ‘form
‘gaseous sodium ion, the energy required to remove an electron will be the
Ionization Potential, 1. The third step involves the dissociation of chlorine
molecules to give gaseous chlorine atoms which' requires the Dissociation
Energy, D for this purpose. Since only one gram | molecule of sodium chloride is
taken into consideration, only one gram atom of chlorine would be required. As
the dissociation energy, D would produce two gram atoms of chlorine from one
gram molecule of NaCl, the amount of dissociation energy, required to produce .
orie gram atom of chlorine would be D/2. The fourth step would require the
“addition of one electron to gaseous chlorine atom with the formation of gaseous
chlorine ions. This depends upon the Electron Affinity, E of the chlorine atom
and energy is given out in this process. The final step is the formation of solid
sodium chloride from gaseous ions, and" a,gam the energy is given out known:as

the Lattice Energy, U.

Nag+S —> Nag e | 1 .St step
Nag+1 —> Na’“@. L e ~ 2ndstep
%cm’y + %D — Cly e 3rd step
Cly-E — Cly D e dthatep
| Na'g+Clg~U——> NaClyy. oo Sth step
. Na(,,+ Clyg) + (S+I+2D E~- U) NaCl(.) .

“All these processes can be shown dxagramatxcally as.a cycle (The Born-
Haber cycle) thh energies mvolved and expressed in kcals (See Figure 3.9). ‘

A cycle of this type can be constructed for other compounds also A
compound having large value of the energy of formation and being exotherm:c
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Na(g)

1 ooaoy
"'2 D(28.9),>.

(3rd Step)

o NaCl(s) o ' '
. Fig. 3.9. The Born-Haber cycle (By convention () sign denotes that energy is
‘ supplied to the system and (-) sign to energy given out).

would be more stable. Magnitude of the values of various energy changes indicate
that the most important terms in the above cycle are (i) the ionization potential,
(ii) the electron affinity, and (iii) the lattice energy. Thus an ionic compound is
formed if the ionization potential of one atom is relatively low, the electron
affinity of the other atom A and the lattice energy of the compound as high as

possible. Such values of these energy terms would produce a large heat of

formation and thus give stability to the molecule. .
Using Born-Haber cycle, the lattice energy can be calculated knowing

other values which can be experimentally determined. This can be done by using -

the following equation 'ba_sed upon Born-Haber cycle given above.
‘Hy = s+=l+%D-—E-~U
ﬁxamplé: | ' . -

: Calcuiate the latfice energy of (CsCl. The other values are § 4-”.18.8,
1=89.7, D=58.0, E = - 87.1 and Hy= - 103.5. e :

.
| Hy = $+1+3D-E-U
_ | ‘Putting the values given i this equation,
-103.5 = 1838 +89;.7+-;—(53)—87.1 -U
1035 = s04-U'

-1035-504 = ~U" - .
U = 153.9 Kcals/ mole (644 KJ/mole)



80 B | ~ INORGAMIC CHEMISTRY
Example: ” , : I o
Calculate the electron aﬁ'mity'of chlorine from the folowing data:

Standard heat of formation of KCl (H) . = - 105.0 kcal mole™

'Heat of sublimation of potassium (S) = +21.7-kcal g-atm™’
Dissociation energy of chlorine (D) +57.8 keal mole™

Ionization potential of potassium- 1)) = +99.6 keal g-atom’l

Lattice energy of KCI (U) '~ 163.2 keal mole™

Since ‘

|

it

Nl

1 o '
-H= S+I +5D - E-U. (Hess’s Law)
Putting thé&alu}es in this equation derived from Born-Haber cycle, we get:
-105.0 = 21.7+99.6+ -;— (578)-E- 1632

B = 2552-1632=920 , ,

 Thus the electron affinity of chlorine is 92.0 kcals g-gthﬁ“ (385 KJ/mole)

~ Similarly, other energy values of various compounds can be calculated
based upon the Born-Haber cycle. Thus, electron affinities of atoms are usually
calculated from Born-Haber cycle bécause it is difficult to determine electron
affinities directly. L e -
Factors Responsible for the Stability of Ionic Compounds:

The energy data required in Born-Haber cycle are useful in determining

‘the stability of various ionic compounds. We shall discuss the correlations
. between energy terms and the stability of compounds. ‘ _ '

1. Heat of Sublimation, S: The lower the heat of sublimation of the metal
the more stable will.be the ionic solid. Thus the heat -of sublimation may be
considered to be the measure of the attractive forces between the atoms in the
solid. High melting and high boiling solids: and liquids have strong attractive
" forces. B ' , \ ‘

2. Heat of Dissociation, D: The greater the heat of dissociation of the
- diatomic gas, the less stable the compound. Most of the compounds ' have
relatively small values of dissociation energy. But some ionic compounds are
instable due to lerge dissociation energy. '

3. . Ionization Potential, I: The smaller the value of the ionization potential
of the metal the more stable the ionic solid would be. The elements of lowest
ionization potential arc found among alkali and alkaline earth metals indicating

more stability of their compounds.

%
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4.  The Electron Affinity, E: The greater tie electron affi mty of the'

element forming the onion, more stable the ionic compound. The halogens have
 the largest electron affinities and therefore form the most stable ionic compounds.

5. . Lattice Encrgy, U: The greater the lattice energy more stable the ionic
solid. A decrease m the size of the cations and anions would result in a large
lattice energy.

CHARACTERISTIC FEATURES OF IONIC COMPOUNDS
’ The strong coulomb forces existing between ions in such compounds
render spccnal properties to them. These properties are:
1. High Melting and Boiling Points: Ionic sclids would be expected to
~ have hlg,h melting and boiling points because of the strong attractive forces. These
forces are not locallzed between two molecules but distributed among all the ions
of the solid.

‘Since. molepules with large dipvles would have stronger mutual
attractions, a considerable amount of work will be needed to separate them from
one another. Therefore, ionic compounds are expected to show high melting and
boiling points (NaCl boils at 1470°C but a covalent compound CCl, boils at 77°C
only). On heating, due to the increase in kinetic energy of the molecules, the
molecular vibrations will be enhanced. As a result, the forces holdmg the partlcles
together will be overcome and atoms would move apart.

2. Electrical Conductivity: The molten salts of ionic compounds are good
conductors of electricity because cations and anions are free to move under the
influence. of electric field. However, ionic crystals are very poor conductors of
electricity as they are not free to move afound. The crystal lattice may be broken
down by melting or dissolving the ionic solids in polar solvents, whereby the ions
~ freely move and would mlgrate in the presence. of electric field and conduct
electricity.

3. Solubility in Plolar Solvents: A polar solvent consxsts of molecules _
which, even though electrically neutral as, a whole, have centres of negative and
positive charges. Non-polar solvents are both locally and totally neutral. Ionic
‘solids tend to be insoluble in polar solvenls only because dissolution involves
rupture of the crystals lattice and separation of ions which is enhanced by polar
solvents only. Non-polar solvents do not affect the 1omc solids and would not be
able to dissolve them.

Ionic compounds are quite soluble in water, which consists of polar
molecules (dipole moment = 1.8 D) and also a high vglue of diglectric constant
(~78). The water molecules gather around the lattice. ions and the electrostatic
forces of attraction between water molecules and lattice ions are strong enough to
make the ions leave the crystal lattice as shown in Figure 3.10. The ions leaving
the lattice would be solvated by water molecules and hydrated lons thus formed
are also shown in Fxgure 3.10. ‘
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Fig 3.10.
In addition to water, the ionic compounds are. soluble in other polar
solvents and the solubility of ionic solids depends upon the polarity of the bonds
of both the solute and the solvent. lonic solids would dissolve easily in those
solvents which have fairly high values of dielectric constants. Liquid ammonia,
liquid sulphur dioxide, liquid hydroﬂuonc acid etc., are mostly used as solvents
for ionic compounds.
.4.', Reactions in Solution: The reactions of ionic compounds in ‘solution are
due to the constituent ions. Thus all ionic chlorides would give reactions of
chloride ions and the respective cations. The ionic reactions are instantaneous. For
exampfe, on adding a solution of silver nitrate to a solution of some chloride, an .
imimediate white precipitate of AgCl is obtained. v

Ag +C — AgCl¢
co : » ~ (white precipitate)

s Cryntalline State Iottic compounds are composed of cluster of ions in
the crystal lattice and form definite structure or crystal shapes. For instance,
sodium chioride has a crystal struciure consisting of one sodium atom surrounded
by six chlorine atoms and each chiorine atom surrounded by six sodium: atoms.
This fact is ptoved by the X-ray diffraction produced by the crystals of sodmm
chlonde and other ionic crystals.
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‘6. Isomorphism: Ionic crystals having the same crystalline structures arc
found to have identical electronic -arrangements. For example, . NaF - is
isomorphous with MgO. Both possess similar crystalline forms and similar
 electronic arrangements. ‘ I ‘ : =
“Na* 1525 2p° Fo18 25 2p°
| Mg 1525 2p° 0" 1525 2° A, |
7. Dielectric constant: The ionic compounds show high values of dielectric
constants. Since a polar or a dipolar molecule when placed in an electric field
would adjust the ends of the dipole in such a way that its negative pole will ‘be
directed towards the positive pole of the electric field and vice versa. The oriented
dipole will oppose the field and would cause the reduced intensity of the electric
field. This reducing tendency is measured in terms of what is called dielectric
constamt. A -
- 8. Non-Directional Bonds: The ionic  bonds are held together by
electrostatic force of attraction between: oppositely charged ions. These coulomb -
_forces, are_non-d_irectional. o . ‘
9. Low Coefficient of Expansion: The ionic compounds are stable and the -
electrostatic forces- holding the oppositely charged ions render low values of
coefficient of expansion. L ~
10.  Optical properties: Absorption of compounds -is same' as that of
individual ions. = A ' :
VARIABLE VALENCY: , L
Certain elements exist in more than one oxidation state and thus show
variable valen(;y. For example, transition metals show wide range of valence’
states, e.g., Fe”, Fe’*; Cr**, Cr** ; Co®, Co™, (more common), Co** and Co**
(less common) etc. Similarly, normal metals, e.g., Pb** and Pb*" ; Sn** and Sn**
also show variable valencies. Certain non-metals are also found to show more
(than one valence states e.g., P**and P, . e
| Variable valency may be due to different reasons and would be discussed
over here accordingly. T ﬁ
0] In transition elements (elements in which 4 orbitals are in the process of
: completion) the variable valency is due to the partially filled ‘a” orbitals, -
state of hybridization and type of reactants (usually called ligands). Such -
. elements can involve different number of electrons in_compound
formation and would show variable valencies. The stability of the
- particular valence state would also depend upon the nature of the reacting
species and the number of d elect_;bns} pgesmt; o C
. Iron (Fe) shows normally Fe** and Fe®* valence states. Atomic number of
Fe is 26 and its electronic configuration would be: 15 257 2p6 3s? 3196 3d 45,
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Loss of two electrons from 4s orbitals would not leave behind an inert gas
configuration. Therefore, more chances of electrons to be pulled out exist. Since
‘" orbitals would be more stable when half-filled (with & configuration), so loss
of one electron from 3d orbital along with two electrons from 4s orbitals would
give a more stable state of the ion. Therefore, iron in Fe** state would be more
stable. Let us show the valence shell having 3d orbitals and arrange the electrons
in accordance with valence bond theory (See Chapter 4). In order to get next inert
‘gas conifiguration more “electrons would be required which are supplied by

reacting species (Lewis bases or ligands) and the ions are thus stabilized. Mostly

water will be acting as Lewis base and due to this reason most of the transition
metal salts exist in stable state as hydrated species. - .

Fe%(a-“"""i. s @@é@@ﬁ&D rOé
v @OOO® O OO0
Fe* A @@@@ O OOO

Elements of lanthanides and actinides show variable valencies due to the
involvement of ‘f’ orbitals. = T P
(i) Some of the ‘p’ block elements show variable valency due to the
_ involvement of an ‘inert pair’ of electrons. The ‘inert pair’ of electrons are
present in the ‘s’ orbitals and do not take part in chemical reactions under
the prevailing conditions. Under such conditions only ‘p’ orbitals would
take' part in bond formation. However, if the ‘inert pair’ of electrons
..present in ‘s’ orbitals is actuated to take part.in bond formation, an
increase in valence state by two units will be observed. It is due to the
‘inert pair’ of electrons that the difference in valence states of such
elements is always by two units, ‘Following are given some of. the
* examples of such type of ions: B ' .

Pb() —— PoIV)  In(H)— In (1)

Sa(ll) ——— Sn(IV) . Bi(lll) —— Bi(V)
TI) —~s T S ——> SHV)

 The stability of the ‘inert pair’ increases as the quantum shell containing
them is further removed from the nucleus. In case of lead the bivalent state is far
more stabi® than the tetravalént state. Thus, ‘PH(IV) comipounds are oxidizing
agents, being readily reduced to bivalent lead compounds.
T vy eae — man
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Although ‘the -inert pair effect is quite marked for bivalent tin compounds
~ but tetravalent tin is more stable of the two. Hence, bivalent tin is readily
converted to tetravalent state, and thus the former ion is a reducing agent.
~ Sn(Il) - 2¢° —— Sn(IV)
(iiiy  The ‘p’ block elements which have vacant ‘d” orbitals available in their
v electronic configuration also show variable valency by.utilizing these ‘&
orbitals in addition to the corresponding ‘s’ and ‘p’ orbitals. Thus the
involvement of vacant ‘@ orbitals would be responsible for the variation
in valence state of such elements. Let us consider the first two members of
- Vth group namely, nitrogen and phosphorus. Thére is no chance for the
~ presence and involvement of ‘d” orbitals in nitrogen as indicated by its
electronic configuration (15> 2s* 20°) i.e., no ‘d” orbital is available in the
2nd shell. Therefore, nitrogen would show a covalency of three only due
to the involvement of 2p orbitals. It is for this reason that halides of
nitrogen are always of type NXj, (X = F, Cl, Br, I). However, phosphorus
can form trivalent and pentavalent halides e.g., PCl and PCls, due to the
involvement of 3d orbitals in addition to 3p orbitals (P;s has electronic
_ configuration 1s% 25* 2p° 35 3p® 3d°). R
(2) COVALENT OR ELECTRON PAIR BOND: .

There are many compounds which have low melting points, poor
electrical conductivities in the liquid state and are freely soluble in non-polar
solvents. These properties are not within the domain of ionic bonding and the
class of compounds bearing such properties concerns mostly with the
homonuclear diatomic molecules e.g., H;, Cl; etc. In such cases one cinaot
believe that an atom may be losing an electron which may be gained by the other
atom during bond formation because both the atoms are expected to show
identical behaviour. The compounds which show non-ionic behaviour are said to
" be covalently bonded. ' o , . ‘ .

The formation of a covalent bond involves.the mutual sharing of a pair of
‘electrons between two ‘atoms, each atom contributing one electron to the pair. The
sharing of electrons establishes the bond in covalent compounds. The mutually
shared pair is considered to be possessed by both the atoms in common, which
- would contribute to the electronic configuration of each atom in the molecule. For
example, each of the two chlorine atoms present in its ‘molecule have seven
electrons in their valence shell (Nejo 3s* 3p°). Each chlorine atom would
.contribute one electron to.the electron pair which is shared between two atoms in
the molecule. In this way both the chlorine’ atoms would attain eight electrons
(octet) in their valence shells (six-electrons are possessed completely by each
atom and the other two are mutually shared). Thus each chlorine atom. acquires
the stable electronic configuration of the next inert gas; argon (Neio 3s? 3p%). The

£
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process .of mutual sharing may be represented diagrammatically - as shown in
Figure 3.11. SR o ,

e XX
or ¢l —— Clx
oo °* L XX

: - Fig 3.11. ‘ S ‘
" 1t is very convenient to show a single covalent bond by a single line
joining the atoms of the elements together. - L
. Water is a heteronuclear molecule containing * oxygen and hydrogen
- atoms. 1o this compound the oxygen atom has electron configuration 15 25* 2p*
and attains the next inert gas configuration by sharing an electron from each of the
two hydrogen atoms. In this process, hydrogen atoms having electronic
configuration 1s' wauld attain the helium configuration (1s*) upon sharing an
electron of oxygen atom (Figure 3.12). S :

o O

g . " Fig. 3.12. . : :

: It is found that two or even three pairs of electrons also share mutually

between atoms to produce double or triple bonds, respectively. Ethylene, for .

example, contains double bond and acetylene a triple bond between the carbon
atoms. SR - ST . o ‘

In the original Lewis theory, it was suggested that elements forming
covalent bonds have tendency to attain the electronic configuration of inert gases.
However, many covalent compounds are also’ known in which the inert gas
~ configuration is not reached. For example, boron (15 2¢% 2p') forms only three -

" covalent bonds in boron trifluoride, BFs. This would give the outer electron shell
of boron only six electrons, two electrons short of the next inert gas (neon)
configuration (15* 25 2p°). o e
' We can explain the formation -of a covalent' bond. based upon the
_ involvement of the concerned otbitals. Thus during the formation of a covalent.
bond in two fludtine atems to form fluorine molecule, the unpaired electron .in
one of the orbitals (conventionally assumed t¢ be 2pz orbital) pairs up with the -
unpaired- electron in 2pz orbital of another F atom' to form the bond pair of F2
molecule. We can represefit the chemical union of two fluorine atoms to form a
fiuorine molecule as shown ia Figure 3.13: e R
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Clia el —— — ¢

1s 2s°  2px  2py 2pz' ' 2pz 20x 25 s

®..@®1®®®.®

2pz 20z 2y 2px 2s 1s

@@0@'"@'"'@'“0@0@

--------------

- Non-bonding = " Bonding © " Non-bonding
electrons . orbitals . . _electrons
F'q 3.13.

The above picture can be simplified as:
E ’ L oo " oo

SFe + «F: — IFiF: or F—F

s’ o0

In phospharus pentachloride, PCls, the phosphorus atom (Neéjs 3s? 35%)
forms five covalent bonds. That is, the phosphorus atom would share its five
- electrons with five electrons of five chlorine atoms and thus increases the electron
contenf in other shell from ﬁve to ten two more than the next inert gas, argon
(Nem 33’2 3 ) _ .
_ The formation' of PCls molecule with ﬂve covalent bonds have dnrectxonal
effect and can be represented as:

, ‘Similarly, sulphur hexafluoride, SFs, -attains six covalent bonds, thus
attaining twdvc electrons in its outer shell which is more than the electronic

Qnﬁ&g ation of the next inert gas. In iodine heptafluoride, IF, the iqdine (Krss
4d° 65" 5p°) increases the number of electzags in its qutar shell to foyrteen by
forming seven covaleat bonds. Thus it may :be seen that the attainment of an
electron octet in the outer shell is nat uecessanly thc oniy fagtor which determines
the stability of covalent Wﬂmﬂm
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Charactei'istic Features of Covalent Compouhds: :

During the formation of a covalent bond no ions are produced and thus

very little mutual attraction exists between molecules. As a result the molecules
are easily separated from one another. Therefore, the covalent compounds are
gases or volatile liquids under normal conditions of temperature and pressure.
Most common features of covalent compounds are: :

@

Nature of the Bond: The 'bonds ‘are obtained by mutual sharing of

~ electrons and may be intramolecular or intermolecular. The intermolecular

" forces in solid compounds having covalent bonds are weak (Van der

(i)

(iii)

(iv)

W)

o)

' Waals’ forces). Therefore, the solid compounds are soft and can be easily

broken. : o ,
Melting and Boiling Points: The melting and boiling points are relatively
low due to weak intermolecular. forces. If intermolecylar forces are larger,
the crystals will be somewhat harder and have ‘higher melting points e.g.,
Diamond, SiC etc. : . . ' '

Conductance: Since covalent compounds do not contain ions_they will’
not be able to conduct heat and electricity i.e., they are non-electrolytes,
Solubility: They are soluble in non-polar. solvents such as benzene, ether

ete., but insoluble in polar solvents such as water unless some interaction

occurs with the solvent molecules. For example, the solubility of sugar (a
covalently bonded organic compound) in water (a_polar solvent) is
attributed to the hydrogen bonding between the —OH groups in this
organic molecule and water. ' S

Reactivity: Reactions between covalent compounds are generally much

slower than those of ionic compounds because they involve the breaking
and reforming of bonds. : '

Conditions of Férmation: The covalent melecules are obtained from

~atpms of the elements having very similar ionization potential and

' electron affinity values. Under such conditions the possibility for the

(vii)

(viii)

formation of ionic bond is ruled out.

Directional Character of the Bond: Whereas the ionic bonds are non-
directional, the covalent bonds are directional in character. Hence
individual covalent compounds possess definite shapes of their molecules.

This factor may also be responsible for slow rate of reaction and may even

determine the nature of the reaction in some cases.... .

Dielectric Constant: The dielectric constant (&, the ratio of the coulombs
for a substance compared to that of a vacuum) values. of covalent

"molecules are low (benzene = 2.3). The molecules ofcompqundﬁ having

dielectric constant of unity must have a dipole moment zero.
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(ix)  Resonance: More than one concexvable structure may be achieved while
considering the possible distribution of electrons between atoms within a .

molecule. Out-of all the-possible electronic structures obtained by rapid

interchange (resonance), the one. which actually exists (resonance hybrid)
~will possess the minimum energy of the system. The minimum energy is
~the ¢riteria of "~ maximum stablhty Resonance is  very ~common
_phenomenon occurring in organic compounds. S

(x) = Covalency Maximum: Sidgwick pointed out in '1933. that the maximum

number of coyalent bonds formed by an clement would be related to its.

position in the Periodic Table. Thus carbon, a member of the IVth group
will be able to form four covalent bonds. Similarly, phosphorus (a
member of the Vth group) would be able to form at the most 5 covalent

bonds and sulphur (a member .of the VIth group) would form 6. covalent’

bonds. The maximum number of covalent bonds formed by an atom will
depend upon the number of paired and unpaired electrons present as well

as upon the number of vacant orbxtals available in the atom of that‘

element
3) COORDINATE-COVALENT BOND

. A covalent bond in which the shared electron pair is ‘donated by one atom -

_only is called coordmate—covalent bond. This type of bond is obtained between
atoms which are either electran-pazr donors or electron-pazr acceptors. The
electron-pair donor atoms are usually called Lewis -bases and- electron pair
acceptors as Lewis acids. Lewis acid-base reactions would result in the formation
of coordinate-covalent bonds. The process of such bond formation is called
coordination. The bond is-usually shown by ah arrow whnch runs from the donor
atom and goes towards the acceptor.

. The Lewis bases or electron pair donors are ‘atoms, molecules or
Lewis acids are usually electron deficient atoms, molecples or compounds which
would resort to'inert gas or stable configuration by taking up one or more lone-
- pair of electrons. The lone-pair donated by Lewis-base would now be commonly

shared between the donor and the acceptor atoms and hence the idea of a

coordinate-covalent bond. Let us take an example of an electron deficient
molecule BFs. It reacts readily with NH; to form an adduct.

F H-
. B . » v X : . oX. ¢
,;,/BF,&:N,H, —> ‘F,",‘B’ «— :’1‘\1.;51{
o . : F R
of t

 FB e———o — INH, © "
(coordinate-covalent bond)

compounds which possess lone~pa1r of electrons as yet not utilized by any bond..

LY
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Similarly, transition elements (such elements which have partially filled d -
or f orbitals) would form compounds with electron-pair donors. (ligands), called
coordination’ compounds. Heze transition elements would act as Lewis acids
Because they are short of electrons due to the presence of unfilled d or f orbitals.
For example, silver . chloride dissolves in ammonia to form the
coordination compound, [Ag(NH3)2] Cl or itSjion_[Ag(NHg)g-]* (soluble in water).
The reaction may be writtenas. - T
Ag'Cl" +2 : NH; ——» [HsN—> Ag «—NH;]" CI” or [Ag(NHs):]Cl
Thus any atom which possesses a lone pair of electrons int its valence shell
can act as-a donor to a suitable acceptor. On the other hand, any atom which does
not possess the electron pairs in its valence shell can act as an acceptor of lone-
pair of electrons. S 7 S )
The mcst'common donors are the halogen atoms in the form of halides,

e - ' ‘ o =2 ‘ w = .
:X: ; the oxide ion, :Q: ; the hydroxide, :0- H ; the water mqlecule, H;0:; the
nitrogen atom of ammonia, :NHj, and the phosphorus and arsenic atom in
phosphorus and arsenic compounds s,qch as :PF; and :AsCls, respectively.

‘ " The most common acceptors are electron deficient molecules (usually 3rd
group elements, ie., BCh, AlF, GaCl; etc) or transition elements having
partially or incompletely filled d orbitals. ‘A typical electron pair acceptor is H'.
As hydrogen ion, H' is simply a proton with no electron cloud around it, Its
tendency to accept an electron pair is extremely large. ' '
CHARACTERISTIC FEATURES OF COORDINATION COMPOUNDS:.

The coordination compounds contain coordinate-covalent bonds and are
characterised by properties close to covalent compounds. The physical properties
of coordination compounds deperid upon the nature of the donor atoms or
molecules (ligands) as well as the oxidation state of the transition metals
(electron-pair acceptors). S B ' S .

Following points will give us the broad spectrum view of the physical and
~ chemical characteristics of coordination compouids. Howewer, these features

should not be taken very rigorously: 5 ' o - o
1. Melting and Boiling Points: The coordination conpounds possess fairly
high melting and boiling points which are more than those of the coyalent
compounds but less than the true. ionic compounds. Usually these compounds
decompose while melting and boiling. The melting and boiling point range for
such compounds indicates that coordinate bond is not true covalent“bond but
possesses a partial polar character. ' _ o
2. Electrical Conductivities: Some of the coosdination compounds are
fairly good conductors of electricity but this is due to the presence of complex
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ions which have ‘been stabilized by oppositely charged ions linked through ionic
bonds. The neutral complexes which carry no charge on the mmplex ions are
-non-conductors. i : .

3. Solubility: The sotubility of coordmat:on compounds varies. Some of
these compounds are soluble in water but may be decomposed in this solvent or
when brought into contact with it due to the feplacement of other weak donors by
water molecules (H;O molecule has lone-pair of electrons and possesses donating
power to establish new coordinate bonds). The neutral complexes mostly carrying
organic reagents as donor molecules (ligands) are soluble in organic solvents,
4, Stability: Some of the coordination compounds are very stable but others
are easily decomposed A deep blue coordination compound, copper
phthalocyamne is very resistant to attack by air, water, sunlight, acid, heat, etc.
and is used as a pigment in automobile paints. The tetrammine copper’ (II)
 sulphate, [Cu(NHs)4] SO is not very stable and degomposes upon heating in
aqueous solution to liberate ammonia. (The factors affecting the stability of
coordination compounds will be discussed in detail in chapter 18).
5. Reactivity: ‘There are two types of coordination compounds labile and
inert. The labile complexes undergo rapid reactions but inert complexes show
very slow reactivities with other substituents. An example of a labile complex is a
‘water ‘complex with Ag which undergoes rapid swbstitution react:on with
ammoma molecules o _

- Water . '
. [Ag(H0)]" +2NH; === [Ag(NH:);]" + 2H0

6.  Colour: Almost all the coordination compounds of transition metals are
~ coloured. The colour of these compounds is the result of electrenic transitions.

7. . Paramagnetism: Many of the coordination compounds of transition
" metals are paramagnetic (show magnetic behavxour), which indicates the presence
of unpaired electronic spins. We shall see in the next chapter ‘that the number of
unpaxred electrons give mformatxon about the insight into the nature of bondmg in

coordination compounds. p = \/n(n+2) )
M = magnetic moment in Bohr ma.gneton o

8.  Isomerism: The coordination compounds show a variety of isomerism,
because coordinate bonds are directional and arrange along definite dlrectxons in
space around the central metal jons (mostly transition metals).
(4  METALLIC AND NON -LOCALISED BOND

4 A metal may be defined as a substance which possesses a bright
‘appearance ‘called metallic luster and-is a good conductor of heat and electricity.
.- In addition te that a metal shows high tensile strength, malleability and ductility.
In spxte ‘of the extensive use of mahy common metals as well as the extensive
ﬁdﬁs on their physxcal and cmal &metensna the nature of the bonding

R
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‘between the atoms in a metal has been until recently very unsatisfactory. In order
to understand the nature of the metallic bond and the structures of the metals, we
shall review the general characteristics of metals.

CHARACTERISTIC PROPERTIES OF METALS: - -
 Metal structures have some common characteristic properties such as:
1. Metallic Luster: Metal surface have a bright shiriy appearance because

they are good. reflector. of visible light incident upon them. Most of the metals
reflect all wavelengths of white light and thus have silvery white appearance.
However, copper and gold are coloured because they absorb fairly good amount
_of!jlue light and reflect therest. o RS

2. Malleability or Ductility: Metals can be drawn into foils and beaten into
thin sheets instead of breaking up on striking as ionic crystals would do. The
malleability and ductility of metals vary from one metal to another. Thus gold is
highly malleable but tungsten is worked with extreme difficulty. ‘The malleability
varies. in various allotropic forms of the same metal. For example, white tin is
highly malleable and soft and possesses metallic luster, but the grey tin i$ brittle
and crumbles to dull grey powder. - o S .

3 Flectrical and Thermal Conductivity: Metals are good conductors of
“electricity i.e., when potential difference is maiotained between two ends of the
metal bar or wire, electric current rapidly flows through it. Similarly, if two ends
of the metal are maintained at differsnt temperatures, heat energy is rapidly
transmitted from hot source to cold sink. Metals usually conduct heat 10 to 1,000
times more than other substances, but differences in electrical conductivities are
even greater. “ o Lo L
4, Thermioni¢ Emission: When a metal is’ heated it..emits electrons by
thermionic emission collected at the anode ie., diode. Thus a heated metal may be

~ considered to boil off or sublime electrons. ‘ |

5. Photoelectric Effect: On irradiating the clean surface of a metal with
light of suitable wavelength electrons are emitted, called photoelectrons. . The rate
of emission of photoelectrons depends upon:the intensity of radiation but the
kinetic energy of emitted electrons: is a function of wavelength of the light
radiation. ‘ C S L

6.  Magnetic Behaviour: When a metal is placed in'a non-uniform magnetic
field it may either be attracted or repelled from regions of higher field. The
substances attracted by the magnetic field are called paramagnetic and those

~ repelled, diqniag.ne't_ic_. | _
" Such and- other properties of metals would help in ,understan'd"ing their
. structure, and the nature of the metallic bond as given in the following discgss_i?p.
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STRUCTURE OF METALS: ’ ' T

The structures of metals have very hlgh coordmatron number (eight or
twelve) and possess very high electrical and thermal conducnvmes The metal
- ‘atoms aré packed closely to build up the crystal structure or lattice. Thus a metal
may be egarded as an asseémbly of positive ions, usually cofisidered as spheres of
identical radius which are packed together to fill space as completely as possible.

In order to understand the close packing ¢ of atoms in metal structures, let
us consider an analogy If a number of solid spheres or metallic balls are packed
in a box as shown in Figure 3.14(a) and box is well shaken, the balls will
- rearrange in the manner shown in Frgure 3.14(b). The arrangement of spheres in

. Figure 3.14(b) is more stable and more closely packed Same is the type of
arrangement of atoms present in metal structures v

Flg 314, Packing o]s;;lteresm a box (two dimensional views).
The majority of ‘metals possess one of the three major types of crystal
structures i.e., face-centred cubrc body-centred cubic, and closely packed

hexagonal structures.

Let us see how various. unit cells
of the crystal lattices are developed from
various type of arrangements of atoms in
metal structureg. If thre¢ atoms join_
together in one plane and in the first’
layer and %e&a fourth atom is mseqted in
the space qeated by the other three, . AS
secondxlayer atompa tetrahgdral structure, , e ,
i¢” obtained (See Figure 3.15). Simifarly, Fig. 3.15. The formation of a
other crystal lestices are developed . ..  tetrahedralsite.

Now consider 11 atoms arranged in the first layer (See Figure 3.16). The .
second” layer atoms (shaded) would. ﬁt into the depressions (crevices or
interstices) creating some new mtel:stlces (matked A) or allowing the interstices
(marked B) created by the first layer atoms to continue as shown in Figure 3. 16 y




Now the third layer atoms may fit into the intersticés A or B. If'the third tayer
atoms fit into the interstices marked B those interstices will be blocked by them
and atoms will not lie directly above those of the first layer atoms. This layer
pattern will be of 1 2.3 or A B C type which represents face-cenired cubic
arrangement. This arrangement is generally represented as ABC ABC ABC or
123 123 123000 . : : : o :

//’////”'«%////é/////f 8
‘ @% L

\l

. PFig 316 Clese packing of spheres fbomy).

“If the third layér atoms are arranged ih such a way thet they occupy the
depressions or interstices cfeated by the second layer atoms marked A, they will
be directly abave the figst layer atoms, This pattern represents closely packed
hexagonal arrangement and is usually written 121 or ABA arrangement. The body
centred cubic structure has also a layer pattern of the type 121 or ABA, but the
spheres (atoms) are not so closely packed as in the close-packed hexagonal
structure.. ' L '

The closely packed hexagonal and face-centred cubic structures have 12-
fold coordination, i.e, each metal atom is surrounded by twelve nearest
‘neighbours. In body centred cube each atom is surrounded by eight other atoms,
i.e., 8-fold coordination (Figure 3.17). - S

A

O Fig. 3.17.
(#) Face-centred cubic structure.
(b) Body-centred cubic structure.
(c) Closely-packed hexagonal structure.
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THEORIES OF METALLIC sorm» S

- The high coordination numbers and presence of relatively poor electrons
aviilable for bonding in the atoms of metals do not favour the possibility of the
existence of ordinary covalent bonds between metallic atoms. At the same time
the physical properties of metals are not like those of ionic compounds which
indicate the absence of electrostatic forces operating between atoms within a
metal. Moreover, the metallic structures possess. considerable strength which
_indicates the peesence of forces greater than those of the Van der Waals’ type. It
becornes interesting to study the nature of the metallic bond Followmg theorics
“have been put forward to explain the metallic bonds;
(a) Electron gas theory. - (b) Bloch-Sommerfeld theory

. {c)  Pauling theory. - {d) Band theory (MOT) :
@) Efectron Gas Theory: The properties of the metals suggest that the
valerice electrons are relatively free to move throu'gh the metallic structure. Figure
3.18 suggests a model about the metallic structure in which electrons form a sea
of negative charges around the positive ions which are held together tightly. Since

metals have hlgh melting pmhts and high densities. It should be pomted out that
-‘electron sea’ or ‘electron gas’ must strongly bmd the posmve ions in the crystal"’/

..........

et (TR e S

Fig. 3.18. Cross-sedwn of Stractire of a matal wdh #n ‘electron sea’ or ‘electron gas’.
Electron gds theory is based upon three assumptions:

1.  The metal atoms are arranged in a closely packed crystal lattice.
‘ Each atom loses one or more electrons resultmg in the formation ef
.. charged metal ions called atomic cores.
2. The electrons move freely w:thm the boundanes of the metal
 structure like idéal gas molecules within a container.
3. The electrons hold the metalfic ions or atomic cores by coulomb
attractive forces like an ‘electronic glue’.
" The electron gas model easily accounts for the high electrical conductivity
of metals because of the tremendous speed of very lxght electrons (the speed of an
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" election is 1.2 x 10'> A%sec and the distance between atomic cores i metals is
usually less than 5 A°. As a result, an electron can move from one electron core to
another in less than 4 x 10—15 seconds) which rapidly. transfers electrical charge
from one end to another. Thermal energy is transferred by the translational motion
of electrons and vibrational motian of the atomic core or metal ions.

Since there is no preferred direction of bonding, it should be quite easy to
distort the metal lattice. This would: explain the malleability of metals because it
would be easy to slide one plane of atoms over another which can be easily
packed. ' ‘ S P
~ Th~ metals have shiny' surfaces because of their high reflectance.

Electromagnetic radiation “of visible light (wavelength 4000 - 8000 'A° and
‘frequencies of about 5 x 10' cycles/second) causes the surface electrons to

oscillate back and forth with the same frequency as that of jricid«entﬁ\ light. Thus
radiation of the same frequency as that of incident radiation is emitted.as a
reflection of the incident beam. .~ T
" In spite of its merits in -explaining some characteristics of ‘metals, the
electron gas theory meets with many failures. Some of its drawbacks are :
' 1.'  The decrease in electrical and thermal conductivity with increasing
" temperature observed experimentally is opposite to the behaviour of

. an electron gas.”: * . - o
2. Free gaseous electrons cannot explain.‘the very small paramagnetic
behaviour of metals. : . ‘ ,
3. Specific heat of metals cannot be explained based upon the electron
gas model. « :

(b) Bloch-Sommerfeld The;ry Sommerfél‘d in 1928 and later on Bloch
- proposed this theory with the fpllowing main features: :
1 The metal consists of atomic cores arranged in closely. packed
' structures. The electrons are removed from the neutral metal atoms
which would be. loosely bound and are referred to as valence
~ electrons. o o o
2. The positive cores have a region of negative potential within the.
~ wolume occupied by the metal. The potential is assumed to be zero
within the metal and very high outside the metal. ‘ ;
3. The electrons are confined to the interior of the metal due to high
potential thside obeying all requirements of quantum mechanics.
The first and the second postulates are very similar to electron gas model.
According to the third postulate, quaritum mechanical treatment would offer wave
character to electrons and restrict the elec;trdn energies' to certain ‘permitted’
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bands called Brillouin Zones. There would be empty bands of forbidden energles
and to cross these empty bands a large amcunt of energy would be requrred

The Bnlloum zone or energy band corresponds to one quantum state and
the breadth of zone depends on the overlapping of the electron clouds. The
electrons present in the overlapping zones may be constdered mobile. It is these
mobt{e electrons whzch produce metalhc bonds.

A.lthough Bloch~80mmerfeld concept explams most of the characterrstrc
propemes of metals and need not be modified but it is subject to criticism, Firstly,
some of the propertres of metals are, only 1mperfectly explamed by this theory.
Secondly, the idea of uniform potentra] everywhere in the metal is unrealistic and
very ¢rude. Thirdly, if variation in potential is allowed in the concept about
metallic bond, propemes of metals can more reasonably be explained.

© Paulmg Tl;eory (Va.lence Bond Concept) ‘According to Paulmg, the
structures of metals may be consxdered in terms of covalent bonds which resonate
among interatomic positions in the metals. Resonance permits the formation of
covalent bonds more than expected: For example, we can write down a large:
‘number of resonating structures of metals, and the overall stable character of the
‘metallic structure is due to the: resonance hybrid of all these different forms. In
structure III, two"covalent bonds are formed by making use, of sp hybrid orbitals.

- The resonating structures can best be considered if unoccupted orbrtals of suitable
energy are available for hybndrzanon '

K—K. KK,  K-—K.K—K.. K K:——K,—»K

o | T | 1
K—K K—K K—K K—K ., K—K—K K

I N o

'I'he characteristic properties of metals can be explained based. upon thrs
valence bond resonance concept. Thus, the electrtc.bl conductmty of metpls can .
" be explairied in presence of an electric field due to the rearrangement of positive
charges towards cathode and negative charges moving towards the anode.

Let us now consider the electronic configuration of potassium (Kj9) i.e.,
157 25* 2p° 35* 3p° 4s'. In such an arrangement, it is obvious that 34 and 4p -
orbitals are unfilled and by loss of one electron from 4s it is also rendered vacant.
These extra-otbitals which' are not ‘occupied partiatly or ‘fully by electrons are
“called ‘mietallic orbitals’. These orbitals will be responsible for-the formation of
metallic bonds and would characterise the elements bearing: them:.as metals.
:Carbon will not be a metal because it does not contain any vacant orbitals after
5p° hybridization.
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The strength of the metallic bonds would also depend upon the valency
electrons. that each atom can attribute. In going from left to right in the Periodic
Table; K, Ca, Sc, Ti, V and Cr the valence electrons shown are 1, 2, 3, 4, 5, and 6,
respectively. Thus, ‘the strength of metallic bond would increase from K to Cr
which is observed by mcrean* in meltmg pomts hardness and other metallic
- characteristics.

(d)  Molecular Orbital Theory (Band Theory) The details of molecular
orbital theory will be discussed in Chapter 4 but the important points concerning
nts applications to the nature of metallic bonds are dxscussed over here.

“When 1dentlcll atoms in their ground states are infinitely separated the
waves functions (and thus their, energies) of their electrons are identical. On
‘bn'ngmg the two eléctrons closer together their electron clouds overlap more and
more resulting - in'more and more interaction. When two atoms ‘come close
~ together a mutual peﬂurbatxdn of orbitals takes place and two new molecular
orbitals -are formed with different energies. ‘One of these molecular orbitals is
" called bomlmg melecwiar orbisal and the other antt-btmdmg molecular orbital

as shown in Flgure 3.19.

c1s

I “w Anti-bonding
' : : molecular
-—». L

Bonding molecular orbital

: 6ils
Fig. 3.19. Overlmofdomarbitakmnksmthefomafa
® " low dnergy bonding M.O. ond high energy anti-bonding M.O.
~ Let us now consider four identical atoms A, B, C and D. On bringing
them close together it would be seen that each atomic orbital pair gives rise to one
bonding () and one amti-bonding (c*) molecular orbitals as shown: in Figure ...
3.20.
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, ng 3.20.
If we combine the overlap criterion of A, B,C and D we get the diagram

shown in Figure 3.21.
¢

0; * ; . .
] These orbitals may overlap
. ,

[+ ]

: Fig. 3.21.
‘Thus four atomic orbitals would give rise to a total of four molecular
orbitals — two aré of bonding and two of anti-bonding type. Similarly, eight

~ . atomic orbitals would form a total of eight molecular orbitals. Thus N identical

atoms (say of metals) would form N molecular arbitals. If N is very large number,

- the difference in energy between various. moleoular arbitals would be very small
" e, in t cm’ of metal about 10% atoms would give rise to 10** molecular orbitals
with 10 keal./mole as the average energy separation. Each of the closely spaced
groups of molecular orbitals would look like a band (Figure 3.22).

i"ta. 322 Mc“W‘«qu[aqmﬁﬁ ‘N’atoms.
(a) An atomic orbm} of infinitely separated atoms, (b)’ N molecular osbitals of
© - internucleqr distance 7, (c) N mohcular orbmla at mtemuclear dxstance r,<r,.
(d) N.orbitals st imternucless distance 7, < 7, (equilibrium distance). .
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~ Let us apply these band
model concepts to the formation of
crystal lattice for sodium. Take N
-atoms of sodium and place them in a
body centred cubic lattice. The
~ electrons of n =1 and 2 are closer to
the nucleus and will not be affected

3s| Conduction band

9,
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much. In other words, lower orbitals

will be completely filled up to 2p 2;

orbitals. In going to 3s, N orbitals Peteletelodelels

will overlap frequently to form a - ' ;
conduction band as shown in Figure e 25| Valence bands
3.23. Since this conduction band is R 1s E

half-filled, vacant orbitals would be

created by overlap criterion as — - :
discfussed. abo_yg_:. These vacant Fig. 3.23. gﬁ"ﬁ,ﬁ{i i';:gbb:::sin':{i:;‘:::";;
orbitals: will get electrons which are . vertical cross-hatching. '
excited ‘from lower orbitals and B

would. - explain . the - propesties of

‘metallic sodium. ‘ .

The electrical conductance depends upon: the movement of electrons:
under the influence of an applied field. The ¢lectrons accept energy. and move to
-~ higher unoccupied levels. Thus in metal structures unoccupied orbitals become
available which are mainly responsible for the movement of electrons and hence
the electrical conductivities. : B ' SR
(5 VAN DER WAALS' FORCES AND BONDS:

The interactions between atoms considered uptill now are quite strong and
the bonds formed have energies in the range 50-300 kcal./mole. The compounds
possessing such bonds ‘are. stable and ‘react to form products. of even more
stability. We shall now discuss -weaker interaction foroes which give rise to small
values of bond energies in-the- range of 2-20 kcal./mole. The Van der Waals'

forces named after a Dutch chemist, were originally postulated to explain the
deviation of real gascs from the ideal gases. '

% . There dte two' principal Van der Waals’ forces. The important force at
83,1011 ge is the repulsion between electrons in the filled orbitals. The second -
force:igathe atraction’due to dipole-dipole interaction as shown in Figure 3.24.
Permanent dipole-dipole interactions are’ stightly stronger than dipole-induced .
dipole attraction. The forces of attraction between fluctuating dipoles .are weaker
and are called London forces. ' - : '
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(a) ~ (b)
Fig. 3.24. The dipole-dipole interaction resulting in attractive forces.

The Van der Waals’ forces operate effectively when the distance between
molecules is about 5 A°. The strength of the Van der Waals’ forces depends upon
the size and molecular weight of molecules. Also, the attraction between
molecules increases with an increase in size and molecular weight. This attraction
also affects the boiling points of non-polar molecules, since boiling point of a
substance is a measure of the amount of energy required to disrupt Van der
Waals® forces present in bonds. For example, the strength of the Van der Waals’
bonds increases in inert gases with the increase in atomic number. Similarly,
boiling points of inert gases also increase with increasing molecular weight as
shown in Table 3.3. '

TABLE 3.3

A Comparison of Size, Molecular Weight and
Boiling Points of Inert Gases

Inert Gas M;}Zg&?: &fm) Mizcsl;lar Botling Point, °C
Helium 93 2 - 269
Neon 112 10 — 246
Argon 154 18 - 186

Krypton 169 36 - 152
Xenon 190 54 ~108
Radon 22 86 | - 62

Similarly, straight chain alkanes, with general formula C,Hjuz, show
increasing boiling points with increasing value of n because of the increase in
molecular size. Increase in melting and boiling points with increase in molecular
weight and size may be due to greater energy needed to move a heavy molecule.
The larger surface area with increasing molecular weight is also an important
factor in determining the stability of molecules.
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Van der Waals' forces are important in P4 and Sg molecules. The size
affect is also considerable. Thus solid O, melts ~219°C whereas sulphur having
greater molecular weight and size has sold Sg which melts at 119°C. Similarly,
intermolecular Van der Waals' bonding is much stronger in solid P4 (m.p. 45.1°C)
than in solid N, (m.p. — 210°C).

Evidence of Van der Waals’ Forces:

Abundant evidence is available in favour of Van der Waals' forces
operating between uncharged atoms and molecules in the solid, liquid or gaseous
states. The evidences in favour of the presence of Van der Waals' forces are :

(a) The inert gases: The atoms of these gases are incapable of forming
normal valence bonds but can be condensed to liquid and solid phases
with the evolution of energy. This behaviour indicates the presence of
cohesive forces operating between the inert gas structures.

(b) The Joule-Thomson effect: Cooling effect of gases, when allowed to
expand suddenly, is called Joule-Thomson effect. Cooling on expansion
must be taking place due to the fact that attractive forces (Van der Waals' -
forces) are to be overcome in the course of expansion resulting in the
absorption of energy and thus the cooling effect.

(c) The non-ideality of real gases: Van der Waals (1873) while dealing with
: : : a
the behaviour of gaseous phase introduced a mathematical term 77 and
proved the existence of attractive forces acting between atoms.

Let us now compare the values of Van der Waals’ and covalent radii. Van
der Waals’ radii are always larger than the corresponding covalent radii which
indicates that the Van der Waals’ forces are much weaker.

134 177 Van der Waals' radius
Covalent radius Molecule R
Molecule A

(6) HYDROGEN BONDING:
Polar molecules are stabilized in a molecular solid by the interaction of

oppositely charged ends of the dipole resulting in mutual attraction, called dipole-
dipole interaction as shown in Figure 3.25. An important type of polar interaction
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Fig. 3.25. Packing of polar molecules arising out of polar interaction.

is called hydrogen bond. This is primarily an electrostatic bond present between
positively charged hydrogen atoms and a small, electronegative atom i.c., F, N, O,
The hydrogen bond arises out of imprisonment of a proton between two
electronegative atoms. Hydrogen bonding is very weak with bond encrgies in the
range of 2-10 kcal/mole. A hydrogen bond between two atoms A and B can be .

written A--H -..... B where A--H bond indicates a covalent bond and H ------ B,

the hydrogen bonding. The extra attraction due to hydrogen bonding is stronger
than Van der Waals’ forces but smaller than ordinary covalent or ionic bonds.
Thus hydrogen bond is moderately strong. In general, whenever polar molecules
come near to one another, the positive end (§7) of one molecule interacts with the
negative end (87) of another because of the electrostatic attraction between them.
For example, the partially charged hydrogen atom, H®" of one water molecule
interacts with partially charged negative oxygen, 0> of another water molecule.

Ice is an example of a cluster of water molecules having extensive
hydrogen bonding. The structure of ice bears tetrahedral symmetry in which
relatively large open spaces are found. Upon melting ice, some of the hydrogen
bonds are ruptured. As a result of this the water molecules may rotate slightly and
move into open spaces which decrease the molar volume. Since the bond
rupturing process takes place by increasing temperature which decreases the
volume whereby increasing the density at about 4°C.

Other examples of hydrogen bonded molecules are:
SN N
/ i
Hydrofluoric acid
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H H H
Ammonia
O ""H—O
V4 AN
| H,C —C /C—-—CH‘3
O—H-- O/

Acetic acid dimer (note - wo hydrogen bonds)
0]
NV
l H
7\ J °

7

!

H

Salicylaldehyde-hydrogen bond
NATURE OF HYDROGEN BONDING:

A hydrogen atom has electronic configuration Is' and can form either one
covalent or ionic bond. Since 2s and 2p orbitals are too high to be involved In the
formation of bonds so the following theories are adopted to explain the nature of
hydrogen bonding.

(1) Electrostatic approach: Since “hydrogen bonding occurs bctween
hydrogen and a very electronegative element so electrostatic forces must be
responsible for such type of boi.d.

(ii) Valence-bond treatment: In this treatment the couvalent contribution to

hydrogen bond is emphasized. For example, the following structures are
contributing towards hydrogen bonding. :

A—H - B Covalent A — H bond
AT Y B Tonic A~ — H* bond
A —_HY+ B Covalent H— B bond

(iii)  Molecular orbital treatment: Pimentel has considered hydrogen bond
based upon molecular orbital theory. Thus linear combination of s atomic orbitals
of hydrogen and p orbitals of electronegative element would form hydrogen
bonds. Bonding, non-bonding and anti-bonding orbitals are produced.



{Chapter 3] CHEMICAL BONDING 1086

THE IMPORTANCE OF HYDROGEN BONDING:

1.

£

4

. Hydrogen bonding 1s quite important in explaiming the properties of

certain fiquids such as dieleciric constants, high botling points and low
vapour pressures of solvents (water and alcohol etc., bearing hydrogen
bonds) Water is a liquid at room temperature (b.p. 100°C) but HaS is 4
gas because of presence of hydrogen bonding in waier and absence of
hydrogen bonding in HyS m and p-nitrophenols because of hydrogen
bonding in the ortho isomer The m- and p-isomers show tnier-moleculas
association which canses increase in boiling points. Since O-nitrovheno!
has hydrogen bond in its moiecule, it cannot show intermolecular
association and can readilv be separated from one another having low-
boiling points

0.

E .
AN ~
! i H

i :
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i
(o, D 0y
\.\ e - e
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™
H | N
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Iydrogen bond cnergics are relatively small and chemical reactions which
involve breaking of weak bonds take place readily. Thus biochemcal
systems undergo smooth and rapid chemical reactions Hydrogen bonding

i proteins s very ampertast o blochemcal funcbons, ey oxygen

transport and siorage {haenioplobing, regulation of metabolism, control of
fiereditary Uatisinission and vaiious chizyme icactions.
The structure of nucleic acid has hydrogen bonds which plavs major role

i its behavioui i biochciiical processes.
of water are dve 1o hvdiogen bonding mits

Special characteristics
molecules. Thus water has unusually high heat of vaporization and
specific heat. Therefore, water acts as a large thermostat and confines the
temperature of the carth within moderate limits. Water is also used to
transfer heat from one place to another. That is why it is used in
automobile radiators, heating systems and solar-energy collectors.

Other simple hydrides of strongly electronegative elements associated
through hydrogen bonds also show high melting and boiling points etc
Hydrogen bonding is responsible for unexpected high solubilities of
compounds containing oxygen and nitrogen in solvents having one or
more hydrogen atoms on a fairly electronegative atom. For example,
organic acid halides are generally soluble in CHCI; rather than CCl.

The high solubility of ammonia in water is due in part to the formation of

fairly strong hvdrogen bonding between them
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6. Many ionic compounds having oxygen in them are soluble in water due to
hydration of anions through the formation of hydrogen bonds.
-1 Hydrogen bonds are important in determining the crystal structures of

some compounds. Thus, hydrogen bonds in crystalline oxalic acid may
produce either two-dimensional layer lattices (the o form) or one
dimensional chains (B-form).

8. Due to hydrogen bonding water shows maximum density at 4°C and on
further cooling to 0°C density decreases with expansion in volume of ice.
Water pipes burst if temperature falls below 0°C. Ice floats on the surface
of water. This has a great advantage as marine animals and fish etc,,
remain unaffected by ice formation on the surface of water.

7) ELECTRON DEFICIENT MOLECULES:

The class of compounds which have strong tendency to accept electrons
because they have too few  electrons to provide a total count of electrons
required for next inert gas configuration are called electron deficient
molecules. Elements of Group II and III (beryllium, boron and aluminium etc.)
have strong tendency to accept electrons and require tetrahedral configuration.
The molecules possessing ‘lonie pair’ of electrons and readily combine with the
electron deficient molecules to remove their electron deficiency. Thus boron has
electronic configuration 1s* 2s° 2p' which indicates the shortage of electrons. In
order to get the due share of electrons the orbitals overlap with some atoms which
form bridge structures. Diborane is a typical example of compounds having
bridge hydrogen atoms. Let us consider the structure of diborane. Diborane is
made up of two BHj units. Each BHj unit is short of two electrons than required
to complete the octet for stability.

H

o X o X
HY B B xH

Xe Xe

H H

As both the BHj groups are short of electrons, it is difficult to visualize
the formation of a direct link between boron atoms. The only possibility is the
formation of a dimeric structure through hydrogen bridges. The bridge structure s
elaborated by the overlap of sp> hybrid orbitals of boron with 1s orbitals of
hydrogen as shown in chapter 8.

H\B/H\
H N T

H

/H
AN

H
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Beryllium alkyls are also electron deficient compounds and polymerize
through carbon of the alkyl group to remove the electron deficiency. The
C ,
Be/\Be angle is 66 and each Be atom is surrounded by four alkyl groups

tetrahedrally arranged.

. .R . R
. . . . .
. * . . . . N .
Be’ *Be Be ‘Be’
L4 » r .~ - A rd T
. . . . R . . ~
- . * N .

If R = CH3
. Be’ “Be’,

Similarly, aluminium trimethyl is found to be dimeric in solution and
vapour state which results out of electron deficiency of the molecules.

Aluminium chloride exists as Al,Cls and this dimeric structure is held
through chlorine bridges. Chlorine atoms donate a pair of electrons to electron

deficient aluminium atoms.
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: o cersidersd 1o he electron deficient atoms. That 1s why, they preterably
combine with clectron pair donors (ligands) to form stable compounds commonly
eown gy coordinaiion compounds. The addition of electrons usually takes place

. the pndilled o orbitals and the atoms have strong tendency to acquire next inert

180

gag confignration. Thus the important consequence of electron deficiency in
molccules 1s to behave as electron pair acceptors (Lewis acids) which would react
with eleciton pali aonors (Lewre bases) :

BOND LENG TS AND BOND STRENGTH
e dicrance hetween the nuciel of TWo #10ms 1oiiig o Covdaiil noad s

atled the Baed dength. The bond lengins we o
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The cevalent bond dength between two gloms is often {not always)
ndependent «f the nature of the molecule or lattice containing such a bond fhus

‘1 most of the aliphatic hvdrocarbons, the € — € single bond length 1s very dlose

(0 1.54 A% the same length as the C - C bonds in dlamond

The covalent radit of various elements are very neatly additive in naturc
Ihe single-bond covalent radius of carbon is 077 A° which is one half of the

vl

' — C bond lengths (1. 54 A} Similarly, the covalent radii-of chlorine and iodine

are 099 AC and 133 A°, respectively, one hail of the bond lengihs between Cl;
and 1, molecules. '

As the difference in clectronegativitics of two bonded atoms increases, the
bond is_shortened, i.e.. departures trom additivity of bond lengths take place. For
cxample, the covalent radii of sificon and fluorine add up to give bond length 1.81
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A° whereas the Si ~— F bond length is 1.54 — 1.59 A°. Similar contraction in
bond lengths are observed in St — Cl, Si — O, P — F etc. The contraction in
bond lengths may be due to double bond character shown by the molecule as
suggested by Pauling. Thus SiFs molecule becomes a resonance ‘hybrid’ of two
resonating forms (A and B). :

‘F: F+
. v . e o
:_If: Si F: <— :F: Si :F:
(A) ; 8)

Some selected bond lengths are given in Table 3.4 and covalent radii in
Table 3.5. Com_ arison of experimentelly measured bond lengths with those
calculated by making use of covalent bond radii shows that calculated values are
almost always high which indicates the effect of difference in electronegativities
or resonance as indicated above especially in electronuclear molecules.

TABLE 3.4
Selected Bond Lengths
Bond Bond Length (pm) Compound Hybridization
; B-F 130 ! BEF; sp’
| B-Cl , 175 BCl; sp?
8- Br ! 187 BBr; sp*
Si - H 148 SiHa sp’
Si-F 155 SiF, sp’
i S1~Cl 201 SiCly sp
; Si-Br 215 SiBry sp’
| Sn-Cl 230 SnCly sp
| Sn - Br 244 SnBry s’
4 S—F 158 SFs & sp’
S-Cl 199 (SCh) sp°
c-C 154 CyHs sp°
Cc=C 133 C,H, .spz
C=C 120 C,H, sp
C=0 122 (CH;); C=0 (sp?)
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A corrected bond length can be calculated in these cases by using the
equation proposed by Schomaker:
rA-B = rA+rB-009A,
where » A — B is the bond length, 7 A and r B are covalent radii for atoms A and
B, respectively and A is the difference in electronegativities of A and B.

- TABLE 3.5
Covalent Radii (pm)
(a) Single Bonds
o .
37
Li Be B C N 0] " F
123 89 80 77 74 74 72
Al Si P S Cl
125 117 110 104 99
Ge " As Se Br
122 121 117 114
(b) Multiple Bonds
C N 0
Double bonds 67 60 55
Triple bonds 60 55 50

The bond lengths go on increasing from top to bottom in the groups. Thus
the bond length between Si — Si is more than C — C bond length. Similarly, P - P
bond length is relatively much more than N — N bond length. The bond length of
C - C bonds is much more than N — N bonds as shown in Figure 3.26. Two
factors are important in determining the bond lengths (a) increase in nuclear
charge will pull the electrons with greater force and would decrease the bond
length and (b) radius of the shell increases by the square of n, the principal
quantum number. The shortening of bond lengths from left to right in a period
(C - C to N = N) can be attributed to the pull by the increase in nuclear charge
with the same value of n. As the atomic radii increase from top to bottom in a
group (N to P or C to Si) the effect of the effective nuclear charge on the electrons
decreases and with the addition of more and more electrons greater forces of
repulsion would be set up. Consequently, bond lengths would increase.
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Bond Length A°
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Fig. 3.26. Change in bond length with bond orders 1, 2 and 3 for
C—C N—Nand 1 and 2 for Si- Si and 1 and 3 for P- P.
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Bond strength refers to the average electron density around atoms
compared to a hypothetical charge density in case of an inert gas. Thus stable
molecules are formed when there is an excess of bonding electrons. Relationshio
between excess of bonding electrons to bond strength of simple diatomic
molecules is given in Table 3.6. The excess of bonding over anti-bonding electron
pairs 1s called ‘bond order’. There is definite correlation between bond lengths
and bond orders. Usually, with increasing bond order the values of bond lengths
go on decreasing.

TABLE 3.6
Pairs of Paé)rsn(;fi:ntl- bi);fﬁrsls Heat of
Molecule | bonding & naing Valency | Dissociation
electrons clectrons paifs or (KJ/mole)
(Bond order) | bond order

H, 1 0 1 1 432
He,' : 0 3 _ 255
N, 4 1 3 3 712
0, 4 2 2 2 490
CO 4 1 3 3 881
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Questions

1. What do you understand by the term chemical bond? What are its various
types? Discuss the formation of ionic and covalent bonds.

2. Discuss the formation of ionic bond quoting suitable examples What are
the general characteristics of ionic bonds?

3. Distinguish between ionic and covalent bonds. Discuss their characteristic
features. What are the various faciors respoisible for the stability of lonic
compounds?

4 Discuss various types of crystal structures commonty found in ionic
compounds. Give in detail the various aspects of sedium chloride lattice.

5. (a; What is radius ratio? How are the values of limiting radius ratios

able to predict the structure types?

(b) Predict the coordination number and structure type for the following

compounds based upon the data on ionic radii given below.
NaCl, KI, LiCl, LiF, NaBr, CsCl, RbCl

The ionic radii of 4lkali metals are:
L 08 pm
Na’ 25 pm
K 123 pm
2 A8 pm
( 169 pm

The ‘on: radit of hlwdes are
1o (30 pm
Cl 81 pm
Br 195 pm
I 216 pm

O ra)  Define fattice energy. What does it depend upon’?

(b) Calculate the lattice energy of AgCl using Born-Haber cycle
Thermodynamic values of AgCl are:
Heat of sublimation (H,) = 68.0 kcal/g. atom.

Standard beat of formation (H) = -30.4 kcal/mole.
Tonization potential (I) = 174 7 kcal/g. atom.
Dissociation energy of Cly (D) = 58.0 kcal/mole.

Electron affinity (E.) = - 85.1 kcal/g. atom.
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16.

7.

18.

19.

What do you mean by variabie valency? Why do some of the elements
snow variable valencies”

What type of elements would form covalent bonds? Explain the gcneral
characteristics ot covalent compounds.

Differentiate between covalent and coordinate-covalent bonds. What are
the characteristic features of coordinate-covalent bonds?

What are generai features of the metallic bond? Discuss the common
structurcs of mctals. Describe the genera! theories put forward to explain
the nature of the metallic bond.

What do you understand by Van der Waals’ forces? How do they differ
from other types of forces? Discuss their importance in chemical
compound formation.

(a) Explain hydrogen bond formation in various compounds. What may
be the nature of hydrogen bonding? Discuss the ‘mportance of
hydrogen bonding in various fields.

(b) Arrange the following compounds with increasing possibility of
hydrogen bonding:

H,0, HF, NH;, CH3;COOH

What type of elemenis would show electron deficiency? [llustrate your

answer with suitable examples.

Establish the relationship between covalent radii and bond lengths Why

are the bond lengths between atoms of larger atomic weight more than the

oiliers? ‘

Given the covaleni radius of petassium at 1.96 A° and of < hlorine .99

A~, calculate the bond length ot K-C1 bond.

Write Lewis tormula tor the tollowing:

(21) Nz (b) N;O4 (C) H2SO4

(d) Br; (c) CO (f) HCHO

Describe the bonding in water molecules. Explain why water is a polar

molecule? : ‘

What is hydrogen bonding? How does the strength of a hydregen bond

compare with that of a covalcnt bond?

Write short answers to the following questions:

1) What is chemical bond?

(i1) How a chemical bond is formed?

(iiiy  Describe nature and types of chemical bond
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(iv)  Describe the crystal structure of sodium chloride.
(v) . Whatis radius ratio?
(vi)  Describe the usefulness of radius ratio.
(vii)  What do you understand by lattice energy?
(viii) Describe the Born-Haber cycle. What is this principle based on?
(ix) What are the factors responsible for the stability of ionic
compounds?
x) Describe the characteristic features of ionic. compounds.
(xi)  What is variable valency of elements due to?
(xiiy  Describe the characteristic features of covalent compounds.
(xiii) What are the characteristic features of coordination compounds?
(xiv) What are the characteristic properties of metals?
(xv)  Describe the structure pattern of metals.
(xvi)  Discuss the electronic gas theory of metals. ’
(xvi)) Describe Bloch-Sommerfeld theory of metals. ,
{(xviii) Discuss Pauling theory of metals based on valence bond concept.
(xix) Discuss molecular orbital theory or band theory of metals.
(xx) What do you understand by Var der Waals' forces and bonds?
(xxi) What is the evidence of Van der Waals' forces?
(xxii) What is meant by hydrogen bonding?
(xxiii) What is the importance of hydrogen bonding?
(xxiv) Describe the features of electron deficient molecules.
(xxv) What is the correlation between bond lengths and bond strengths?
20. Give the suitable answer: '

(M)

(it)

In which of the following does ionic bonding occur?

‘(a) aluminium and chlorine (b) boron and chlorine

(c) hydrogen and chlorine (d) hydrogen and sodium
(Ans: d)

Which of the following molecules has no dipole moment?

(a) CyCly (b) CFCh

(c) C.HsCl (d) CHCI

(Ans: a)
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(1i1)

(iv)

(vi)

(vit)

(viii)

Which of the following solids consist of atoms or molecules held
together only by Van der Waals’ forces?

(a) CO; (b) H0
(¢) MgO . () Si0,
: (Ans: a)

Which of the following statements explains why copper conducts
electricity when a potential difference is applied?

(a) copper (1I) ions move to the cathode

(b) crystat lattice breaks down

(c) the atoms of copper become ionized

(d) bonding electrons in the crystal lattice move

, (Ans: d)
Which of the following molecules contains six bonding electrons?
(a) CO, (b) H.S
(c) NCIL (d) SFs v
(Ans: ¢)

Graphite can be used as a lubricant;, diamond is not. This is
because graphite has: T

(a) mobile ions. (b) delocalised electrons.
(¢) hexagonal arrangement of atoms in the layers.
(d) Van der Waals’ forces between the layers of atoms.

(Ans: d)
In which of the following pairs do the molecules have similar
shapes? .
(a) AlChandBCl; * (b) AICl; and PCls
(c) BF;and NH;3 (d) CO;and SO;

(Ans: a)
Which type of bond is responsible for intermolecular forces in
liquid CCl4?
(a) covalent bonding (b) hydrogen bonding
(¢) induced dipole-induced dipole attractions
(d) permanent dipole-permanent dipole attractions

(Ans: ¢)
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(ix) .

Which of tne following are features of the structure of metalitc
copper”’
(aj 1omgc bonas (b delocalised clectrons
(c) lattice of 1ons
(Ans c)
Which of the following statement is about lattice structure of
diamond and graphite are correct?
(a) the shortest carbon-carbon bond occurs i diamond
(by the C-C-C bond angle is smaller in diamond than 1n
graphite.
{c) all bonds in diamond are of the same strength but those in
graphite are not.
(Ans: c)

& HE & ®



MODERN THEORIES OF
CHEMICAL BONDING
(NATURE OF THE
CHEMICAL BOND)
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In the previcus chapter, we have discussed the bol wd tvpes but i st
re.nains to be ascertained as to why these bonds are formed and what are the
energy changes which favour tneir rmation, e.g., the nature of the chemical
bond? Various theories in this reg d have been put forward which reasonably
explain the bond types and their «aemical behaviour. We shall discuss in this
chapter only two concepts, namely (i} Velence Bond Theory, and (i) Molecular
Orbital Theory.

The application of quantum mechanics to bonding and structures of
cher ical compounds is most popular and challenging field in bringing agreement
bet .een the experimental facts and theory In order to understand the nature of
bo..ding, the valence bond and molccular orbital reatments of moliecules are more
useful and would be discussed at length.

VALENCE BOND THEORY (VBT):

This theory was first propoesed by Heitler and London (1927) and later on
developed by Panling This concept is based on wave—mechbmca,l trcatment of
molecules and has bed 1 successtul in explaining the bond eneigies, bond lengths
and shapes of cov. o molecules. The valence bond method is often capable of
great °r accuracy but “he treatment is so intricate that it has only neen applied to a
limited number cf molccules. There is a good agreement between theory and
experiment in case of Hy molecule.

Let us sce how valence bond theory explains the formation of H; molecule
starting from hydrogen atoms. We shall begin by imagining two hydrogen atoms
far apart so that no intcraction occurs Let us label the electrons and nuclei of both
the interacting hydrogen atoms, Ha and Hy; as.

Hola) and Hp (h)

117
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The electron of the hydrogen atom Hy is represented as (a) and that of
hydrogen atom Hp as (b). The wave functions for separate atoms would be given
by wa (@) and yp (b). In accordance with the theorem of quantum mechanics the
total wave function for the atoms still wide apart may be written as simple
product:

b= wyal@. ws®» (-

However, on bringing the atoms close together, there is little doubt that

wave functions would be modified by interaction. The energy variation taking
place during the interaction of the two atoms is given by the energy curve shown

in Figure 4.1.
¢ = wa(8) ve(b)

¢ = wu(@) we(b) — wa(b) wil8)

Exchange — | . = va(@) wa(b) + wa(b) wol@)
Energy
—
Distance, r

Fig. 4.1. Curves showing valence bond potential energy for the H, molecule.

Variation method generally gives an energy value of much greater
accuracy. Because due consideration is given to the presence of electron (b) with
nucleus of hydrogen atom Ha and that of electron (a) with the nucleus of
hydrogen atom Hp. As the electrons (a) and (b) are indistinguishable, it is difficult
to tell which electron is associated with which nucleus of hydrogen atoms. This
means to say that the following two wave functions are equally acceptable for a
covalent bond between hydrogen atoms.

ya(@).wp(b) and ya(d) . we(@ v 2)

The true wave function should be the combination of the wave functions
given in equation (2). As the atoms come close together, their standing waves
would interact, and a new wave motion is attained. London and Heitler suggested
that the wave functions could be described as a linear combination of the two
wave functions given in equation (2) and would represent a covalent bond
formation. We may try -

¢ = ClXW/\(a)-Wu(b)+C2XWA(b).\uB(a) ...... (3)
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The parameters C; and C; impart general form to equation (3). But in case
of H, molecule, because of symmetry, the wave function would contribute equally
well. The contribution is favourable to the square of the coefficients. So,

C? = C§ and C; = £C;.
and there are two possible wave functions,
b+ va@ws (@) +tvaB)ys@ e 4

I

and :
o- = wa@us®-va®wysl@ e &)

On calculating the energies of the system, it is revealed that ¢_ represents
the non-bonding state or the repulsive interaction as shown by curve N in Figure
4.1. This repulsive effect is also indicated by ‘Pauli’s principle’ due to the two
electrons possessing the same spin in two atoms.

The energy curve B (Figure 4.1) is shown to have acquired a minimum
crergy state for bonding at an internuclear distance of 0.80A and represents the
wave function ¢.. The wave function ¢. represented in equation (4) gives the
bond energy for H, molecule to be 72.4 Kcal, which is in agreement with the
experimental value as compared to that calculated from equation (1).

Let us assign wave function yI to ya (a) ys (&) and yII to ya (b) ws (a).
Applying these alternative expressions in equations (4) and (5), we get equations
(6) and (7), respectively.

(b* - WI+\UH ...... (6)
¢_ = WI—WII .~ e (7)

In order tu get a very close agreement between the experimental bond
dissociation - -y of Hy molecule (103.2 Kcal), the screening cffccts of
electrons and poiarization of atomic orbitals (AO’s) should also be taken into
consideration.

Valence bond method is so capable of explaining the nature of t.e
ionic bond. Accord: . there is a possibility that both the electrons are
simultaneously present ncar one of the two nuclei In such cases the ionic wave
functions would be:

wala) vy (0 o both clec o e the pucleus of hyd.ogen atom A.

wp (aj - - for both elecitc ns new the nucleus of hydrogen atom B.

The wave function due to icnic charactzr of the bond would be
represented by ¢ ionic and is given by

pionic = wa(@) (. csl@vm o)y e (8)
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Since ¢ covalent (the wave function for covalent bond formation) and ¢
ionic would make up to form total wave function for the hydrogen molecule and

would be represented as ¢.
¢ = ¢cecovtdionic e 9)

Getting value of ¢ cov from equation (4) and that of ¢ ionic from equation
- (8), we get: '
¢ =wa (@) wb (6) + ya(d) wn(@) + [Wa (a) wa(d) * v (@) vi (B)] .. (10)
Usually a A’ factor is necessary to be introduced and the equation (9) is
written as, S

| b = ¢cov+Apionic e (11)
The constant A’ is a measure of the degree to which the ionic structure is

able to contribute to the bonding as well as the overall structure. For H, A’ is 0.17
and, therefore, the ionic contribution to the total binding energy is only 23 kJ/mol

1
(about 20 th of the total)

The ionic term in the wave equation is introduced based upon the
resonance concept. We can represent the mathematical terms given in above
.equations by structures based upon resonance. Thus, we represent a covalent bond
between hydrogen atoms as H — H and ionic structures are represented as
HA' — Hg” or Ha™ - Hg' in terms of resonance. However, it is wrong to think
these structures as actually existing because resonance phenomenon would mean
to indicate that the overall character of H, molecule is contributed by covalent and

ionic bonds represented by these structures.

The following assumptions are taken during the formation of Ha molecule:

(i) Each hydrogen atom has a partially filled 1s atomic orbital, having
only one electron.

(i) The molecular wave function ¢ is obtained by the linear
combination of the wave functions of atomic orbitals using the
concept of resonance. ‘

(i) The indistinguishability of the electrons is based upon exchange
phenomenon introduced by Heitler and London.

(iv) The pairing of electrons in the molecule should satisfy the Pauli’s
exclusion priaciple and the two electrons would have different
values of spin quantum numbers. :

(v) The electron pair may be localized between the two nuclei.

(vi) Electron pairing is responsible for attractive force between the
atoms (bond encrgy)

(vii) The overlapping orbitals have similar symmetry and energy. The
extent of overlap deternunes the bond strength. Greater the overlap

stronger will be the bond formed (shorter bond length).
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ELECTRON EXCHANGE INTERACTION:

The formation of covalent bond between hydrogen atoms is considered tc
arise from the exchange forces between a pair of electrons with opposite spin. The
concept of electron exchange phenomenon is similar to resonance and is very
useful in valence bond treatment. An additional biknding energy arises out of the
electron exchange interaction and is called exchange energy Let us see this effect
in He atom (the dotted arrow is used to distinguish between two electrons)
Electron exchange interaction is most effective when the electron spins are parallel
In the (state I) the electron represented by dotted lines is in 2s orbital but in He
(state II) the same electron is present in 1s orbital due to exchange interaction.

1s 25 1s 2s

@ D

State | State Il

APPLICATIONS OF VALENCE BOND THEORY:

The valence bond approach describes bonds in terms of the pairing of
electrons and may be considered an extension of the Lewis concept of covalent
bond formation. The valence bond theory pictures the bond as forming from the

-coupling or pairing of electrons having anti-parallel spin (from each of the
combining atoms). Thus, it is necessary that atoms invoived in bond formation
should have unpaired electrons in them. The number of unpartred electrons would
give rise to equal number of bonds which may be formed by any given atom. The
isolated number of paired electrons are considered to be the lone pairs in this
approach

There are three unpaired electrons in nitrogen atom with electronic
configuration 1s* 2s° 2p,! 2p,' 2p.'. A N; molecule is formed by the interaction of
these three unpaired electrons from each nitrogen atom to form clectron pairs
resulting in the formation of three bonds (one of them is termed o bond and the
~ other two, & bonds).

1s 2s 2p, 2p, 2p, .
{ONOEENONONORE
c . 7‘ " l
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Fluorine molecule is formed from two fluorine atoms, each comainin[iv, '
one unpaired electron. The electronic configuration of each F atom is 15? 287 2px
2, 2p:*. The formation of F, molecule can be diagrammatically represented as:

1s 2s 2, % 2p,

B ® ®®®T
D® ® ®O =®

Oxygen molecule is obtained by the combination of two oxygen atoms.
Each atom has electronic configuration 1s* 25% 2p;' 2p,' 2p,” and the formation of
0, molecule would involve two unpaired electrons resulting in the formation of a
double bond. On the basis of the maximum overlap criterion, one of the bonds
should be a ¢ bond formed by pairing of the 2p; electrons. However, the other
bond is referred to be a T bond resulting from the coupling of unpaired electrons
in 2p, or 2p, orbitals. The formation of O, molecule based upon valence bond
theory can be represented as:

o 1s 2s 2p, 2P, 2p, .
Oxygey (V) ON @ @ O, ?‘
o -

e () D @ @ D) O

One of the major drawbacks of valence bond concept is that it cannot
explain the paramagnetic behaviour of oxygen molecule. The number of unpaired
electrons present in a molecule are responsible for its paramagnetic behaviour.
But valence bond method explains the bond formation by the pairing up of
electrons leaving no unpaired electrons in Oz molecules. As a result, no
paramagnetic behaviour should be expected from this molecule which is against
the experimental findings. No solution to this dilemma has been proposed by the
valence bond theory. However, molecular orbital theory (to be discussed later) is
able to offer a solution to this problem.

An ecxample of heteronuclear diatomic molecule is hydrochloric avid,
which may be considered to have been formed from a hydrogen atom and a chlotine

atom or of a proton H', with « chloride ion : (‘l ., as represented by the equations:
Hi+ Cl: ——— HICl:

H +:Cli —— s H :Cl:



[Chapter 4] MODERN THEORIES OF CHEMICAL BONDING (NATURE OF THE CHEMICAL BOND) 123

The formation of HCl mhy be represented as:

1s' +3p! 3p} 3p) 357 2p° 257 1s* > |1s' 3p]| 3p) 3p; 352 2p° 257 16

H Cl (Electron pair |
of HCl) (non-bonding
H-Cl electrons of CI)

A reasonably simple molecule that illustrates the details of valence bond.
. cory is the ammonia molecule. NH; molecule consists of a nitrogen atom which
's bonded to three hydrogen atoms. Nitrogen atom has clectronic configuration 15?

152 2/)1 2p; 2p: whereas hydrogen atoms have 1s' configuration. The essence of

e bond theory is that an unpaired clectron in nitrogen atom undergoes
vxchange ‘nteraction with an unpaired election present in 1s orbital of hydrogen
. om. In other words, the exchanged electrons would occupy the same region in
space with opposite spins. Thus two electrons having opposite spins are regarded
in valence bond theory as being responsible {r bond formation between two
atoms forming a molecule and this corresponds 1o the shared pair of electrons.

‘ 1s 2s Py 2p,

2p,
ONOEENONORO R
H—II\I—H
. ONONOREN.
' 1s 1s 1s

The modei for ammonia molecule leads to threc valence bonds at right
angles to each other waich correspond to px, py and p; orbitals. But NH; molecule,
in fact, has H — N — H bond angles of 107.3°. Although proton-proton repulsion
would be expected to open the bond angle from 90° but this effect is not sufficient
to give the observed angle. A more refined valence bond approximation leads to
more closeness with the experimental facts and is based on the concept of orbital
hybridization.

We shall now consider this concept to gather more information and refinement.
HYBRIDIZATION OF ORBITALS:

The valence bond description of molecules given above is not ablc to
explain the true character of the bonds and geometry of the molecules. Thus,
beryllium with electronic configuration 1s? 2s* could be considered to behave as
an inert gas and forms no bond at all. In fact, beryllium is a member of Group Il
and undergoes reactions to form compounds showing its bivalency. The electronic
z.:figurations for boron and carbon are:

B 1s* 25" 2p!
C 157 25 2[):2;))',
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Based upon the electronic configurations shown above, boron should
behave as a monovalent element and carbon should be able to form compounds
with only two bonds at the most. This does not explain the experimental facts
about the behaviour and nature of compound formation with these elements.
Boron is trivalent and carbon invariably behaves as a tetravalent element. If
valence bond theory described above is to withstand the test of experimental facts,
it should be able to explain the well-known behaviour of these elements.

2p
i i ~ i
~_TOO
2s® E

W@

Fig. 4.2. Electronic structure of beryllium in the excited state.

The bivalent nature of beryllium can be explained based upon its
clectronic configuration in the excited state (higher energy state). Beryllium will
undergo chemical reactions if enough energy is available to promote one of the
Loonens o 2s orhitals to one of the 2p orbitals when an excited state (Be*) is
obtained as shown in Figure 4.2. The two unpaired electrons (present one each) in
o> ana zp orobitais wouid give rise to two bonds in beryliium. Now if one bond 1s
formed by 2s electron of beryllium and the other by the 2p electron the two bonds
should differ in strength. The formation of two Be — Cl bonds from dissimilar
beryllium orbitals (2s and 2p) describes a structure with ill-defined bond angles
and bonds of unequal strength. However, it is well established that both bonds in
compounds of bivalent beryllium are equal and collinear. It is obvious that
beryllium atom does not use simple 2s and 2p orbitals individually but a
combination of both. We describe the electronic states of the beryllium atom by
solving the appropriate wave equation and producing suitable solutions. Each of
these solutions represents orbital or energy state capable of accommodating two
electrons with opposed spins. If two solutions, w2s and y2p, have equal
significance, we get two new equivalent functions corresponding to state of
lowest energy, which describes two linearly-directed orbitals:

L
2

i

wsp (1) = (w2s+w2p) e (12)

- %

wsp (I = —= (w2s+w2p) e . (13)

/

to)

<
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In wave-mechanical language, we say that two sp hybrid orbitals have
been formed from one s and one p orbital. These new hybrid (or equivalent)
orbitals have directional characteristics. Orbitals of the same atom which lie close
to one another in energy have an unusual ability of combining with one another
in additive manner to form hybrid orbitals. The hypothetical process of forming
these orbitals is termed hybridization. By taking n atomic orbitals of
approximately equal energy, n hybrid orbitals are obtained. We shall now
describe in detail how atomic orbitals combine to obtain some of the most
important hybrid orbitals. '

sp Hybrid Orbitals: One s orbital can combine with one p otbital on the same
atom to form two new and completely equivalent oibitals called sp. hybrid
orbitals. We know that s orbitals are spherically symmetrical and have positive
probability amplitude everywhere. A p orbital has two lobes, onc of positive and

(Hybrid orbital) (Hybrid orbital)

wsp g

Fig. 4.3. Formation of sp hybrid orbitals.

other of negative probability amplitude and the combination of wave functions

(equation 12 and 13) would give two sp hybrid orbitals (using s and px orbitals).

The formation of sp hybrid orbitals obtained by the combination of s and px

atomic orbitals is shown in Figure 4.3 The hybrid orbitals have directional

characteristics of p orbitals and are called diagonal or sp hybrids because one s

orbital and one p orbital is sacrificed to make them. Both the sp hybrid orbitals of
beryllium altogether are shown in Figure 4.4.

Fig. 4.4. sp Hybrid orbitals of beryllium.
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The formation of BeCl; can be visualized as the overlap of 3p; orbitals of
chlorine atoms (containing unpaired electrons) with the sp hybrid orbitals of
beryllium atom. The two Cl — Be — Cl bonds must be equivalent and collincar
(Figure 4.5).

Fig. 4.5.

sp® Hybrid Orbitals: These are a set of three hybrid orbitals which arise from the
appropriate combination of one s and two p orbitals. Let us consider these sp’
hybrids to have been formed from s, py and px orbitals. The hybrid orbitals have
the following wave functions (leaving the numerical factors).

yspt = WS- WP upy SERRE (14)
st = ws+wpe-wpy e (15)
Vispt = ws+wpctwp, (16)

The shapes of the hybrid orbitals are obtained by simple pictorial
additions (Figure 4.6).

The sp” hybrid orbitals are all identical in shape, all lie in one’ plane and
pomnt at angles of 120° from each other. The sp® hybrids have trigonal planar
symmetry.

Boron trifluoride is a typical example of the sp® hybridization. Boron
utilizes its 2s, 2p, and 2p, orbitals for the formation of hybrid orbitals. These three
hybrid orbitals overlap with three p orbitals from three different fluorine atoms to
form three B — F bonds at an angle of 120° from each other.

sp> Hybrid Orbitals. On combining one s and all the three p orbitals, a set of four
- hybrid orbitals denoted by sp® hybrids pomtmg at the corners of a tetrahedron
with an angle of 109° 28’ to each other are obtained. Thus all the four sp® hybrid
orbitals have tetrahedral symmetry as shown in Figure 4.7. ‘



{Chapter 4] MODERN THEORIES OF CHEMICAL BONDING (NATURE OF THE CHEMICAL BOND) 127

(b)

sp2
Hybrids
(d)
Fig. 4.6. (a) Formation of one of the sp’ hybrids according to equation 4.
(b) Formation of one of the sp® hybrids according to equation 1 5.
(c) Formation of one of the sp’ hybrids according to equation 16.
(d) Three sp’ hybrid orbitals at an angle of 120°.
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Fig. 4.7. Tetrahedral sp’ hybrid orbitals.

Methane, CH,, is an example of a molecule obtained by the hybrldlzatlon
of a 25 and three 2p orbitals of carbon to get a set of four equivalent sp° hybrid
orbitals. Each sp® hybrid orbital has one-fourth s and three-fourth p character. As
the four sp® orbitals are directed towards the corners of a regular tetrahedron, the
structure of CHa is considered tetrahedral (Figure 4.8).

" /I\

Fig. 4.8. Structure of CH,.

In addition to the involvement
of s and p orbitals in the process of
hybridization, d orbitals may also be
involved. Thus, dsp® hybridization
would arise by the involvement of one
d orbital, one s orbital and two p
orbitals of similai cnergy states. A dsp
hybridized structure would be square
planar as shown in Figure 4.9.

Squarc Planar Arrangement
Fig. 4.9. dsp’ hybridization to give square
planar structure.
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Similarly, dsp® hybridization will result in the formation of 5-bonds
arranged in trigonal bipyramidal manner (Figure 4.10 a). A more common type of
hybridization commonly met with transition metal compounds is d%sp’
hybridization which gives rise to octahedral structures (Figure 4.10 b).

. . . 3 .
Trigonal bipyramid (dsp’) O Octahedral (d25p3)

(a)
(b)
Fig. 4.10. dsp® and &sp’ bonding configurations.

SUMMARY OF HYBRIDIZATION RULES:

The basic principles involved during hybridization of orbitals are
summarised below:

L

Hybridization is a process of mixing orbitals on a single atom (or
ion). '
Only orbitals of similar cnergies can be mixed to form hybrid

. orbitals. Thus orbitals must belong to the same ‘energy group’.

The number of orbitals mixed is always equal to the number of
hybrid orbitals obtained.

In hybridization, a certain number of orbitals and not the electrons
are mixed.

Once an orbital has been used to form hybrid orbitals it is no longer
available to hold electrons as such.

Due to non-directional character of s orbitals, they do not add to the
direction of the hybrids. '

Most hybrids are similar but do not have necessarily identical
shapes.
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8.  The orientation in space of the hybrids is determined by,

(i) the number of orbitals mixed and thus the nher of hybrid
orbitals obtained.

(i) the preference of orbitals in pure state along x, y and .
directions.

(iii) the assumption that electrons occupying the hybrid orbitals fry
to avoid one another as far as possible.

9.  The particular type of hybrid orbitals chosen for disc ssine a
structure are based upon the experimental observations regards. . .
geometry of the molecules. Thus, bond angles of 120° sh.ld p.nt
to sp* hybrids and 109° 28’ bond angles to sp° hybrid orbitals. '

Relationship between hybrid orbitals and structures of the molecules

formed are shown in Table 4.1.

TABLE 4.1
Hybrid Orbitals and Structure
No. of bonds | Orbitals Symmetry Examples
formed used
. sp Linear N0, BeCl;, C:H;
i I3 Angular NO; , HsC - O - CH;
sp’ Triangular planar BF;, CO%, NO3
’ r Trigonal pyramidal NH;, PCl;
sp3 Tetrahedral CCl4, CH,, SiF4
4 dsp2 Square planar - ICL, [Pt Cl)*
6 &sp® Octahedral SFs, W(CO)s, [MoFg]”

Sigma (o) and Pi (n) bonds: You are now well aware of the fact that a bond is
formed by the combination or linear overlap of atomic orbitals. Thus a single
bond is formed by the overlap of two s orbitals or an s and a p orbital or two p
orbitals. These orbitals have a linear overlap along the same axis to form bonds. If
one of thes: s is related with respect to the other along the bond axis, the
internuclear electron distribution remains the same. In other words, bonds of this
type possess axial symmetry and are called sigma (o) bonds. All single bonds are,
in fact, (o) bonds and are formed by head-on overlap of the atomic orbitals as
shown in Figure 4.11. A bond in which the electron distribution is concentrated
along the internuclear axis and possesses axial symmetry is called o (sigma)
bond.
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— &

s - s c-overiap

p - p o-overlap
Fig. 4.11. Formation of o-bonds.

An example of o-bond formation is between ammonia and boron
trifluoride. One of the p orbitals (say p,) has a lone pair of electrons and would be
able to form linear overlap with the vacant 2p, orbital on the same axis (Figure
4.12). '

Fis. i.i.. Formation of a o-bond between NH; and BF,.
Let us sce the situation in double and triple bonds. We ought to know

whether these bonds are all of o-type or some other type of bond may be
associated in them. Let us consider oxygen molecule as a representative of
compounds containing. double bonds. The oxygen atom has the electronic
configuration 1s° 2s7 2p! 2/); 2p?. Based upon the valence bond concept, two

bonds arc expected between two oxygen atoms due to the presence of two
unpaired eclectrons. In O, molecule, p, orbitals of two oxygen .atoms undergo

direct or head-on overlap and form a G-bond.

o-bond
0-0
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The other bond formed in
O, molecule is obtained by
parallel, laterel or sideways
overlap of two p, orbitals of two
oxygen atoms: Such bonds are
known as pi (n) bonds and in
these bonds orbital’s overlap
produces an electron cloud lying
above and below the molecular.
axis. 1t should be mentioned that
both the p-orbitals have parallel
axis and should be coplanar (in one
plane). The overlap criterion of p,
orbitals to form n-bond is:

In order to explain the formation of o-bond, let us take the example of O,
molecule. Each oxygen atom which combines with the other oxygen atom has
electronic configuration 15 257 2p)‘c 2p; 2p§. The valence bond theory predicts the

formation of two bonds between two oxygen atoms. One of them is formed by the
axial or head-on overlap of say, p. orbitals and would form a o-bond. The p,
orbitals have the only possibility of overlapping through parallel or lateral
overlap. This would result in the formation of a n-bond, as described before. The
diagrammatic representation of ¢ and m-bonds is shown in Figure 4.13 (For the
sake of simplicity only p, and p, orbitals are shown).

Molecular Axis

Fig. 4.13. o and n-bond formation in O, molecule.
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The electronic arrangement in O, molecule showing the o and  bonds is
represented as:

o PPy P:
o OO
(Oxygen) . , or

‘o 'on Gl n

v 2 DO®T

(Oxygen) .

According to valence bond theory, O, molecule should have a double
bond leaving no unpaired electron. But the paramagnetic nature and magnetic
moment value of oxygen molecule indicates the presence of two unpaired
electrons which cannot be shown by the valence bond theory. This is an example
of the failure of this theory to explain the true structure and electronic structure of
the molecules.

Let us now consider the formation of a triple bond in N = N molecule. The
electronic structure of nitrogen atom is, 1s° 2s° 2p! Zp; 2p!. The number of

unpaired electrons indicate the formation of three bonds, one ¢ and two m-bonds.
2p, 2p, 2p,

RN OIOION
0’5 7!5 7!; o3
2 2 N
N 1s 2s

The overlap of two 2p; orbitals of two nitrogen atoms is axial or head-on
and would give rise to . M !
one o-bond. However,
the overlap or
combination of 2p, and
2p, orbitals would be
parallel or lateral and
two m-bonds would be
formed (one by 2p, -
2py overlap and other by
2p: — 2p, overlap) as
shown in Figure 4.14.

T :
Fig. 4.14. Formation of one o and two n-bonds in N, molecule.



-

134 ' INORGANIC CHEMISTRY

It may be concluded that in general a compound formed by a single bond
possesses one o-bond only; a compound having a double bond possesses one C-
bond and one T-bond; and a compound having a triple bond possesses one o-bond
and two m-bonds. Thus, ethane possesses a c-bond betwcen C — C atoms;
ethylene has one o-bond and one n-bond between C = C skeleton and acetylene
possesses one o-bond and two n-bonds between C = C skeleton. The presence of
a m-bond in ethylene molecule explains its restricted ‘free rotation’. The bond
strength of a m-bond is less than that of a o-bond. It explains the ease with which
the double bond undergoes addition reaction, thereby breaking w-bonds and
forming o-bonds around the concerned atoms e.g.,

H H H H
> C= C< adds H, molecule to form H ——> c—C <—— H
H H H

The n-bond is rarely the only link between two atoms. It is almost always
accompanied by a c-bond.

MOLECULAR ORBITAL THEORY (MOT):

The molecular orbital theory describes the valence electrons as associated
with all the nuclei concerned. The nuclei are in equilibrium positions in the stable
molecule and electrons associated with all the nuclei can be described by wave
functions. The energy states of electrons can be described in the combined states
or molecular orbitals. The molecular orbitals are multicentred or delocalised.
They are filled with .he required number of electrons (each molecular orbital is
usually filied wih too clectrons) Molecular orbitals may be obtained by the
linear combination »f atomic orbitals (LCAO method).

The molecular orbitals are. assumed to pOssess the follow.ag
characteristics’

(i) Each electron in the molecule is described by a wave function ¢.

" The value of ¢ is such that the value of ? at any point represents the
probability of finding the electrons in unit volume around that point.
The wave functions are called molecular orbitals. These molecular
orbitals are polycentric so that the electron moves in the field of all

the nuclei.
(i) Each molecular orbital has its own energy.

H

1 1 i .
(iii) Each electron has a definite spin (+ 5 or - '2‘) and Pauli’s exclusion

principle is observed.
(iv) The appropriate form of the wave equation is quite complicated aiiu
cannot be used for cxact solution except for hydrogen. Thus
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approximations are necessary.-One of the approximations is that
when an electron comes in the vicinity of one nucleus, the force
arising on it is due to the nucleus and its other electrons. Both the
wave equation and its solutions resemble those for the isolated atom,
and the molecular orbital consists of a series of superposed self-
consistent orbitals. This procedure is known as the linear
/c;ombination of atomic orbitals (LCAQ).

v~ The greater the overlap of atomic orbitals ameng-themsélves, more
stable molecular orbitals (with least energy states) are obtained.

(vi) The energy of a molecular orbital is least when the combining
atomic orbitals have equal or almost equal energy states. Atomic
orbitals of low energy will not be able to overlap with other atomic
orbitals and electrons carried by them will be non-bonding.

(vii) Each molecular wave function corresponds to a definite energy
value. The sum of the individual energies of the molecular orbitals,
after correction, represents the total energy of the molecule.

Let us now apply these factors to a simple homonuclear diatomic
molecule such as hydrogen in which two identical atoms are linked by an electron
pair bond. '

Although the atoms are identical but it will be convenient to distinguish
the two atoms by writing H and Hp. Each hydrogen atom has a single electron in
ls atomic orbital. Let y, be the wave function of atomic-orbital of hydrogen atom
Hj, and yp the atomic wave function of hydrogen atom Hy. The effective overlap
of the wave functions y, and yg will take place only if (i) the orbitals have
similar energy state, (ii) the orbitals overlap to a considerable extent, and (iii)
orbitals have the same symmetry. All these conditions are fulfilled by atomic
orbitals of both the hydrogen atoms. Now the molecular wave function ¢ will be
obtained by the linear combination of the atomic orbital wave functions e.g., ya
and yp.

¢ = wa(l+tcys(ls) . (17)

Here ¢ is a coefficient which represents the relative proportions of ya (1s)
and yg (1s) in the molecular orbital ¢ in the ratio of 12 : ¢*. But both Hy and Hg
are identical, so ya (1s) and yp (1s) must make equal contributions to the
molécular orbitals. In such case, ¢* = 1, ie, ¢ = %1, Thus, there are two possible
ways of representing the molecular orbitals which are obtained by substituting ¢
in equation (17).

¢ = wa(l)+ys(ls) .. (18)
¢a = wa(l)-yu(ls) .. (19)

Il
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The molecular orbital wave-function ¢p described in equation (18)
indicates that the two atomic orbitals reinforce between the two nuclei. This wave
function corresponds to the molecular orbital of low energy which is called
‘bonding’ molecular orbital. The bonding molecular orbital can have a pair of
electrons with opposite spins. ¢p represents here a bonding molecular orbital of o-
symmetry formed by linear combination of 1s atomic orbitals. It is designated as
o ls. |

The molecular orbital ¢, described in equation (19), is obtained by
superposing wa (15) and yg (15) atomic wave functions after the sign of the latter
has been changed. The resulting wave function corresponds to what is called
‘anti-bonding’ molecular orbital of high energy. This corresponds to a
configuration where both the electrons will have the same spin and would not be
able to form a bond. da represents a molecular wave function corresponding to
anti-bonding molecular orbitals. In the case of linear combination of 1s atomic
orbitals, it is represented as o* 1s.

Thus, the linear combination of two atomic orbitals would result in the
formation of two molecular orbitals, one is called “bonding” molecular orbital
and the other, ‘anti-bonding’ molecular orbital. The formation of bonding and
anti-bonding orbitals by the linear combination of 1s atomic orbitals of two

hydrogen atoms, Ha and Hp, is shown in Figure 4.15.

S o als

Anti-Bonding Molecular Orbital
(4 in Equation19)

1 . a1s
A B

Bonding Molecular Orbital
(dg in Equation18)

Fig. 4.15. Molecular orbital of o-symmelry formed by the linear
combination of 1s atomic orbitals of hydrogen.
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Similar considerations would apply to linear combination of p-type atomic
orbitals. Let us consider first the combination of two 2p, atomic orbitals having
the x-axis as the internuclear axis. In this case, the bonding and anti-bonding
molecular orbitals can be described in terms of wave functions ¢i and ¢a,
respectively. The values of ¢p and 4 are: ‘

B

ba = wa(2p)-ws(2po), termedc* 2px e 21)

wa (2p0) + vB (2p0), termed 6 2p, e (20) |

The formation of molecular orbitals of o-symmetry possessing wave

functions ¢4 and ¢ is shown in Figure 4.16.
. o&
5\)0‘\0Q98 .
. " o o 2p,
(¢ in Equation 21)
e | OO+ OO —= OO '

Oy, 'qdd,;«- i

. o)

fbppe: or
Areg

52p,
(¢g in Equation 20)

Fig. 4.16. Molecular orbitals of o-symmetry formed by combination of Zp, atomic orbitals.

The 2p, or 2p, atomic orbitals can have parallel overlap and combine to
form molecular orbitals having a node on the internuclear x-axis. The molecular
orbitals formed are said to possess m-symmetry. The molecular wave functions arc
again obtained by linear combination of atomic orbitals. Thus, the combination of
two 2p, atomic orbitals would be represented in terms of wave-functions as:

s = wa(2p)+ys(2p) termedm,2p e 2n
ba = Wa(2py) — Vs (2py), termed ;ty 2p BRSNS (22)

The m, 2p and ;cy 2p molecular orbitals are similar but oriented through
90° (Figure 4.17). The electrons occupying the bonding molecular orbital should
have opposite spins but those occupying anti-bonding molecular orbital should be
of same spin. The combination of 2p, atomic orbitals is identical to the
combination of#2p, orbitals and would result in the formation of m-molecular
orbitals.

op Wa (2p2) + s (2p2), termed 7, 2p s (23)

on = wa(p)-wp(@p), termedw2p e (24)
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Fig. 4.17. Molecular orbitals of n-symmetry formed by the combination of 2p, atomic orbitals.

In order to know about the filling of electrons in molecular orbitals it is
necessary to find out the order of stability or energy states of their molecular
orbitals. The order of stability has been obtained by the study of molecular spectra

. in the ultraviolet region. The order of stability for various molecular orbitals are:

cls<c‘51s<025<<;25<02p<ny2p = n22p<;ty2p = ;t22p<c'52p

cls molecular orbital is the most stable and therefore possesses the least
energy In this series & 2p molecular orbital is the least stable and possesses the

highest energy.

Molecular Orbital Valence Electron Configurations for Dlatomlc

Molecules of the Second Period

Ne; (unstable)

2 4 4 2
(025)2 (025*) (GZPX) (7I2py: anx) (any, *, 7C2px*) (GZps *)

Molecule Electron Bond

Configuration Order
Liy (025)° 1
Be; (unstable) | (o) (025*)* 0
B, (625)" (025*) (Rap, Taps)’ 1
C (032 (03" (T, T’ )
Nz (02)” (626 (apy, Tape)” (Op)” 3
0, (O25) (025*) (O2pe)® (M2py, Mape)* (Mapy *, Taps®)? 2
k2 (025)* (025*)? (O2px)” (Mapy, T2px)” (Mapy*, Mapx®)* 1
0
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APPLICATIONS OF MOLECULAR ORBITAL THEORY:

Molecular orbital theory (MOT) treats the nuclei of the molecule as
polycentric nucleus. Molecular orbitals are characterized by a set of quantum
numbers, in a manner similar to the treatment of atomic orbitals in atoms. The
electrons are added after the molecular orbitals (MO’s) have been constructed.
The lowest energy orbital is filled first and Hund’s rule is obeyed.

MOLECULAR ORBITALS FOR HOMONUCLEAR DIATOMIC MOLECULES:

We shall discuss the construction of molecular orbitals of homonuclear
diatomic molecules such as Hp, Li;, F2, O; and N,. The possibility for the
formation of helium molecules shall also be considered. We shall describe these
molecules after constructing their molecular orbital diagrams.

1. Formation of H; Melecule: :

Two 1s atomic orbitals of two hydrogen atoms would result in the
formation of two molecular orbitals, as discussed above. The bonding molecular
orbital (c 1s) has less energy than the atomic orbi‘tals as shown in molecular
orbital diagram. The anti-bonding molecular orbital (¢ 1s) has higher energy than
the combining atomic orbitals. As shown in Figure 4.18, both the electrons move
to bonding molecular orbital and would result in the formation of a o-bond
- (H - H) between two hydrogen atoms. The anti-bonding molecular orbitals refer
to the extent of unstable nature of the bond. Any possibility of the shift of
electrons to anti-bonding orbitals would mean the dissociation of a bond. As the
atomic orbitals of two hydrogen atoms have the same energy the molecular
hydrogen possesses predominating covalent bond, H ~ H.

T Atomic orbitals Molccular orbitals Atomic orbitals
> o.ls’i‘
&
]
8 S .
%ﬂ 1s ls
o
e N
"E 0'ls
H H, H

Fig. 4.18. Molecular orbital energy diagram for the dihydrogen molecule, H.
The bond order of H; molecule is one. Bond order is defined as the

number of electron pairs which occupy the bonding molecular orbitals (MO’s)
minus the number of electron pairs in anti-bonding molecular orbitals. For
hydrogen, the electrgn pairs in bonding MQO’s is one and in anti-bonding MO’s is
zero (no electron in ¢ 1s). Thus the bond order of H, moleculeis 1 - 0=1.

Ha (1s) Hp (1s) ———— Hi[(c 15)*] or H-H
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2. Formation of MO’s for He;:

Let us see how molecular orbital theory is able to explain the non-
existence of He, molecules. Each He atom (At. no. 2) has electronic configuration
1s*. Thus the ls atomic orbital of each He atom would contain two electrons.
Overlapping of two atomic orbitals would result in the formation of two
molecular orbitals e.g., bonding (¢s) and anti-bonding (¢a) type. Two out of a
total of four electrons (derived from AO’s) would go to bonding molecular
orbitals and the other two would be promoted to anti-bonding molecular orbitals.
As a result of this, the stability gained by two electrons moving to low energy
molecular orbitals would be lost by the other two electrons moving to the anti-
bonding molecular orbitals as shown in Figure 4.19. Thus, the bond forming
capacity would become equal to bond breaking possibility. In other words, the
bond order-would be 1 — 1 = 0. The molecule is unstable and no bond will be
formed between two helium atoms. That is why helium exists in atomic state in
contrast to the existence of other gases which are present in diatomic states.

He, [(o. 15} (c* 15)']

A
,—"'\g* He-He
AR Destabilization duc
g5 “ : to antibonding
E Hls lL r-—- Hls
Stabilization duc
1[. ) to bonding
"t GH-H
He He - He He .
Fig. 4.19. Molecular orbital diagram for a hypothetical He — He molecule.
- 3. Formation of MO’s for Li;:

The electronic configuration for each lithium atom (At. no. 3) is 1s% 25",
Only 2s' orbital would be responsible for the bond formation. The bonding
molecular orbital formed from atomic orbitals of two lithium atoms would take up
both the electrons. The electrons in bonding molecular orbital would be more
stable than in atomic orbitals because of low energy. None of the 2s electrons 1s -
available for anti-bonding orbitals due to its high energy state (compared to éven
atomic orbitals). The bond order would be 1 - 0 = 1. So there is a possibility of
bond formation among lithium atoms. The molecular orbital diagram is shown in
Figure 4.20. '
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._—__cll
---------------------- 1 ‘
25—l e 2s  Ener
......... e &y
S— cll
A
ls .1"_. -l’- Is
__________ Vo

Fig. 4.20. Molecular orbital diagram for Liz.

" The configuration of Li; may be represented as:
2Li (1s? 25') ——> Lz [KK(o 259)]
4. Formation of O; Molecule:

The electronic configuration of oxygen atom (At. no. 8) is 15* 2¢% 2p? 2p!
2pl. It is obvious from the electronic configuration of oxygen that only 2ps an
2p, atomic orbitals would contribute to the bonding between two oxygen atoms
forming Oz molecules. As 1s* and 2s° orbitals will not contribute to bonding, we
will not discuss these orbitals. Let us draw the molecular orbital diagram for Oz
molecule starting from 2p,, 2p, and 2p; atomic orbitals of two oxygen atoms (see
Figure 4.21).

It can be seen from n,*2p and ©;*2p molecular orbitals (anti-bonding) that

they are singly occupied with electrons of parallel spins. This would also explain

the paramagnetic behaviour of O, because the number of unpaired electrons are
related to paramagnetism. The explanation of this well-known paramagnetic

property of O; was one of the major successes of molecular orbital theory.
Atomic orbitals Molccular orbitals Atomic orbitals

'#..
,." Oum
A
,,,‘/"_."" 7‘1;, T \'-._..:“._"
R R
g PR L w
) - 1
g Ty T
8 eaarr———
2 o
1
-~ O T
.1_L—'......."'"- -\‘:r ------ -1‘2—
25 2
8 ., 1 )
U..
-t . Fig. 4.21. Molecular orbital energy diagram for the valence

orbitals of the dioxygen molecule, O;



142 INORGANIC CHEMISTRY

The electronic arrangement in O, molecule is:
O [KK(0 25) (o* 25)" (0 2p.)° (1, 2p)° (7 2p)* (n*, 2p)' (m.* 2p)']

The bond order in O; molecule is 3 — 1 = 2. One of the O = O bonds is a
bond represented by o 2p, and the other is a bond formed by 2p, atomic orbital
overlap of one oxygen atom with 2p, AO of the second one. Thus, one of the
double bonds present in O, molecule is a c-bond and the other one, a n-bond.

5. Formation of N, Molecule: \

The electronic configuration of nitrogen atom (At. No. 7) is 1s 2s* 2px'
2py' 2pz'. All the three 2p orbitals are capable of bond formation between two
nitrogen atoms of the molecule. The molecular orbital diagram of nitrogen
molecule is given in Fig. 4.22. It depicts three bonds between two nitrogen atoms

in N; involving on o3, and two n2p orbitals. ’

111
. 2p \ / " 2p
1 7k,
E l.. :I—L- Ty
2 ot
. 1l |’ ’s
ch

Fig. 4.22. Molecular Orbital Diagram of Nitrogen Molecule.
6. Formation of F; molecule:
The electronic configuration of a fluorine atom (At. no. 9) is 1s* 2s° 2p§
2p; 2p; (for convenience, all p orbitals are equivalent and equi-energic). The

overlap of 2p, atomic orbitals of two fluorine atoms results in the formation of
one bonding molecular orbital and one anti-bonding molecular orbital. Both the
electrons from 2p, atomic orbitals go to bonding molecular orbital (o 2p)*
resulting in the formation of a o-bond between two fluorine atoms. The 2p, and
2p, atomic orbitals and resulting molecular orbitals do not contribute to the bond
formation because of the presence of equal number of electrons in bonding and
anti-bonding molecular orbitals (Figure 4.23).
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4 —_C
A v AN
> 2 # 2p. 2p, 2
§0 pr p)’ 2Pz .:::::&- l—,‘k:‘::; px p y pl
43 kT
1
il:_;;--i
25 = 2s
F F-F F
Molecular Orbitals
F-F

Fig. 4.23. Formation of F, molecule and relative energies of orbitals.

The electronic arrangement in F; molecule is:

F2 [KK(0 25)° (0* 29)" (0 29)" (m, 2p)" (7. 2p)* (my* 2)* (. 2]

Cl; and Br; have analogous arrangements. The bond order in F;is 3 -2 =1,
a o-bond existing between two fluorine atoms, F g F.
HETERONUCLEAR DIATOMIC MOLECULES:

The molecular orbital theory. can be applied to explain the bonding in
heteronuclear (having different nuclei or atoms) diatomic molecules such as HF.
The electronic configuration of hydrogen and fluorine atoms are:

H 1s*
2
F 1s* 25 2p? Zpi 2p!

The molecular orbitals which can describe the H -~ F bond must beformed
by linear combination of the 1s atomic orbitals of H and 2p atomic orbitals of F.
The 1s* and 2s* orbitals of F are not capable of bond formation because they are
filled to capacity and too low lying to participate in this process. (The atomic
orbitals of more electronegative elements have relatively lower energies). The 2p
orbitals of F have suitable energy and are involved in bond formation.

(H) 2p,
(F)
Fig. 4.24. Combination of Is orbital of H und 2py orbital of F.
Now let us see which of the 2p orbitals is able to overlap more effectively
50 as to form a stable bond. The 2p, atomic orbital of F combines with 1s atomic
orbital of H to form an effective s-bond overlap as shown in Figure 4.24 (+ and -
signs indicate the wave amplitudes or sign of the wave function). The maximum
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overlap is possible in this way forming a stronger bond. On the other hand, if 2p,
or 2p orbitals of F are involved in overlap with 1s atomic orbital from H, the
overlap from the positive lobe (positive wave amplitude) will be counterbalanced by
the negative lobe. This overlapping is thus cancelled out as shown in Figure. 4.25.

(F) (F)
Fig. 4.25. Combination of H(1s) orbital with F(2p,) orbital.
It may now be '_—

concluded that only 2p, atomic 2 A

orbital is responsible for the p '

bond formation between H and 1 7 hY

F. Let us now consider the H(1s)Y, kY
molecular orbital diagram for N e

HF molecule. HF is formed by \ N

the linear combination of | -y S
C \
I g8

atomic orbitals of H(ls) and
F(2p»). Each one of the orbitals
possesses one electron.
Forgetting about the energies MO's

of the atomic orbitals, we get Fig. 4.26. Formation of H ~ F.

the molecular orbital diagram shown in Figure 4.26. The 2p: orbitals of F are
shown at a relatively lower energy state due to the greater electronegativity of F.

A single bond is expected in H - F molecule because the bond order
would be 1 — 0 = 1. It must be noticed in the molecular orbital diagram given in
Figure 4.26, that the energy difference ‘e’ between atomic orbitals corresponds to
the extent of ionic bond in HF which depends upon the difference in
electronegativities between two atoms. The covalent character of the bond is
determined by the energy difference ‘C’ and would indicate the extent of overlap.
Therefore, the molecular orbital theory is able to predict the nature of the
chemical bond to be expected from a molecule. This is another advantage of the
molecular orbi‘tal theory. '

It should be pointed out over here that the molecular orbital theory is
decisively more comprehensive and rational.

o
L
-
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COMPARISON OF ATOMIC AND MOLECULAR ORBITALS

Atomic Orbitals

Nucleus of the atom is fixed in
_space.

In filling atomic orbitals, Aufbau
principle is followed.

Pauli’s exclusion principle is
obeyed in filling the AO’s with
electrons. '

The filling of AO’s obeys Hund’s
rule.

The chemistry of atoms is mainly
concerned with electrons in high

q Molccular Orbitals 3

1

Nuclei of the constituent atoms of
the molecule are fixed in space at
their proper relative orientations.

In filling molecular orbitals, the
Aufbau principle is followed.

While filling molecular orbitals
with electrons, Pauli’s exclusion
principle is obeyed.

Hund’s rule is obeyed by
molecular orbitals while filling
with electrons.

The chemistry of molecules is also
concerned with electrons present

energy AO’s. \/ﬁ( < in relatively higher energy orbitals.

COMPARISON OF VALENCE BOND AND MOLECULAR ORBITAL
THEORIES:

Both the valence bond and molecular orbital theories make use of the
variation principle. The overlap criterion is predominant in both concepts.
However, the valence bond theory does not provide a clear pictoriai
representation of the energy changes involved during bond formation. Molecular
orbital description is able to indicate even the minor energy changes during bond
formation from which a lot of information may be collected, e.g., the contribution
of covalent and ionic character etc. Valence bond theory is useful in predicting the
symmetry of the molecules using the idea of hgbridization. For example, sp
hybridized structures are always tetrahedral and d*sp® hybridization results in the
formation of octahedral symmetry. The most common features with the valence
bond and molecular orbital theories are:

1. The electron distributions for a given molecule are similar.

2 In both the theories, a normal covalent bond involves the sharing of

electron density by both nuclei and concentration of electron density
) between the nuclei.
3 o and 7 bonds can be distinguished in both the treatments.
4. In both descriptions, atomic orbitals of the atoms must overlap and
should have appropriate symmetry about the molecular axis to form
a bond.
S.  Variation principle is utilized in both treatments.
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The essential points of difference between the two theories are:

1.

4.

Different procedures are adopted in the mathematical calculations
involved.

Where valence bond theory (VBT) utilizes the concept of resonance,
the molecular orbital theory (MOT) gives an idea of the
delocalization. The term delocalization energy is employed in MOT
instead of resonance energy. "

The valence bond concept treats the partial ionic character as:

¢ = ‘bcov + Av'q)ionic
where A’ refers to the degree to which the ionic character is possible.
The ionic character is explained by molecular orbital treatment as:

o = N(ya+2Aiyn)
The difference in electronegativities of the components and the
difference in energy states of the atomic orbitals determine the ionic
character (see Figure 4.25).
Molecular orbital theory is more convenient for the description of
excited states in molecules. The electronic transitions that occur in
the visible and ultraviolet region of the spectra involve these states
and can be simply described by MO treatment. The excited states
are not easily described by the valence bond theory.
The paramagnetic character of O, molecule can be easily explained
by the molecular orbital theory but the valence bond approach is not
able to explain such characteristics of the molecule.
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10.

11

12.

13.
14

15.

16.
17.
18.

Questions

Discuss the principles involved in the valence bond theory. How is this
theory applied to explain the formation of chemical bond?
Write a bricf account of the molecular orbital theory. Explain the bonding
in the following molecules:

Hj, Ny, Os.
Formulate the bonding in the hydrogen halide molecules in terms of MO
theory Discuss the bond properties of these molecules. '
Discuss the bond properties of N, O,, F; and P, in terms of their
electronic structures.
What do you understand by ‘covalent pi(r) bond’? Give examples of
compounds containing n bonds and sketch the orbltals involved in (a) the
7 bonds (b) accompanying ¢ bonds.
Discuss the reasons (in terms of VBT and MOT) why a molecule such as
LiHe is unstable?
Give the electronic configuration of Li, C, N and O. Discuss the molecular
orbital structures and bond order in the formation of their homonuclear
diatomic molecules.
Explain the following terms:
(a) Sigma (o) bond (b) Pi (m) bond
Explain the paramagnetic character of O, molecule based upon molecular
orbital theory.
What do you understand by hybridization of orbitals? Discuss the
formation of sp, sp® and sp® hybrid orbitals. What are the rules applied for
hybridization?
What are the general characteristics of the molecular orbitals? Describe
the formation of molecular orbitals of Ny, Cl; and S,.
Discuss the molecular orbital theory. How is it applied to explain the
formation of heteronuclear diatomic molecules?
How would you compare the atomic and molecular orbitals?
Discuss the common features in valence bond and molecular orbital
theories. What are the essential points of difference between them?
Predict the shapes of the following molecules:
(a) SO, (b) H20 (c) CH,4 (d) SFs
What are hybrid orbitals? Discuss the conditions of their formation.
What is bond order? How is it correlated to bond formation in molecules.
How is molecular orbital theory applied to explain the ionic character of
the bond in heteronuclear diatomic molecules?



148 INORGANIC CHEMISTRY
19.  Write short answers to the following questions:
® What is the basic principle of Valence Bond Theory?
(i) How is valence bond method capable of explaining the nature of
the ionic bond?
(iii) ~ What do you mean by electron exchange interaction?
(iv)y How is valence bond concept able to explain the formation of Oz,
Na, Cly, Fa. _
) What do you understand about the concept of hybridization?
(vi)  Describe the formation of sp hybrid orbitals.
(vii)  Discuss the formation of sp” hybrid orbitals.
“(viii) How are sp” hybrid orbitals formed?
(ix) Give summary of hybridization rules.
(x) Discuss the formation of sigma (o) and pi () orbitals.
(xi)  Describe sigma and pi orbital formation in Oz and Nz molecules.
(xii)  Describe the salient features of molecular orbital theory.
(xiii) Discuss the formation of bonding and antibonding orbitals in s and
p orbtials.
(xiv) What are applications of molecular orbital theory?
(xv)  Explain the formation of H; molecule on the basis of molecular
orbital theory.
(xvi) How is formation of O, molecule explained on the basis of
molecular orbital theory?
(xvii) Why Oy is paramagnetic?
(xviii) How is. formation of F, molecule explained on the basis of
molecular orbital theory?
(xix) Explain the formation of HC! on the basis of molecular orbital
theory.
(xx) Givea comparison of atomic orbitals and molecular orbitals.
(xxi) How will you proceeu to compare valence bond and molecular
orbital theories?
20.  Give the suitable answer:

@ .

Valency is considered as:

(a) number of valence bonds formed by an atom

(b) number of valence bonds formed by a molecule
(c) number of valencies expressed by the compound

(d) number of valence bonds formed by a compound
(Ans: a)
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(i) Covalence or non-polar bond concept was developed by:
(a) Arrhenius (b) Pauling
(c) Lewis (d) Sommerfeld
' (Ans: c)
(i)  The bond formed by complete transfer of electrons is called:
: (a) covalent bond (b) electrovalent bond
(¢) metallic bond (d) coordinate covalent bond
(Ans: b)
(iv)  Important forces between atoms or groups of atoms are:
(a) covalent ' (b) electrostatic ,
(c) metallic (d) Van der Waals’ type
' (Ans: b)
) Sodium chloride has the crystal structure:
(a) body-centered cube (b) face-centered cube
(c) hexagonal (d) tetragonal
" (Ans: b)
(vi)  Limiting radius ratio assigned to closely packed hexagonal
,structure is:
(@) 0.155 (b) 0.73
(c) 0414 d 1
(Ans: d)
(vii)  Hybridization is a process of combination of orbitals by:
(a) addition - (b) multiplication
(c) subtraction . (d) division
(Ans: a)
(viii)  BeCly has the hybrid orbitals of the type:
@ ) s’
© s’ (d) dp’
' (Ans:a)
(ix)  sp® hybridization in BF; gives structure to it: . : ’
(a) triangular plane (b) angular '
(c) trigonal pyramid (d) square plane
(Ans: a)
(x) Hybridization is a process of mixing of:
(a) electrons : (b) orbitals
(c) atoms (d) orbits

(Ans: b)
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(xi)

(xi1)

(xiii)

(xiv)

(xv)

A bond in which the electron distribution is concentrated along the

internuclear axis and possesses axial symmetry is called:
(a) pibond (b) sigma bond

(c) ionic bond (d) covalent bond

Molecular orbitals are:
(1) localised (b) delocalised
(c) self-consistent

Bonding molecular orbitals are formed by:
(a) subtraction of overlapped area

(b) addition of overlapped area

(c) division of overlapped area

Oxygen is paramagnetic because it: :

(a) isagas (b) 1s colourless
(c) has unpaired electrons in antibonding M.O.

(d) has unpaired electrons in bonding M.O. -

Valence bond theory cannot explain:

(a) geometry of molecules

(b) number of bonds formed in a molecule

(c) nature of bond (d) bond order

% ® L& &

(Ans:

(Ans:;

(Ans:

(Ans:

(Ans:

b)

b)

b)

©)



SHAPES OF INORGANIC
IVIOLECULES

It has already been described that the chemical bonds are directed in space
to form definite shapes of the molecules. In other words the electron-pairs
forming the chemical bonds are distributed in space around the central atom along
definite directions. The shared electron pairs as well as the lone pair of electrons
appear to be responsible for the shapes of the molecules. Thus both the bonding
pairs and lone pairs of electrons are responsible for the formation of molecular
shapes. Sidgwick and Powell (1940) pointed out that the shapes of the molecules
could be interpreted in terms of electron pairs present in the outer orbit of the
central atom. Pairs of electrons occupy orbitals and the filled orbitals would
repel each other and take up positions so as to remain as far apart as possible.
The structures of solids and shapes of individual molecules have been ascertained
by using instrumental techniques such as X-ray diffraction, electron diffraction,
molecule spectra, magnetic susceptibility measurements and nuclear magnetic
resonance Spectroscopy etc. *

Recently a simple theory has been put forward by Nyholm and Gillespie
which is based on electron-pair repulsions between directed valences. This theory
explains very well the shapes of the molecules containing non-transition elements.
Accordingly, the shape or configuration of the molecules is mainly determined
by the repulsive interaction between electron pairs present in the valence shell
of the central atom. Such electron pairs are regarded as occupying localized
orbitals. These orbitals are arranged in space in such a manner so that the
distances between them are maximum and coulombic repulsion of electronic
clouds is minimized. : ’

In order to maintain a maximum separation between electron pairs, the
following shapes of molecules are obtained (Table 5.1).

151 g
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TABLE 5.1
No. of ‘
Electron Pairs | Shape of Molecules
2 Linear
3 : Plane triangle
4 Tetrahedral
®
x
5 Trigonal bipyramid v */‘
6 Octahedral

An impo-tant aspect to note over here is that if all the electron pairs are

* involved in bond formation with the same kind of atoms, we get regular shaped

molecules as described in Table 5.1. But in the presence of lone pair of electrons
in molecules or if different type of atoms join to form molecules, deviations from

such regular ghapes are to be expected.
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The repulsion between electronic pairs in the valence shell decreases in
the foll v ng order:

Lo:. »air-lone pair > lone pair-bond pair > bond pair-bond pair.

Nyholm and Gillespie theory is usually called the valence shell electron
pair repulsior: (VSEPR) concept. Let us elaborate this concept further and apply it
to explain the shapes of various molecules. :

Valence Shell Electron Pair Repulsicn Concept (VSEPR):

In this concept, the arrangement of bonds around the central atom is
considered to depend upon the number of valence shell electron pairs, and on the
relative sizes and shapes of these orbitals. These arrangements hold good for non-
transition elements i.e., those elements whi.!) do not use electrons in bond
formation. The geometrical shapes are actually result of the tendency of the
electron-pairs to remain at a maximum distance apart so that the interaction
between them is minimum. The repulsion between free electron-pairs will be
obviously greater than that of repulsion between a bond pair and another bond
pair. Let us sum up the essential features of this theory under the following rules:

1. The preferred arrangement of a given number of electron pairs in
the valence shell is that which makes them to remain at a maximum
distance apart.

2. A non-bonding pair (lone pair) of electrons is capable of making
more space on the surface of an atom than a bonding pair. This is
because the non-bonding electron pair is under the influence of one
nucleus only but the bonding electron pair is constrained by two
nuclet.

3 The influence of a bonding electron pair decreases with the
increasing value of electronegativity of an atom forming a molecule.

4. The two electron pairs of a double bond (or the three electron pairs
of a triple bond) 1ake up more space than the one electron pair of a
single bond.

Applications of Valence Shell Electron Pair Repulsion Concept:

Let us now apply the valence shell electron pair repulsion concept to
explain the shapes of the molecules. In other words, the effect of electron pair -
repulsion on molecular structure will be discussed. The shapes of the molecules
and ions of non-transition elements will now be described in terms of this theory.
The molecules will be classified according to the number of electron pairs present
in them, irrespective of the fact whether they are of bonding or non-bonding type.
Shapes of Molecules Containing Two Electron Pairs (AB;):

Mercuric chloride is a typical example of molecules which contains two
electron pairs. Hg has the_electronic configuration in which the valency shell has
two electrons in 6s orbitals, 6s*>. These two electrons are utilized to form two
covalent bonds with two chlorine atoms to form HgCl. The two bond pairs of
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electrons in HgCl, arrange themselves as far apart as possible in order to
minimize the repulsion between them. The only arrangement which satisfies this
condition is that in which the molecule is linear.

Cl x Hg x Cl Cl *  (g)—*
xRex o < &S«

Similarly, Be, Zn, Cd etc., having two electrons in the valency shell, also
form linear molecules of the type A — M — A. They exhibit sp hybridization which
also predicts a linear structure. The complex ions, [Ag(NHs);]" and [Ag(CN)J',
which contain Ag" have the completed 4d"° electronic configuration. Both would
form linear structures.

[NC - Ag - CNJ™ [NH; - Ag - NH;]"
Shapes of Molecules Containing Three Electron Pairs (AB3):

Boron (Is? 2s' 2p,' 2p,' 2p;) has three valency electrons and would be in
sp” valence state. Three covalent bonds are expected. The electron pairs of these
three bonds are arranged at the greatest possible distances from one another.

BF; contains three electron pairs as bond pairs which are situated at the
corners of an equilateral triangle representing minimum interaction at maximum
possible distance from one another as shown in Figure 5.1. Boron has one s and
two p orbitals 2s* 2p.' 2p,' 2p;) or sp* hybrid orbitals which are bonded to three
fluorine atoms.

Fig. 5.1. Triangular shape.
(a) Triangular arrangement of three electron pairs.
(b) Triangular shape of BF;.
(c) Symbolic representation of plane triangular molecule.

In case of stannouas chloride SnCl,, Sn has valency electrons 55 5p*. Two
electrons present in Ss orbitals remain non-bonding (as a lone-pair) and do not
take part in bond formaticn. The two electrons in 5p orbitals remain unpaired and
form two covalent bonds by interaction with chlorine atoms. The lone pair present
in the stannous chloride mol=cule occupies one corner of the triangle.

! ;
N
Ci Cl Cl Cl

s 0
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The other two corners of the triangle are occupied by two bond pairs as
shown in Figure 5.2. The lone pair (non-bonding) of electrons exerts a greater
repulsion on the bond pairs resulting, in the shortening of Cl — Sn — Cl angle. Thus
the effective molecular shape in the vapour phase of SnCl; is V-shaped and

arrangement is called angular.

Cl Cl

(b)

Fig. 5.2, Distortion in triangular molecule.
(a) V-shaped SnCl; due to the presence of a lone pair in a plane triangular synvhetry.
(b) Representation of SnCl,.

One s and two p atomic orbitals are involved in the formation of three
molecular orbitals. Two of the molecular orbitals are of bonding type and the third
one is non-bonding (containing lone pair of electrons).

Shapes of Molecules Containing Four Electron Pairs (ABy):

The electrostatic repulsion between four pairs of electrons is minimum
when these are situated at the corners of a regular tetrahedron, e.g., CHs and TiCl4
etc. Carbon and titanium, both have four unpaired electrons which share with four
electrons (either supplied by four H atoms or Cl atoms, respectively) to form four
electron bond pairs arranged in a tetrahedral manner as shown in Figure 5.3. The
angles between tetrahedrally arranged bonds are 109° 28’ (each).

H

X
H H
(a) (b)
Fig. 5.3. Tetrahedral shape.
(@) The effect of electron pair repulsion on bond angles.
(b) Tetrahedral arrangement of 4-electron pairs in CH,.
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However, it has been shown that the H - N — H bond angle is 107° 20’ in
NH; which is less than that present in a tetrahedral arrangement (109° 28'). The
decrease in arcle may be considered to be due to the influence of lone pair of
electrons. TI . lectron cloud represented by the lene pair spreads out in space and
causes mor¢ icpulsive interaction between bonding electron pairs. Consequentiy, '
the three N — H bond pairs are pushed closer together and the bond angle
decreases (107° 20'). As a result, NH; does not show the expected tetrahedral
electronic arrangement but instead possesses a trigonal pyramidal molecular
structure or geometry (Figure 5.4).

-
KY
g}
. 0
’ [y
’ Y
.
.
.

N .
y \ No ™
/0;/:201 \Q'\ .I'->I<

(a) (b)

Fig. 5.4. Shape of NH; molecule.
 (a) Effect of electron pair repulsion on the bond angles.

(b) Trigonal pyramidal structure or geometry.

If the three hydrogen atoms of ammonia are replaced by F(which is more
electronegative than H), more electronic charge is shifted towards F atoms in NF3.
The lone pair on N in NF; will be able to exert more repulsive interaction on bond
pairs. As a result, N ~ F bonds will shrink further giving F - N - F angle in NF3
as 102.1°. But NF; like NH; will have triangular pyramidal shape

Looking into the electron distribution in water molecule we find four
electron pairs around oxygen — two lone pairs and two bond pairs.

H0:

e X

, H
The four electron pairs are arranged along the corners of a regular
tetrahedron — two corners occupied by the two lone pairs and the other two
corners by two bond pairs. The two lone pairs would have greater repulsion not
only between themselves but also on the two bond pairs. As a result of this, the
two O — H bonds in H,0 will be forced to come closer together than N ~ H bonds
in NH;. The electronegativity of oxygen will also play its role. The water
molecule becomes V-shaped (Figure 5.5) and bond angle H — O — H will be
decreased to 104.5°. :
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(o) (c)
(a) A :
Fig. 5.5. Distortion in tetrahedral molecule due to two lone pairs.
(a) V-shape of H,0. ‘
(b) Representation of V-shaped molecule.
(c) Shape of water molecule.

F,O molecule has situation analogous to H,O.

Shapes of Molecules Containing Five Electron Pairs (ABs):

With the increasing number of electron pairs it becomes increasingly
difficult to visualize the true shapes of the molecules. Thus a central atom
containing five electron pairs presents a more complicated system. A trigonal
bipyramid arrangement (Figure 5.6a) represents a structure in which five electron
pairs can have minimum repulsion. In PCls, there are five electron pairs in the
valency shell of phosphorus atom. All of them are bonding pairs and thus PCls
molecule adopts trigonal bipyramidal structure (Figure 5.6b).

: Cl
o X

Clex-

S I
Xe
Cl
. (b)
Fig. 5.6. Shapes arising out of five electron pairs around a central atom.
(a) Trigonal bipyramidal arrangement.
(b) Trigonal bipyramidal shape of PCls.
Chlorine Trifluoride, CIF; has five pairs of valency electrons around the
Cl atom. Two of them are lone-pairs and the rest of three are bond-pairs. The

presence of five pairs will give a trigonal bipyramidal shape to the molecule. The
two lone-pairs would set up repulsive interactions with the bond-pairs and will
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distort its symmetry from true trigonal bipyramidal arrangement. The structure of
CIF; is T-shaped, one F — Cl - F bond has bond angle 180° and two F — Cl = F
have bond angles of 90° each. This structure gives minimum repulsion and the ‘T’
shaped structure of CIF3, has also been experimentally verified (Figure 5.7).

HO)
.

P .
:

)
NP
Xe
e 9]
()
o]
@
7
]
o

X ®
F (b)
(@)

Fig. 5.7. Distortion in trigonal bipyramidal shape due to two lone pairs.
(a) T-shaped CIF;.
(b) Representation of T-shaped molecule.

When the number of lone pairs increases from two to three in trigonal

bipyramidal structure with a total of five electron pairs as in ICl, orI; ion (in
KI3), the only possible arrangement for the three lone pairs are the equatorial
positions in which there is minimum of repulsion. The bond-pair electrons would

thus be at an angle of 180°. The structure of I; has, therefore, I - I - I bonds at an
angle of 180° as shown in Figure 5.8. A similar structure for ICl, is proposed.

sssss

(@)
Fig. 5.8. Distortion in trigonal bipyramidal shape due to

three lonc pairs. Linear shape of I 5 ion.
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Shapes of Molecules Containing Six Electron Pairs (ABg):

Molecules, in which the central atom has six electron pair bonds, adopt
the octahedral structure. The examples of such type molecules or ions are: SF,,
MoF; and PCls etc. The electrostatic repulsion is minimum when six electron

pairs arrange in octahedral manner having all bond angles as 90° (Figure 5.9). In
terms of hybridization, d%sp® or sp’d? hybrid orbitals would be arranged in
octahedral symmetry.

Fig. 5.9. Octahedral shape.
{4) Octahedral arrangement of six electron pair bonds.
(b) Shape of SF; molecule.
If six electron pairs consist of one lone pair and five bond pairs, the
molecule will assume the square pyramid shape as shown in Figure 5.10. Thus

IFs, BrFs and SbClg_ etc., containing one lone pair would adopt square pyramidal
shape.

Fig.5.10. Distortion in octahedral shape in presence of one lone pair of electrons.
(a) Square pyramidal shape of IFs.
(b) Representation of a square pyramid.
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The molecule containing two lone pairs and four bond pairs have
minimum repulsion when the two lone pairs of electrons are situated at an angle

of 180° to.each other placed at opposite corners. This leaves four positions in the
square plane for the bond pairs. Thus molecules of this type would assume a

square planar shape i.e., ICls , BrF4 etc. (Figure 5.11)

(a)
Fig. 5.11. Distortion of octahedral shape in presence of two lone pairs.
(a) ICl,” molecular ion. ‘
(b) Representation of a square planar shape.
The compounds having seven electron pair bonds show pentagonal
bipyramidal structures as shown in Figure 5.12. The typical examples of such

type molecules and ions are IF7 and Zng_ ion. If one of the bond pairs is a lone

pair, as in [SbBr6]3' ion, the shape becomes distorted to irregular octahedron.
F

o X

P g .
I — xF
F % F
Y o
F

Fig. 5.12. Pentagonal bipyramidal shape of IF
The various shapes of molecules based upon the number of electron pairs
in the valency shell are summarised in Table 5.2.
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TABLE 5.2
Shapes of Molecules on the Basis of Electron Pairs
No. of.ele.ctrqn Stereo- - "No. of | No. of Shapes of
pairs in hemist bond | lone molecules Examples
valency shell ¢ ry pairs | pairs
2 Linear 2 0 Linear HgCl,,
[Ag(NH3),]?
3 Equilateral 3 0 Triangular BF3, BCl;
triangle plane
_ 2 1 V-shaped onCly, PbCl,
4 Tetrahedron| 4 0 |Tetrahedral| CcH, BF,”, SnX,
3 1 |Trigonal NH;, PClLs, AsH;
pyramid
2 2 V-shaped H,0, F,0, H,S
5 Trigonal 5 0 Trigonal PCls, SbCls
bipyramid bipyramidal
4 1 Irregular SeF4, TeCls
tetrahedron
3 2 T-shaped CIF;, BrFs
2 3 L’inear CIF,, 15
6 Octahedron| 6 0 | Octahedral SFs, PbCIE
5 1 Square IFs, BrFs
pyramid
4 2 Square -
ICl4
planar
7 Pentagonal 7 - 0 Pentagonal IF;
bipyramid bipyramidal
' 6 1 Irregular [Sb Brg)*”
octahedron

Shapes of Molecules Containing Double and Triple Bonds:

- The molecules containing double and triple bonds have almost similar '
shapes as those represented by corresponding single bonds. The double and triple
bonds have the o and m-bond characters. However, the shape of the molecules
containing double and triple bonds are determined only by the pairs of electrons
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forming o-bonds. The effcct of m-bonds is ignored because of their
superimposition on the o-bond pairs. Ethylene molecule has a plane triangular.
shape with the two carbon atoms placed at two centres of the two triangles joined
by a double bond. The reason for such type of molecular symmetry is that o-bond
pairs are situated along a plane triangle.

H \ e / H
Similarly, COCl, has a planar triangular shape.
Cl \
Cl /

The linear structure of CO; is explained on the basis of two c-bond pairs
at an angle of 180° which show minimum repulsive interactions in this direction.

lo] o)
™ T

o
C=0
s

The two m-bonds present in the structure are ineffective. Similarly, HCN
molecule has a linear structure because it has two o-bonds which adjust
themselves at an angle of 180° to have minimum repulsive interaction.

c .0
H— C=N
7T

The SO,Cl, molecule has a tetrahedral shape because of the presence of
four o-bond pairs of electrons around central sulphur atom. A double bond
present between sulphur and oxygen atoms consists of two electron pairs, which
set- up greater repulsion among themselves and thus the angle between two
adjacent double bonds become greater than that between two single bonds. As a
result of this, the angle O = S = O is larger than Cl - S — Clin SO:Cl,.

0) Cl

N
N
o/ Cl
The arguments given for SO,Cl; also apply for SO3” ions,
6]

N
7"\

~
)

o
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Molecules Containing Double Bonds and Lone Pairs:

Molecules which contain double bonds as well the lone pair of electrons
have strong tendency to distortions. However, the shapes of such molecules
depend mostly on the number of o-bond pairs and lone pairs. The o-bond pair-
lone pair repulsion and lone pair-lone pair repulsion are quite important in
determining the shapes of the molecules. Thus, NOC1 assumes a V-shaped or
angular structure because two o-bond pairs and one lone pair present in the
molecule would give the minimum repulsion in plane triangular symmetry.

N
7R
Cl 0
SO, molecule also possesses one lone pair and two o-bond pairs and
therefore, it has the following structure:

.
o/ \o

It has already been mentioned that molecules containing four c-electron
pairs will show tetrahedral shapes. But the presence of one or more lone pairs
would distort the symmetry. The n-bonds as usual will .not affect the shapes. Thus

in the molecules or ions of the type SOCI; and SO§- , there are three c-bond pairs
and one lone pair. The presence of one lone pair would distort the tetrahedral
shape to triangular pyramidal shape giving the structures:

2R 7T\ _
0 Cl 0 _ 0
cl o)
(S0Cly) (SO¥)

Let us now consider a molecular ion which has two o-bond pairs and two
lone pairs. Such a molecule would be distorted from true tetrahedral to V-shaped
structure.

4 Cl\
0] 0
. (€lo7) |
The distortion in structures of molecules containing five or six o-electron
pairs will take place from trigonal bipyramidal and octahedral shapes in the
presence of lone pair of electrons. A few examples of the shapes of molecules
containing double bond are given in Table 5.3.
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TABLE 5.3
Shapes of Molecules Containing Double and Triple Bonds
No. of Possible Ng. Og I\{O;IOF Shape of Examples
o-electron pairs | structure c-bon 1€ 1 molecules P
pairs | pairs
2 Linear 2 0 _ Linear CO,, HCN
3 Equilateral’ 3 0 Plane COCl, SOs,
triangle triangular CyHa, NO;y
2 1 V-shaped SO,, NOCI
2—
4 Tetrahedral | 4 0 | Tetrahedral | SO2Cl, SO,
1| Triangular | SOC, SO3
pyramid B
2 2 V-shaped Clo,

Thus the shapes of the molecules containing double and triple bonds can
be predicted based upon the number of o-bond pairs present in them. The n-
electron pairs in double and triple bonds are ignored while determining the shapes
of the molecules. ‘ '

In short, the shapes of the molecules can be predicted based upon the
following points: '

1.

The o-bond pairs and lone paifs of electrons present in a molecule
arrange themselves in such a manner that repulsion between them is
minimized. :

The lone pair-lone pair repulsive interaction is much greater than
bond pair-bond pair repulsion so as to give maximum distortion.
Lone pair-bond pair distortion is also possible and plays important
role in distortion.

The repulsion of a doyple bond pair with another double bond pair
is more than the repulsion between single bond pairs or a double
bond pair with a single bond. :

Repulsion between bond pairs is influenced by the electronegativity
of atoms forming the bonds. The repulsion decreases with the
increase in electronegativity values.

Generally, n-bond pairs of electrons do not determine the shapes of
the molecules.
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10.

Questions

Why does AICl; exist as Al,Cls molecules? Discuss the shape of its
molecule.

What type of geometry may be predicted for a molecule containing two o-
bond pairs and one lone pair of electrons? Discuss the structure of SnCl;
in light of Valence Shell Electron Pair Repulsion concept.

Discuss the influence of double and triple bonds on the shapes of

"~ molecules.

Predict the shape of the following on the basis of electron pair repulsion

theory:
N,0, CCly, XeFs4, PbCly, SnCls, PFs, HaS, SeFs

What shape may be assigned to SO, and S0O3? Why SOs has zero dipole
moment? Comment with respect to its structure.

Describe in general the effect of the lone pair of electrons on the shapes of

the molecules.

Discuss the principles uriderlying the valence shell electron pair repulsion
concept. What are the applications of this theory in determining the
shapes of the molecules?

" The presence of n-bonds is generally ignored in determining the shapes of

molecules. Why?

Discuss shapes of molecules containing four o-bond pairs. How is the
change in symmetry brought about by the presence of lone pairs?

Discuss the shapes of molecules containing six electron pairs. How the
distortion in molecules is brought about by the addition of lone pair of

electrons?

.I
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11.

12.

Write short answers to the following questions:

(M)

(i)

(iii)

@v)

™)

(vi)

(vii)

(viii)

Give salient features of Valence Shell Electron Pair Repulsion
(VSEPR) concept. '

How does Valence Shell Electron Pair Repulsion (VSEPR)
concept explain the shapes of molecules containing two electron
pairs?
How does Valence Shell Electron Pair Repulsion (VSEPR)
concept explain the shapes of molecules containing three electron
pairs?
How does Valence Shell Electron Pairs Repulsion (VSEPR)
concept explain the shapes of molecules containing four electron
pairs?
How does Valence Shell Eleétron Pair Repulsion (VSEPR)
concept explain the shapes of molecules containing five electron
pairs?

How does Valence Shell Electron Pairs Repulsion (VSEPR)

concept explain the shapes of molecules containing six electron

pairs?

Explain the shapes of molecules containing double and triple
bonds.

Explain the shapes of molecules containing double bonds and lone
pairs.

Give the correct answer:

0

(it)

What will be the shape of a molecule which contains two sigma
bond pairs and one lone pair of electrons?

(a) linear (b) V-shaped
(c) tetragonal (d) triangular
' (Ans: b)
What will be the shape of a molecule which contains four bond
pairs with one lone pair of electrons? ,
(a) tetrahedral (b) trigonal
(c) V-shaped . (d) triangular

(Ans: b)
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(iii)

(iv)

(vi)

(vii)

(viii)

What will be the shape of a molecule which contains six bond

pairs with no lone pair of electrons?

(a) octahedr.al

(c) trigonal bipyramidal

Shape of ammonia molecules is:

(a) tetrahedral

(c) trigonal pyramidal

PCl;s has the structure:
(a) tetrahedral

(c) trigoﬁal bipyramidal

H;O has the structure:
(a) tetrahedral

(¢) T-shaped

SnCl; has the structure:
(a) linear

(c) trigonal pyramid

SO, has the structure:
(a) linear

(c) tetrahedral

(b)
(d)

(b)

(d)

(b)
(d)

(b)
(d)

(b)
(d)

(b)
(d)

tetrahedral

pentagonal bipyramidal

(Ans: a)
octahedral
monoclinic

(Ans: ¢)
T-shaped
hexagonal

(Ans: a)

trigonal bipyramidal

square planar

(Ans: a)

V-shaped
triangular plane

(Ans: a)

V-shaped
plane triangular

(Ans b,
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(ix)

()

ICI; has the structure:

(a) tetrahedral

(c) triangular plane

CIF; has the structure:

(a) T-shaped
(c) triangular plane

(b)
(d)

(b)
(d)

®2F®®
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square planar

V-shaped

tetrahedral

V-shaped

(Ans: b)

(Ans: a)

ot
’\] /i‘ l

; { ”/L ﬁ)

LU"

t)



ACID-BASE EQUILIBRIA

VARIOUS CONCEPTS OF ACIDS AND BASES:

A brief review of the various concepts regarding acids and bases are given
here. .
1. THE ARRHENIUS (CLASSICAL) CONCEPT (1884):

According to this an acid is defined as a hydrogen containing substance
which gives H" ions (i.e., H;O" hydronium ions) when dissolved in water.

A base is a substance which contains OH groups and gives hydroxyl ions
OH ~ when dissolved in water.

Arrhenius concept is based upon ionic dissociation of compound in water.
For example, HCl is an acid because it produces H3O" ions in water but CHy is
not. Similarly, NaOH is a base because it furnishes OH ™ ions, whereas C;HsOH is
not a base.

HCIl+H,0O ——— H30+ +ClI

NaOH + H,0 ——— Na’ + OH

- The process of neutralization of an acid by a base can be represented by
the reaction to form neutral water.

H'+OH —— H;0

Advantages: _

With this concept, many aspects of acid-base behaviour were understood.
For instance, the constant heat of neutralization of a strong acid by a strong base
can readily be explained in terms of Arrhenius concept because the reaction
involves only the combination of a hydrogen ion and a hydroxyl ion in all such
neutralization reactions.

This theory also leads to the quantitative determinations of acid or has-
strengths from the equilibrium relation such as:
Ayt o Ai-
K = __.B_____B_.

B
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It explains the catalytic properties of acids. Arrhenius theory affords a
correlation between the electrolytic dissociation and the concentrations of the
hydrogen ion. The mobility of the hydrogen ions parallel the catalytic activity of
the solution if the hydrogen ion is truly the source of the catalytic properties.
Shortcomings:

According to this theory, all the acid-base reactions are limited to aqueous
medium only. It does not explain the acid-base reactions taking place in non-
aqueous solvents such as liquid ammonia.

It also cannot explain the reactions in gas phase where no solvent is
present.

Similarly, the definition of a base under this concept is restricted to
compounds containing hydroxyl ions only, whereas many organic compounds as
well as ammonia which exhibit basic properties cannot be explained by this
definition. Similarly, there are many acidic compounds which do not contain
hydrogen and cannot be explained on the basis of Arrhenius concept. Hence new
concepts were put forward to explain more general cases of acids and bases.

2. THE PROTONIC OR LOWRY-BRONSTED CONCEPT (1923):

According to Bronsted:

An acid is defined as a species (a compound or an ion) which donates or
tends to donate a proton (H" ion).

A base is a species which accepts or tends to accept a proton.

Acid-base reaction is the transfer of a proton from an acid to a base.

The dissociation of an acid HA can be represented as:

HA —— A~ + H

Acid Base proton
CH;COOH ———— CH;COO™ +H"
Acid Base Proton

According to this definition, any negatively charged ion (anion) acts as a
base. Thus, CH;COO™ is a base and is said to be conjugate base of acetic acid.

In an acid-base reaction, an acid yields a base (conjugate) and base after
accepting proton yields a conjugate acid. The acid-base reaction is represented as:

Ay + B, _— B; + Az
2 \A \J 2
Bronsted Bronsted Conjugate Conjugate

acid base base acid
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The conjugate acid-base pairs are species on opposite sides of an equation
that differ by a proton. The weaker acids have stronger conjugate base pairs and
stronger acids have weaker conjugate base. Some conjugate acid-base pairs are
given in Table 6.1. Ammonia is weak base and reacts with water (acting as weak

acid) to give NH,.

H

! .
H—N:+H—0Q—H ———> NH;+OH"

I
H

Examples: HCI + H0 — Cr ot H;0"
Acid Base Conjugate Base Conjugate Acid
HCl+NH; ———> CI"+NH,

In auto-ionization of water, it acts as an acid and a base because it can
give and accept protons. Water is therefore said to be amphiprotic.

H,0 + HO0 —m8— OH" + H}O+
Acid Base- Conjugate Base Conjugate Acid
HSO; + OH™ ——  SO; + H;0

Acid Base

Thus Cl°, SOi‘, OH ™ are conjugate bases of HCl, HSO, and HO,
respectively. Similarly, H,0, HSO, and HCI are conjugate acids of the bases
OH", SOi_ and C1~, respectively.

The following species may be regarded as acids:

Molecular Species: HCI, H,SO,, CH;COOH, HCN, H;S, H,O etc.

Anionic Species:  HSOj;, HCO;, H,PO;, HPO; , HS ™ etc.

Cationic Species:  H;0", NH,, [Cu(H,0)4]*" etc.
The following species may be regarded as bases:
Molecular Species: H;O, NH3;, CH3NH; etc.

Anionic Species: OH™, HS~, $*°, HCO;, HSO,, Cl~ etc.
Cationic Species:  [Fe(H,0)sOH]**, [Cu(H;0); OH]" etc.

From the above examples, it is found that some of the species act both as
acids and bases depending upon the manner they behave in the given reaction.

Amphiprotic Species: A species that acts both as a proton donor and a proton
acceptor is said to be amphiprotic. For example:

-— K
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(1) H,0 is amphiprotic. It loses proton to a base such as NHj or accepts a
proton from an acid such as HCL

H,0 + NH; ———> NH;+ OH~

Acid Base

H,0 + HCl ———— H;0" +CI

Base Acid

Rt The proton-containing negative ions are amphiprotic. For example:

HS +OH™ ——— S+ H;0 |
Acid Base

HS™ +H;0° ——— H,;S +H;0

Base Acid

(i11) T'he conjugate base and acid are shown as: ,
OH ™ Conjugate base of water
-H
H,0
+H'
H30" Conjugate acid of water
CO;™ Conjugate base of HCO3

uw

P

Hee, ¢
“H . ‘
¥ 11;COs5 Conjugate acid of HCO3
(vs ampioteric hydroxides react with both acids and bases because they are
viually amphiprotic.
AlH;0); (OH); + OH™ ———-  Al(H;0); (OH); + H,0
Acid Base
“i(H;0); (OH); + H;0' -~ -— Al(H,0)s (OH); + H0
Base Acd

Puryprotic Acids:  Acids containing one proton which can be donated are
v protie awids Those acids which contain more than one donatable proton are
Knawn s Polyprotic acids” e.g., HCl, HNOs, HCN etc. are monoprotic, whereas
1B S0y, T1,AsQ, are Polyprotic.
“icv-agueous solutions also lose or gain protons and fit into the Bronsted
avicds and bases For example, water is dissolved in liquid ammonia
- +
H,0 + Nli3 ——— OH™ + NH,4
Acid Base

o
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When perchloric acid is dissolved in concentrated H,SO,4 acid-base
reaction occurs.

HCIO4 + H;S0s ——— ClO; +H;S0;
Acid Base
Similarly, when concentrated H,SOq is dlssolved in glacial acetic acid, we
again have acid-base reaction.

+
H,SQ4 + CH;COOH ——— HSO, + CH3;COOH,
Acid Base
3. THE LEWIS CONCEPT:
According to Lewis, ‘An acid is defined as a Apeczes (molecule or ion)
which can accept a pair of electrons and a base is a species which can donate a
* pair of electrons.
An acid is an electrophile (electron-loving) and a base is a nucleophile
(nucleus-loving).
An acid-base reaction involves donation of a pair of electrons from a base
to an acid with the formation of a coordinate bond between the two. For example:
(i) Compounds having less than a full octet of electrons behave as
Lewis acids e.g., BF; and SOs, AICls,

F 0
F:B:F and 0:5:0 _
- F F
F/+\“BF _— l:le:a::F
Base F F
Acid .
S o) o) .
ca? :0f + *§:0 —— Ca”|0:8:0
Base 0) o)
Acid .
A~ LG H
Cl:Al +:NxH ——> :Cl:Al:N:H
g u :Cl: H
Acid Base
Cl H
|
or Cl— All ————— N—H '

l I
Cl H
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(i)

(iii)

(iv)

(i1)

Positive ions are often considered as acids.
Ag'+2:NH; —— [Ag (. NHy),)"
Acid Base
Co®" + 6:NH; ——— [Co (: NH3)e]**
Acid Base

Compourds having double bonds (except C = C) behave as Lewis
acids.

o:c=o+|—::c}:H:l — 0=C=0
Acid Base T o

] =o-e<

SnCly + 2 Cl : ——— [SnClg)*,

OH
Other examples age:

SiFy+2:F: ——> [SiFel”
Acid Base
Similarly, Lewis bases can also be grouped as :

Molecules containing an atom with unshared electron pairs, e.g., the
number of unshared electron pairs in HF, H,O and NH; determines
their basic properties and reactions:

H: F : very weakly basic with 3 unshared pairs.

H H
H,O0 \O/ base with 2 unshared pairs.

H H H
NH;3; \]L/ strongly basic with 1 unshared pair.

Negative ions are Lewis bases e.g.,

:Cl: + H0' ————— HCI+H0
Base Acid

H:0: + H0' ———— HO+HO0
Base Acid
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(iif)  Compounds containing C = C double bonds also act as Lewis bases
c.g., reaction of Ag" ion with unsaturated hydrocarbons.

I |

+

Ag' + —C C—
I —— A |
Acid —C C—
| |
Base Addition product

(m complex)
4. THE LUX-FLOOD CONCEPT:

The protonic concept cannot be applied to the species having no protons,
for example, oxide systems. According to the Lux-Flood concept:

A base is defined as any species which gives up an oxide ion (07%), and

An acid is defined as any species which gains or takes up oxide ions.
Hence, :

Base =——— Acid + Oxide (0*)
For example, CaO is a base, because it gives up O*” ions.
Ca0 =—— Ca¥" +0"

2~ . . . - .
SOj is a base because it gives up O ions.

SOy === 50, +0%
Ca*" and SO are acids since they take up oxide ions as shown above.
The strength of acids is determined by the magnitude of the equilibrium

constant,
K - [Acid] x [0™]

[Base]
According to this concept, the strength of acids are given in the following
order: '
PO; > BO; > Si0¥ > Ti0o¥

5. THE USANOVICH CONCEPT:

According to this concept:

An acid is defined as any species

(i) capable of giving up cations,

(i) combining with anions or electrons,

(i) neutralizing a base to give a salt.
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A base is defined as any species:

(i)  capable of giving up anions or electrons,

(i) combining with cations,

(iii) neutralizing an acid to give a salt.

This definition includes all previous acid-base definitions including

oxidation-reduction reactions as a special class of acid-base reactions.

Examples:
Acid Base Salt Justification
SO, Na;O Na;S04 Na,O give O™ ion
| SO; combines with 0%
Fe(CN)2 KCN K4Fe(CN)g KCN gives CN~
Fe(CN), combines with CN~
Cl, Na NaCl Na loses an electron
Cl gains an electron
HCI NH; NH,CI HCl gives H'
NH; combines with H
NH, OH™ NH; + H,0 NH, gives H'
OH "~ combines with H"

RELATIVE STRENGTHS OF ACIDS AND BASES:

According to Bronsted, the strength of an acid is measured from its
tendency to donate a proton and that of a base from its tendency to accept a
proton. Strengths are generally expressed in terms of dissociation constants (Ka)
and pKa values of acids. Let us consider a protonic acid HX. In aqueous solution
it constitutes the following equilibrium, '

HX + H,0 —— X +H;0
According to Law of Mass Action, we have,
[X"1[H0]
[HX][H0]
where K is an gquilibrium constant and the quantities within the square brackets
denote molar concentratigns and to be more exact thermodynamically, activities
of the reactants and products. As water is always in excess, its concentration is
constant and we have, :
- +
[X"]1[HO]
[HX]

K =

= K[H:0] = Ka.
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Ka is called dissociation constant of acids and represents the extent to
which an acid is dissociated. Greater the value of Ka, stronger is the acid and vice

1 .
versa. - represents the strength of the base X ™. The strength of an acid can alsu

be expressed in terms of its pKa where

1
pKa = log(fé‘-) = —log (Ka).

A large value of pKa means the acid is little dissociated (weak acid) and a
smalil value means that acid is highly dissociated (strong acid). Thus HCl is a
stronger acid than HNO; and its dissociation constant (10°) is greater than that of
HNO; (10°) and its pKa value (- 7.0) is less than that of HNO; (- 3.0).

For very weak acids the pKa values are very high. For example, xt xs 11.8
in case of H,O, (Table 6.1).

The strength of an acid is related to that of its conjugate base. If the acid is
strong, its conjugate base is weak. For example, HCl is strong acid as it has got a
great tendency to lose a proton, its conjugate base ClI” ion is a weak base as it has
got a little tendency to accept a proton. Reverse is true, if the conjugate base is
strong.

The acid strength depends upon the solvent chosen. Thus in Bronsted
definition we need to specify solvent while comparing the relative strengths of
acids and bases.

All the strong acids like HCIO4, H,SO4, HCI, HNO; have very close pKa
values. They appear to have nearly equal strengths in aqueous solutions. This
phenomenon is called Levelling effect. All the acids which are completely
dissociated in aqueous solutions are represented by H;O" ion, as it is the strongest
acid known. The same effect is noticed in case of the solutions of bases. The

strongest base which can exist in water is OH™ ion. The bases 0" and NHj; are
fairly strong, therefore when Na,O and NaNH, are dissolved in water, their
reactions are :

NHjag) + H2O -~———— NHiaq + OH g

The reaction goes to completion and thus basic strength of 0% or NHj is
levelled to the strength of OH ion and they behave as equally strong bases in
aqueous solution.

The order of decreasing strengths of the stronger mineral acids has been
found to be

HCIO4 > HBr > HCI > H;S04 > HNO;
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TABLE 6.1
Approximate pKa Values of Some Acids
Acids pKa ~ Acids pKa
H,O 16 HCIO 7.2
HF 3 HBrO 8.7
HCI -7 HIO 11.0
HNO;3 -1 H,0, 11.8
HBr -9 HNO; -14
HI -10 HCIO; -1
H,S04 -3 HIO; 0.8
HCIOs - 10 H;POs -2.1

RELATION BETWEEN ACID-BASE AND OXIDATION-REDUCTION
BEHAVIOUR
According to Lewis concept of acids and bases, an acid is a species which
accepts a lone pair of electrons from a base.
H + :NH; —— NH4'
- Acid Basc
An oxidising agent also accepts complete transfer of electrons from other
specics. Oxidising agent is itself reduced. Reduction is a process in which
electrons are gained.
Cu* + 28 —— Cu
(oxidizing agent)
A base donates a pair of electrons to form a coordinate covalent bond.
: NH; + H;0' ——— NH," + H0
Base  Acic
A reducing agent also transfers electrons and is oxidized. Oxidation is a
process which involves loss of electrons.
Zn° - 26 ————> Zn”
(Reducing Agent)
CHEMICAL REACTIVITY OF ACIDS AND BASES - TYPES OF
ATTACKS AND D:SPLACEMENTS
Lewis acids arg also called electrophiles or electrophilic reagents because
they are attracted to the electron-rich parts of basic molecules. Similarly, Lewis
bases are called nucleophiles or nucleophilic reagents because they seek electron
deficient regions of acids with which they react.

-
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A Lewis acid-base reaction may be described as a nucleophilic attack of
base on acid or an electrophilic attack of acid on base. L
H;N: +BF; ——— H;N:BE
Base  Acid

In this reaction, nitrogen of ammonia has a nucleophilic attack on boron
or electrophilic attack of boron on nitrogen. '

There are many reactions that result in the formation of a new covalent
bond and the rupture of an old one. The bond breaking reagent may be either an
acid or a base. These reactions are called displacement reactions.

:I§: + A:g: ——— :I?:A + :g:

Base nucleophilic displacement
A + : B :Fg: —_— A: B . + C :
Acid electrophilic displacement

pH (HYDROGEN ION CONCENTRATION):

-The acidity or basicity of an aqueous solution depends on the relative
numbers of hydronium ions and hydroxide ions present in it. Pure water contains
equal number of hydronium and hydroxide ions. In water, the product of
hydronium ion concentration and hydroxide ion concentration is always
1.00 x 107" (at 25° CYy and is called ionic product constant.

Hz_o + H,0 —/———= [H30*] + [OH—]
[H;0"] x [OH ] 1.00 x 107"

[H;0"]=[OH'] 1.00 x 1077
If hydronium and hydroxide ions are not equal the solution is either acidic
or basic. In order to avoid numbers with negative exponents a convenient scale for
measuring acidity or basicity is devised. It is called pH. The pH of a solution is a
measure of its hydronium ion concentration. It ranges between 0 — 14.
The pH of solution may be defined as the logarithm of the reciprocal of

the hydrogen ion concentration. Since the logarithm of 1 is O, pH may also be
defined as the negative logarithm of the hydrogen (hydronium) ion concentration

in moles/litre.
Thus

Il

1 . +
pH = log(ﬁr)= - log [H'] or — log [H307]
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The logarithm (log) of a number is the power to which 10 must raised in
order to equal the given number.

Number Lo'garithm of number
1072 log (107%) = -2

107! log (107" = -1
10°=1 log 10" = 0 '
10' =10 log 10" =1

10% = 100 . log10* =2

H* and pH are interconvertable
[H'] = 10™" = antilog (- pH)
For a neutral solution, therefore
[H] = 1.0x107
pH = —log(107) = -(-7)
pH = 7
For pH 9.67 of a solution hydrogen ion concentration [H'] can be
~ calculated as:
—log [H'] = 9.67
H] = 107967 = 1071 x 10%%?
[H] = 21x10°M
pOH can also be defined in the same way as the negative logarithm of the

OH ion concentration. Such values generally are not quoted; the pH value of a
solution is used to define the acidity or alkalinity of the solution. However, it is
frequently convenient to use pOH in calculations involving alkaline solutions or
solutions for which the hydroxide ion concentration is known.

pH+pOH = 14 or pOH = 14 -pH

Problem:
Calculate pH and pOH of 5.0 x 1072 M solution of NaOH.
[OH] = 50x10?M
pOH = -log[OH] = -log5.0x 107
= 2-log50 =20-070
= 130

pH+pOH = 14
pH = 14-pOH = 14-130 = 12.70
Thus for a 0.01 M solution of NaOH, the pOH is 2. Since the sum of the
pH and the pOH equals 14, the pH of this solution is 12. '
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Exercise:
What is the pH of a solution for which

[OH]= 0.15M.

Solution:
[OH] = 1.5x10™
log [OH'] = log 1.5+ log 10!
= 02-10=-08
pOH = 0.8 ‘
pH= 14-08 = 132
An alternative solution is

[H][OH] = 1.0x107"
1.0x 107"
[H] = 75007
= 6.7x107"
log [H']= log 6.7 +log 107"
= 0.8-14.0
= -132 )
Thus pH = 13.2.
Exercise:
What is the [H'] of a solution with a pH of 10.6.
Solution:

log[H']= -10.6 = 0.4-11.0
[H'1 = anti-log 0.4 x anti-log (- 11)
H7= 25x107"

It should be kept in mind that pH relates to the power of 10. Hence, a
solution of pH = 1 has a hydronium ion concentration 100 times that of a solution
of pH = 3 (not three times). Furthermore, since the pH is related to a negative
exponent, the lower the pH value, the larger the concentration of hydronium ion.
At pH = 7, a solution is neutral. Solutions with pH below 7 are acidic, those with
pH above 7 are alkaline (Table 7.1).

Measurements of pH:

More common methods frequently used to determine the pH of a solution
are:

1.  Bytheuseofan indicator.

2. Colorimetric method.

3. Potentiometric method.
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1. By the Use of an indicator: The indicators may be used in liquid form or
as indicator papers commonly .called pH papers which are available
commercially. Indicators cannot, however, be used in casc of coloured solutions.

2. Colorimetric Method: A rough determination of acidity or basicity is
made using a pH paper impregnated in solution. Colour is compared with the
standard.

For more accurate determination the colour of a test solution to which a
few drops of indicator are added is compared with standard buffer solutions
containing the same indicator. pH accurate to 0.5 pH can be made. '

3. Potentiometric Method:  The potentiometric method  permits
measurements which are accurate to 0.005 pH unit or better. The electrode
potentials of many redox couples depend on the hydronium ion concentration.

The Nernst equation for the hydrogen electrode at 25°C and 1 atm.

hydrogen pressure is:
1
= £°-00592log T = —0.0592pH
g = & °8 TH,0'] p

The pH of a solution can be determined by measuring in potential of a cell
consisting of a hydrogen electrode combined with a suitable reference electrode,
such as calomel electrode.

Calomel Electrode:
Pt|H: (g, | atom) | H;0" (xM) || KCl (sat) Hg,Cl; | Hg

Where H;O" (xM) represents the solution of unknown hydronium ion
concentration.

The cell potential is given by

ccell = € —€= Eeat0.0592(pH)

e cell — ¢ cal
PH = 7700592

Glass  electrodes  are  more
convenient to measure pH. Ha electrode 1s
easily destroyed due to reaction with acid
or Pt.

Glass Electrode:

A glass electrode consists of
Ag/AgCl electrode immersed in a dilute
HC! solution contained in a thin walled
glass bulb. The glass electrode and calomel
electrode are placed in the solution whose
pH is to be measured and a cell of the

following type is produced. Glass
Membrane

Ag | AgCl | HClag) | Glass || Unknown solution || KClisary | Hg2Clas) | Hg.

(at 25°C).

Ag Wire

HCl

}\gCl
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The observed potential arises from the following:

1. The potential of Ag/AgCl couple.

2. The potential of calomel electrode.

3. The potential between the glass and the HCI solution within the

glass electrode.

4. The junction potential between the calomel clectrode and the

unknown solution.

5. The potential between the glass membrane and the solution of

unknown pH.

For a given cell the first three sources of potential are fixed as constant.
The fourth potential is compensated by adjusting the potentiometer when the
electrodes are immersed in a buffer solution of known pH. Thus the observed
potential will depend only on the pH of an unknown solution. A special glass
which has high affinity for water is used to construct the glass membrane. A pH
meter is shown in Figure 6.1.

INDICATORS:

Indicators are coloured organic compounds that change colour in solution
as the pH of the solution changes. For example, methyl orange is red in solution
of pH below 3.1 and yellow in solutions of pH above 4.5; the colour of this
indicator is a varying mixture of yellow and red in the pH range between 3.1 and
45 Table 6.2 shows different indicators with different colours in acidic and
alkaline media over a varied range of pH.

TABLE 6.2

Indicator Acid colour pH range of colour | alkaline colour
Thymol blue red 1228 vellow
Methyl orange red 3.1—4.5 yellow
Bromcresol green yellow 3.8—55 blue
Methyl red red 42—63 vellow  *
Litmus red 50—8.0 blue
Bromthymol blue yellow 6.0—7.06 blue
Thymol blue yellow 8096 blue
Phenolphthalein colourless 8.3 —10.0 red
Alizarin yellow yellow 10.0 — 12.1 lavender

Indicators are weak acids or weak bases. Since they are intenscly
coloured, only a few drops of a dilute solution of an indicator need be employed
in any determination. In order to know a point at which a reaction is complete, a
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suitable indicator is used which chahges its colour when chemically equivalent
amount of the two reacting substances are present.- The choice of an indicator
depends upon the nature of the reaction under study. There are different types of
indicators used:

1. Acid-Base indicators

2. Redox indicators

3. Precipitation indicators
1. Acid-Base Indicators:

According to Ostwald, an acid-base indicator is a weak organic acid. Let

the symbol Hin stand for the litmus molecule (red) and the symbol In” stand for
the anion (blue) derived from the weak acid, the equation for the litmus
equilibrium may be written as -

Hn —— H' + In°
(red) (blue)
The following equilibrium is established between an ionized and un-
ionized particles. '
= [H ][In"]
T = "[Hin]
According to the principle of Le-Chatelier, increasing the concentration gf
H' shifts the equilibrium to the left, and the red (or acid) colour of Hin is
observed i.e., un-ionized form. On the other hand, addition of OH™ decreases'the
. concentration of H'; the equilibrium shifts to the right, and the blue (or alkaline)
colour of In™ is observed i.e., ionized form. The above relation can be expressed
as
Kin X [Hin} Un-ionized form
= = Kj X :
[In7] lonized form
From this relation it is seen that the colour of the solution depends upon

H . .
the ratio of [Hin] and this ratio depends upon H' or pH of the solution.

[In"]
When two colours are present as in methyl orange, the cologr is. red in
acids and yellow in the basic form. It is not possible for the eye to distinguish }OO
% pure red colour from 95% red plus 5% yellow, and there exists an uncertainty

unless the ratio of [[_ll-%_n_]l is 1 : 10 to distinguish from the basic (In") colour or
10 - 1 to distinguish from acid colour. If the ratio is greater tha}n 1Q, the eye gets
the pure acid colour and if the ratio is less than 0.1 the eye distinguishes the basic

~~lour. So the eye registers the colour between the ratios 10 : 1 and 1:10.

[H'] =

-«
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Now taking the above equation
[Hin] Un-ionized form

[H]= Kix o] ~ Kin X T onized form
_ (In)
or pH = logiyy * PKnn

So pH (basic colour) = pKj,"
pH (acid colour) < pK,™
The colour change interval is
PH = [)I<ln+l
or 2 pH units. This pH range is called the “Transition range” of the
indicator. Within this range, the indicator changes from one colour to the other;
and the change is gradual because it depends upon the ratios of the concentrations
of the two colour forms.
The colour change of an indicator is due to the structural change. For
example, phenolphthalein and methyl orange can be shown as:

Example:

An indicator is a weak acid and the pH range of its colour change is
3.1 to 4.5. If the neutral point of the indicator is in the centre of this pH
range, what is the ionization constant of the indicator?
Solution: : .
The centre of range is formed by averaging the corresponding
concentrations of H', however, when

pH = 3.1
log[H] = =31 =09-40
[H']= 79x10* 0
when pH = 45
log[H']= -45=05-50
[H']= 32x10° e (ii)

To average (i) and (ii), the hydrogen ion concentrations, we must express
both to the same power of 10. Thus
79.0 x107° +3.2x 107

5 = 41x10™"
When [H'] = 41x10°M, K = [H"],
Therefore
K = 41x10™

2. Redox Indicators:
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These are dyes which undergo a reversible change on oxidation or
reduction. They show different colours in the oxidised and reduced states. The
general indicator reaction is

Ind ==—==—== Ind"" + sne
Reduced Oxidised
form form

Where Ind stands for indicator and e for electron, 77 is usually 1 - 2.

An oxidation potential is associated with each redox indicator. For
example, in. the titration of ferrous solution against a standard cerric solution, at
the equivalence point, the potential of the system is shown as:

EOCc;EoFc
Eeqp = 7T 577
1.45-(-0.78
= ~———--§~*--_2 = 1,12 volts.

4

This means that with Ce™ solution used as an oxidising agent, the
indicator should have an oxidation potential approximately 1.12 volts. In the
Table 6.3 are given commonly used redox indicator.

TABLE 6.3
Indicator Colour in Colour in emf
‘ reduced form | Oxidised form
i Diphenylanine Colourless violet -076
2. Dipheny! benzidine Colourless violet -0.76
3 Diphenylamine Sulphonic Colourless Reddish violet - 0.84
Acid (Sodium and Barium
salts)
4. Ferroin Red pale blue -1.14
Nitroferrion Red pale blue - 125

Sometimes oxidising and reducing agents may also serve as their own
indicators; if the reagents are highly coloured and undergo reaction into colourless
compounds. The end point will be observed by the appearance of colour when
even one drop is added in excess e.g., KMnOq added to a reducing solution is
converted into colourless manganous compounds until no reductant is left. One
excess drop will then impart pink colour to the whole solution.

3. Precipitation Indicators:
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There is no suitable indicator for the precipitation reactions. However, the
formation of a coloured precipitate may indicate the end point. For example,
K;CrOQ, is used as an indicator in the titrations of chloride with AgNO3. Similarly,
in Volhard’s method, a soluble coloured compound results for the same
estimation. Ag’ is titrated against KCNS solution. AgCNS (solid) is precipitated.

Ag +CNS ———— AgCNS(q)

When end point is passed, thiocyanate concentration increases so much

that the ion may be detected by its reaction with ferric ion if present.
Fe? +6SCN™ - -3 Fe[SCN)s]™
(coloured)

Ferric alum is used as an indicator in this titration.

Sometimes adsorption indicator can also be used in the precipitation
reactions. For example, fluorescein or dichlorofluorescein can be used effectively
for titration of CI” against Ag". When fluorescein ion is adsorbed on the surface of
the precipitate particles, its structure is changed to form a coloured substance that
coats each particle. It should be remembered that the indicator ion should have a
charge opposite to the ion used for titration. It should not be adsorbed too
strongly. For this purpose dextrin 1s added sometimes.

BUFFERS:

It is sometimes necessary that a solution of a definite pH be prepared and
stored. The preservation of such & solution is even more difficult than its
preparation If the solution comes in contact with the air, it will absorb CO; and
become more acidic. If the solution is stored in a glass bottle, alkaline impurities
leached from the glass may alter the pH Solutions can be maintained close to a
certain value of pH by means of buffers Buffer solutions are capable of
maintaining their pH at some fairly constant value even when small amounts of
the acid or base are added. Thus “A buffer solution is one that tends 1o maintain
its pI{ when an acid or alkali is added to it.” The buffer solution resists changes
in pH when small amounts of acids and bases are added.

A buffer solution usually consists of a weakly dissociating acid and the
salt of that acid or a weak base and its salt. For example, NaHCO,/H,COs, and

NaH,PO4/H;PO,. Suppose HCI is added to a buffer system containing NaHCO3
and H,COs3. The following reaction will take place.
NaHCO; + HCl —————— H;CO; + NaCl

Thus HC! which is a strong acid and is expected to raise the H' ion
concentration reacts with a base to yield H,CO; (a weak acid due to an incomplete
dissociation); and a neutral salt, NaCl, with the result that provided HCI is not
added in very large amounts there would be only a little change in the original pH
of the buffer solution.
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In the same way, if NaOH is added to this buffer solution it reacts with the

H,CO; as follows:
NaOH + H,CO3 —————— NaHCO; + H,0

Since NaHCO; is a much weaker base than NaOH, the resulting rise in pH
will be quite small.

A solution containing a weak base ¢.g., NH;OH and its salt NH4Cl can
also act as a buffer.

Consider an acetic acid-acetate buffer.

HOAc =——> OAC +H'

_ [H'][O0Ac] ' oy [ HOACc ]
Ka= [AcOH | or [H'] = Ka[OAc']

Taking logarithm of each side

B 1 eo _ [ HOAc |
log[H ] log Ka - log [OAC ]
_ [OAc ]
pH = pKa+log [ HOAC ]

_ i [ Salt ]
or pH=pKa+log [ Acid ]

This is called Handerson-Hazelback equation.

Applications of Buffers:

The use of buffers is an important part of many industrial processes.
Examples are electroplating and the manufacture of leather, photographic
materials and dyes.

In bacteriological research, culture media are generally buffered to
maintain the pH required for the growth &f the bacteria being studied

Buffers are used extensively in analytical chemistry and are used to'~
calibrate pH. Human blood is buffered to a pH of 7.4 by means of bicarbonate,
phosphate and complex protein systems. For human body to function normally,
the blood pH must stay within the range 7.35 to 7.45. If the pH of a person’s
blood drops below 7 35, one is said to have.acidosis or low blood pH. It can cause
disorientation and coma. An anxiety attatk or hysteria can cause a person to
breathe rapidly. Under these conditions, the blood pH may rise to 7.6 or 7.7
within minutes, resulting in alkalosis which causes vomiting, Common buffers
with their pH values are:

Buffer pH Buffer ' pH

NH., NH; 9 CH,COOH, CH;C00~ 35
H,PO;, HPO? 7 '
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Tty

Example: o
A buffer solution contains 1 mole per litre each of acetic acid and
sodium acetate. Find the pH.
Solution: * :
The equilibriumh in a.buffer containing sodium acetate and acetic acid is

given by !
K = [H ][ OAc ]

[ HOAc ]
“Since most of the OAc™ ion is provided by the NaOAc, we can write,
[H"][salt] ‘
K = :
[ acid ] ;

+ [ acid ]
oo [H'] = Kx [2‘:“]

1
Thus [H'] 1.8x107° 7 = 18x10°M

it

—log (1.8 x 107%)
—(0.26 - 5) = 4.74.

or pH

Example:
How many moles of sodium acetate must be added to 1 litre of 0.2 M
HOAC solution to make buffer of pH 5.

Solution:

. _s [acid]
[H'] = 18x107x 70

Since we specify a pH of 5, [H" ] =107 M.
Substituting this, we get

10° = 18x10°L2cdl
[ salt]

Solving we get
[salt] 1.8x107°

[acd] -~ 10° L%
Since the concentration of acid is 0.2 M.
Therefore,

[salt]= 18x02 = 036M

Since we have a litre of solution, we add 0.36 mole NaOAc to obtain a
salt concentration of 0.36 M.
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What is pH of a solution of 0.400 M formic acid and 1.00 M sodium
formate.

HCOOH + H,0 === H;0’ + HCOO"
[ H:0" ][ HCOO™ ]

Ka = [HCOOH ] = 177 x10™
[HCOO ] = MHCOO™ = 100
[HCOOH]= MHCOOH = 0400
R _4 0.400 L s
[H;0']1= 1.77x< 10" x 100 = 708 x 10

pH = log (7.08 x 107°) = 4.12
Effect of Dilution:
pH of the buffer solution remains essentially independent of dilution until
concentration is decreased beyond a limit.
Example:
Calculate pH of the buffer of HCOOH and HCOONa with pH = 4.15,
if solution is diluted to (a) 50 times (b) 10,000 times (HCOOH is 0.400 M and

HCOONa solution is 1.00 M; Ka = 1.77 x 10'4).

Solution:
()  Ondilution to 50 ml., MHCOOH = 9—5‘%)9 = 8.00 x 107
M HCOONa = %%9 = 200x 1072
Ku - [H;0' ][ HCOO™ ]
[ HCOOH ]
[ H,0" ] x2.00 x 107 |77 %107

8 00 x10™
[H:0'] = 708x107
pH= —log[H;0"] = —log7.08 x 107 = 4.15.

(b) Upon dilution to a factor of 10,000,
0.400

MHCOOH = 15000 = 4.00x 107
1.00 )
MHCOONa = 17500 = 1.00x 107
* , 107 .
[H“OM])OXXI ?g_f —177x10™
[H;0']= 236107
pH = 463

The pH remains within the range.
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Addition of Acids and Bases to Buif :s:

The resiotoce ol bi Ter muxtures to pH changes from added acids or bases
is conveniently illustrated

Calculate pH change that takes place when 100 ml of (a) 0.0500 M NaOH

and (b) 0.05 M HCI are added to 400 ml of a buffer solution that is 0.200 M in
NHj; and 0.300 M ir NH,Cl.

NH; + 11,0 NH; + OH "~
[NH3] = 0200M
[NH;] = 0.300M
« = [NHi][OH]
[ NH; ]
_ [0300][OH"] _ .
K = 5300 = 176x 10

pH = 14.00-(-log 1.17 x 107°) = 9.07.
(a) Addition of NaOH converts part of NH, in the buffer to NH3

NH4 +OH~ &—=——— NH; + H,0
400 x 0.200 + 100 x 0.05

M NH; = <00 = 0.170
400 % 0.300 + 100 x 0.05
M NH,Cl = 50 E = 0.230
< [.76 x 1077 x 0.170
rony = S MANH 176 = = 130 %107
- M NH, 0230
pH = 1400i-log 130 x 10675 = 911

ChangeinpH = 9.11 - 9.07 = 0.04.
(b) Addition of HCI converts part of NH; to NH,

NH; + H;0" NH; + H,0

M NH, = 400 x 0.2 -5-01000 x 0005 _ 0.150

MNH = 400 x 0,30202100 x005

[OH ] = 176 x 107 x 8;28 = 1.06 x 107
pH = 14.00 (~log 1.06 x 197%) = 9.02

ChangeinpH = 9.02 -9.07 = -0.05.



192 INORGANIC CHEMISTRY

Buffer Capacity:

The ability of a buffer to prevent significant change in pH is directly
related to the total concentration of the buffering species as well as their .
concentration ratios.

The buffer capacity of a solution is defined as the number of equivalents
of strong acid or base needed to cause 1.00 / of the buffer to undergo 1.00 unit
change in pH. The buffer- tapmtyﬂ's;depeﬂéeﬂk&?%wthe concentration of
conjugated acid-base pair. ‘ o
SOFT AND HARD ACID AND BASE CONCEPT (SHAB):

Principle:

In order to understand the Soft and Hard Acid-Base concept, it is essential
to know the meanings of Lewis Acids and Lewis Bases. A Lewis base is a lone
pair electron donor and a Lewis acid is a lone pair electron acceptor.

When a Lewis acid (E) combines with a Lewis base (N), a chemical bond
results e.g., '

E+ N —— E:N or E«——N

When a pair of electrons is held by a & bond between two different atoms
which differ widely in size, electronegativity etc., the bonding pair will be held
more tightly to one core than to the other. A bond of this type is generally highly
polar and relatively labile and is referred to as coordinate bond.

When the rates of reactions are considered, the Lewis acids are called
Llectrophiles and Lewis bases are known as Nucleophiles. The Lewis acids
include most of the cations while the Lewis bascs are mostly the anions and
neutral spacies. If we break -#n organic molecule conceptually, we see that it is
also a combination of Lewis acid and a Lewis base e.g., C;HsOH, where C,Hs" is
a Lewis acid and OH ™ is a T.ewis base. Hence all carbonium ions (although may
not exist freely) are considered to act as Lewis acids (Electrophiles), since they
contain such a structure which can accept a pair of electrons from the Lewis base.
Similarly, OH ™ ions act as Lewis base (Nucleophile).

Classification of Acceptor and Donor Atoms and Ions:

In 1958, Chatt and Coworkers divided Lewis Acids (acceptor molecules
and ions) into two classes.
Class (a):

Those Lewis acids which form their most stable complexes with the first
member of Group V, VI & VII in the Periodic Table i.e., N, O, F (which act as
donor atoms or ligands).

Class (b):

atoms (ligands) of the subsequent elements of these groups i.e., P, S, Br, etc.

»

Those Lewis acids which form their most stable complexes with the donor
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The donor atoms and ions (Lewis Bases) were classified on the basis of
electronic affinity, coordinating ability, effective charge, ionic size and
polarization considerations.

The electron affinity sequences of various groups of electron pair donor
atoms and ions (ligands) with respect to the class (a) and class (b) electron pair
acceptors (Lewis acids) is®givén below:

Class (a) h Class“(b)
F >> Cl > Br>1 F<<Cl<Br<lI
O >> S > 8e >Te O << § ~ Se ~Te
N > P > As > Sb N <<P>As >Sb

It is observed that greater the values of electron affinities between donor-
acceptor atoms or tons greater will be their coordinating affinities. Thus, in
general more stable complexes of donor atoms i.e.,, F, O, N, etc., will be formed
with class (a) acceptors and class (b) acceptors (Lewis Acids) will form less stable
complexes with F, O, N in their respective oxidation states. Polarization of the
donors (ligands) by the acceptor also plays an important role in determining the
stabilities of the complexes. .

Based on the polarization considerations, Pearson introduced the-idea of
" HARD and SOFT.acids and bases. According to him, the Lewis bases (ligands)
which are more polarizable are ‘Soft’, and those which are less polarizable are
‘Hard’. For example, the atoms F, O, and N are the hardest Lewis bases. Hence,
Pearson’s concept of Hard and Soft acids and bases is in close agreement with
class (a) and (b) acceptors given by Chatt and Coworkers, Class (a) refers to hard
acids and class (b) to soft acids’

Pearson, based on the concept of polarizability, divided the Lewis acids
and bases as defined below:

Hard Bases: .

The donor atoms of low polarizabilities, high electronegativities and
associated with empty orbitals of high energy are classed as hard bases. They are
hard to oxidise.

Soft Bases: .

The donor atdms of high polarizabilities, low electronegativities and

associated with empty orbitals of low energy are termed as soft bases. They are

easy to oxidize.
Hard Acids: ‘

These are acceptor atoms of high positive charge, small size and do not
have outer electrons which can be easily excited.
Soft Acids: ‘

These are acceptor atoms of low positive charge, large size and have
several outer electrons which can be easily excited.

Based on these considerations, Pearson classified the Lewis acids and

Lewis bases as hard and soft as given below:

[y
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Classification of Lewis Bases:
Hard

H,0, OH™, F~
CH;CO;, PO;, SO;
Cl™, CO;%, ClO;, NO;

NHs, RNH,, NaHy
Border line

Soft
R;S, RSH, RS~

", SCN~, S;05°
R;P, R3As, (RO)3P
C,Ha, Coltg, H™, R™

CoHsNH, CsHsN, N;, Br, NO3, SO37, N

Classification of Lewis Aci¢
Hard

H' Li", Na", K"

Be'2, Mg'?, Ca™, Sr'

Mn*?

Al 8¢, Ga, In", La"”

N7 1 Gd? e

Cr?. Co™, Fe”, As™ CH;Sn”
Si™ Tit, ze™ T U

pu't, Ce™ Hf™ WO™ Sn™
UO;% (CH3),Sn™?, VO™, MoO™
_ BeMes, BE3, BIOR)3

Al(CHs)s, AICh, AlH;

RPO,, ROPO,

RSO, ROSO;, SOs,

1710 e, et

RCO', CO,, NC'

HX (hydrogen bonding molecules)

Soft

Cu', Ag', Au’, TI', Hg'

pd*?, Cd*?, Pt He'?
CH3Hg', Co(CN);’, Pb™, Te"™
Te", TI(CHs)s, BH3, Ga(CHa)s
GaCls, Gals, InCls

RS RSe', RTe"

' Br', HO', RO’

I, Bry, ICN etc.
trinitrobenzene, etc.

chloranii, quinones cte.

tetra cyanoethyiene etc.

O, Cl, Br, I, N, RO, RO,

M’ (metal atoms)

bulk metals

CH,, carbenes.

Border Line

Fe'2, Co Ni'2, Cu'®, Zn'%, Pb™?, Sn™, b, Bi”,
RO, Ir'2, B(CHa)s, SO2, NO', Ru'?, 0s™, RC', CgHs
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The trend of soft and hard acids and bases in the Periodic Table is given

below:
Most ofien scen as Lewis bases
H Borderiine 1ard
22 bases bases
1i Be . . . B N (8] I
098 1.57 Hard acids Soft acids 2.04
ON.;;% }Mng Borderline acids Iﬁll

K Ca Sc Ti \ Cr Mn Fe(+d) Co(*3) Ni éq\g(}‘l)' Zn Ga
082 1.00 136 1.54 163 1.66 155 1.4 1.88 1.95 EI0%E 1.65 1.81
: ¢n (D

2.01

Pb S Y Zr Nb Mo Tt Rug;
082 095 122 133 16 2167 197 22

In(+3) Sn(+4)
178 196

Cs Ba Lu Hf Ta w Re Os

I Bi
0.79 0.89 1.27 1.3 L5 2367 197 22 2.02
Fr Ra
0.7 09
Borderline acids
La Ce Pr Nd Pm  Sm Eu Gd- Tb Dy ‘Ho Er Tm Yb
1.10 112 1.13 1.14 1.17 120 122 .25 124 1.25

Ac Th  Pa U Np Pu Am Cm Bk Ct Es Fm Md No
1.1 1.3 1.5 138 136 128 I3 13 13 13 13 1.3 13 13
Hard acids

Consider a displacement reaction: .
CH;OH+HS™ ——— CH3SH+ OH"™
CHsF + 17 ey CH3I+F .

CH, prefers HS™ in the first reaction and prefers I in the second reaction.

It means that CH; is soft acid. The general conclusion is that the meihyl
carbonium ion is fairly soft but not as extremely soft as CH;Hg".

If we arrange the donor atoms of the most common bases in the order of
an increasing electronegativity, we will have As, P < C, Se, S, I <Br <N, Cl1 O <
F. Soft Lewis Acids will form more stable complexes with donor at> 1s of low
electronegativities, and Hard Lewis A 1's will f>ri0 more stal'c compiexes with
donor atoms of hia. :lec. onegativities. Hence a simple rule can be framed which
states that: '

“Hard a :ids prefer to combine with Hara Bases and Soft Acids prefer to
combine with Soft Bases.”

This is known as the principle of Soft and Hard Acids and Bases (SHAB).
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Common Features of Hard and Soft Acid:

1. The hard acids coordinate to various donors mainly by the electrostatic
interactions existing between charges of the opposite signs. The higher the
charge and the smaller the radius of the acceptor and of the donor atom to
be coordinated, the stronger are generally the complexes formed e.g.,
Be'2, Al Ti** prefer donor atoms like F, O, N. Acids termed soft have
opposite behaviour.

2. The coordination of uncharged ligands (soft bases) such as CO,
olefines, acctylenes and aromatic hydrocarbons is preferred with soft acids
(transition metals in low oxidation states).

3. The rates of nucleophilic displacements depend much on polarizability.

4. Solvents tend to bring out class (b) (soft) character for acids compared to
the gas phase.

Common Features of Hard and Soft Bases:

1. The hard or soft base character is based on the polarizability of the donor
atom or ion. The more polarizable is the donor, the most soft character it
has. A decrease in electronegativity will increase the polarizability and
consequently a stronger tendency to form a covalent bond.

2. Besides a high polarizability, a ligand must possess empty orbitals on
suitable energy levels to accommodate the d electrons from the acceptors.
The more available these orbitals, the softer the ligand.

3. Extreme softness is connected with the presence of p-orbitals of
particularly favourable energy

4. The soft ligands like the hard ligands tend to flock together.

APPLICATIONS OF SOFT AND HARD ACIDS AND BASES (SHAB):
Although the principle of SHAB is qualitative in nature, yet it can be

useful to provide some information about the chemical reactions. The various

applications can be enumerated briefly as below:

I. Stabiiity of the complexes: Consider two complexes for comparison e.g.,

sulpheny! iodide (R S I) which is stable and sulphenyl fluoride which is unstable.

The reason is that RS is a soft acid. Iodide is also a soft base and has large size,

whereas the fluoride ion is a hard base and has smal! size, therefore a soft

combination ie, R S I would give a stable complex than the soft-hard
combination according to the SHAB principle.

Another example is that BH;CO is a stable complex but BF3;CO is not
known. Since CO is a typical soft base and soft BH; group holds strongly the soft
CO group, BH;CO is stable. On the other hand, BFs is a typical hard acid and CoO
is a typical soft base. So the complex BF3CO cannot be stable according to the
SHAB rule. BF; can form stable complexes like BF;. NR; or BF; . OR, a hard-
hard combination. :

2. Prediction of Reaction Rates: The principle is also useful in predicting

the rates of many chemical reactions e.g., electrophilic or acid substitution

reactions and nucleophilic or base substitution reactions. In such cases the rates of
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the reactions depend upon the hard or soft character of the various acid and base
centres.

Consider a reaction,

X +A Y —— AX +Y

If A is a hard centre, then hard base X~ will react fast, if A is a soft centre,
then soft bases X~ will react fast.

In the case of esters and ketones, CH;CO" is the hard centre. So it is found
that the hard bases attack this group rapldly i.e., ester hydrolysis.

Similarly, rates of nucleophilic substitution can be predicted e.g,
isopropyl bromide i — C;H;Br has three different acidic sites or electrophilic
centres. These sites are CHs, CH, carbon atom and the bromine atom regarded as
Br. It is seen that the behaviour of i — C3H7Br towards a hard base such a OH™ is
quite different from that towards a soft base such as malonic ester anion, even
though both OH™ and (C,Hs OOC); CH™ are bases of very similar strength.

3. Choice of Catalysts: Consider the reaction of the type
X +A'B —> X" B+ A
Y +A'B —> A:Y +B

The choice of the hard or soft acid or base catalyst is dictated by the hard
or soft nature of Acid or Base. In the case of first reaction a basic catalyst is used
which binds X effectively to speed up the rate of reaction. Similarly, in the second
case, an acid catalyst is used which binds Y effectively.

4. Biological Applicziions: Most of the hard acids and bases are not
poisons, while most of uiv soft acidg and bases are poisons to the living
organisms. This poisoning " - g zhi about by the formation of complexes with
the soft bases and acids thav «.c - ~sent in small amounts in the bodies e.g., the
heavier elements and sulphi. : ~ups. The substances that are poisonous
heterogenous catalysts are also ;< one for the living things. Carbon monoxide is
a poisonous gas because it is soft aac .eacts readily with iron of the haemoglobin
in the blood.
S. Prediction of the sign of AH: The principle of soft and hard acids and
bases (SHAB) may be used to predict the sign of AH for reactions of the type
AB+CD = AD+CB
6. Symbiosis: According to Jorgenson, soft ligands or bases tend to flock
together on a central metal atom, and hard ligands tend to flock together This
mutual stabilizing effect is called the symbiosis.

Generally the piling up soft bases on an acceptor atom makes it soft and
piling up hard bases on an acceptor atom makes it hard, e.g., BF; is a hard acid
and BH3 is a soft acid. In both the compounds, boron is in plus (+) three oxidation
state but different behaviour is noted in the above two compounds. The presence
of hard fluoride ion in BF; makes it easy to add other hard bases. The hard F~ is
largely ionic and forms complex with BF; to give BF,.

7. Thermodynamic Stabilities of the Compounds: The concept of SHAB
may be used to rationalize the thermodynamxc stabilities of many kinds of organic
molecules. Consider a gas phase reactjon,

CH;OHp + HBy === CH;B(, + H:0




1¢3 INORGANIC CHEMISTRY

In the above reactio CHj prefers the sott base and H' prefers tne hard

basc e.g. OH™. H'is intrinsically a much stronger acid than CHj.
It has been founa :hat the equilibrium constants are quite high for the soft

bases such as CH3, I7. CH3S™. For hard bases such as CH-O™ and C¢HsO™, the

equilibrium constant ¢ much smaller and for F~ ion, the e uiibrium constant is
less than unity. The equilibrium constants in order of decreacing, softness are ar
follows:

H- > CN~ > CH,COCHj; > CH; > 17 > SH™ > Br > Cl”

. > ONO~ > NH,; > CH;0™ > F~

8. Solubility of Halides: Wter is a hard Lewis base with -oxygen denor |
a -nand a hard Lewvis oc'd widhi 1. arogea atom.

The ionic reaction of Ag' and CI” in aqueous solution with silver chloride

precipitation reaction can be written as:
ClI™: H,0+ Ag+ - OH, ﬁ A"Cl(s) + H,0: H,0

The HSAB prirciple favours the producis. The soft Ag in the reactant is
coordin ed by hard ox,gen donor atoms of water molecules. Likewise, Cl™ in
aqueous solution are 1 the form of [CI(H20),]” which is a combination of CI', a
borderline base and H of H,O which is a hard acid. So the . action will proceed
in the forward dirction to get soft acid-borderline base combination Ag €1~
which being insoluble in water appears as precipitate. We can pred: .- the . the
chlorides, bromides and iodides of the soft acids ¢.g; Ag’, Hg', pb?* pd*T, Pt
are insoluble. Similarly pseudohalides e.g, $* Se¢? form insoluble salts with the
s~ and borderline acids e.g; Ag', Hg'" etc.
9. The Qualitative Scheme for Metal lons: During your practical work,
you may have spen: many weeks in laboratory learning to separate and identify
the metal 1ons present in a solution. via the qualitative analysis scheme for the
cations. The meta! ions corimonly present are first separated into six groups.

Group I Cations: = Precipitated with dil. (0.3 M) HCI

Group I Cations:  Precipitated with H,S from acidic soltion

Group III Cations: Precipitated with NH,4Cl and NH,Oh

Group 1V Cations: Precipitated with H,S from basic solution

G-oup V Cations:  Precipitated with (NH,),CO5 from basic solu..on

Group VI Cations:  Those which remain in aqueous solution

The cations of Group 1 scheme ie, Ay , Hg' Pb?" are soft aci  Thesc
netal ions combine with borderline base, the chlc ide ion, to give insoluble chlorides.

The group reagent, H,S for Group II metal ions is a soft and stronger base
than the chlode in. So it combines with these metal ions to give insoluble

“sulphides. Had the .ations of Group I not removed ~ith CI, these ~ould also

have precipitated by H,S in acidic solution.

The Grouv III involves cations, 1.¢ ne?t AP, r’’ which are hard acids

and would prefe. to combine with OH , a hard base to give insoluble hydroxides.
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The Group IV cations, i.e; Co?*, Ni**, Zn** are borderline acids which will
be able to combine with soft S* to form insoluble sulphides from basic solution.

The Group V cations are mild hard acids, i Ba2+, Sr** and are
precipitated with moderately basic carbonate ions.

Questions

1. Discuss Arrhenius concept of acids and bases. What are the drawbacks of
this theory?
2. What are acids and bases according to Lowry Bronsted concept? Explain
: the terms conjugate acids and bases.
3. ‘Lewis theory of acids and bases is a more generalised concept than the
previous concepts’. Comment upon this statement.
4. What are the modem theories of acids and bases? Discuss with suitable
examples. :
5. Write a critical review on Soft and Hard Acid-Base concept.
6. (a) Define the following giving suitable examples:
(1) Soft acid (i) Soft base
(i) Hard acid (iv)Hard base

(b) Discuss principles underlying soft and hard acid-base concept.
(c) Describe the characteristic features of soft and hard acids and bases.

7. How is the soft and hard acid-base concept applied to explain the various
chemical phenomena and reaction kinetics?

8. Arrange the following in order of increasing acidities giving reasons:

HCI, H,S04, HCIO4, CH3COOH, H,COs3, Cl;C COOH

9. An acid dissociates according to the equation HA =——— H' + A" A
one-molar solution of the acid is 1 per cent ionized. What is the value of
Ka? Ans. 0.0001

10. The ionization of one-molar solution of HCN is 0.0%0 per cent at 18°C.
Calculate Ka. Ans. 1.0x 107

11. A one-molar solution of HC1 is about 92 per cent ionized at room

temperature. Calculate Ka for HCIL
12. A solution containing 0.275 g of NaOH requires 35.5 ml. of HCI for

neutralization. What is the normality of HCI? Ans. 0.19N
13. What will be the pH of 0.1 N solution of NaOH assuming it to be
completely dissociated? Ans, pH = 13

14. What is the pH of 0.2 mole HCl added to 1 litre of the buffer of acetic acid
and sodium acetate.
pH = 4.57

15. You have a buffer solution that contains 1 mole NH4Cl and 1 mole
NH,OH per litre.
(a) Calculate the pH of this solution. '
(b) Calculate the pH of the solution after the addition of 0.1 mole of
solid NaOH to a litre.
(c) Calculate the pH of this solution after the addition of 0.1 mole HCI
gas to a separate 1 litre portion of the buffer.

X
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(d) Calculate the pH of a solution made by adding 0.1 mole HCI gas to
100 ml H,O. Ans. (a) 9.26 (b)9.34 (c)9.17 (d) 14
16. What is the pH of a solution containing 0.050 MH" ions? Ans. pH = 1.3
17. Given a pH 2.19, find [ H* ] ion concentration.

18. Give the correct answer:
(i) A baseis a substance which contains:
(a) H;0" ions (b) OH groups
(c) COsions (d) NHsgroup (Ans:b)
(ii) A base is a substance which accepts:
(a) anelectron (b) aproton
(c) aneutron (d) a positron (Ans: b)
(i) An acid is a species which donates or tends to donate:
(a) aproton (b) anelectron
(c¢) aneutron (d) apositron (Ans: a)
(iv) One of the following is an acid:
(a) OH~ (b) NH;
(c) HCO; (d) s* (Ans: ¢)
(v) One of the following is a base:
@ HO0 ® ST |
(c) NH4 | (d) HSO; (Ans: b)
(vi) One of the following is a Lewis base:
(a) BF3 (b) NH:;
(c¢) AICh d) CO, (Ans: b)
(vii) One of the following is a Lewis acid:
(a) H:0 (b) NH;
(¢ H d Cr (Ans: ¢)
(viii) pH range of methyl orange indicator is:
- (@ 12-22 () 12-28
() 3.1-45 (d) 50-80 (Ans: ¢)
(ix) Lewis acid is also called: C
(a) electrophile (b) nucleophile
(c) electrolyte (d) non-electrolyte(Ans: a)
(x) One of the following is a hard acid:
() H' (b)y Hg'
) Pt @ Ag' (Ans: a)
(xi) One of the following is a soft base:
i (d) H0 (b) Ca™ .
' ) S:07 H (Ans: )

| (d)
X6 KX



THEORETICAL
PRINCIPLES OF
INORGANIC ANALYSIS
AND EVALUATION OF
ANALYTICAL DATA

THE LAW OF MASS ACTION:

This law was put forward by Cato Guldberg and Peter Waage in 1864. It
states that “at constant temperature, the rate at which a substance reacts is
proportional to its active mass or active concentration and the rate of a
chemical reaction is proportional to the product of the active masses of the
reacting substances.” For example, :

Consider a general reaction

A+B &=/ C+D .

Let [A], [B], [C] and [D] be the active .masses (the active molecular
concentrations) of A, B, C and D, respectively at the equilibrium point.

Rate of combination of A and B o [A] x [B]

Rate of forward reaction =K, [A] x [B]
where K; is called the velocity constant and would be the rate of reaction when
[A] and [B] are both equal to one. ” /

7 Similarly, the rate of formation of C and D a [C] x [D]
or  Rate of backward reaction =X, [C] x [D]
At equilibrium point,
Rate of forward reaction = Rate ofififickward reaction

K: [A] x[B] = K;[C]x[D] |
{‘%—z—% = % = K. (at constant temperature)

where K, is called the equilibrium constant.
201
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It may vary a little with temperature or pressure. The expression for

equilibrium constant can be generalized by considering a general reaction

aA+ BB +¢cC+ oreeer = pP+qQ+ R+

Thus K. is given by the expression

[PY [Q) [R) x -+
[A]" [B [C]" x -+

APPLICATIONS OF THE LAW OF MASS ACTION:

The law of mass action can be applied to:

(a) the dissociation of weak electrolytes.

(b) the solubility of a sparingly soluble salt.
(a) The Dissociation of Weak Electrolytes:

A substance which ionizes to a very small extent is called a weak
electrolyte.

Consider 1 gm mole of a weak binary electrolyte “AB” dissolved in “V”
litres of solution. Let x be its degree of dissociation.

K€=

1 mole 0 mole 0 mole
AB —_ At + B
(1 — x) moles x moles x moles

The concentration at equilibrium will be:

(A'] = %
(5] = %
[AB]= 1\—/x

‘ L . 1-x
Hence the rate of ionization1s o T
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At equilibrium the rate of ionization and combination are equal.

le 1vx= Kz%X"\x;
x x
vV K
or 1—x=K2=K_
\"
2
or (- x)V—K

The “K” is called the dissociation constant and the equation representing
the variation of degree of dissociation with dilution is called Ostwald'’s dilution
law.

In case of weak electrolytes the value of “x” is very small as compared
with 1 and hence it is negligible and ignored in the denominator of the above
expression.

Thus

X K or x* = KV
1 x :

or x =KV o x aV

In other words, the degree of dissociation for weak electrolytes is
proportional to the square root of dilution.
(b) The Solubility of a Sparingly Soluble Salt (Solubility Product):

The law oﬁmass action can also be applied to the study of the solubility of
sparingly soluble salt.

Consider a sparingly soluble salt BA present in the solid phase in
equilibrium " with its saturated solution in water. The equilibrium can be
represented as, ‘

BA ———— BA ——— B' + A~

<

Solid ‘ Dissolved
The dissolved portion in solution dissociates and constitutes an ionic
equilibrium.
K = .[B_+]_T£l
[BA]
Where [B'] = Active mass or concentration of B

[A] = Active mass or concentration of A~
[BA] = Active mass or concentration of BA
and K is the equilibrium constant.
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As the salt is sparingly soluble, the concentration of [BA] does not change

much. It is thus considered to be constant. Thus
K = [B']x[A7] = Constant = Kg

where Ks is called solubili<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>