


CHEMISTRY

THE Core CoNCEPTS

Apago PDF Enhancer
Glenn \I. Lo
Michael A. Janusa

PPPPPPPPPPPPPPPPPPPPP



Kona Publishing and Media Group
Higher Education Division
Charlotte, North Carolina

Cover Design and Typesetting: diacriTech
Copyright © 2010 by Kona Publishing and Media Group

All rights reserved. No part of this publication can be reproduced or transmitted in any form or
by any means, electronic or mechanical, including photography, or any informational storage and
retrieval system, without permission from the publisher.

All names of teachers, teacher learners, students and places are pseudonyms or are used with
permission. Teacher and student work samples are used with permission.

Every effort has been macfeA\p @Qche Egplli;ght IEIELQ@' gaghgsron to reprint borrowed

material. We regret any oversights that may have occurred and will rectify them in future printings
of this work.

ISBN: 978-1-935987-01-7
Library of Congress Control Number:



ABOUT THIS E-TEXT

This textbook is an attempt to provide a rigorous but learner-friendly introduction to Chemistry.

This textbook should serve the needs of science and non-science majors alike.

1.

the very first concepts are defined in simple terms that even someone with a minimal
background in science can understand

the order of presentation of topics is meticulously chosen so that sufficient back-
ground has been provided by the time each new concept is introduced

examples are immediately provided to illustrate and/or apply each new concept
“test yourself” questions provide additional reinforcement

useful physics and math background/review, often relegated to appendices in typical
textbooks, are integrated into the development of the topics

A companion website (i-assign.com) provides:

a. links to videos explaining answers to “test yourself” questions

b. study tips and links to useful and entertaining web resources

c. additional study questions that can be assigned as computer-graded homework.

For alternative sequencing of topics (for a typical first-semester course), it is useful to organize the
chapters into the following learning units:

Unit 1: IntroductoAM@(CprF En h ancer

Unit 2: Atomic and Molecular Structure and Properties (Ch. 9-16)
Unit 3: Counting Atoms, Molecules, and Ions (Ch. 17-20)

Unit 4: Reactions in Aqueous Solutions (Ch. 21)

Unit 5: Molarity and solution stoichiometry (Ch. 22)

Unit 6: Ideal gas behavior and gas stoichiometry (Ch. 23-26)
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Units 2, 3, and 4 may be covered in any order after Unit 1. Units 3 and 4 must be covered before
Unit 5. Unit 3 must be covered before Unit 6 or 8. Units 2 and 6 must be covered before Unit 7.
Units 5 and 6 must be covered before Unit 9.

The companion website, i-Assign.com, is a web-based homework delivery and collection system,
as well as a test bank authoring system and test generator. The automation afforded by i-Assign
reduces a teacher’s workload while providing the following benefits.

1.

AN A

By setting periodic deadlines for graded homework, teachers are able to encourage students to
study on a regular basis and focus on a manageable amount of material.

Teachers can set up practice homework to give students more opportunities for mastery.
Homework and test individualization minimizes cheating.

Teachers can add their own questions.

Multiple versions of a test, which can be printed or delivered online, can be easily generated.
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What is Chemistry?
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Science

Chemistry is a science, so we begin by defining science. Science is a study that seeks to
understand something based on empirical (or factual) information. Major ideas in science
are consistent with unbiased and verifiable facts; they are not mere opinions. A more
thorough way of defining science is to describe what scientists do. Scientists:

¢ conduct research to acquire knowledge or solve problems.
e summarize knowledge into laws and theories.
e disseminate knowledge.

scientific A&HG, PDF Enhancer

Scientists engage in research to acquire knowledge. In doing so, they follow a procedure
called the Scientific Method. It involves the following:

Formulating the question or problem.

Formulating a hypothesis.

Conducting experiments to test a hypothesis.

¢ Analyzing experimental results and making a conclusion.

A hypothesis is a tentative answer to a question or problem and is defined as an
educated guess. What makes it educated? A scientist tries to find out as much of what
is known or related to the problem before making a hypothesis. This is done by reading
scientific publications (the scientific literature), making observations, and relating the
observations to what is already known from experience. Observations or data are factual
information based on what is sensed (seen, touched, heard, tasted, smelled) or measured.

A hypothesis must be testable. It is tested by doing an experiment. Observations
made or data collected in an experiment should be reproducible. Performing replicate
measurements (multiple trials) is standard procedure in scientific work. Things that
could affect the outcome of an experiment are called variables. A common type of
research attempts to establish relationships between two variables. In this case, a series of



experiments is performed where one variable (the independent variable) is deliberately
chosen as another variable is measured (dependent variable). When doing this type of
research, it is important to try to identify all the other possible independent variables and
hold all of those variables constant.

The analysis of experimental results should attempt to determine if they support the
hypothesis. The experimental results may be inconsistent with the hypothesis and lead
one to a conclusion that the hypothesis needs to be rejected or revised. If the hypothesis is
revised, further experiments obviously need to be done.

Example

A patient comes into a doctor’s office with an illness. The first
guestion that a doctor might try to answer is “what is the illness”.
(a) What would the doctor have to do to formulate a
hypothesis?
(b) Suppose the doctor’s hypothesis is that the illness is some-
thing due to a certain type of bacteria. What experiment
could be done to test the hypothesis?

Answers:

(a) The doctor could examine the symptoms (patient’'s tempera-
ture, rashes, etc.) and ask the patient about other symptoms,
previous illnesses, medication the patient may be currently taking,
etc. The doctor could then relate the information to what he has
learned from medical school and his experiences with previous
patients. The doctor could also refer to medical publications.

(b) There may be established laboratory procedures for detecting
the presence of the bacteria in a blood or urine sample. If the test
turns out to be negative, then the doctor will have to come up
with another hypothesis.

Disseminating Knowledge

Sharing of information is important for the advancement of knowledge. Once a scientist
reaches a conclusion about a novel problem that others could find useful, it is important
that the information be disseminated. One way this is done is by writing a paper that
describes the work. The paper should not only present the results, but should also describe
the procedures in sufficient detail so that other scientists can duplicate the experiments
and verify the results. The paper is then submitted for publication in scientific journals.
Reputable journals use a peer review process; articles submitted for publication are sent to
other scientists to examine for reliability.
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Laws and Theories

Organizing and summarizing information are important for the advancement of knowl-
edge. Scientists do these by formulating laws and theories.

A pattern tends to emerge when numerous related observations are examined.
A statement that summarizes the pattern is called a law (of nature). For example, the state-
ment “heat naturally flows from a hot object to a colder one” is a law of nature. For us to
be able to say that this is a law, we must have made this observation numerous times. Laws
generally have no known exceptions at the time they are formulated. Over time, excep-
tions might be found, but it is customary to still refer to the original statement as a law.
Oftentimes, the statement of a law specifies exceptions; such a law is called a limiting law.
A law can be written in the form of a mathematical equation; an example is the so-called
ideal gas law, PV = nRT. The ideal gas law is an example of a limiting law; it is only valid
as P approaches zero.

The word theory is often mistakenly used when referring to a hypothesis. This
may be fine in layman’s terms, but not in science. In science, theory and hypothesis are
not the same. A theory is a set of fundamental ideas that is consistent with everything
(observations and laws) that is known about a subject. These fundamental ideas are
called postulates. The postulates of a theory are assumptions; they cannot be proven to be
true but they are accepted for as long as there are no known exceptions. Laws with no
known exceptions coulAp@gr@ of B@Estul&frslﬁaﬂ&;)eﬁr theory becomes widely
accepted (or well-established) if there is overwhelming evidence to support it. All one
needs to disprove a theory is one fact that contradicts one of the postulates of the theory.
However, should such an exception be found, it is typically not necessary to discard a
theory; rather, one or more postulates is/are modified in order to account for the excep-
tion. The more a theory has been modified, the more reliable it becomes. So what is the
difference between a hypothesis and a theory? A hypothesis is an educated attempt to
explain or predict something. A good way to come up with an educated explanation
or prediction is to examine the known facts in light of a well-established theory. If you
do that, you could say that your hypothesis is a theoretical explanation or a theoretical
prediction but it is not the theory.

Chemistry and Related Disciplines

Chemistry is an example of a natural science. In a natural science, the “thing” that we seek
to understand is nature itself. Other examples of natural sciences are physics, biology,
geology, and astronomy.

Physics and Chemistry, the physical sciences, are both defined as the study of matter
and its properties. Matter is the stuff that the universe is made of; anything that has mass
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- - E‘(! ,b ‘

and occupies space. The term property refers to characteristics of matter, such as color,
taste, melting point, boiling point, etc. Physics focuses on the mathematical description
of the most basic property of matter, motion. Physicists precisely define concepts such

as force, energy, heat, light, and electric charge to summarize everything that is known
about motion into a few fundamental equations. Chemistry, on the other hand, focuses
on transformations of matter; we call these transformations chemical changes or chemical
reactions. Chemists try to understand matter in terms of the idea that all matter is made
up of tiny particles called atoms, and in terms of theories about how these particles
behave. We could say that chemists study matter from an atomic perspective. Chemists
study macroscopic or bulk systems (things we can see) and interpret the results from a
microscopic standpoint. In Chemistry, the word microscopic refers to atomic sizes, which
are much smaller than cells in living things. You could say that what a chemist calls
microscopic, a biologist would call sub-microscopic.

Why study Chemistry? By understanding atoms, we are better able to make matter
behave the way we want it to. A strong motivation for studying science is that it allows
us to develop technology that would make our lives better; the word technology refers
to the practical application of science. Here are some examples of practical applications
of Chemistry: how to make a drug more potent and have fewer side effects, how
to make something taste more like sugar but less fattening, how to make a battery
produce more current Aﬁag@term offtid, i@ NtC Mdke touch-sensitive
computer screens, how to make computer chips process information faster, how to
counteract the effect of a poison, how to make less expensive, sturdier, lighter building
materials, etc.

Most modern scientific work is interdisciplinary or multidisciplinary. A discipline is
a field of study. When something is interdisciplinary, it involves two or more fields. For
example, Mathematics and Physics are used extensively in Chemistry to characterize the
behavior of matter (in bulk samples or at the atomic level); work involving these may be
classified as Physical Chemistry or Chemical Physics. Chemistry and Physics are the most
basic of all the sciences. Both are used extensively in the other sciences, such as Biology
(which deals with life) and Geology (which deals with the earth). Much of the progress
in modern biology is due to (and relies on) an understanding of Chemistry. Living things
are made up of atoms! Biochemists and molecular biologists are primarily concerned
with studies of things associated with life from an atomic perspective (or chemical per-
spective); they deal with molecules such as proteins, carbohydrates, lipids, nucleic acids,
which are found in living things. The word molecule refers to two or more atoms that are
bound together.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter1.htm.

1. Consider the following statements: “A drop of alcohol on a lab bench disappears
after 5 minutes. The drop disappeared because molecules of alcohol moved apart and
spread into the entire room.” These statements, respectively, are:

A. hypothesis and theory B. observation and hypothesis
C. observation and theory D. law and theory

2. Consider the following statement: “Matter expands when heated.” This statement is an
example of:

A. alaw B. atheory C. ahypothesis D. an observation

3. Which of these statements is/are true?
1. Itis good to do research on a problem or question before formulating a hypothesis.
2. Itis not possible to prove a theory.

A. 1only Ab églbj PDF Eﬁ(hhanc er D neither
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A measurement is a quantitative comparison. It usually (not always!) has two parts: a
number and a unit. The unit tells us what the basis is for the comparison. For example,

when we say that something has a mass of 5 kg, we mean that its mass is 5 times that

of the metallic cylinder stored in a vault at the BIPM (Bureau International des Poids et
Mesures, www.bipm.org, or International Bureau of Weights and Measures) in Sevres,
France. The cylinder in BIPM is defined to have a mass of 1 kg and is an example of what
is called a standard reference. By reference, we mean that it is the basis for comparison. By
standard, we mean that people (governments) agree to use it as the reference; as a matter
of convenience and necessity people have to agree on a reference.

Reliabifitif'6f IViddsuréhients"'
There are two characteristics of a measurement that we use to assess its reliability: accu-
racy and precision. Although often used interchangeably, accuracy and precision are two
different things. Accuracy refers to the “correctness” of a measured value, while precision
refers to its reproducibility or consistency. Precision is necessary in order to be accurate; it
is difficult to be correct if you are inconsistent. However, good precision does not neces-
sarily lead to high accuracys; it is possible to be consistently wrong (precisely inaccurate).

Accuracy

We can determine the accuracy of a measured value by comparing it with the expected
(correct or true) value. To assess the accuracy of a measured value, we calculate either the
absolute error:

Absolute Error = Measured value — Correct value
or the relative error:
Relative Error = Absolute Error / Correct Value

Relative error is often expressed as a percentage; in this case it is referred to as the percent
error. The smaller the absolute or relative error is, the more accurate the measurement.


http://www.bipm.org

Example

On a laboratory exam, students were asked to determine the
amount of ascorbic acid in an “unknown” tablet. One student deter-
mined the amount to be 225.0 mg. The correct value is 250.0 mg.
Calculate the absolute error and the relative error.

Answer:

Absolute Error = 225.0 mg - 250.0 mg = -25.0 mg

Relative Error = -25.0 mg / 250.0 mg = -0.100, or -10.0%
A negative error means that the measured value is less than the
correct value. Similarly, a positive error means that the measured
value is larger than the correct value.

Why should we bother measuring something if we already know what it is? In a
teaching laboratory, it would be a way for the teacher to check if a student has learned
the skills pertinent to the course (as illustrated in the preceding example). In general, the
reason is to check if the instrument or method that we would be using for subsequent
measurements is reliable. Checking if an instrument is giving correct values and adjust-
ing it so that it gives correct values, or figuring out how to calculate the correct values, is
called calibration or staggﬁg‘i@m Vb is %ﬁﬁiﬁrﬁ(ﬁdéeference materials and/
or standard operating pro . For soniething considéred a “standard” its validity
should ultimately be traceable to an authorized agency; in the United States, this agency
is the NIST (National Institutes of Standards and Technology, www.nist.gov). In cases
where a standard is not defined, the “correct” value is assumed to be one that is predicted
by a well-established theory (the theoretical value), or one previously reported in a peer-
reviewed publication (the literature value).

We can tell there is a problem with the accuracy of a measurement if we repeat it
several times and find that the errors are “one-sided” (that is, consistently positive or
consistently negative). This type of error is called a systematic or determinate error and is
avoidable. It could, for example, be due to an improper calibration of the instrument; to
avoid it, we re-calibrate. It could be due to a shortcoming of the method used; to avoid it,
we modify the method.

Precision

In general, it is not possible to obtain exactly the same result every time we repeat a mea-
surement regardless of how carefully we try to replicate the procedure. This is due to
natural fluctuations in the property being measured and in the response of measuring
instrument to the property. Errors associated with these natural fluctuations are called
indeterminate or random errors. Random errors cannot be avoided, but can be minimized

8 Chemistry: The Core Concepts
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by doing multiple trials. If errors are truly random, positive and negative errors tend to be
equally probable. Thus, it is good practice to perform multiple trials and take the average as
the measured value; errors in the individual trial values will tend to cancel each other out
when we calculate the average. The simplest way of assessing the precision the measured
value is to calculate the range, the difference between the highest and lowest trial values:

Range = highest value — lowest value
The smaller the range is, the more precise the measured value.

Example

A student determined the time it takes for rock to fall from the
top of a building to the ground below. Based on the following
results, calculate the range.

Trial 1: 3.12 s

Trial 2: 3.15 s

Trial 3: 3.20 s

Trial 4: 3.22 s
Answer: 0.10 s
The range is the difference between the highest and lowest trial
values. In this case, the highest value is 3.22 s and the lowest
value is 3.12 s. Therefore:

Range =3.22s-3.125s=0.10s

Reporting Measured Values

Measurements should be reported in a manner that informs the reader about its precision.
The best way is to specify the uncertainty along with the measured value. If we report a
measurement as “525.26 + 0.21 g” we are saying that our best estimate is 525.26 g, but if
the measurement were repeated, we are likely to get a value that can be up to 0.21 g smaller,
or up to 0.21 g larger. The uncertainty is “+ 0.21 g” which is read as “plus-or-minus 0.21 g”

The uncertainty should be rounded off to the first nonzero digit; one additional digit
may be kept if the first nonzero digit is less than 3. The measured value should be reported
so that the last decimal place is the same as that of the uncertainty.

Example

The length of an object is measured several times and the
average was found to be 24.3828 mm, with an uncertainty
of + 0.0286 mm. How should the measured value and
uncertainty be reported?

Chapter 2: Measurements 9



Answer: 24.38 + 0.03 mm, or 24.383 = 0.029 mm

The first nonzero digit in the uncertainty is the @ in the hun-
dredth’s place. Therefore, uncertainty should be rounded off to
the hundredth’s place: + 0.0886 ~ + 0O.08. The average should
also be rounded off the hundredth’s place: 24.3828 —~» 24.38.
Since the first nonzero digit in the uncertainty is less than 3,

we may keep an extra digit: + O.0@86 — + 0.089. If we write
our uncertainty to the thousandth’s place, then we also write our
average to the thousandth'’s place: 24.3828 —~ 24.383.

How do we determine the uncertainty? The simplest way is to take half of the range.

Example

The percentage of calcium in a tablet was determined four times,

and the following results were obtained:
Trial 1: 27.530%

Trial 2: 20.894%
Trial 3: 29.227%
Trial 4: 21.187%

How should the average be reported?

Answer: 25%

We can calculate the average by adding up the values from the

four trials and dividing by the number of trials (4). If we do this,

our calculator should give us 24.71%

The range is the difference between the highest and lowest value.
Range = 29.227% - 20.894% = 8.333%

The uncertainty is approximately equal to half the range:
Uncertainty = +8.333/2 = + 4.167 ~ = 4 (round off to the first
nonzero digit)

Therefore, the level of uncertainty is in the ones place; the

average should be reported to the nearest unit: 24.71 — 25.

A more sophisticated method of determining uncertainty is to calculate the standard

error of the mean or standard deviation of the mean. The formula for standard deviation of
the mean is:

10 Chemistry: The Core Concepts



In this expression:

N is the number of trials.

° X, is the measured value for the i trial.
* <x>is the average or mean of all the x; values.
° X—<x>is called the deviation of X, from the mean.

Basically, what we do is square each deviation, add up all the squared deviations,
divide the sum by N(N-1), then take the square root of the result. If we calculate the
standard error of the mean for the data in the preceding example, we find it to be 2.1.
Thus, the uncertainty is + 2.1% or + 2%. The estimated uncertainty based on the range
is generally larger than the standard error of the mean; we could say that it is a more
conservative estimate of the uncertainty.

We do not always have to quote the uncertainty when reporting measurements. If we
do leave out the uncertainty we should still give the reader an indication of what the
magnitude of the uncertainty is. The last digit in the reported value should be in the same
decimal place as the first nonzero digit of the uncertainty.

Example

How should 25.03 + 0.27 mg be reported if the uncertainty is
left out?

Answer: 25.0 mg

The magnitude of the uncertainty is in tenth’s place since the
first nonzero digit of the uncertainty (+ O.@7) is in the FEHENS
place. So, if we were to leave out the uncertainty, we report the
measured value to the nearest tenth. \\We say that this last digit
(in this case, in tenths place) is the last significant digit; given the
magnitude of the uncertainty, there is no good reason for us to
report additional digits.

How should we report values for each trial? If the measuring instrument has a digi-
tal readout, the fluctuations in the readout should give us an estimate of the uncertainty.
If the reading does not seem to fluctuate, it suggests that our instrument is not sensitive
enough to detect the natural fluctuations in whatever it is we are trying to measure; in this
case, we use all the digits shown on the readout and we say that the instrument’s sensitiv-
ity limits the precision. If the instrument has an analog scale, it is customary to take the
uncertainty as 1/10 of the difference between adjacent marks.

Chapter 2: Measurements 11



Example

Adjacent marks on a meter stick are 1 mm apart. How should
readings from this scale be reported?

Answer: \We estimate the uncertainty to be 1/10 of 1 mm, or
0.1 mm. Therefore, we should report readings from this scale to
the nearest tenth of a millimeter.

Significant Figures

Significant figures or significant digits refer to the “meaningful” digits in a measurement.
The last significant digit gives us information about the precision of the measurement. The
significant figures in a reported measurement are determined as follows:

Rule 1. If the number is written in scientific notation, all the digits in the coeflicient are
significant. (A number is said to be written in scientific notation if it is written as a num-
ber between 1 and 10 times a power of 10.)

Rule 2. If the number is not written in scientific notation and has a decimal point, the
first nonzero digit is the first significant digit and all digits to the right of the first nonzero
digit are significant. E)(é@ag‘@if tBﬁElbeEiﬂehﬂ Adve@ lecimal point, trailing
zeros may or may not be significant; unless otherwise specified, it is customary to assume
that they are not significant.

Example

How many significant digits are in the following:
(a) 1.50 x 103 kg (b) 2.835 x 10* mm (c) 0.00250 m
(d) 73.00 km (e) 385 mL (f) 3800 mg

Answers:
(a) 1.50 x 1073 kg has 3 significant digits (the 1, 5, and O in
1.50]); rule 1

(b) 2.835 x 10* mm has 4 significant digits (the 2, 8, 3 and 5
in 2.835); rule 1

(c) 0.00250 m has 3 significant digits (2, 5, and O); rule 2

(d) 73.00 km has 4 significant digits (7, 3, O, and O); rule 2

(e) 385 mL has 3 significant digits (3, 8, and 3); rule 2

(f) 3800 mg can have 2, 3, or 4 significant digits; rule 2
exception

12 Chemistry: The Core Concepts



The 3 and 8 in 3800 are significant. The trailing zeros may or
may not be significant because there is no decimal point. Unless
otherwise specified, assume that they are not significant; there-
fore 3800 mg has only 2 significant digits. This is an example of
a measurement that is not properly reported but is, unfortunately,
commonly encountered. To avoid ambiguity, it is best to write a
number like this in scientific notation:
e Write 3800 as 3.8 x 10° if the trailing zeros are not
significant.
e Write 3800 as 3.80 x 102 if the first zero is significant and
the second is not.
* Write 3800 as 3.800 x 102 if both zeros are significant.

Calculations Involving Measurements

Dealing with Units

When performing calculations involving measurements, units are treated like any
algebraic quantity. When a unit is attached to a number, multiplication is implied. As a
consequence:

e numerical ValuesAo‘p m%agl%meE[sQaEl on%frl;'eh!l Qi%resu%tracted if they have the

same unit.
e when using measured quantities in multiplication, division, or exponentiation, the
units must be manipulated accordingly.

Example

Calculate: 5 m+2 m=?

Answer: 7 m
Since both measurements have the same units, we can add the
numerical values: 5 m+2 m=(5+2)m,or 7 m

The unit (m) can be factored out just like x can be factored out of
an algebraic expression like [(5x + 2x):
Bx+2x=(5 + 2)x, or 7x.

Chapter 2: Measurements 13



Example
Calculate: (2 cm)(3 cm) = ?
Answer: B crm?
The unit (cm) is treated just like x in the algebraic expression
“(2X)(3x)":
(2X)(3X) = B6xX°
Example

Calculate: (6 m) / (2 min) = ?

Answer: 3 m/min, or 3 m min™

Dividing by min is the same as multiplying by the reciprocal of min,
which is the same as min raised to the -1 power (min~1).

Significant Digits in Calculated Values

The result of a calculation should be written in a manner that reflects the level of uncer-
tainty in the numbers used in the calculation.

Rule for Addition anﬂp@g@raﬂﬁaFDeEmman@@mrecise term, the term

with the largest uncertainty. Express the answer to as many decimal places as the least
precise term.

Example

Calculate: 25.0g+ 1.003 g ="

Answer: 26.0 g

The uncertainty in 25.0 g is at least +0.1 g.

The uncertainty in 1.003 is at least +0.001 g.

The term 25.0 g is less precise than 1.003 g; its uncertainty is
larger.

Therefore, the answer needs to be expressed to the nearest
tenth, since the less precise term (25.0) is expressed to the
nearest tenth.

The sum is (26.003 g) should be rounded off to 26.0 g.

14 Chemistry: The Core Concepts



Example

Calculate: 42 x10°mM+4.4x10*m-350x10°m="2?

Answer: 4.6 x 103 m
The best thing to do in this case is to first make the powers of 10
the same. Choose the largest power (-3).

* 4.4 x 10 — 0.44 x 10~° [Math review: move decimal point
in coefficient one place to the left while adding one to the
exponent. Note that -4 + 1 = -3.]

e 3.5x10° ~»>0.0350 x 102

Then add and/or subtract the coefficients:

4.2 [N + 0.4 J - 0.0350 RNIDN
= (4.2 + 0.44 - 0.0350) HHBE

= (4.605) BN
Here, we round off the coefficient to the nearest tenth since 4.2

has the largest uncertainty (at least +0.1). Therefore, the answer
is4.6 x 10°m

Rule for Multiplication and/or Division. Determine the least precise term, the term
with the fewest number of significant digits. Express result to as many significant digits as

the least precise term. p ago  Enhancer

Example

Calculate: (16.00 g) / (2.00 mL) = ?

Answer: 8.00 g/mL

The term 16.00 g has 4 significant digits.

The term 2.00 mL has 3 significant digits.

The term 2.00 mL has fewer significant digits (3) and is consid-

ered as less precise. Therefore, the answer should have 3 signifi-
cant digits, the same as the less precise term (2.00 mL).

Multi-step Calculation. Apply the appropriate rule for each step, but keep an extra
digit in the intermediate steps in order to avoid build-up of round off errors. It would be
helpful to mark the last significant digit for the intermediate result so that you can easily
keep track of it.
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Example

Calculate: (25.1)(1.0) + 2.5
Answer: 28
Step 1. Multiply (25.1)(1.0)
e 25.1 has three significant digits
¢ 1.0 has two significant digits
e Therefore: (25.1)(1.0) = 28.1; should only have 2 significant
digits (B is the last significant digit; the “1” after that is not
significant, but we keep it since we will use the result for the
next step)
Step 2. Add: 28.1 + 2.5
e 28.1 has an uncertainty of at least +1 because 5 is the last
significant digit here; we are just keeping the extra digit to
avoid round-off erraor
e 2.5 has an uncertainty of at least +0.1
e The less precise term has an uncertainty of at least +1
e 28.1 + 2.5 =27.6 » 28; the answer should have an
uncertainty of at least +1

Calculations InvolvinAﬁﬁg(QUnpw E;Erﬁrﬁxadtﬁrtdé?ot have any uncertainty.
They are, therefore, considered<o be pertectly precise and have an “infinite” number of
significant figures for as long as they are not rounded off. They can never be the least
precise term in a calculation. Exact numbers include small counts (as in 13 pencils) and
numbers that are defined to be exact. In the context of the definition “I inch = 2.54 cm’,

the numbers 1 and 2.54 are exact and are considered as having an infinite number of
significant digits.

Example

Consider the following formula where 1.8 and 32 are exact:
F=1.8C + 32.
Calculate F if C = 20.0.
Answer: 68.0
First we multiply 1.8 x 20.0
e 20.0 has 3 significant figures
¢ 1.8 has an infinite number of significant figures
e 20.0 x 1.8 = 36.0, should have 3 significant figures

Then we add 32 to the result:
e 36.0 has an uncertainty of at least 0.1
e 32 has zero uncertainty since it is exact

16 Chemistry: The Core Concepts



e 36.0 is the less precise term with an uncertainty of at least
+0.1

e the answer should have an uncertainty of at least +0. 1:
36.0 + 32 =68.0

Rounding Off Precisely Known Nlumbers. There are quantities that are known
to a much greater precision than others. We could round these off to fewer digits,
but the rounded value must still be more precise than the least precise term in the
calculation.

Example

The speed of light, ¢, in the formula E=mc?, is defined to be exactly
2.99792458 x 108 m/s. If, in a calculation, m = 10.0 kg, to
what extent can we round off the value of c?

Answer: For multiplication, the less precise term is the term with
the fewer number of significant figures. In this calculation m, which
is 10.0 kg, is the less precise term with only 3 significant figures.
The value of ¢ should have at least 4 significant figures:

2.998 x 108 m/s is acceptable.

Significant Figures Involving Logarithms. When we calculate the logarithm of
another number, it is useful to write it in scientific notation in order to determine the
number of significant digits needed for the result. The number of decimal places in the result
should be the same as the number of significant digits in the coeflicient of the original
number.

Example

Express log(2.7 x 10%) to the correct number of significant figures.

Answer: 4.43
If we take the logarithm of this number, we get:
log(2.7 x 10%) = log(2.7) + log(10%)
=0.@81 +4
=4.43
The number 2.7 has two significant digits; the logarithm of
2.7 should be rounded to 0.43 (also two significant digits).
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The integer part of the answer (4) essentially comes from the
power of 10, which is an exact number; it has an infinite number
of significant digits; we could have written it as 4.0000000...

Similarly, if we reverse the process, the number of significant digits in the antilog
should be the same as the number of decimal places (after the decimal point) in the
original number.

Example

Express 1072899 to the correct number of significant figures.

Answer: 2.00 x 1072
There are 3 decimal places in the original number (-2.699). The
antilog should have 3 significant digits.

Sl Units

Numerous units have been defined over the years. Different countries have adopted differ-
ent sets of standards. InAth ng@ syﬁ%@l-_etill Eﬂeh 8¢ dnghe US and UK, the units
used include inches, feet, yard and miles for length, pounds and ounces for mass, etc.
Nowadays, however, the only system that is acceptable for scientific work and for interna-
tional trade is the International System of Units, which is generally referred to as SI (from
the French name: Le Systeme International d’Unites).

The SI system defines seven fundamental quantities and a base unit for each of these
fundamental quantities. The fundamental quantities are: length, mass, time, temperature,
amount of substance, electric current, and luminous intensity. The corresponding base
units are meter (m), kilogram (kg), second (s), kelvin (K), mole (mol), ampere (A), and
candela (cd). The abbreviations for the units, indicated in parentheses in the preceding
sentence, are also well defined. The official abbreviation for second is s (lower case), not
“sec” The temperature unit is “Kelvin” (K), not “degrees Kelvin” ('K).

Units for quantities that can be thought of as obtainable from measurements of two
or more fundamental quantities are called derived units. For example, speed is a ratio
of distance traveled (a measurement of length) to the elapsed time (a measurement of
time). Therefore, the unit for speed — m/s or m s™' (meters per second) — is a derived
unit. Some derived units have special names. For example, the unit for force, kg m s7, is
called a Newton (official abbreviation: N).

One reason why numerous units have been invented is convenience. It is more con-
venient to express the height of a person as 6 ft rather than, say, 0.0011 miles. We do not

18 Chemistry: The Core Concepts



lose this convenience when using SI because the system also defines official prefixes that
can be used to scale a unit up or down. For example, the SI prefix centi (officiall abbrevia-
tion: ¢) means 1072, or one one-hundredth. Therefore, 1.5 x 10 m is equivalent to 1.5 cm.
Similarly, 1,500,000 g (or 1.5 x 10° g) is equivalent to 1.5 Mg; M (upper case) is the official
abbreviation for the prefix mega, which means 10° (or one million). The most commonly
used SI prefixes are:

Prefix: Giga, Mega, Kilo, Hecto, Deca, Deci, Centi, Milli, Micro, Nano, Pico

Official abbreviation: G, M, k, h, da, d, ¢, m, pt (Greek letter mu), n, p

Meaning: 10, 10%, 10, 10% 10*,107%,107%,107%,10°%, 107, 1072
The prefix micro (p) is also commonly abbreviated using mc. For example, you'll
find microgram abbreviated as mcg in vitamin bottles; however, ug is the official
abbreviation.

Some commonly used units that were defined before the SI system was adopted have
been officially redefined in terms of SI units. A Liter (L) is now defined as exactly 0.001
cubic meters (1L = 10~ m?). A milliliter (mL) is one cubic centimeter (1 mL = 1 cm?).
One teaspoon is now 5 mL or 5 cm’; one tablespoon is now 15 mL. One inch is now
defined to be exactly 2.54 cm.

Unit Coppersiopsr- £nhancer

Algebraic Substitution

Quantities given in one unit can be expressed in another unit if we know equivalent
quantities for both units. Simply treat units like any algebraic term and make appropriate
substitutions.

In general, numbers used in defining equivalent quantities are defined to be exact.
Therefore, converting measurements from one unit to another should not affect the num-
ber of significant figures. In other words, the number of significant figures in the answer
should be the same as in the original measurement.

Example

Convert 3.5 mm to m.

Answer: 3.5 x 10 m

Since 1 mm = 108 m, we simply replace mm in the 3.5 mm
by 108 m.

35mMm=35(10%m), or 3.5 x 102 m
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Example

Convert 9.8 x 10™% m to mm

Answer: 9.8 x 10" mm

Since 1 mm=103m, (1/103) mm =1 m, or

108 mm=1m

Replace m by 102 mm:

9.8 x10%m=9.8x 10" (10% mm), or 9.8 x 10°" mm

Example

The gas constant R is 0.08206 L atm mol~' K='. Express R in
m?3 Pa mol™" K-,
Given: 1 L=10"m?3, 1 atm = 1.01325 x 10° Pa

Answer: 8.314 m3 Pa mol™! K’

R = 0.08206 L atm mol~! K1
=0.08206 (10-® m?) (1.01325 x 10° Pa) mol~! K’
=8.314 m® Pa mol™" K~'

Example ~pagd PDF—Enhaneet

A house has a floor area of 1.500 x 10° ft°. What is the floor
area in in2?
Given: 1 ft =12 in

Answer: 2.160 x 10° in®
Area = 1.500 x 10° ft2 = 1.500 x 10° (12 in) © = 2.160 x 10° in®

Example

Convert 658 nm to pm.

Answer: 0.658 pm
\We are not likely to find the relationship between nm and pm
listed anywhere. However, we know that the S| prefix nano (n)
means 1072 and the Sl prefix micro (p) means 1078. Therefore,
we know that:

e 1nm=10%m

e 1uym=10°%m, or 105 um=1m
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These relationships suggest a strategy for doing the needed con-
version. First, we convert nm to m, then convert m to pm.

658 nm = 658 (10° m) = 658 x 10° m

= B58 x 107° (108 pm) = 658 x 1072 ym, or 0.658 pm

Factor Label Method

A popular method for converting units involves the use of conversion factors. This
method is often referred to as “factor label” or “dimensional analysis” A conversion factor
is just a ratio of equivalent amounts in two different units. For example, since
Imm=10"m,
we can set up two possible conversion factors:
1 mm 10°m

= or
107 m 1 mm

We multiply whatever it is we want to convert by one of these so that the original unit
cancels out.

Example

Convert 3.5 mm to m.

Answer: 3.5 x 10° m

We multiply it 3.5 mm by the conversion factor that has mm in
the denominator.

10° m
3.5 jm x =3.5x10%m
’I;nfﬁ

Example

Convert 2.5 g/mm to g/m.

Answer: 2.5 x 10° g/m

We multiply 2.5 g/mm by the conversion factor that has mm in
the numerator because mm is in the denominator of the original
measurement.

——X

g 1A 5 g
2.5 2 S0 =L
mm 10° m 8 m
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The justification for the factor label method is that the conversion factors are ratios
of equivalent quantities and are therefore equal to one. Multiplying anything by one does
not change its value. Quantities expressed in different units are also directly proportional.
When two quantities are directly proportional, their ratio is constant. Put another way: if
one is zero, so is the other; when one changes, the other changes by the same factor. For
example, the ratio of (length in meters) to (length in millimeters) is a constant. Therefore:

lengthinm 10”°m
lengthinmm 1mm

So, if we know the length in millimeters, we can solve for the length in meters by multiply-
ing both sides of the equation by the length in millimeters:

10°m

1 mm

length in m = (length in mm)x

Temperature Conversions

One exception to the unit conversion methods described above involves temperature
readings. Readings on the Celsius, Fahrenheit, and Kelvin scales are, by definition, not di-
rectly proportional. WeA@ adilyiell frodhs ifrHa Gseldihe @dero reading on one scale
does not correspond to a zero reading on the other scales. In fact, 0°C is equivalent to 32°F
and 273.15K. In these cases, it is best to just use the defining formulas. Let T, TC, and TK
be the temperature readings in Fahrenheit, Celsius and Kelvin. If we know TC, then:

T = X8F ) 1300
1°C
1K

T, =| — |T. +273.15K
1°C

In other words, multiply the Celsius reading by 1.8, then add 32 to get the Fahrenheit
reading, and add 273.15 to the Celsius reading to get the Kelvin temperature. Similarly, if
we know TF or TK, then we can solve for TC.

T, —32°F

T.=-%fF =
¢ 1.8°F
1°C
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T, —273.15K

T.=—_ " "
¢ 1K
1°C

Note: All the numbers (1, 1.8, 32, and 273.15) in these formulas are exact numbers by

definition.
» Example
What are the Fahrenheit and Kelvin readings equivalent to
25.000°C?
Answer: 77.000°F and 298.15K
T (%J(es.ooob&) +32°F = 77.000°F
. - (%)(es.ooob&) +273.15K =298.150 K

While temperatureApla@ on thPﬁﬂEentEﬁh adn6 @ectly proportional,

temperature differences or changes on these scales are. Based on the definitions
above, a one degree change on the Celsius scale is equivalent to a 1.8 degree change
on the Fahrenheit scale and also equivalent to a one unit change on the Kelvin scale.
Let AT, AT, and AT, be the corresponding changes in temperature on the three

scales. Then:
AT, 1K
AT, 1°C
AT, 1.8°F
AT. 1°C

In other words, we can use algebraic substitution or the factor label method when
dealing with temperature changes or temperature differences.
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Example
If the temperature goes up from 25°C to 34°C, by how much did
the temperature change in Kelvin?
Answer: 9K
1K
AT, = ATo x o= = (34°C - 25°c]>< [9*@) —9K
Here's another way of solving this problem. We convert 34°C and
25°C to Kelvin first, then take the difference:
(34°Cx—+Ej3/‘I’5/J (25°CX_+M)
Note that when we take the difference, the 273.15K terms
cancel out.
Example

If the temperature changes from 50.0°F to 62.0°F, by how much
did the temperature change in degrees Celsius.

Answer: 6.67C

AT, = AT, x——C_ _ (§2.0°F - 50. OF)x - i
1.8 1.8
19C
— 12.0% x - 6.67°C
o aE

Here is a longer way of solving this problem. \We could convert
the Fahrenheit readings to Celsius first, then take the difference:

62.0°F —32°F | | 50.0°F - 32°F
1.8°F 1.8°F
1°C 1°C

Since the two fractions above have the same denominator, we can
combine the numerator and get

(62.0°F — 32°F) - (50.0°F — 32°F)

1.8°F
1°C

AT, =

AT, =
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1G 1G
_(B2.0°F—50.0°F)x —-C_ _12.0%F x - _B.67°C
[ X aF BEX«BBE

which is equivalent to the expression we have earlier. Note that
the 32 F terms in the numerator cancel out.

Unitless Quantities

Not all measurements have a unit. The basis of comparison for those that do not
have units is implied in the definition of the quantity being measured. Some of these
quantities are defined as ratios of two quantities that have the same unit. When we
calculate the ratio, the units cancel out. For example, specific gravity is a unitless quantity.
It is defined as the ratio of the density of an object to the density of a reference material
(such as water). Another example is transmittance. It is defined as the ratio of the intensity
of light that passes through a solution to the intensity of light that that passes through a
reference solution.

Other unitless quantities are defingd as logarithms of unitless quantities. Absorbance
is the negative of the IOAQla‘gQranE; ancet Bnb M@ﬁ% of the logarithm of the
activity of hydrogen ions; activity is a unitless quantity.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter2.htm.

1. Which of the following has the fewest number of significant figures?
A. 10.50 mg B. 20700 mL C. 0.003100 g D. 1.500x107* m

2. The amount of acid present in a sample was measured several times and the average
value was determined to be 3601.2 mg, with an uncertainty of +30 mg. To how many
significant figures should the average be reported?

A 2 B. 3 C. 4 D. 5

3. Five replicate measurements of the calcium content of a sample yielded the following
results:

5.042%, 5.131%, 5.434%, 4.852%, 4.728%.
To how many significant digits should the average be reported?
Al B. 2 D. 4

C. 3 .
4. What is the propetAwagfgg%)rtiE;QEten%QaQ?e' QIOCW§ gn the thermometer scale

(Celsius) below?

A. 30°C B. 30.0°C C. 30.00°C D. 3.0x10'°C

S 11]T11]

5. To how many significant figures should the result of the following calculation be
reported: 2500.0 + 25 g?

A 2 B. 3 C. 4 D. 5

6. To how many significant figures should the result of the following calculation be
reported?

2500 mL + 25 mL?
A. 2 B. 3 C. 4 D. 5
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10.

11.

12.

13.

14.

15.

How should the result of the following calculation be reported?
80.00 g/ 10.0 mL ?
A. 8g/mL B. 8.0 g/mL C. 8.00 g/mL D. 8.000 g/mL

How should the result of the following calculation be reported?
0.800 m/0.010 s
A. 80m/s B. 80.0 m/s C. 8.0x10"' m/s D. 8x10' m/s

How should the result of the following calculation be reported?
0.0072 + (0.0050)(39.0)?
A. 0.20 B. 0.21 C. 0.202 D. 0.2022

How should the result of the following calculation be reported, assuming that 1.8
and 32 are exact numbers: 32 + (1.8)(2.37)?

A. 36 B. 36.3 C. 36.27 D. 36.266

The volume of a sphere of radius r is given by the formula:

4
V=—nr’

Apago PDF Enhancer

The radius of a sphere is measured to be 5.00 cm. What is the proper way to report
the volume? Note: 1t = 3.141592653589793238462643383279...

A.520 cm’® B. 523 cm? C. 524 cm?

Which of the following is equivalent to 101.9 MHz?
A.1.019x10° Hz B. 1.019x10° Hz, C. 1.019x10* Hz D. 1.019x10™° Hz

Which of the following is not equivalent to 10~* mg?
A.10°%g B. lug C. 10" cg D. 10° ng

Given: 1 inch is exactly equivalent to 2.54 cm. A measurement of 7.00 cm is
equivalent to how many inches?

A.2.76in B.3in C.17.8in D.20in

Given: 1 inch is exactly equivalent to 2.54 cm, and 12 inches is exactly 1 foot.
A measurement of 7.0 cm is equivalent to how many feet?

Chapter 2: Measurements 27



16.

17.

18.

19.

20.

21.

22,

23.

24.

25.

26.

28

A measurement of 2.50 mm is equivalent to ?
A.2.50x10° nm B.2.50x10™° nm C.2.50x10°° nm D. 2.50x10° nm

A car is traveling at a speed of 40.0 km hr™.
How fast is the car moving in km min™'?
A.2.40x10° km min™' B.6.67x10"' km min'  C. 1.50 km min™

The density of air is 1.29x107° g/L. What is the density of air in mg/mL?
A.1.29x107° mg/mL  B.1.29 mg/mL C. 1.29x10°° mg/mL

The area of a circle is found to be 2.4 cm?. What is the area in m??
A.2.4x10° m? B. 2.4x1072 m? C.2.4x107* m? D. 5.8x10* m?

What temperature reading on the Fahrenheit scale corresponds to 20.0°C?
A.20.0F B.68.0°F C.36.0F D.—6.67F

What temperature reading on the Celsius scale corresponds to 20.0°F?
A.20.0C B.68.0°C C.36.0C D. -6.67°C

At what temperatuAp}ag OelsiBBEFaE{ﬂlhi&ﬁ@r@sr equal?
A. -40° B. 32 C. 100° D. 212

What is the Kelvin temperature equivalent to 25.00°C?
A. 298K B. 298.15K C. -248.15K

What is the Kelvin temperature equivalent to 50.00'F?
A.323.15K B. 283.15K C. 263.15K D. 395.15K

If the temperature increases by 20.0 degrees Celsius, by how much did it increase in
degrees Fahrenheit?

A.36.0° B. 68.0° C.6.67° D. 20.0°

During a chemical reaction, the temperature of a mixture dropped by 10.0°C. By how
much did the temperature drop in Kelvin?

A.10.0K B. 283.15K C.263.15K
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~Atoms, lons, and
Molecules ., i

Chemistry is about understanding the behavior of matter in terms of atoms. Matter is
what makes up our universe. Matter is made up of atoms, which are too small to see.

Subatomic Particles

An atom is made up of even smaller particles: protons, neutrons, and electrons. Protons
and neutrons are in the nucleus, a very tiny spot in the middle of an atom. Protons and
neutrons are collectively called nucleons.

Electrons are much smaller than protons and neutrons and they are found around
the nucleus. Electrons move so fast that it is convenient to imagine electrons as a cloud
around the nucleus. ~ Apago PDF En hancer

An atom is mostly empty space. The typical diameter of a nucleus is 107'* - 107> m,
while the diameter of the rest of the atom (the “electron cloud”) is typically around 107° m.
The diameter of each individual electron is estimated to be less than 107'® m. To imagine
the relative magnitudes of these numbers, imagine you are in a giant world where a typical
atomic nucleus is 1 cm instead of about 107"* m. In this magnified world, the diameter of
a typical electron cloud would be at least 1000 cm and each individual electron would be
a tiny speck. Put another way, if you put two atoms “side by side,” the distance between
the nuclei would be at least 1000 times larger than the diameter of the nuclei themselves.
Between the nuclei, where electrons are roaming about, is mostly empty space, which
would be at least 1,000,000,000 times larger than the space actually occupied by the nuclei.

Example

A tennis ball has a diameter of 6.5 cm. If the nuclei of two
neighboring atoms were the size of tennis balls, how far away
from each other would the nuclei be?

Answer: About 1000 times compared to the diameter:
1000 x 6.5 cm = 6.5 x 10° cm, or 65 m.
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Note: protons and neutrons are made up of even smaller particles called quarks. In the so-called
“standard model”, all matter in our universe is said to be made up of quarks and leptons; there are
6 kinds of quarks and 6 kinds of leptons. An electron is a lepton. In Chemistry, we are generally
not concerned about quarks and leptons (other than the electron).

Atoms and Elements

In general, samples of matter that we encounter in nature can be separated into two or
more components with different properties. (The word “property” refers to characteristics
of matter such as color, melting point, etc.) However, there are samples that cannot be
separated into components with different properties. These samples are called elements.
We explain why these samples cannot be separated into distinct components by assuming
that an element is made up of only one kind of atom.

There are a little over a hundred known elements to date; less than one hundred are
naturally-occurring. Newly discovered elements are generally created in the laboratory and are
not stable. Differences in properties of elements are due to differences in their atoms.

The Atomic Number

All atoms of the same element have the same number of protons; atoms of different ele-
ments have different nLAp}a)gu@)tmE). %le@ﬁ’h@ﬂi@@fber is defined as the
number of protons in the each of the atoms of that element. Elements are listed in a chart
called a periodic table (see Figure 1) in increasing atomic number (left-to-right, top-to-
bottom). As a matter of convenience, elements are assigned symbols that are derived from
their names. The first letter of the symbol is capitalized and the second letter, if there is
one, must be written in lower case. For example, the symbol for oxygen is O. For magne-
sium, the symbol is Mg.

Example

What is the symbol for an element whose atoms have 10 protons
in their nucleus?

Answer: If the atoms of an element have 10 protons in their
nucleus, then this element has an atomic number of 10.
Referring to a periodic table, we find that the element with
atomic number of 10 is neon (Ne).
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Figure 1. Periodic Table
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Example
How many protons are found in the nucleus of a magnesium (Mg)
atom?
Answer: Referring to a periodic table, we find that the atomic
number of magnesium is 12. Therefore, any atom of magnesium
has 12 protons.
Isotopes

All the atoms of an element have the same number of protons. But they may have different
number of neutrons. Atoms of the same element that have different numbers of neutrons
are called isotopes. To make a distinction between isotopes, we specify the total number of
nucleons (protons and neutrons) next to the symbol for the element. This number is called
the mass number and is written either a superscript to the left of the symbol or following a
dash after the symbol for the element.

Example

How many protons and neutrons are found in the nucleus of an
atom of 0-16 or "60?

Answer: 8 protons and 8 neutrons

The number 16 in 0-16 or '80 is the mass number, which is the
total number of protons and neutrons. Referring to a periodic
table, we find that the atomic number of oxygen is 8; this means
that any oxygen atom has 8 protons. Therefore, every atom of
0-16 must have 8 neutrons in its nucleus.

In general, naturally-occurring samples of matter are not isotopically pure. For
example, a typical sample containing oxygen atoms will be found to have:

* 99.757% O-16,
e 0.038% O-17, and
e 0.205% O-18.

These percentages are called the natural abundance of the oxygen isotopes. What these
mean is that out of every 100,000 O atoms, we would expect 99,757 to be O-16, 38 would
be O-17, and 205 would be O-18. A modern instrument that is used to separate isotopes
and measure isotopic abundance is a mass spectrometer.
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Mass of Protons, Neutrons, and Electrons

Not only are electrons very small in size, they also contribute very little to the mass of an
atom. The currently accepted masses of protons, neutrons, and electrons are given below:

e Mass of proton: 1.6726 x 10%” kg or 1.0073 u
e Mass of neutron: 1.6749 x 107%” kg or 1.0087 u
e Mass of electron: 0.00091 x 107> kg or 0.0005486 u

The unit u is an abbreviation for atomic mass unit, which is also frequently abbreviated as
amu; this unit is also called the Dalton (D). We can see from the numbers given above that a
proton’s mass is about 2000 times that of an electron (1836 times to be more precise). On the
other hand, a neutron and a proton have almost the same mass. To the nearest tenth of an
atomic mass unit, we can say that the mass of proton or neutron is 1.0 u, while that of an elec-
tron is 0.0 u. This is why the number of electrons is ignored in the defining the mass number
of an atom. To the nearest atomic mass unit, the mass of an atom is equal to its mass number.

Example

Which of these has the largest total mass: 1 proton, 3 electrons,
or 2 neutrons?

Answer: 2 neutrons
e The mass of one proton is 1.0 u.
¢ Three electrons have a total mass of 3 x 0.0 u, or 0.0 u.
¢ Two neutrons have a total mass of 2 x 1.0 u, or 2.0 u.

Mass of Atoms

We cannot get the most precise value for the mass of an atom by simply adding the precise
masses of protons, neutrons, and electrons that make it up. The actual mass of an atom
is slightly different and needs to be looked up. The discrepancy is called the mass defect
(m) and is related to the binding energy (E), the energy needed to separate all protons and
neutrons from one another, according to Einstein’s equation:

E =mc
In this equation c is the speed of light, 2.998 x 10°® m/s.

Example

What is the most precisely known mass of an atom of '80?
Answer: 17.9991603 u
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We have to look up this number. Note that the sum of the individual
masses of 8 protons and 10 neutrons alone should be larger than
18 u, but an actual 0-18 atom has a mass slightly less than 18 u.

Most elements have two or more naturally-occurring isotopes. The masses of specific
isotopes are typically not listed in simple periodic tables; what is typically listed is the
average mass of atoms in a naturally-occurring sample. The numerical value of the aver-
age mass (in u) is called the atomic weight. For example, the atomic weight of Mg is often
listed as 24.305. This means that, in a naturally-occurring sample of Mg, the average mass
of the atoms is 24.305 u; there is not a single Mg atom that actually has a mass of 24.305 u.

If we want information about specific isotopes of an element, we need to look it up
from more extensive data sources. For example, we can look up the following information
about naturally-occurring isotopes of Mg from webelements.com:

(http://webelements.com/magnesium/isotopes.html)

e Mg-24, mass = 23.99 u, natural abundance = 78.99%.
e Mg-25, mass = 24.99 u, natural abundance = 10.00%.
e Mg-26, mass = 25.98 u, natural abundance = 11.01%.

A natural abundance of 78. 99% for Mg-24 means that about 79 out of every 100 atoms
have a mass of 23.99 u. ﬁ@@ m an BelAR @R CHBh the information above

using the formula:
Average Mass = Sum of (relative abundance x mass)
In other words,

Average Mass of Mg = (78.99%)(23.99 u) + (10.00%)(24.99 u) + (11.01%)(25.98 u)
=24.31u

Electrical Charge

Electrons and protons are said to be electrically-charged, while neutrons are electrically-
neutral. The unit for electric charge is the Coulomb (official abbreviation: C). Electrons
carry the smallest magnitude of charge known, which is =1.602 x 107** C. This amount

of charge is usually assigned a value of “~1” (atomic units). Protons have a charge of
+1.602 x 107" C, or “+1” (atomic units). Neutrons are not charged (charge = 0). All atoms
are electrically neutral. This means that they have equal numbers of protons and electrons.

Example

An atom has 10 protons. How many electrons does it have?
Answer: 10 electrons
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An atom is electrically neutral. It has equal numbers of
protons and electrons. If an atom has 10 protons, it also has
10 electrons.

Example

What is the nuclear charge of a magnesium atom?

Answer: +12 (atomic units), or (12)(+1.602 x 107" C)

By nuclear charge, we mean the total charge of the nucleus.
The charge of the nucleus is due to the protons. Referring to a
periodic table, we find that the atomic nhumber of magnesium is
12. Therefore, any magnesium atom has 12 protons in its nu-
cleus. Since each proton carries a charge of +1 atomic unit, the
charge of the nucleus is +12. In Coulombs, the charge is
(12)(+1.602 x 107'° C)

Particles with like charges are known to repel each other, while those with unlike
charges attract each other. Therefore, electrons repel each other, and protons repel each
other, but a proton and an electron attract each other. The attraction and repulsion forces
due to charge are called/§ Hglﬁ or[el¢cfrostafiqidrres. Byt ibprotons repel each other,
why are they clustered Ve\Elclo e together in the nucleus? A much stronger force, which
works only at very short distances, called the strong force (or strong nuclear force), holds
the protons and neutrons together in the nucleus. The attractions due to the strong force
counteract the repulsive Coulombic forces among the protons in the nucleus.

Radioactivity

Neutrons are needed to stabilize a nucleus that has more than one proton. If there are too
many or too few neutrons, the atom would be unstable. The nuclei of unstable atoms tend
to break up over time; the break up of a nucleus is called nuclear fission. These unstable
atoms are said to be radioactive.

It is tempting to think that there would be no naturally-occurring radioisotopes since
they are unstable. In fact, there are naturally-occurring radioisotopes. These are the ones
that have extremely long half-lives. The half-life of a radioactive atom is the time it takes
for half of the atoms to decay (transform into something else). For example, U-238 has a
half-life of 4.46 billion years. This means that half of U-238 that existed 4.46 billion years
ago are still here. Less stable radioisotopes can be created in the laboratory by bombarding
atoms with energetic (very fast moving) particles, such as neutrons from a nuclear reactor,
or charged particles accelerated within a cyclotron.
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Formation of lons and Molecules

Most naturally-occurring atoms have a stable nucleus (non-radioactive). For most every-
day phenomena, the nuclei of atoms remain intact. However, atoms may:

e lose electrons to other atoms.
e gain electrons from other atoms.
e share electrons with other atoms.

These lead to the formation of ions and molecules.

Cations and Anions

Every atom is electrically neutral; each one has an equal number of protons and electrons.
An ion has an unequal number of electrons and protons. We define the charge of an ion as
the number of protons minus the number of electrons.

Charge of ion = (Number of protons) — (Number of electrons)
Note that the charge of an atom, which has an equal number of protons and
electrons, is zero.
An ion with more protons is positively charged and is called a cation (pronounced as

cat eye on). An ion with’QpraeﬁﬁronFj[ngatiEPz| ﬁ%réfs called an anion

(pronounced as an eye on).

Example

What is the charge of an ion with 12 protons and 10 electrons?
Is it a cation or anion?

Answer: +2, cation
The charge of the ion is:
Charge = (Number of protons) — (Number of electrons)
=12 - 10 = +2.

Since the charge is positive, the ion is a cation.

Monatomic lons

When an atom loses or gains one or more electrons, the result is a monatomic ion.
When writing symbols or formulas of ions, the charge must be indicated as a
superscript (upper right-hand corner). The standard way of indicating charges is to
put the magnitude in front of the algebraic sign. If the magnitude of the charge is 1, the
number is omitted.
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Example

What type of ion (cation or anion) is formed when a magnesium
atom loses two electrons? Whrite the symbol for the ion.

Answer: cation, Mg>*
Loss of two electrons means that there will be two fewer
electrons (compared to protons).
Charge = (Number of pratons) minus (Number of electrons)
= +2

Loss of electron(s) leads to the formation of a positively charged
ion, a cation. Since the charge is +2, the symbol for the ion is
Mg?*. Note that the 2 is written in front of the + sign In very old
textbooks, you may see the symbaol written as

Mg*2 or Mg**.

Example

What type of ion (cation or anion) is one that has 7 protons and
10 electrons? Write the symbol for the ion.

Answer: anion, N3~

The charge is (Number of Pratons) minus (Number of Electrons)
=7 - 10 = -3. Since the charge is negative, the ion is an anion.
Referring to a periodic table, we find that an atom with 7 protons
is a nitrogen atom. So an ion with 7 protons is derived from a
nitrogen atom. The symbol for the ion is N°~. In old textbooks, you
may see this written as N3 or N =~~~

In the examples above, we are assuming that the ion being described is monatomic;
that is, derived from just one atom. It is possible to have ions with more than one atom;
these are called polyatomic ions.

Molecules

A molecule is an electrically-neutral group of two or more atoms that share electrons. We
say that the atoms in a molecule are held together by covalent bonding.

A formula is used to describe the composition of a molecule. In a formula, we list the
symbols of the elements that make up the molecule and use subscripts to indicate how
many atoms of each element are in the molecule. Unwritten subscripts are implied to be 1.
To eliminate possible confusion, symbols of elements must be written properly: the first
letter must be capitalized; any succeeding letter must be in lower case.
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Example

About twenty percent of air molecules are O, molecules. How
many atoms are in a molecule of 0,7

Answer: 2 atoms
The formula for the molecule [Dl] has a subscript of @ for O. This
means that there are two O atoms in one molecule of 02'

Example

Which represents a molecule: Co or CO?

Answer: CO a molecule consisting of two atoms — one carbon
atom (symbol: C) and one oxygen atom (symbol: O). Co is the
symbol for the element cobalt; it represents one atom.

Example

How many atoms are in a molecule of acetic acid, CH,COOH?

Answer: 8 atoms

The formula BH;BO0H implies that the molecule contains [lEIE
atoms, two O atoms, oxygen atoms, and four H atoms. Note that
if there is no subscript indicated, the subscript is implied to be 1.
In the formula above, The subscripts shown for H are 3 and 1, for
a total of 4. The formula of this molecule could also be written as
C,H,0,. It is typically written as CH,COOH to reflect the way the
atoms are connected.

Example

How many electrons and protons are in a molecule of ammonia
(NH,)?

Answer: 10 electrons, 10 protons

A molecule of NH, consists of one nitrogen atom and three
hydrogen atoms. Referring to the periodic table, we find that each
N atom has 7 protons; each H atom has 1 proton. Therefore, a
molecule of NH, consists of 10 protons (7 in the N atom and 1

in each of the 3 H atoms]). Since a molecule is electrically-neutral,
it has an equal number of protons and electrons. Therefore, one
molecule also has 10 electrons.
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Polyatomic lons

A polyatomic ion is an electrically-charged group of two or more atoms that share electrons.
The atoms sharing electrons are said to be held together by covalent bonding. You can think
of a polyatomic ion as a “charged molecule”, just as a monatomic ion is a “charged atom.”

The formula of a polyatomic ion lists the symbols of the elements that make up the
ion. In the formula, we use subscripts to indicate how many atoms of each element are in
one ion, and a superscript to indicate the charge.

Example
The polyatomic ion called nitrate has a formula of NO,™. How
many protons and electrons does a nitrate ion have?
Answer: 31 protons, 32 electrons
Referring to a periodic table, we find that each N atom has
7 protons and each O atom has 8 protons. Therefore, a nitrate
ion [ND.‘] has 31 protons, 7 in the N atom and 8 in each of the
BE88 O atoms: 7 + @(8) = 31.
Since the NO;™ ion has a charge of -1, it has one more electron
compared to protons; therefore, the ion has 31+1 (or 32)
electrons.

Example

The polyatomic ion called mercury(l) or mercurous has a formula
of H922+. How many protons and electrons does a mercurous ion
have?

Answer: 160 protons, 158 electrons

Referring to a periodic table, we find that a mercury atom has

80 pratons. Therefore, a mercurous ion (Hg|2+]has Bx80, or

160 protons. The +2 charge means that the ion has two fewer
electrons compared to protons. Therefore, the number of electrons
is 160-2, or 158. To check, recall that charge is equal to (Number
of Protons) minus (Number of electrons): 160 — 158 = +2.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter3.htm.

1. Which of the following subatomic particles are found in the nucleus of an atom?
A. protons and neutrons B. protons and electrons

C. neutrons and electrons D. protons, neutrons, and electrons

2. The symbol °C or C-13 represents an atom with...
A. 13 protons B. 13 electrons C. 13 neutrons D. 13 nucleons

3. Which of the following has the largest mass number?
A. >°Mn B. *Fe

C. *Cr D. they all have the same mass number

4. How many neutrons does an O-18 atom have?

A. 8 B. 10 C. 16 D. 18
5. Which of the follotkg GEkRY lafgeseotal Fakddel AN C €T

A. 2 protons + 4 electrons B. 2 neutrons + 2 protons

C. 6 electrons D. they all have the same mass

6. The mass of one atom of Mg-26 is closest to:
A. 243 u B. 24.0u C. 26.0u D. 120u

7. Which of the following is false?
A. An atom’s mass is concentrated in the nucleus
B. The atom’s nucleus is positively charged
C. The number of electrons in an atom is equal to the number of protons

D. The number of protons in an atom is equal to the number of neutrons

8. A magnesium atom becomes a magnesium ion (Mg**) by...
A. gaining two electrons B. losing two electrons

C. gaining two protons D. losing two protons
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9.

10.

11.

12.

13.

14.

15.

16.

17.

A nitrogen atom becomes a nitride ion (N*") by...
A. gaining 3 electrons B. losing 3 electrons
C. gaining 3 protons D. losing 3 protons

How many protons and electrons are in a nitride ion (N*7)?
A. 7,10 B. 7,4 C. 10,7 D. 4,7

How many protons and electrons are in a magnesium ion (Mg**)?
A. 10,12 B. 12,10 C. 24,22 D. 22,24

Which of the following describes a cation?

A. an aluminum ion (AI*")

B. an oxygen atom that has gained 2 electrons
C. anion with 17 protons and 18 electrons

D. an ion with more neutrons than protons

Which of the following describes an anion?
A. asodium ion (Na*)

B. acalcium atomAF] &g@t 2 plectfons - h ancer

C. an ion with 8 protons and 10 electrons

How many hydrogen atoms are in 5 molecules of acetic acid (CH,COOH)?
A3 B. 4 C. 15 D. 20

How many electrons are in a sulfur trioxide (SO,) molecule and a sulfite ion (SOSZ’)?
A. 40, 40 B. 40, 42 C. 38,40 D. 78,80

In a fictitious world, element X has only two isotopes: 77X with a mass of 77.0 u and
78X, with a mass of 78.0 u. The relative abundance of the heavier isotope is 30.0%. The
average mass of the X atoms is...

A. 77u B. 77.3u C. 77.5u D. 78 u

In a fictitious world, element Z has only two isotopes: **Z with a mass of 35.00 u and
7Z, with a mass of 37.00 u. What is the relative abundance of the lighter isotope if the
average mass is 35.8 u?

A. 40.0% B. 50.0% C. 60.0%
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CHAPTER’E /4

" “Basic Physics Concepts

A good understanding of basic physics concepts is very useful for understanding
Chemistry. In this chapter, we will review important concepts by examining
one-dimensional motion. If the movement of an object is restricted to a straight line, we
say that it is confined to move in one dimension. In general, to completely describe the
motion of an object, we need to describe three dimensions; we need to describe how it is
moving (1) “up and down’, (2) “left and right”, and (3) “front and back”. We will conclude
this chapter by applying the concepts to describe the behavior of atoms.

The Position Vector
In order to locate anythAF) @ge@d tdAksidefite mpqigt of Ceference; we call this the

origin. Then, to locate something, we simply specify two things:

1. how far it is from the origin, and
2. which direction we need to take in order to get there from the origin.

Location, or position, is an example of a vector — something that has magnitude and
direction. Something that only has magnitude is called a scalar. If the movement of the
object is restricted to a straight line, it is convenient to select a point on the line as the
origin. At the origin, the location (x) is defined to be zero. The location is specified by
using positive numbers if the object is on one side of the origin, and negative numbers
are used if it is on the other side. The “magnitude” of the location is the distance from the
origin and the algebraic sign (positive or negative) tells us the “direction.” It is customary
to imagine that the line of motion is a horizontal line and to take locations that are to the
right (or east) of the origin as positive, and locations that are to the left (or west) of the
origin as negative. In other words,

x=+5.0m
means 5.0 meters to the right of the origin, and

x=-20m
means 2.0 meters to the left of the origin. We can also imagine the line of motion as a ver-
tical line and to take location as positive north of the origin, and negative south of
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the origin; in these cases, it is customary to use the letter y instead of x to represent the
location.

The Displacement Vector

The difference in the location of an object at two instances is called its displacement.

Suppose it is located at x| and x, at times t, and t,, respectively. The displacement is
defined as:

Ax=x, - X,
When the Greek letter delta (A) is written in front a symbol, it means “change in whatever
the symbol stands for” Thus, Ax means “change in x”; it is calculated by subtracting the

initial value (x, in this case) from the final value (which in this case is x,).

Example

An object moves 3.0 m to the left, what is the displacement?
Answer: -3.0 m, if we take locations right of the origin as positive
and locations left of the origin as negative. Since the final location
is to the left of the original location, we expect x, to be less than x,.
Therefore, x, minus x, would be negative.

Ax=x2—x1=—3.0m

Distance
The distance that an object has traveled is equal to the absolute value of the displacement
if it does not change direction.
d=|Ax|

If it changes direction, then we add up the distances traveled for each leg of the trip to get
the total distance traveled. Distance is always a positive number.

Example

An object moves 2.0 m to the right, then 3.0 m to the left.
Calculate the displacements for each leg and the total distance
traveled.

Answer: for the first leg, the displacement and distance

traveled are:
Ax=+2.0m,d=2.0m

and for the second leg, the displacement and distance traveled are:
Ax=-3.0m,d=30m
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The total displacement is:
Ax=(+2.0m) + (-3.0m)=-1.0m

but the total distance traveled is:
d=2.0m)+(3.0m)=50m

\We can see that the object ends up being 1.0 m to the left of
its original location; the displacement is -1.0 m. However, it has
traveled a total distance of 5.0 m.

Speed

Speed refers to how fast an object is moving. The average speed of an object is calculated
by dividing the distance traveled by the amount of time that has elapsed:

d

s=—
At

Example

Suppose an object travels 10.0 km in 2.0 hr. Calculate its
average speed?

Answer: 5.0 km/hr or 5.0 km hr™?

\We calculate the average speed by dividing the distance by the

elapsed time.
~d _10.0km

At 20hr
We keep only two significant digits in the answer since the less

precise term in the calculation, 2.0 hr, has only two significant
digits.

=5.0km hr™’

In the preceding example, we say that the average speed is 5.0 km per hour. It does
not necessarily mean that the object traveled 5.0 km every hour. It could have traveled
8.0 km during the first hour, then 2.0 km during the second hour. This would still amount
to a total distance traveled of 10.0 km in 2.0 hours. Or it could have traveled 3.0 km dur-
ing the first 30 minutes, then 7.0 km during the next 1-1/2 hour. In fact, there are an
infinite number of possibilities. This is why what we have calculated is called the average
speed. The actual speed at a specific point in time is called the instantaneous speed
(or simply the speed). If you were traveling in a car, your instantaneous speed would be
what your speedometer says at any given instant; it will most likely be changing through-
out your entire trip.
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Velocity

The velocity, v, is defined as the rate of change of location. For one-dimensional motion,
the average velocity is:

Ax

v=—o
At

It is equal to the speed if the object is moving towards more positive locations, and equal to
the negative of the speed if the object is moving towards more negative locations. In other
words, the velocity of an object refers to its speed and direction; the magnitude is the speed:

s=|v]

and the direction is specified by the algebraic sign.

Example

An object is moving at velocity of -5.0 m/s. What is its speed?

Answer: s = |-5.0 m/s| = 5.0 m/s
Speed, by definition, is always a positive number.

Apago PDE Enhancer

Example

A ball moves 20.0 m eastward for 4.00 s, then moves 20.0 m
westward for 1.00 s. Calculate the average velocity and average
speed.
Answer:
Let us take the eastward direction as the positive direction. For
the first leg of the trip, the velocity is positive since the ball is
moving eastward:

B Ax _20.0m

' At 4.00s

For the second leg of the trip, the average velocity is:

Ax  —omialhe
_A&x U0 m -
Ve~ &~ 1.00s TS

The velocity is negative since the ball is moving westward. For the
entire trip, the average velocity Is:

. Ax _0.00m

At 5.00s

=5.00ms™’

=00ms™
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The average velocity is zero because the overall displacement is
zero; the ball returned to its original position. But the average of
+5 and -20is -12.5, not zero! Why the difference? The rea-
son is that the ball spends four times longer moving eastward
at 5.0 m s™". Essentially, what we have calculated is a weighted
average.

For the overall trip, the total distance traveled is 40.0 m and the
total elapsed time is 5.0 s. Therefore, the average speed is:
d_400m
At 5.00s
Again, this is not just the average of 5.0 and 20.0; this is also
not the magnitude of the average velocity (which is zero). The

average speed is the magnitude of the average velocity only if the
direction of motion does not change.

=8.00m s’

Acceleration

An object is said to be accelerating if it changes velocity. The change in velocity may be

due to change in speed or direction, or both. The acceleration vector is defined as the rate
of change of velocity. JA[&&Q&B arfd Q‘o:cit}Eth&aiﬂ)Ec@r change during a finite
time interval; the average acceleration is:

Av
a=—

At

The SI unit for acceleration is meters per second per second (m/s/s) or meters per
second-squared (m/s* or m s7%).

Example

True or False. An object moving at constant speed is not
accelerating.

Answer: False. It could be accelerating if it is changing direction.

Based on the definition of acceleration, we can say that the acceleration and velocity
vectors have the same algebraic sign if an object speeds up without changing direction.
Acceleration and velocity have opposite signs if the object slows down or reverses
direction.
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Example

An object moving on a straight line speeds up from 4.0 m s7' to
8.0 m s7' in 4.0 s. Calculate the average acceleration.

Answer: +1.0 m s
It is customary to take the original direction of motion as positive.
Therefore, let us take the initial velocity as positive:

v, =+4.0ms™

Since the object is not changing direction, the final velocity is also
positive:

Vo = +8.0m s~

The average acceleration is: 1 ]

AV V-, (80ms™)-(40ms )=’I.Dms‘2

At At 4.0s

which turns out to be positive as well. This means that, on
average, the object’s speed increased by 1.0 m s™! every second.
In 4.0 seconds, the speed went up by 4.0 m s' (from 4.0 m s7'
to 8.0 m s ). The acceleration and velocity vectars are bath
positive; both vectors are pointing in the same direction when an
object is speeding up. Had we taken the direction of mation as

negative, we would have gotten an acceleration of —=1.0 m s7°.

1

Example

An object moving in a straight line slows down from 4.0 m s’
and comes to a complete stop in 2.0 s. Calculate the average
acceleration.

Answer: -2.0 m s~
Let us take the initial velocity as positive:

v, =+40m s

Since the object came to a stop, the final velocity is zero:
v, =0.0ms’
The acceleration is:
i 0O0ms')-(40ms™
V, —V
a:ﬂz 2 1:( ) ( )=—2.Om5_2
At At 20s

which is negative. This means that the acceleration vector is
pointing in the opposite direction (compared to the original
velocity). Any time an object slows down in a given direction, we
should get opposite algebraic signs for acceleration and velocity.
Had we taken the original direction as negative, we would have
gotten a positive value for the acceleration.

2
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Example

Example

True or False. A negative acceleration means that an object is
slowing down.

Answer: False. It is true only if the original direction of motion is
taken as positive. If the original direction of mation is taken as
negative, then a negative acceleration means that the velocity is
becoming even more negative and the object is speeding up in that
direction.

A molecule, moving at a constant speed of 500.0 m s~ towards
a wall, collides with the wall, then moves in the opposite direction
at a constant speed of 500.0 m s~' during a time interval of 0.10
s. Calculate the average acceleration during this time interval?

Answer: -1.0 x 10* m 572
Let us take the initial velocity as positive:
v, =+500.0 ms™
Since the final velocity is in the opposite direction, we assign it a
negative value:
v, =-500.0m s™"

Therefore, the average acceleration is:

A v,-v, (-500.0ms")-(500.0ms™")
gz Av_

ISl - =-1.0x10* m s
At At 0.10 s

Here, we have an example of something moving at constant
speed, but changing direction. The velocity is not constant and the
acceleration is not zero.

Force

Force is defined as a push or a pull that objects experience when they interact with other
objects. Force is a vector and the sum of all the forces acting on an object, the net force (F),
is directly proportional to the observed acceleration of the object; the direct proportional-
ity is the mass of the object (m). Mathematically, we say that:

F=ma

This equation means that, if an object is experiencing acceleration, there must be a net
force acting on it. The greater the acceleration, the greater the net force. It also means that
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a greater force is needed to cause the same acceleration for a larger mass. This equation
is known as Newton’s second law of motion. When we say net force, we mean the sum of
all the forces acting on the object. The unit for force is Newton, N, which is equivalent to
l1kgms™

Since mass is always positive, the force vector points in the same direction as the
acceleration vector. Force and acceleration have the same algebraic sign. If an object is
speeding up as it is moving in a particular direction, then it must be experiencing a net
pull or push in that direction. If it is slowing down, then it must be experiencing a net
push or pull in the opposite direction. If it reverses direction, then it must be experiencing
a net push or pull in the direction opposite the original direction.

Example

An object heading east slows down. What is the direction of the
net force vector?

Answer: \/Vest.
If it slows down as it is heads east, something must be pulling or
pushing it westward.

Example Apago PDF Enhancer

The speed of a 10.0 kg object in “free fall” increases by 9.8 m/s
every second. Calculate the net force on the object.

Answer: Let us assume that the downward direction is negative.
Since the object is increasing speed as it moves downward, its
acceleration is also negative. Therefore:

a=-9.8ms™®

The acceleration must be due to a net force that is also negative
(pointing downward]:
F=ma=(10.0kg)(-8.8 ms=®) =-98N

The value 9.8 m s72 in the preceding example is observed for all falling objects
near the surface of the earth, in the absence of any air around the object. It is called the
acceleration due to gravity, and is represented by the letter g. Experience suggests that the
force involved here (called gravitational force) exists between any pair of objects; any pair
of objects will have an attraction for each other due to gravitational force. The magnitude
of the gravitational force that the earth exerts on an object is called the object’s weight
(on earth):

W=mg
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Newtonss third law of motion says that for every action, there is an equal and opposite
reaction. This means that the object also pulls on the earth with a force equal to mg
directed towards the center of the object.

Example

What is the weight of a 0.50 kg book? How much force does the
book exert on the earth?

Answer: 4.9 N
Near the surface of the earth, the weight is:
W =mg=(0.50 kg)(3.8 m s%) = 4.9 N.

If we take the downward direction as negative, then we say that
the force on the book due to gravity is —4.9 N. By Newton’s third
law, the book is also pulling on the earth with a force of +4.9 N.

Consider a book, at rest, on a table. Since the book is not moving, its velocity is
constant and equal to zero. Since velocity is constant, acceleration is also equal to zero
(and also constant). Since acceleration is zero, the net force is also zero. We saw in the
preceding example that the earth does exert a downward (gravitational) force on the
book. There must be a m\\‘ﬁa'g]g bopk ejjual ip-mdegnifyde¢ tenits weight but directed
upward in order for the net or total force to be equal to zero. Where does this upward
force come from? It comes from the interactions of the atoms on the table’s surface with
the atoms of the book. Once these atoms get too close, they start to repel each other.

It is customary to lump all of these forces together and call the net upward force as the
normal force.

Example

Suppose the speed of a 10.0 kg falling object increases by
only 4.5 m s™", instead of 9.8 m s', every second because
of air resistance. Calculate the upward force due to air
resistance.

Answer: +53 N
Let us assume that the downward direction is negative. Since the
object is increasing speed as it moves downward, its acceleration
is also negative. Therefore:

a=-45ms?
The acceleration must be due to a net force that is also negative
(that is, pointing downward):

F=ma=(10.0kg) (-4.5ms?)=-45N
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This net force is equal to the force due to gravity and the force
due to air resistance:

F= Fgr‘avit:y . Fair resistance
If we take the downward direction as negative, then the force due
to gravity is:
Forauity = (M)(-9) = (10.0 kg) (-9.8 m s7%) = -98 N
Therefore:
=§-F =(-45 N] - (-98 N) = +53 N

air resistance gravity
which is positive; it is directed upward and opposes the effect of
gravity. Thus, the object does not speed up as much.

Consider a book, at rest, on a table. Suppose we attempt to push it sideways by
applying a force of, say, 10.0 N, but it does not move. Since the book is not moving, its
velocity is constant and equal to zero. Since velocity is constant, acceleration is also equal
to zero (and also constant). Since acceleration is zero, the net force is also zero! Since we
are exerting a 10.0 N force on the book, there must be another force with a magnitude of
10.0 N acting on the book in the opposite direction. We call this force friction. It comes
from the interactions of the atoms on the table’s surface with the atoms of the book.

Any pair of particles in nature exerts a force on each other, called gravitational force,
and numerous observaﬂpal@@t t@%ita&ﬁhh&ﬂ@ﬂds on the masses of the
particles and how far they are from each other.

E = Gm, m,

rav. 2
¢ r

where G is a constant (6.67 x 10™"" N m* kg™?), m and m, are the masses of the particles
and r is the (center-to-center) distance between them. Consider the earth (with mass
m =6.0x 10** kg) and an object (with mass m,) as two particles separated from each
other by a distance equal to the radius of the earth (r = 6.4 x 10° m). We can calculate
the gravitational force of attraction between the object and earth to be:

-11 2 ko2 4
Ee (6.67 X107 Nm kg )(6(3 x 10 kg)mz =(9.8m3_2)m2
(6.4 x10° m)

Since the radius of earth is very large, the acceleration due to gravity is essentially

constant, 9.8 m s~2, near the surface of the earth; the r> term in the denominator will
hardly change the magnitude of the force. Gravitational force is attractive. An object of
mass m is being pulled with a force equal to mg directed towards the center of the earth.
All objects are made up of very tiny particles called atoms. Each atom consists of an even
smaller particle called the nucleus surrounded by even smaller particles called electrons.
Each nucleus is made up of even smaller particles called protons and neutrons. Electrons
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and protons are said to be “electrically charged” and numerous observations suggest that

a force, called electrostatic or Coulombic, exists between any pair of charged particles and
this force is stronger than the gravitational force between the particles. The Coulombic force
depends on the charge of the particles (q, and q,) and the distance between them (r):

I:coul = 1( (12 (12

r

In the preceding equation, which is known as Coulomb’s law (in honor of Charles Augustin
de Coulomb), k is a constant equal to 9.00 x 10° N m? C, the charge of an electron is
-1.602 x 107" C, and the charge of the nucleus is a (Z)(+1.602 x 107" C), where Z is the
number of protons in the nucleus. The unit of charge, C, stands for Coulomb. Coulombic
force can be positive or negative; a positive value indicates repulsion (“like charges repel”)
and a negative value indicates attraction (“unlike charges attract”). Electrons repel each
other; a proton and an electron attract each other. The constant, k, is oftentimes written as:

1
4Te,

where mis 3.1415... and ¢ _(“epsilon naught”) is called the permittivity of vacuum, which
has a value of 8.854 x 1072 C* N"! m™,

Anann DDE Enhancor
l__\'~l A !:’ \ | I 4 | L=ITTTCATT U U]

Example

The most probable distance of the electron from the nucleus of a
hydrogen atom is 52.9 pm. Compare the gravitational and
Coulombic forces at this distance. Given: mass of electron is

9.11 x 102" kg, mass of proton is 1.67 x 10727 kg,
1pm=10"2m.

Answer: Plugging in the masses, charges and distance in the
appropriate formulas, we find that the magnitude of the Coulombic

force is about 1039 times larger.

11 2 | ~—2 -31 =l
_(6:87x107 N m’ kg*®) (8.11x 10 kg) (1.67x10 kg)=3.83X1047 N
(52.9x1072 m)°

(9.00x10° N m® G%) (-1.602x 10" C) (1.602x 10" C) .
= R =-8.25x10° N

grav

coul

All forces in nature can be classified into four fundamental types: electromagnetic,
strong, weak, and gravitational. Strong and weak forces are significant only between par-
ticles at very, very, very short distances from each other (such as protons and neutrons in
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a nucleus). In Chemistry, we are mostly concerned with electromagnetic forces when dealing
with interactions of protons and electrons at typical atomic distances. Electromagnetic
forces include electrostatic (Coulombic) and magnetic forces. We may consider gravita-
tional forces when considering macroscopic (bulk) systems.

Example

What type of fundamental forces is mainly responsible for friction?

Answer: electromagnetic
Friction is due to interactions among atoms. Forces among atoms
are primarily electromagnetic in nature.

Kinetic Energy
If an object of mass m has a velocity v, then its kinetic energy is defined as:

1
K== mv’
2

The unit for kinetic energy is Joule (J), which is defined to be kg m*/s* or kg m* s

Example

Which has more kinetic energy?
A. 2.00 kg mass moving at 2.00 m s

B. 2.00 kg mass moving at -2.00 m s~

Answer: Same.

A and B have the same mass but different velocities. But kinetic
energy depends on the square of the magnitude of velocity, not
the velocity itself. In other words, it depends only on speed, not
direction. Kinetic energy is a scalar, not a vector. In this particular
case, A and B have the same speed (2.00 m/s), even if they are
moving in opposite directions.

Example

What is the kinetic energy of a nitrogen molecule (mass =
4.65 x 10725 kg) moving at a speed of 5.00 x 10° m s7'?

Answer: 5.81 x 102" J
K=(1/2)mfl = (1/2) (4.65 x 102 kg) (5.00 x 102 m s "J§
=5.81 x 102" kgm? s, or 5.81 x 102" J
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Work and the Work-Energy Theorem

Work is defined as the application of a force over a distance. If a constant force, f, is applied
on an object over a distance d, then the amount of work (w) done is:

w=fd

The unit for work is Joule (]), just like kinetic energy.

Example

A force of 10.0 N is applied to an object while the object moves a
distance of 0.50 m. Calculate the work.

Answer: w = 5.0 J
w=Ffd=(10.0N) (0.50m)=5.0J

When work is done on an object, its kinetic energy increases if the force and
velocity are pointing in the same direction; its kinetic energy decreases if the force
and velocity are pointing in opposite directions. In other words, if something is
moving to the right and it is pushed or pulled to the right, it will speed up. But if
it is pushed or pulled to the left, then it will slow down and may eventually turn
around. In fact, it canAp@glghaP@FvorEﬂsh:aqem«elr the net force on the
object is equal to the change in its kinetic energys; if the initial velocity is v, and the
final velocity is v, then:

w=AK=K, -K, =lmvzz—l mv/’
2 2
This is called the work-energy theorem.
Since AK is positive if the object speeds up and negative if the object slows down, it is
convenient to use displacement instead of distance when calculating work:
w=1{fAx
By doing this, we get a positive value for work if f and Ax have the same algebraic sign and
a negative value if f and Ax have opposite signs.

Example

What is the work due to gravity when a 1.00 kg object falls a
distance of 0.50 m?
What is the speed at this point if the object starts from rest?

Answer: 4.9 J, 3.1 m s’
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The force of gravity on the object is pointing downward. Let us
take the downward direction as the negative direction. So, the
acceleration is —g.

f=ma=(m)-g)=(1.00 kg)-9.8 ms?)=-9.8N

The displacement is also negative since the object moved downward:
Ax=-0.50m

Therefore, work is: w=f Ax = (-9.8 N) (-0.50 m) = +4.9 J

Since we calculated a positive value, we say that the object gains
4.9 J of kinetic energy; it will be speeding up. If the object started

from rest, then v, = 0 and
w=K,-K, =K, -0=(1/2) mvee— (1/2) m (0)°
Solving for v,,, we get:

y :_/2}(2 :_/QW:_ 2(4.9kg m* s7®) __3 N
& m m 1.00 kg '

Note that we took the negative square root since the object
is moving downward and we have taken that as the negative

direction. The speed is 3.1 m s~".

Apago PDF Enhancer

Example

\What is the net work done on a 0.50 kg object, initially at rest on
the floor, if it is lifted, then held at a height (h) of 2.0 m?

Answer: Zero.

The initial and final velocities are both zero; the object is at rest
initially and in the end. Therefore, the average acceleration is
zero, the average net force is zero, and the net work done on
the object is zero. The net work is equal to the change in kinetic
energy, which is also zero.

Since the downward force due to gravity is -mg, the work due
to gravity is -mgh. Therefore, the work due to the upward force
must be +mgh, in order for the total work to be zero.

This means that the average upward force that needs to be
exerted must be equal in magnitude to the force due to gravity.
However, while the force due to gravity is constant (-mg), the
upward force is not. It must first exceed mg in order to make the
object move upward; eventually, it must be less than mg in order
for the object to slow down and stop, and it must finally be equal
to mg in order for the object to remain at rest.
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Potential Energy

Any pair of particles is said to have a potential energy (V) due to the force they exert on
each other, which depends only on the distance between them. Thus, potential energy

is often defined as energy due to position. For any set of particles, the total energy (E) is
defined as the sum of the kinetic energies of all the particles and the potential energies for

every possible pair of particles.

Example

Using K, and V, to represent the kinetic energy of particle “i" and
the potential energy due to the interaction of particles “i* and
“I”, write the expression for the total energy of three particles
(*1”, “2”, and “3”).
Answer: E=K, + K, + K ; +V,, +V,, +V,,
The total energy is the sum of:

e K,, the kinetic energy of particle “1”
K., the kinetic energy of particle “2”
K,. the kinetic energy of particle “3”
V... the potential energy of interaction of particles “1"
and “2”
¢ V, ., the potential energy of interaction of particles “1"

and “3", and

e \/_., the potential energy of interaction of particles “2" and “3”

23’

Potential energy is defined such that, for any set of particles, the total energy is con-
stant if there are no external forces affecting the particles. We could say that if we leave a
set of particles alone, then its total energy is conserved; the potential and kinetic energies
may change as the particles move, but the total energy remains the same. This means that
a drop in potential energy implies an increase in the kinetic energy (faster movements)
and vice versa.

Example

Consider a ball and the earth as two particles; ignore the rest of
the universe. As the ball is dropped from a certain height, what
happens to the potential energy?

Answer: the potential energy decreases as the ball falls

We know that the ball will speed up as it falls. Therefore, its
kinetic energy increases as it falls. Since the total energy must
remain constant, the potential energy must decrease.
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Whenever we are dealing with particles where one is much more massive than the
other(s), as in the preceding example, it is customary to set the origin for describing

the lighter particles at the location of the heavy particle. In this case, it is customary to
consider potential energies as “belonging” to the lighter particles and, to a very good
approximation, the sum of the potential and kinetic energies of the lighter particles can
be taken as conserved. The nucleus of an atom is at least 1800 times more massive than an
electron. Thus, when discussing energies of atoms, we typically only refer to potential and
kinetic energies of the electrons.

Example

Describe what happens to the potential energy of an electron as it
moves away from a proton?

Answer: Since the electron and proton have opposite charges,
they attract each other. The electron would be slowing down as it
moves away from the proton. Its kinetic energy will be decreasing.
Therefore, its potential energy will be increasing.

The value of potential energy does not really mean anything. What we are really
interested in are changeApt& e ofthgfpoteftin] Fnergy as particles move. The change
in potential energy gives us information about the change in kinetic energy (whether a
particle has sped up or slowed down). As a matter of convenience, we need to establish a
“reference” so that we can have values for potential energy that we can use for calculations.
For a pair of charged particles, a commonly used reference is the case where the particles
are at infinite distance from each other; if we define the potential energy to be zero at this
reference distance, then we can calculate the potential energy at any distance (r) using the
following equation:

4 9

r

V=k

where q, and q, are the charges and k is the same constant used in Coulomb’s law
(k=9.00x10° N m* C2). Examining the equation, we can see that as r approaches infinity
(o), the denominator becomes very large, making the potential energy (V) approach zero.
As the two particles approach each other, the denominator (r) approaches zero and V rises
towards +eo if the particles have like charges (q, and q, both positive or both negative);

V drops towards —eo if the particles have unlike charges.
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Example
One of the two curves shown below corresponds to the potential
energy between two electrons. Which one?
Bx10-18 \
4x10-18 \
2x10-18
\\‘“_
V.l ® :_____:E
_2):10—‘! /’
4x10-12 /
5310.“ D[ 00 1000 1500 20000
r,pm
Answer: the blue curve
Two electrons would repel each other. As they move farther apart,
they will be speeding up. This means they will be gaining kinetic
energy. The potential energy will be dropping. The blue curve shows
a potential energy that decreases and approaches zero as the
distance (r) increases.
Example

Shown below (red curve) is the potential energy for a proton and an
electron (as in a hydrogen atom). If the green line represents the
total energy, describe the two particles when they are separated at
distances corresponding to points A, B, and C on the graph.

2101
Vyd s -
° =T
A B C
201018
A0
£x107%
o =00 1000 1200 200

r,pm
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Answer: Based on Newton's 2nd law and Coulomb’s law:

¢ Of the three points shown, point A corresponds to the case
where the particles are closest to each other (about 100 pm
apart). Note: 1 pm = 10-"2 m.

- If the particles happen to be approaching each other, the
potential energy will be drastically dropping, which means
that they will be speeding up their approach until they crash
into each other. The kinetic energy, the vertical difference
between the green curve (total energy) and red curve
(potential energy), will be getting larger as r gets smaller.

- If they happen to be moving away from each other, the
potential energy will be increasing (red curve rising as
r increases), and the particles will be slowing down (kinetic
energy decreasing) until their separation corresponds to
the distance at point B; this distance is around 420 pm.

e |f the particles are separated by about 420 pm (which corre-
sponds to point B), the potential and total energy would be equal
(the red and green lines cross at point B). This means the kinetic
energy is zero at this instant; the particles are mationless; all
the energy is potential. However, there is an attractive force
between the particles; so, they will start moving towards each
other and speed up until they crash into each ather.

¢ At distances larger than that at point B, as in point C
(1000 pm), the kinetic energy is negative! \Why? At these
distances, the green curve is below the red curve; this means
that the total energy is less than the potential. By definition,
kinetic energy cannot be negative. K = (1/2)mv2. Mass (m)
is always positive and the square of the speed (v?] is always
positive. The part of the chart below the (red) potential energy
curve is said to be a “forbidden region.” In other words, the
particles can only separate as far as about 420 pm; from
there, they move towards each other.

Note:

1. Since the proton is much more massive than the electron, we
can take r as the location of the electron assuming the proton
is fixed at the origin and take the energies mentioned in the
discussion as just those of the electron.

2. The prediction we made for points A and B was troubling to
scientists towards the end of the 19th century. It suggests
that anytime an electron approaches a positive nucleus, it will
eventually crash into it, which would mean that the atom as we
now know it cannot possibly be stable long enough for any of us
to exist. This, and other “anomalous” phenomena discovered
around that time were eventually resolved with the develop-
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ment of modern physics. The physics covered in this chapter,
which was developed by Isaac Newton and others prior to the
20th century, is now referred to as classical physics. Among
the strange predictions of modern physics is that there is a
finite probability of the particles being in the forbidden region
mentioned above. Thus, the said region is generally referred
to as a “classically-forbidden” region.

Example

Shown below (in red) is the potential energy for a proton and an
electron (as in a hydrogen atom). If the green line (at 1x10'8 J)
represents the total energy, describe what happens when the
particles are separated by 1000 pm.

21018

V,Jd

2510 /

Ax10°1% /

G107 ,(
o

Answer: The blue point corresponds to the situation where the total
energy is 1x10'8 J and the particles are separated by 1000 pm.
According the classical physics:

e If they happen to be approaching each other, the distance (r)
would be decreasing, the potential energy (red curve) would be
decreasing, the kinetic energy would be increasing, the particles
will be speeding up towards each other and eventually crash into
each other.

e If they happen to be moving apart, the distance (r) would be
increasing, the potential energy (red curve) would be increas-
ing but eventually level off at zero, the kinetic energy would be
decreasing and eventually level off at 1x10"8 J, the particles
will be slowing down but eventually settle into a constant rate of
separation and continue moving apart forever.

0 1008 1500 2000
n pm
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Example

Consider the potential energy plots shown below. \WWhich curve
shows how the potential energy due to Coulombic interaction of
two protons, V, depends on the distance between them?

r{pm)

Answer: The red curve.

The paotential energy approaches zero as r approaches infinity (o)
and rises to +co as the protons approach each other. As two pro-
tons approach each other, the potential energy rises, which means
that they will be slowing down (lose kinetic energy), which is what
we expect since like charges repel each other. A curve that looks
like this is often referred to as a (completely) repulsive potential.

Pairs of positively charged particles are hardly ever by
themselves. For example, the two protons in an H, molecule are
surrounded by two electrons, which have attractive interactions
with the protons. In fact, the behavior of the two protons in H,
is better described by the blue curve in the Figure above. V is
zero at infinite distance. But as the nuclei approach each other,
they actually gain kinetic energy as the potential energy dips
below zero until they reach a distance of about 74 pm. As they
get even closer, the potential energy starts to rise; this means
that they start to slow down. The total energy of an average H,
molecule at room temperature is shown on the graph by the
green line. If we zoom in on this section (see below), we can
conclude that the two protons in the average H, molecule are
“stuck” together. With only as much total energy as indicated by
the green line, they can only get as close as around 70 pm and
cannot move farther than about 80 pm from each other. The
nuclei will be oscillating between these two distances; the motion
is called a molecular vibration. This “bonding” of two positive
nuclei (that would otherwise repel each other] is made possible
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by the sharing of electrons by the two atoms and is called
covalent bonding. The distance where the minimum in V occurs
is called the bond length.

]

] L
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TEST YOURSELF

For answers and other study resources, see:

64

http://i-assign.com/ebook/answers/chapter4.htm.

An object is slowing down as it moves to the +x direction. The acceleration of the
object is...

A. positive B. negative C. zero

An object is speeding up as it moves in the —x direction. The net force on the object is...

A. positive B. negative C. zero

When subjected to the same amount of force, which of these atoms would experience
greater acceleration?

A. H B. He

When an atom moving in the +x direction collides with a wall and reverses direction.
Which of the following is true?

A. the acceleration,of the atom is ive
Apiaa. PBE® Enhancer
B. the force on the atony iw/positive

C. the force on the wall is negative

At typical atomic distances, the predominant fundamental force between charged
particles is...

A. strong B. weak C. electromagnetic D. gravitational

Which has greater kinetic energy?

A. A He atom moving at 300 m s™'

B. A Ne atom moving at 300 m s™*

C. neither; they have the same kinetic energy

As two protons approach each other, their potential energy...

A. increases B. decreases C. remains the same
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8. Consider the potential energy curve shown in red below for H,. For which of the two
energy levels indicated (by the blue and green lines) do we expect the two atoms to be
able to move farther from each other?

A. thelevel indicated by the blue line
B. the level indicated by the green line

T T

V(r)
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0 100 200 300

r.pm

Apago PDF Enhancer

Chapter 4: Basic Physics Concepts 65



This page intentionally left blank

Apago PDF Enhancer



CHAPTER’E /5

"“Classification of
Matter 4

Matter can be classified according to its physical state, or according to its composition.
In this chapter, we will examine the atomic interpretation of the differences among
the categories.

Physical States of Matter

The physical state of a sample of matter can be described as solid, liquid, or gaseous.
Intuitively, we know the distinctions between the three physical states. For example, we
can easily tell that ice, wood and rock are solids, water, wine and gasoline are liquids, and
that air, helium (in balloons) and neonESinside neon lamps) are gases.

We can formally deﬁ:}@ 15 Bqu ,aEgaE e aﬂﬂg% of their properties:

shape and volume.

e Solids have definite shape and volume.

e Liquids have definite volume, but the shape follows the shape of the bottom of the
container.

¢ Gases do not have definite volume or shape. They entirely fill up whatever container
they are put into. They follow the entire shape and volume of the container.

Liquids and gases are also known as fluids; they have an indefinite shape because of
their tendency to flow. When we say that solids and liquids have “definite volume,” we
mean that it would require a great deal of effort to compress them (compared to gases)
and that, unlike gases, they do not just spread out and fill up whatever container we put
them in.

Phase Changes

A change in physical state is also called a phase change. When we heat a solid, it
eventually turns into a liquid. This process is called melting or fusion. Further heating
of the liquid eventually converts it to a gas. This process is called evaporation or
vaporization. Sometimes, a solid can change directly into a gas; this process is called
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sublimation. All of these processes are said to be endothermic; heat is absorbed from
the surroundings when they occur. The opposite of these processes are exothermic; heat
is released to the surroundings as they occur. The opposite of melting is freezing. The
opposite of vaporization is condensation or liquefaction. The opposite of sublimation is
deposition.

Example

What terms are used to describe the following changes?

. a mothball “disappearing”

. ice turning into liquid water

. water droplets forming on the outside of a cold glass of
water

. ice “shrinking” in a frost-free freezer

. sweat “disappearing” from your skin

Answers:

A. sublimation B. melting C. condensation D. sublimation
E. vaporization

m O Owm>

Example

Ao o e L ¥ | e e .

Explain why you feel cold when you come in drenched from the
rain?

Answer: Vaporization is an endothermic process. As the water
vaporizes, water molecules draw heat from your body.

Example

Explain why exposure to steam is more dangerous than exposure
to boiling water?

Answer: As boiling water cools (when it comes in contact
with your body), heat is transferred to your body. \With steam,
more heat is transferred to your body because the condensa-
tion of steam to boiling water is exathermic. In fact, it can

be shown that the condensation alone generates nine times
more heat.
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Atomic Interpretation of Physical States
and Phase Changes

All matter is made up of tiny particles called atoms, ions, and molecules. Differences
in the characteristics of physical states can be explained with the notion that these
particles:

e are always moving,

e move more or less independently of each other at very, very large distances,

e repel each other at very, very short distances (mainly due to repulsions of positively
charged nuclei),

e attract each other at intermediate distances,

e gain kinetic energy (move faster) when heated, and

e are better able to move away from each other when they gain kinetic energy.

When we talk about distances between atoms being large or short, we are referring
to distances compared to the size of the atoms. A distance of 0.1 to 1.0 nm would be
considered “intermediate,” with the strongest attraction occurring at a distance of
0.2-0.5 nm between neighboring nuclei. At shorter distances (less than about 0.1 nm)
repulsion between nuclei (the internuclear repulsion) rises very sharply. A distance of 3 nm

would be considered vAp@@ O nrAE P nk= N h ancer

Explaining shape. Unlike liquids and gases, solids have definite shape because the
particles that make up the solid do not have much freedom of movement. The amount of
energy they have is just enough for them to vibrate about more or less fixed positions. As
solids are heated, the particles gain energy. The increase in energy allows them to move
faster and increase their range of motion as they are better able to overcome the attractive
forces among them. The motion eventually becomes less restricted as the solid turns into
aliquid, and eventually into a gas. The motion is least restricted among particles in the gas
phase. They are able to spread out as far from one another as possible. Thus, a gas fills up
whatever container you put it in.

Explaining compressibility. In solids and liquids, the particles are already as

close to each other as possible (0.1-0.2 nm); pushing them even closer together will
require a great amount of force to overcome the strong internuclear repulsions that
would occur at the short distances. In the case of gases, the particles are very far apart.
They can be pushed closer together without much resistance from the internuclear
repulsions.
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Example

A 24.8 L sample of air at room temperature contains approxi-
mately 6.0 x 10°° molecules. Estimate the average distance
between molecules.

Answer: 3.5 nm

To calculate the average distance, imagine spreading out the
molecules so that they are evenly spaced. We do this by imagining
a 24.8L box and dividing it into 6.0 x 10°° cubic compartments,
with one molecule in each compartment. Thus, the volume for
each compartment is

24.8x10°m?

5 O =4.13x10%® m®
.0Ox

Naote that 24.8 L is equivalent to 24.8 x 10~ m®. The volume of
a cube is equal to a3, if a is the length of the side. So, to get the
length of the side of each cubic compartment, we take the cube
root of the volume.

1

!
a=V3=(4.13x10%* m®)® =3.5x10° m

or 3.5 nm. This is the center-to-center distance between adjacent
cubes and our estimated average distance between the nuclei

of neighboring air molecules. For comparison, if we imagine an

N, molecule, which comprises about 80% of air molecules, as a
sphere, it would have a radius of about 0.16 nm. This is about
20 times smaller than 3.5 nm.

When a substance is made up of molecules, heating will generally first lead to the
spreading out of the molecules. A much higher temperature would be required to sepa-
rate the molecules into atoms. Attractions between molecules and/or noble gas atoms are
called van der Waals attractions and are weaker than attractions between neighboring
atoms within a molecule, or neighboring ions with opposite charges. For example, the
energy needed to separate an H atom from a CH, molecule is about 330 times larger than
the energy needed to separate two CH, molecules from each other.
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Example

In the figure below, which process best represents the vaporiza-
tion of liquid nitrogen (N,)?

i o 9§
5

Answer: B.

The process illustrated in B occurs at 77K (or -1 96°C); at room
temperature nitrogen exists as a gas and is made up of N, mol-
ecules. In order to break up the N, molecules into N atoms, we
would need to heat our sample up to about 7O00OK.

AYaAayu 1mour Liiialric i

Elements, Compounds and Mixtures

Samples of matter that we encounter in nature can generally be separated into two or
more distinct components. We consider two components to be distinct if they have
different sets of properties. However, once we start separating matter into its components,
we reach a point where we have a sample that can no longer be separated into distinct
components. We say that what we have at that point is an element. So far, a little over a
hundred different elements have been identified; less than 100 are naturally-occurring.

If there are only a few elements, why is there so much variety in nature? The answer
is that elements can combine in many, many different ways to form compounds. A com-
pound is made up of two or more elements, but its properties do not resemble those of the
elements that make it up. Each compound has a unique set of properties that differentiates
it from other compounds. Collectively, we refer to elements and compounds as substances.
Much of the matter we find in nature is a mixture of substances. A sample of matter con-
taining only one substance is called pure substance. Pure substances are rarely found in
nature; they are produced in the laboratory by separating mixtures.
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Example

Under ordinary conditions, hydrogen and oxygen are gases; a
mixture of hydrogen and oxygen is also a gas. \Water, on the other
hand, is a compound of hydrogen and oxygen; under ordinary con-
ditions, it is a liquid. Hydrogen peroxide is another compound of
hydrogen and oxygen; its set of properties is different compared
to water, hydrogen, or oxygen.

How can we tell if a sample is a mixture or a pure substance? A pure substance is usu-
ally homogeneous; by this, we mean that the properties are uniform throughout the entire
sample. The only exceptions are at certain conditions where it is possible for more than
one physical state of the substance to exist. At the melting point of a substance, for exam-
ple, you will see both solid and liquid state; in this case, you have a heterogeneous sample
of the pure substance.

Most heterogeneous samples are mixtures, but a mixture can also be homogeneous;
such a mixture is called a solution. How can we tell if a homogeneous sample of matter
is a mixture or a pure substance? The traditional method is to examine the behavior of
the system when it is heated or cooled. While a pure substance is melting, its tempera-
ture remains constant; Apat'geove say[iDfs cofstapjfitjdgesmet change by more than
1-2°C. We say that a pure substance has a sharp melting point (or freezing point), while
mixtures have a wide melting (or freezing) range. Similarly, a pure substance has a sharp
boiling point, while mixtures have a wide boiling range.

Heterogeneous mixtures can be classified as coarse mixtures, suspensions, and col-
loids. Coarse mixtures are the most commonly encountered and are relatively easy to
recognize; an example of a coarse mixture is a salad. In a suspension, very fine particles
are evenly dispersed in a liquid or gas; examples: dust and air, orange juice with pulp. The
dispersed particles in a suspension are visible to the naked eye and settle on standing.
Colloids or colloidal dispersions are similar to suspensions; very fine particles are also
evenly dispersed but they are too small for the unaided eye to actually discern; examples:
fog, milk, lump-free gravy. The dispersed particles in a colloid are detectable by shining a
bright light on the sample; the scattering of light by colloidal particles is called the Tyndall
effect. Unlike in suspensions, the dispersed particles in a colloid do not settle on standing.

The Law of Definite Composition

The Law of Definite Composition, also known as the Law of Constant Composition or the
Law of Definite Proportions, is a statement of the general observation that if a pure sub-
stance can be broken into two or more elements, the proportion of the elements obtained is
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well defined, regardless of how much substance was used or where the substance came from.
Similarly, if the process were reversed, the same proportion of elements would be used up
to make the substance. A substance that can be broken into two or more elements is called a
compound. Therefore, the law essentially says that a compound has a definite composition.

Example

Example: the percentage of Cl by mass in 10.0 g of a compound
is 25.0%. What is the percentage of Cl by mass in 20.0 g of this
compound?

Answer: 25.0%

It does not matter how much of the compound we have. The
percentage of any element in the sample is a constant.

Example

A 16-g sample of a compound contains 12 g C and 4 g H. What
is the mass of a sample of this compound that contains 24 g C?
What is the mass of H in this sample?

Answer: 32 g, 8 g

The law of definite composition says that, since:

mass _129_075
mass ., 16g

for the 16 g sample, then the ratio is also O.75 for any sample of
this compound. In other words, for the other sample:

mass, _ 249
mass mass

=075

total total

Solving for mass,_,, we get 32 g. Note that 12 is 75% of 16,
and 24 is 75% of 32. The percentage of C in both samples is the
same.
\We can figure out the mass of H by subtracting the mass of C
from the total mass:

32g-24g=8g.
Alternatively, we can use the fact that the mass-to-mass ratio of C
to H is constant. For the 16 g sample, the ratio is:

mass, 129

mass,, 4gd
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Therefore, for the sample that contains 24 g C, the ratio is also
equal to 3.

mass, 2494
mass, mass,

Solving for mass,,, we get 8 g.

Atomic Interpretation of Elements,
Compounds, and Mixtures

A pure sample of an element is made up of only one kind of atom. Separating it into two
or more parts will give us parts that are made up of the same kind of atoms. Thus, the
parts will have the same properties.

Compounds and mixtures are made up of at least two elements; therefore, they are
made up of at least two kinds of atoms. Unlike a mixture, a compound has a definite
composition because the atoms of the different elements in any sample of the compound
are in a well-defined (fixed) ratio.

Example Apago PDF Enhancer

Which of the figures below best illustrate the atomic compaosition
of a pure element, a pure compound, and a mixture?

A B o
.... .. l. .-.. o A
.. 1 L] " » .. “* LS

Answer: Figure A best represents a sample of a pure element;

it shows only one kind of atom (red circles). Figure C best repre-
sents a sample of a pure compound; it shows two kinds of atoms,
but the atoms are organized in a well-defined manner; it is made
up of only one kind of molecule. Any “sample” you draw from Figure
C will give you one blue square for every red circle. Figure B best
represents a mixture of two elements. If you were to take a
random “sample” of atoms from Figure B, you would not always
get the same blue-to-red ratio.

74 Chemistry: The Core Concepts



» Example

Consider the pictorial representation of the molecular composi-
tion of a mixture. Assuming filled circles represent C atoms and
unfilled squares represent O atoms, we can say that the figure
represents a mixture of:

A. an element and two compounds

B. two elements and a compound

C. three compounds

D. two elements

e

&
':PDQ::
.
o ®

Answer: A
There are three substances in the mixture. One element [02]

and two compounds (CO and COE].
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter5.htm.

1. For which of the following are the atoms, on average, farthest from one another?

A. air B. gasoline C. copper wire

2. Water is made up of molecules. For which physical state is the motion of the water
molecules most restricted?

A. solid (ice) B. liquid C. gas (steam)

3. What physical state of matter is being described by the following phrase: “particles are
as close to one another as possible and unable to move”

A. solid B. liquid C. gas D. none of these

4. Consider the pictorial representation shown below for a change in physical state at
the molecular level.

BEFORE AFTER
Apad . er
. —
g

The picture best represents which of these changes:

A. evaporation B. melting C. sublimation D. condensation

5. Which of the pictorial representations best accounts for the conversion of water from
liquid to steam?

rF i“'%‘
»5 - i ~
AY Y

-‘ ‘ .' -.-

‘ b . B a..-.
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6. What type of matter cannot be separated into two or more distinct components?

A. element B. compound C. mixture D. pure substance

7. A naturally-occurring sample of matter most likely consists of...
A. asingle element B. asingle compound

C. a mixture D. pure substance

8. A sample of matter is heated and found to start melting at 75.0°C. While melting, the
sample temperature continues to rise to about 85.0°C. This sample of matter is most
likely...

A. an element B. a compound C. a mixture

9. Samples A, B, and C appear to be identical. Each sample is found to melt sharply
at 122°C. However, a mixture of sample A and B is found to melt from 115-120°C,
while a mixture of sample A and C is found to melt sharply at 122°C. Which of the
following is true?

A. Samples A and B are composed of the same substance
B. Samples A and C are composed of the different substances

C. A mixture of B and C will have a sharp melting point

D. Noneoftheabﬁ(pago PDF Enhancer

10. If a medicine bottle has a “shake well before using” label, it most likely contains......

A. asolution B. a colloid C. asuspension

11. Which of the following is a coarse mixture?
A. air B. 18K gold C. gasoline D. salad

12. A 25.0 gram sample of a compound is found to be 24% chlorine by mass. What is the
percentage of chlorine in a 50.0 g sample of the compound?

A. 24% B. 48%
C. 12% D. It depends where the sample came from

13. A 25.0 gram sample of a compound is found to be 24% chlorine by mass. How much
chlorine is in a 50.0 g sample of the compound?

A 24g B. 48¢g C 12g
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14.

15.

16.

17.

A 17.0 g sample of a compound contains 14.0 g nitrogen and 3.0 g hydrogen. How
much hydrogen does a 34.0 g sample of the compound contain?

A. . 30¢g B. 60g C. 140¢g D. 280¢g

A 32.0 g sample of a compound contains 16.0 g oxygen, 12.0 g carbon, and 4.0 g
hydrogen. How much oxygen is present in a sample of this compound that contains
36.0 g carbon?

A 120g B. 533 g C. 48.0g D. 36.0¢g

A 7.0 g sample of a compound contains 3.0 g of element “X” and 4.0 g of element
“Y”. What is the mass ratio of element “X” to element “Y” in a 70.0 g sample of this
compound?

A. 0.75 B. 1.33 C. 75 D. 133

Consider the pictorial representation shown below for the molecular composition of
a mixture. The figure represents a mixture of...

Apago| o " cer
-u:l L=
oo e b

A. an element and two compounds
B. two elements and a compound

C. three compounds
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CHAPTER |

"“The Periodic Table

The periodic table is the most important resource for anyone studying Chemistry. The
elements are arranged in the periodic table in a manner that facilitates understanding of
the patterns in their properties.

Classifying the Elements

In a typical periodic table, elements are organized into 18 vertical columns with two
additional (horizontal) rows below the 18 columns. Elements that belong to same vertical
column are said to belong to the same family or group. Elements in the same horizontal
row are said to belong to the same period.

Apago PDE Enhancer

LI S )

Example

Which of the following belongs to period 3: Na, Sc, or In?
Answer: Na

The term Period refers to a (horizontal) row. Period 3, the third
horizontal row, is highlighted in green below. Na is the first
element in period 3. Sc is in the fourth period. In is in the fifth

period.
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The representative elements. In the traditional American periodic table, columns 1,
2, and 13 through 18 are labeled using the numbers 1 through 8 (Arabic or Roman) fol-
lowed by the letter A. In other words, column 1 is group IA or 1A, column 2 is group ITA
or 2A, column 13 is group IIIA, column 14 is group IVA, etc.. Sometimes, column 18 or
group VIIIA is labeled as group 0 (zero). These “A” groups are known as the main groups
or representative groups, and they are indicated in Figure 1 by the red shading.

In the traditional American periodic table, columns 3 through 12 are labeled using
IIIB (or 3B), IVB (or 4B), VB, VIB, VIIB, VIII (or VIIIB, or 8B; next 3 columns), IB, and IIB.
The elements in these “B” groups are called the transition elements or transition metals and
they are indicated in Figure 1 by the blue shading.

The two rows at the bottom are known as the inner transition elements (lanthanides
and actinides); they are indicated in Figure 1 by the yellow shading. In the extended- or
long-form of the periodic table, these rows are inserted between group IIA and group IIIB
in rows 6 and 7. In other words, the lanthanides actually belong to period 6 (or row 6) and
the actinides belong to period 7.

The representative elements Ga, In, Sn, T1, Pb, and Bi are also known as the
post-transition metals. These are shown in green in Figure 2.

Some groups have special names; see Figure 3. Elements in group IA, except hydrogen,
are called the alkali metals. Elements in group IIB are called the alkaline earth metals. The
transition elements are As[g kn as FRE dlansiffoinyle@liBle@dnts in group VIIIA
(column 18) are called the noble gases. Elements in group VIIA (column 17) are known
as the halogens. Elements in group VIA (column 16) are known as the chalcogens.

Figure 1. Representative, Transition and Inner Transition Elements
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Figure 2. The Post-transition Metals
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m Properties of Elements

Patterns in properties of elements can be correlated with their location in the periodic table.

6.2.1 Metallic Character

Elements on the left side of the periodic table are observed to be metallic in pure form; see
Figure 4. Metals are shiny, malleable, ductile, good electrical conductors, and good heat
conductors. Something that is malleable can be hammered into thin sheets. Something that is
ductile can be drawn out into a thin wire. Elements on the right side of the period are classified
as nonmetals. Elements in between (B, Si, Ge, As, Sb, Te and Po) are known as the metalloids.

» Example

Which element is a good electrical conductor, Cu, Ge, Kr?

Answer: Cu
Cu is a metal. Ge is a metalloid. Kr is a nonmetal. Metals are the
good electrical conductors.

Figure 4. NIEEEE.

MRS hcer

PERIODIC TABLE OF THE ELEMENTS 15
fia

13 B 1B I W
3\

6A

6.2.2 Physical States

Most naturally-occurring elements are solids under ordinary conditions. The exceptions
(see Figure 5):

e Liquids: mercury and bromine. On a warm summer day, outside an
air-conditioned laboratory, the following elements may also be found as
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liquids: gallium (melts at 29.76°C or 85.57°F) and caesium (melts at 28.44°C
or 83.19°F).

* Gases: hydrogen, nitrogen, oxygen, fluorine, chlorine, and the noble gases. Except
for hydrogen, we find these elements on the rightmost side of the periodic table.

Figure 5. Physical States of Elements
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Tendency to Form Monatomic lons

The charges of naturally-occurring monatomic ions can be correlated with the periodic
table. The correlation is summarized in Figure 6. Ions derived from atoms of metallic
elements tend to be positively charged. Ions derived from atoms of nonmetallic elements
tend to be negatively charged.

Monatomic ions derived from elements belonging to group IA except H are always
found in nature to have a charge of +1. Monatomic ions from Group IIA elements are
always found in nature to have a charge of +2. The monatomic ion formed from alumi-
num is always found in nature to have a charge of +3. For transition and post transition
metals, there are typically more than one type of cation found in nature. The most com-
mon charge of monatomic ions derived from transition metals is +2. Monatomic ions
derived from atoms of zinc, cadmium, and mercury are always found in nature with a
charge of +2.

Monatomic ions derived from nonmetallic elements in group VIIA (column 17, the
halogens) are called halides and are always found to have a charge of —1. Monatomic ions
derived from elements of group VIA (column 16) are always found to have a charge of —2.
For group VA (column 15), the observed charge is always 3.
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Figure 6. Naturally-occurring Monatomic lons
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variable; Zn, Cd, Hg: +2

Monatomic ions derived from hydrogen are always observed to have a charge of
either +1 or —1.

What about the oth ? e IIIA), metalloids and nearby
nonmetals tend not to fgggfg?orﬂ? ;oﬁrEl =1 H]alﬁ 8 8‘?'

Monatomic cations share the same name as the atoms they are derived from.
For example, K*, the ion derived from a potassium atom, is called potassium ion.
However, names of monatomic cations derived transition and post-transition metals
must specify the charge of the ion in Roman numeral, as in cobalt(I1I) for Co**. Note
that there is no space between the last letter in cobalt and the opening parenthesis.
For monatomic anions, the name differs from that of the parent atom; the name of the
anion ends in ide. For example, O, the neutral atom is oxygen, but the negatively charged
O* is oxide.

» Example

Which of the following is called magnesium ion?

A. Mg* B. Mg~ C. Mg®* D. Mg*
Answer: C
All the choices are ions of magnesium, but the only one that we
call magnesium ion is Mg®* because it is the only one that we
can find in nature. The other ions can be made in laboratary,
but would be very short-lived.
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Example

What is the formula of lead(lV) ion?

Answer: Pb**

IV is the Roman numeral for 4. The symbol for lead is Pb.
Example

What is the formula of nitride ion?

Answer: N3-

The ide ending in name suggests that the ion is negatively
charged. The nitr at the beginning of the name suggests
that this ion is derived from a nitrogen atom (N). The only
naturally-occurring monatomic ion derived from a nitrogen
atom has a charge of -3.

Covalent Bonding

When two atoms share electrons, they are said to be held together by a covalent bond. In
contrast, ions with opp lﬁ S arFfEtha_-cte are said to be held
together by an ionic bo;% &g% ‘Eﬁeffg_(ﬁl&rénfj

Since atoms of metallic elements tend to form cations and atoms of nonmetallic
elements tend to form anions, we can say that ionic bonding is likely to occur between a
metal and a nonmetal. Between two atoms of nonmetallic elements, electron sharing or
covalent bonding is more likely to occur. Indeed, the pure forms of some nonmetallic
elements are found in nature as collections of molecules. For example, oxygen can exist as
a collection of O, molecules or O, molecules (0zone). O, is the form of oxygen that makes
up about 20% of the air that we breathe. The elements that, in pure form, naturally occur
as a collection of molecules under ordinary conditions are listed below:

e Diatomic: Hz’ Nz, Fz’ Clz, Brz, I2

¢ Polyatomic: P o 88

When two atoms are sharing electrons, the sharing is generally unequal; this means
that the electrons, on average, spend more time closer to one of the two atoms. We say that
the electrons are polarized towards one of the atoms, that the bonding is polar covalent.
Equal sharing, pure covalent bonding, happens only between atoms of the same element.
Ionic bonding can be thought of as an extreme case of polar covalent bonding. It is best
to say that the bond between a metal and nonmetal is likely (not definitely) ionic. In the
periodic table, metallic and nonmetallic characteristics increase as you move away from
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the metalloids. Thus, ionic bonding is more likely to happen between a metal on the far
bottom left corner of the periodic table and a nonmetal on the far top right side (exclud-
ing the noble gases); the most ionic bond would occur between Fr and F. We tend to get
into the “gray areas” when dealing with metal-nonmetal pairs closer to the metalloid line.

In fact, a transition metal atom can form a covalent bond with a nonmetal or another
transition metal atom; an entire subfield of chemistry (coordination chemistry) deals with
this topic.

Three common polyatomic ions where a metal atom shares electrons with nonmetal
atoms are permanganate (MnO, "), chromate (CrO,*"), and dichromate (Cr,0.*).

When mixed with water, transition and post-transition metal ions are, in fact, sharing
electrons with water molecules. Copper(II) ions in water, for example, are more accurately
represented by the formula Cu(H,0),** rather than Cu*". The Cu** ion is surrounded
by four H O molecules such that electrons are shared between the O (of the H O mol-
ecules) and Cu. The sharing of electrons in this case is called coordinate covalent bonding.
Cu(H,0) 42+ is an example of what is called a complex ion.

Metallic Bonding

Between a pair of metal atoms, covalent bonding is more likely to occur. However, among
a large number of metal atoms, electrons tend to be very loosely held and it is convenient

to visualize the nuclei agtiejng erdet Tifa “sée’|of3lermonsptite bonding among the

atoms in this case is called metallic bonding. This explains why metals are good electrical
conductors.

Noble Gases

The noble gases are found in nature as collections of neutral atoms. Under extreme labora-
tory conditions, atoms of noble gases can be made to form molecules, but they have no
natural tendency to form molecules or ions.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter6.htm.

1. Which of the following elements is a transition metal?

A. silicon B. lead C. sodium D. chromium

2. Which of the following elements is a post-transition metal?

A. silicon B. lead C. sodium D. chromium

3. Which of the following elements is a metal that belongs to a main group or
representative group?

A. magnesium B. zinc C. sulfur D. uranium

4. All of the following are true, except...

A. Sodium is an alkali metal B. Neon is a noble gas
C. Calcium is an alkaline earth metal D. Oxygen is a halogen
5. Which of the followihg 8 Rl ENhancer
A. potassium B. silicon C. iron D. helium

6. Which of the following elements is the best electrical conductor?

A. carbon B. germanium C. manganese D. iodine

7. Which of the following naturally-occurring ions is paired with its correct symbol?
A. potassium ion, K** B. sulfide, $*
C. barium ion, Ba** D. iodide, I*

8. Which of the following pairs of atoms is most likely to form an ionic bond?
A. CandH B. Caand H C. Hgand Hg

9. What type of bond is more likely between a carbon atom and an oxygen atom?

A. ionic B. covalent C. metallic
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10.

11.

12.

13.

Which of these naturally occurs as a monatomic gas under ordinary conditions?

A. helium B. sodium C. oxygen D. nitrogen

Which of these elements naturally occurs as a diatomic gas under ordinary
conditions?

A. bromine B. iodine C. mercury D. chlorine

Which of these elements is not a gas under ordinary conditions?

A. bromine B. helium C. hydrogen D. oxygen

What type of bond holds the atoms together in the polyatomic ions chromate
(CrO,*) and nitrate (NO,")?
A. ionic, ionic B. ionic, covalent

C. covalent, ionic D. covalent, covalent

Apago PDF Enhancer
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Classifying Common Compounds

Compounds can be classified as either ionic or molecular. Ionic compounds are made
up of ions held together by ionic bonds. Molecular compounds are made up of molecules.
Within molecules, atoms sharing electrons are said to be covalently-bonded. Note that
electron sharing (or covalent bonding) can also be present in ionic compounds if at
least one of ions is polyatomic; in a polyatomic ion, the atoms are held together by
covalent bonds. Ionic bond refers to the bond due to the attractive force between ions
of opposite charges.

Shown in Figure 1 iga representatj ow-the jons are arranged in a regular pattern
in barium chloride (Baézp, éigr%ulmﬁjgmh @aﬁl:ﬁ:aglrystal lattice. The green
spheres represent chloride ions (Cl") and the orange spheres represent barium ions (Ba®*).

This figure clearly illustrates why we say that there are no BaCl, “molecules”; we cannot
tell which CI ions go with which Ba®* ion. All we know is that the count-to-count ratio

Figure 1. Crystal Lattice of BaCl,

from http://www.molsci.ucla.edu/pub/explorations.html#Crystalline Solids.
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of barium-to-chloride ions is 1-to-2. So, we refer to one barium and two chloride ions
together as one formula unit; not one molecule.

Solid samples of molecular substances can also be crystalline, as illustrated in Figure 2
for carbon monoxide, but we can clearly distinguish which atoms “go together” as part of
one molecule.

Figure 2. Crystal Lattice of CO

from http://cst-www.nrl.navy.mil/lattice/struk/b21.html (public domain)

Apago PDF Enhancer

Classifying Compounds Based on Name or Formula

Most compounds can be easily classified as ionic or molecular based on the name or the
formula. Typically:

e names of ionic compounds either start with the name of a metallic element, or with
ammonium.

e formulas of ionic compounds either start with the symbol of a metallic element, or
with “NH,” (which may be enclosed in parentheses); the cation in these cases is the
polyatomic ion called ammonium, NH,".

» Example

Classify the following compounds as ionic or molecular:
sodium sulfide, carbon disulfide, ammonium sulfide

Answer: ionic, molecular, ionic
e Sodium is a metallic element. The cation in this compound is
sodium ion (Na*).
e (Carbon is a nonmetallic element.
e Ammonium sulfide is ionic; the cation is ammonium [NH4 ).

90 Chemistry: The Core Concepts


http://cst-www.nrl.navy.mil/lattice/struk/b21.html

Example

Classify the following as ionic or molecular: Mg(OH),,, CH,0H, NH,CI

Answer: Mg is the symbol for magnesium, a metallic element.
Therefore, Mg(GH),, is an ionic compound; the cation is mag-
nesium ion [I\/Ige“] C is the symbol for carbon, a nonmetallic
element. Therefore, CH,0H is a molecular compound. N is a
nonmetallic element but it is part of an “NH," grouping in NH ,CI;
this compound is an ionic compound; the cation is ammonium ion
(NH,%).

Classifying Compounds Based on Properties

Ionic compounds typically have very high melting points. This means that most ionic
compounds are solids at room temperature. If a compound is a liquid or gas at room
temperature, it is most likely to be molecular. However, if it is a solid, it could be ionic or
molecular. For molecular compounds, in general, the larger the molecules, the higher the
melting point, and the higher the boiling point.

Example Anaao PDF Fnhancer

Which of these compounds is most likely to be gaseous at room
temperature: NaCl, CH,, or C H

sH1g?

Answer: CH,,

NaCl is an ionic compound; we expect it to have a very high melt-
ing point and it does. CH, and CgH, 5 are molecular compounds.
The smaller the molecules of a compound, the more likely we will
find the substance as a gas at room temperature. CH,, meth-
ane, is the primary component of natural gas. It is a gas at room
temperature. CgH, 5 is octane, a component of gasoline; it is a
liquid at room temperature. \When something is a gas at room
temperature, it means that its boiling point is much colder than
room temperature.

Another way we can tell if a compound is ionic is if it conducts electricity when
melted.
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Example

Which of these is not a good electrical conductor?
A. liquid NaCl, B. solid Cu, C. solid NaNO,4

Answer: solid NaNO,

NaCl is an ionic compound; we expect ionic compounds to be good
electrical conductors if melted. Cu is a metallic element; metals are
good electrical conductors. NaNQ, is an ionic compound; it would
be a good electrical conductor if melted, but not in solid form.

Ionic compounds are strong electrolytes. Pure water is a very poor conductor of electric-
ity, but dissolving an ionic compound in water produces a mixture that is a good electrical
conductor.

Molecular compounds are, in general, nonelectrolytes. However, there are molecular
compounds that once dissolved in water, can break up into ions, or react with water and pro-
duce ions in the process; this process is called ionization. Most of these compounds are weak
electrolytes because the production of ions occurs only to a small extent. In fact, there are only
six known molecular compounds that are completely ionized in water and are, therefore,
strong electrolytes; these are the six strong acids: HCI (hydrochloric acid), HBr (hydrobromic
acid), HI (hydriodic aci%?%ﬁ @itrip H 80, élﬁccc@r, and HCIO, (perchloric
acid). Acid molecules break up in water producing hydrogen ions (H*). We say that the acid
is ionized or dissociated in water. Except for the six strong acids, acids are weak electrolytes.

Example
What are the ions produced when hydrochloric acid (HCI) is
dissolved in water?
Answer: H* and CI~. When a hydrogen ion (which has a +1 charge)
breaks off fromm an HCI molecule (which is neutral), what is left
behind must have a -1 charge.

Example

Is hydrofluoric acid (HF) a strong or a weak electrolyte?

Answer: weak. HF is not one of the six known strong acids. Most of
the HF molecules will remain intact when HF is dissolved in water;

a very small fraction of the HF molecules will be dissociated into H*
and F~ ions.
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Formula Units

The formula of a compound tells us the composition of one formula unit of the com-
pound. For molecular compounds, the formula unit is the molecule. For ionic compounds
the formula unit is the smallest collection of ions with a total charge of zero.

Example
How many H atoms are in one formula unit of propanocic acid
(CH,CH,CO0H)?
Answer: 6
The subscripts of hydrogen in CH,CH,COOH are 3, 2, and 1. Note
that unwritten subscripts are implied to be 1. Adding up the sub-
scripts, we get 3 + 2 + 1 = 6. Therefore, there are 6 hydrogen
atoms in one formula unit (or one molecule) of propanoic acid.
Example

Explain why the formula of a compound made up of calcium ions
(Ca®*) and nitride ions (N®7) is written as CagN,?

Answer: One formula unit of an ionic compound must have a total
charge of zero. The simplest set of calcium (Ca=*) and nitride (N3") ions
with a total charge of zero is: [ilfl@8 calcium ions and [l nitride ions:

Charge of three calcium ions: (B)(+2) = +6

Charge of two nitride ions: (B)(-3) = -6

Total charge = O

Therefore, the formula of calcium nitride is CaaNe' Note that

charges of the ions are not indicated when writing the formula of
an ionic compound.

Names and Formulas of Common lons

The first step in reading or writing formulas of common compounds is to classify the com-
pound as either ionic or molecular. Once we recognize the formula to be that of an ionic
compound, reading it is just a matter of naming the cation, then the anion. It is, therefore,
important to be familiar with the names and formulas of common ions.

Monatomic lons

Names and formulas of naturally-occurring monatomic ions are discussed in section 6.2.3.
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Polyatomic lons

Names of polyatomic ions are trivial. By trivial, we mean that we just have to know them;
there is nothing to figure out. It is like saying that a person’s name is, say, John. Table 1 lists

the polyatomic ions that are commonly encountered in compounds.

Table 1. Common Polyatomic lons

Polyatomic cations:
e mercury(I) or mercurous: Hg >
e ammonium: NH *

Polyatomic anions with names ending in ate:

borate: BO,*

carbonate: CO,*

bicarbonate or hydrogen carbonate: HCO,~
nitrate: NO,~

chlorate: CIO,

bromate: BrO,”

iodate: IO,

phosphate: PO, *

hydrogen phosphate: HPO -

arsenate: AsO,>

selenate: SeO -

sulfate: SO,*

bisulfate or hydrogen sulfate: HSO,"

dihydrogen phosphate: Aﬂag o PD

perchlorate: CI1O,
perbromate: BrO,~

periodate: IO,

permanganate: MnO,~
chromate: CrO >

dichromate: Cr,0,*
molybdate: MoO >

acetate: C,H,0,” or CH,COO~

277372

persulfate (or peroxydisulfate): S,0,*
fehiofatatd BRI C 1

dithionate: §,0,*

cyanate: OCN~

thiocyanate: SCN~

Polyatomic anions with names ending in ite have one less oxygen that those ending in ate, and

have the same charge.
Example: nitrate is NO 7, nitrite is NO,
O 7, dithionite

Exception: dithionate is §,0,*,

Polyatomic ions with names ending in ite but beginning with hypo have one less O and
the same charge compared to those without the hypo prefix. Example: chlorite is ClO,™ and

hypochlorite is CIO".

is $,0,>

Polyatomic anions with names ending in ide.

hydroxide: OH~
cyanide: CN~
peroxide: O,>
superoxide: O,
carbide: C,*
persulfide: S >

azide: N~ (note: this is different from nitride, N*-, which is monatomic)
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Names and Formulas of Binary
Compounds

Binary compounds are compounds made up of only two elements.

Example

Which of the following is a binary compound? CH,0OH, O,, HCI

Answer: Among the substances listed, only HCI is made up of
two elements: hydrogen and chlorine. CH,0H is a ternary
compound; it's made up of three elements (C, H, and 0). O2 is
not even a compound.

It is easy to recognize names of binary compounds. It consists of two words. We
should see the name of an element in the first word, and the stem of the name of an
element in the second word. The second word should end in [{il§.

Example

Which of the following are binary compounds? ethyl acetate,
ammonium chloride, sodium phosphate, magnesium chloride,
carbon tetrachloride, disulfur difluoride

Answer: Among the compounds listed, only the last three
(magnesium chlorfl8, carbon tetrachlorj, and disulfur difluorjiié)

are binary. Note that there may be a prefix (such as di and tetra)
preceding the name of the element.

Reading Formulas of Binary Compounds

Given the formula of a binary compound, how do we determine its name? First, we need
to classify the compound as ionic or molecular. We can tell it is ionic if the first element is
metallic. Next, we apply the following rules:

For binary, ionic compounds, the name consists of two words. No prefixes are used
regardless of the subscripts.

e First word: name of the cation, which is just the name of the metallic element. If
the metallic element is a transition or post-transition metal, specify its charge in
Roman numerals inside parentheses.
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e Second word: name of the anion, which is just the stem of the name of the
nonmetallic element, followed by ide.

Exceptions:

e If the second element is N and its subscript is 3, the anion is azide (N3‘), which is
a polyatomic ion with a charge of —1 instead of nitride (N*"), which is monatomic
with a charge of -3.

e If the second element is O and its subscript is 2, the anion could be two oxide ions
(O*), or one peroxide ion (022‘), or one superoxide ion (O,"). Figure out which
one using the rule that the formula unit must be neutral.

e If the second element is S and its subscript is 2, the anion could be two sulfide ions
(S§*7), or one persulfide ion (022‘). Figure out which one using the rule that the
formula unit must be neutral.

Example

What are the cation and anion in FeS? \What is the name of the
compound?

Answer: Fe®* is the cation, S° is the anion. The name is iron(ll)
sulfide.

We know the compound is ionic because Fe is a metal. \WWe know
the cation is monatomic and derived from Fe. Since Fe is a transi-
tion metal, we have to figure out its charge based on the charge
and subscript of the anion.

S is sulfur and the only naturally-occurring monatomic ion from
sulfur has a charge of -2 and is called sulfide; the anion is S°~.

\We figure out that the charge of iron here is +2, because the
total charge of the ions must add up to zero. So the name of the
cation is iron(ll).

Example

What are the cation and anion in NaEDE? What is the name of
the compound?

Answer: Na* is the cation, 022‘ is the anion. The name is sodium
peroxide.

We know the compound is ionic because Na is a metal. The only
monatomic ion derived from Na, which belongs to group IA, has a
charge of +1. Therefore, the cation is Na*, and there are two of
this in Na,0,. The total positive charge is 2(+1), or +2.
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We need to figure out if the "0," part of Na, 0, represents one
polyatomic ion or two monatomic ions. Based on Table 1, the pos-
sible polyatomic ions are:

peroxide [022‘] and superoxide [02‘]
The only possible monatomic ion is oxide, the only known naturally-
occurring monatomic ion from oxygen is 02~ (oxide). One peroxide
has total charge of —-2. One superoxide has a total charge of -1.
Two oxides have a total charge of 2(-2), or -4.

Since the total positive charge is +2, the total negative charge
must be -2. Therefore, the anion must be peroxide.

One formula unit of this compound consists of two Na* ions and
one 0,2 ion.

For binary, molecular compounds, the name consists of two words.

e First word consists of: prefix corresponding to the subscript of the first element,
then the name of the first element.

¢ Second word consists of: prefix corresponding to the subscript of the second ele-
ment, then the stem of the name of the second element, then ide.

Prefixes: 2=di, 3= trigy ?tg é—p FheE ﬁH1 ééoﬁaﬁ nona, 10=deca.
r 9 X 1s use

A subscript of one is not writterf in fo ulas; no pre when the subscript
is one.

Example

P,0,q is a binary molecular compound. What is its name?

Answer: tetraphosphorus decoxide. Note: the “a
a prefix ending in “a” if it is followed by “o
instead of “deca.”

is dropped from
. Here, we used “dec”

Writing Formulas of Binary Compounds

Given the name of a binary compound, how do we determine its formula? First, we need
to determine if it is ionic or molecular. Then, we apply the following rules:
For a Binary Molecular Compound:

e write the symbols of the elements mentioned in the name, then
e write subscripts corresponding to their prefix.
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» Example

Carbon tetrachloride is a binary molecular compound. What is its
formula?

Answer: CCl,.
The subscript for carbon is implied to be 1 (no prefix). The sub-
script for chlorine is 4 since tetra means 4.

For a Binary Ionic Compound:

e based on the charges of the cation and anion, figure out the smallest possible sub-
scripts so that
(cation subscript)(cation charge) + (anion subscript)(anion charge) = 0,
then
e write the symbol for each element and indicate the appropriate subscript.

» Example

Iron(lll) sulfide is an ionic compound. What is its formula?

Answer: iron(lll) is Fe3*. Sulfide is S~. So, one formula unit of this
compound must have 2 cations and 3 anions. 2(+3) + 3(-2) = 0.

The formula is: FeBSS.

Binary Compounds with Trivial Names

Some compounds are more commonly referred to by their trivial names. You should be
familiar with these:

e H,O, water

e H,0O,, hydrogen peroxide
e CO, carbon monoxide
e CH,, methane

e SiH,, silane

° GeH4, germane

° NH3, ammonia

e PH,, phosphine

° AsH3, arsine

e NO, nitric oxide

e N,O, nitrous oxide

e NH, hydrazine
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Names and Formulas of Compounds
Containing Polyatomic lons

Given the formula of a compound containing one or two polyatomic ions, how do we
determine its name? For any ionic compound, we simply name the cation, then the anion.

Example

What is the name of Fe[NDS]B?

Answer: |ron(lll) nitrate.
The cation is Fe**; we need to figure out what x is since Fe is a
transition metal.

The anion must be NO,~, which is called nitrate (see Table 1)
and has a charge of =1. Since there are three anions in Fe(NO
each with a =1 charge, the total negative charge is 3(-1),

or —3. Therefore, the total positive charge must be +3; x=3.
The iron in this compound must have a +3 charge. So the cation
is iron(ll).

3]3’

Given the name of Aﬁ}ag&h cB@Eng Eﬂhlaﬂ pdyatomic ions, how do we

determine its formula?

e Write the formulas of the ions in the order they are mentioned; omit the charges,
and write subscripts, so that
(cation subscript)(cation charge) + (anion subscript)(anion charge) = 0.
e If the subscript of a polyatomic ion is larger than 1, enclose the entire formula
for the ion in parentheses, then write the subscript after the closing
parenthesis.

Example

What is the formula of ammonium sulfate?

Answer: [NH4]ESC]4

Ammonium is NH *, sulfate is SO,2~. So one formula unit

of this compound should have two cations and one anion.
2(+1) + 1(-2) = O. The simplest combination of ions with a taotal
charge of zero is two ammonium ions and one sulfate ion. \Write

a subscript of 2 for ammonium, and no subscript for sulfate.
The formula is [NH4]ESO4.
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Names and Formulas of Acids

Some molecular compounds produce H* ions when dissolved in water. These compounds
are called acids and they are often named as though they are ionic; the cation, in this case,
is hydrogen (H*). When writing formulas for these compounds, H is usually written first,
with a subscript corresponding to the number of H ions produced when one molecule of
the compound goes into water. The rest of the formula corresponds to the formula of the
anion formed when the molecule dissociates (breaks up) in water; the magnitude of the
charge of the anion corresponds to the number of H" ions formed.

Example

Give two possible names for H_S.

Answer: dihydrogen sulfide, hydrogen sulfide

Based on the rule for naming binary molecular compound, it is
called dihydrogen sulfide. However, because it is an acid, we can
also name it as if it is ionic, and simply refer to it as hydrogen
sulfide. The name of the cation is hydrogen (H*) and the name of
the anion formed when two H* ions break off from H_S is F
the anion is called sulfide.

I_\'J(]UU It LIITTAATTU U1

Another way acids are named is based on the name of the anion produced when the
H" ions break off from the acid molecules. Anions have names ending in ide, ite, or ate.

If the name of anion ends in ide, the acid name starts with [l followed by the
stem of the name of the anion, followed by [GM.

Example

Give two possible names for HCI.

Answer: hydrogen chloride, hydrochloric acid
HCl is a binary molecular compound called hydrogen chloride.
The ion produced with H* breaks off from HCI is chloride (CI7).

Therefore, the name is [[jliiichloriSISEiE-

Example

Hydrogen cyanide (HCN) is also known as acid.
Answer: hydrocyanic
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The anion formed when H* breaks off from the molecule is cyanide
(CN"). The other name for hydrogen cyanide is [iilcyaniSiEeE.

If the name of the anion ends in ate, the acid name starts with the stem of the name

of the anion, followed by KM

Example

Give two possible names for HNO,.

Answer: hydrogen nitrate, nitric acid

The anion formed when H* breaks off from HNO3 is

nitrate [NOB‘]. Therefore, the name is hydrogen nitrate or

nitr{SNEGIE-

If the name of the anion ends in ite, the acid name starts with the stem of the name
of the anion, followed by G-

Example

Give two possible names for HNO,.
Answer: hydrogen nitrite, nitrous acid
The anion formed when H* breaks off from HNO, is

nitrite (NO,7). Therefore, the name is hydrogen nitrite or
nit-SSHEGR.

Salts and Hydrates

If the anion of an ionic compound is not oxide or hydroxide, it is called a salt.

Example

Which of the following are salts? NaCl, CaCO,, NaOH, Ca0,
HCI, CH,

Answer: NaCl and CaCO,
HCI and CH, are not ionic compounds.

NaOH and Ca0 are ionic, but their anions are hydroxide (OH™) and
oxide (0%°).
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Salt hydrates are compounds that produce water (H,0) and salt when heated;
the salt produced is called the anhydrous salt. The formula of the hydrate is written as
follows:

e write the formula of the salt.

e write a large dot.

e write the ratio of number of water molecules produced to the number of formula.
units of salt produced.

e write H,O.

» Example

\When Epsom salt (a hydrate) is heated, 14 water molecules are
produced for every 2 formula units of anhydrous MgS0O,, pro-
duced. What is the formula of the hydrate?

Answer: MgS0, ¢ 7H.0

The ratio of water molecules to anhydrous formula units is 14-to-2;
14/2=7.

To name a hydrate, A’ﬁpggaﬁle thr_,- thEﬁ)ﬁigﬁ&eétfnt of hydration using

the following prefixes:
1 =mono, 2=dj, 3 = tri, 4 = tetra, 5 = deca, 6 = hexa,
7 =hepta, 8=octa, 9=nona, 10=deca, 1/2=hemi, 3/2=sesqui

» Example

Name this compound: CaS0, ¢ (1/2) H.O.
Answer: calcium sulfate hemihydrate

» Example

Write the formula for sodium carbonate decahydrate.
Answer: Na,CO, ¢ 10 H,O
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter7.htm.

1. Which of the following is an ionic compound?
A. ethyl acetate B. sulfuric acid
C. sodium hydrogen carbonate D. hydrazine

2. Which of the following is a molecular compound?
A. phosphorus trichloride B. ammonium chloride

C. lithium aluminum hydride  D. sodium dihydrogen phosphate

3. Which of the following is a molecular compound?
A. NaS B. NH, C. (NH,),50, D. N

2

4. Which of the following is a solid with a very high melting point and conducts
electricity when melted?

A. CaCl, Ab&tlo PDF Edffancer

5. Which of the following is a strong acid?
A. HSO, B. HC,H,0, C. HCOOH D. HNO,

6. Which of the following is a strong electrolyte?
A. CH,OH B. KOH C. HF D. NH

7. Which of the following is a strong electrolyte?
A. HCI B. CH O C. HS D. NH

671276 3

8. A molecule of fructose consists of six carbon atoms, twelve hydrogen atoms, and six
oxygen atoms. The formula of fructose is...

A. CH O B. CHO C. CH,0

6 71276

9. A molecule of acetic acid consists of four hydrogen atoms, two carbon atoms,
and two oxygen atoms. Which of these cannot possibly be the formula of
acetic acid?

A. H,C,0, B. H,CO C. HC,H,0, D. CH,COOH
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10. Which of these is not the formula of the compound represented by the figure below, if
blue spheres represent carbon atoms, white spheres represent hydrogen atoms and red
sphere represents an oxygen atom?

A. CHO B. C,H.O C. C,H,OH D. CH,CH,0H

11. What is the formula of an ionic compound consisting of Ca**and Cl” ions?
A. CaCl B. CaCl C. CaCl, D. CaCl,

12. What is the formula of an ionic comand consisting of Na*and CO,*" ions?

A. NaCO, Ap agco PDF ExdianCcer . Naco,

13. What is the formula of an ionic compound consisting of Ca**and CO,*" ions?
A. CaCoO, B. Ca,(CO,), C. CaCO D. Ca,CO,

14. What is the formula of an ionic compound consisting of Mg**and PO, ions?
A. Mg,PO, B. Mg,(PO,), C. Mg,PO, D. MgPO,

15. Which of the following is the correct name for PCL.?
A. phosphorus chloride B. phosphorus chlorine
C. phosphorus pentachlorine  D. phosphorus pentachloride

16. Which of the following is the correct name for MgCl,?
A. magnesium chloride B. magnesium dichloride

C. magnesium chlorine D. magnesium dichlorine

104 Chemistry: The Core Concepts



17.

18.

19.

20.

21.

22.

23.

24.

25.

26.

27.

Which of the following is the correct name for Na,S?
A. sodium sulfide B. disodium sulfide

C. sodium sulfite D. sodium sulfate

Which of the following is correct name for CuCl,?
A. copper(II) chloride B. copper(I) chloride
C. copper chloride(IT) D. copper(I) dichloride

Which of the following is the correct formula for dinitrogen tetroxide?
A. NO B. N,O, C. NO, D. NO,

Which of the following is the formula for iron(III) sulfide?
A. FeS B. Fe,S C. FeS, D. Fe,S,

Which of the following is the formula for cobalt(II) chloride?
A. CoCl B. CoCl, C. Co,Cl D. Co,Cl,

Which of the following is the correct formula for sodium phosphate?
A. NaP B. NaPO D. Na,(PO,),

. Na.PO
ABage PDF Enfiancer
Which of the following is the correct formula for ammonium sulfide?

A. (NH),S B. NH,SO, C. (NH,),50,

Which of the following is the correct formula for iron(III) sulfate?
A. Fe, S B. FeSO, C. Fe,(SO,), D. Fe/(SO,),

Which of the following is the correct formula for potassium hydrogen phosphate?
A. KHPO, B. K,HPO, C. KH,PO,

Which of the following is the correct name for K,CO,?
A. dipotassium carbon trioxide B. potassium carbide

C. dipotassium carbonate D. potassium carbonate

Which of the following is the correct name for FeSO,?
A. iron(I) sulfate  B. iron(II) sulfate ~ C. iron(III) sulfite ~ D. iron sulfite
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28. Which of the following is the correct name for BaO,?
A. barium oxide B. barium peroxide
C. barium dioxide D. barium(IV) oxide

29. Which of the following is sulfurous acid?
A. HSO, B. H,SO, C. HS

30. Which of the following is another name for hydrogen cyanide (HCN)?

A. hydrocyanicacid  B. cyanicacid C. cyanous acid

Apago PDF Enhancer
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" “Chemical Changes

.,

T .}

The term chemical change, or chemical reaction, refers to the transformation of one or

more substances into others. We say that a chemical change has occurred if there is a

change in composition. If a change does not involve a change in composition, then it is
called a physical change.

Reactants and Products

We refer to the substances involved in a chemical change as reactants and products.

Reactants are transformed into products. Therefore, as a chemical change occurs, the

amount of reactants will be decreasin e amount of products will be increasing.
DS " POE ENR AR et ’

Example

Example

Suppose a drop of water added to a white solid results in the
formation of a blue solid. Identify the reactants and products.

Answer: the white solid and water are reactants; the blue solid is
a product.

This reaction is something that we would actually observe if we
were to add a drop of water to copper sulfate (CuSO,), which is

a white solid. The reaction produces a compound called copper
sulfate pentahydrate [Cu804- 5H20], which is a blue solid.

During a chemical change, the amount of substance X increases
from 5.0 g to 6.0 g. Is X a reactant or a product?

Answer: product
Since the amount of X increased, we call it a product of the
reaction.

107



Atomic Interpretation of Chemical Change

At the atomic level, a chemical change involves a reorganization of atoms into different
formula units. For physical changes, the formula units remain intact; they simply move
apart (as in vaporization of a liquid or breaking of a rock) or move closer together (as in
condensation of a gas into a liquid).

Example

Consider the following pictorial representation for a change at the
atomic level.

@ ®
o, —y =
o(’O 0.9

Is the change chemical or physical?

Answer: chemical
One of the atoms represented by unfilled circles appears to have
broken off from each of the two molecules shown on the left.

T A4

Example

Consider the following pictorial representation for a chemical
change at the atomic level.

What are the reactants? Products? \Which molecules are not
involved in the reaction?

BEFORE AFTER

R ’ O P
b%%

.
- —(? "8«

® & %r
oo% bucp

lo Hyarogen (O oxygen Nitrogen |
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Answer: H, is a reactant; we have less of it after the reaction.
O, is also reactant. H,O is a product; we have more of it after
the reaction. N, is neither a reactant nor a product. \We have the
same amount before and after.

Chemical Equations

A chemical equation is a symbolic representation for what happens in a chemical change.
In a chemical equation:

e the formulas of the reactants (separated by + signs) are written first,

e an arrow pointing to the right is then drawn,

e the formulas of the products (separated by + signs) are written next, and

e numbers, called coeflicients, are written in front of the formulas of reactants and
products; unwritten coeflicients are implied to be 1.

It is preferable, but not required, to indicate the physical states of the reactants and
products by using the following labels: (s) for solid, (1) for liquid, (g) for gaseous, and (aq) for
aqueous solution; something is said to be in aqueous solution if it is dissolved in water.

Y\ Uy (Y - - | Pl PP
Example APpadyul o Cnrdaric el
Consider the chemical equation for the reaction of calcium
carbonate, CaCDB, with hydrochloric acid, HCl(ag]).

CaCO,(s) + 2 HCl(aq) — CaCl,(ag) + H,0(l) + CO,(g)
Identify the reactants and products, as well as their physical
states. What are the coefficients?
Answers:
* The reactants are solid CaCO, and HCI in agueous solution;
they are written first.
* The products are CaCl, in agueous solution, liquid H,0, and
gaseous CO,; they are written to the right of the arrow.
* The coefficient of HCI is 2. The coefficients of CaCO,, CaCl,,
H.0, and CO, are all 1.

The purpose of coeflicients is to balance the chemical equation. Balancing a chemical
equation means adjusting the coefficients so that the number of atoms of each element is
the same on both sides of the arrow. This is done because no atoms should be created or
destroyed during a chemical change. To count the number of atoms, we simply multiply
the coefficient by the subscript.
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Example

Consider the chemical equation for the reaction of calcium
carbonate, CaCO,, with hydrochloric acid, HCl(ag).

CaCO,4(s) + 2 HCl(ag) — CaCl,(aq) + H,0(1) + CO_(g)
How many atoms of Cl atoms are shown on either side of the
arrow?

Answer: 2

The Cl atoms are found in HCI on the left and CaCl, on the right:
CaCO,4(s) + 2 HCl(aq) — CaCl,(aq) + HEO[I] + COz[g]

The coefficient of HCl is 2; the subscript of Cl in HCl is implied to

be1:2x1=2

The coefficient of CaCl,, is implied to be 1; the subscript of Cl in
CaClyis2: 1 x2=2

There are an infinite number of sets of coefficients that we can use to balance a
chemical equation. We can multiply all of the numbers in a valid set of coefficients by the
same factor and come up with another set of coeflicients that will also give us a balanced
equation.

Example Apago PDF Enhancer

Consider the balanced chemical equation for the reaction of

calcium carbonate, CaCOS, with hydrochloric acid, HCl(aq):
CaCO4(s) + 2 HCl(aq) — CaCl,(aq) + H,0(1) + CO,(g)

If the coefficient of HCl were changed to 6, what other coefficients

would be needed to keep the equation balanced?

Answer: The other coefficients need to be changed to 3, 3, 3, and 3.
The coefficients shown are (1, 2, 1, 1, and 1). Changing the
coefficient of HCl to 6 means multiplying what it is right now by 3:
2 x 3 = B6. To keep the equation balanced, all other coefficients
must be multiplied by 3.

It is customary, but not necessary, to use the smallest set of whole number coefficients.
How can we tell if we have the smallest set of whole number coefficients?

e Find the greatest common factor (GCF) of all the coefficients. If the GCF is 1, then
we have the smallest set of whole number coefficients.
How can we tell that the GCF is 1?

e Divide all the coeflicients by the smallest. If one of the resulting numbers is not a
whole number, then the GCF is already 1.
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Example

Which of the following sets of coefficients can be reduced to a
simpler set of whole numbers?

A 1,3 3 2 B.5 2,3 4 C.3,.6,6

Answer: C

e Forset A, (1, 3, 3, 2), the smallest whole number is 1.
The greatest common factor is 1.

e For set B, (5, 2, 3, 4], the smallest whole number is 2.
Dividing all the numbers by this gives us a set (2.5, 1, 1.5, 2)
that includes non-integers. This means that the greatest
common factor for set B is already 1.

e For set C, (B, 8, 6), the smallest whole number is B.
Dividing all the numbers by this gives us a simpler set of
whole numbers, (1, 2, 2).

Coeflicients in chemical equations can be fractional, as in:
1/2 CaCO3(s) + HCl(aq) — 1/2 CaClz(aq) +1/2 HZO(I) +1/2 COz(g)

How could we have half of a molecule? We cannot. However, coefficients do not
necessarily mean indivMa)g@; infpfayfice, ey repfien taken as group counts.
Because atoms and molecules are so small, it is convenient to count them in groups called
moles. A mole of molecules is about 602 billion trillion molecules. In the example above,
1/2 CO, would be interpreted not as half of a CO, molecule, but as half a mole of CO,
molecules (or 301 billion trillion CO, molecules).

If, in balancing an equation, we end up using fractional coefficients and later
decide to change the coefficients to whole numbers, all we have to do is multiply
each of the fractional coefficients by the least common multiple (LCM) of the
denominators.

Example

Rewrite the following chemical equation using whole number
coefficients:
1/2 N, + 3/2 Hy, = NH,

Answer: N, + 3 H, = 2 NH,

The coefficients are (1/2, 3/2, and 1) or (1/2, 3/2, and 1/1).
The denominators are 2, 2, and 1. The least common multiple of
these numbers is 2. Multiplying all the coefficients by 2 gives us
2x1/2,2x3/2,and 2 x 1) or (1, 3, and 2).
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Strategies for Balancing Chemical
Equations

Balancing chemical equations means adjusting the coefficients after correct formulas
of reactants and products have been written. In other words, subscripts should never
be changed when balancing a chemical equation. When balancing an equation, it is
helpful to:

e first try to balance elements that appear only once on either side.

e balance by adjusting coefficients (in the deficient side) upward.

e recheck previously balanced elements after every adjustment.

Example

Balance: CH4 + 02 — CO2 + HED,

Answer: CH, + 2 0, —» CO, + 2 H,0
It is better to try to balance C and H before O since O appears
twice on the right side.

Balance C. We can see that the coefficients of CH, and CO, must
be equal since these are the only formulas containing C and the
subscript of C in both cases is the same. C is already balanced as
is; at this point, the coefficients of CH, and CO, are both 1.

il CH, + O, - | CO5 +Ei30
Balance H. There are 4 H atoms in CH,, but only 2 in H,0. The
coefficients of CH, and H,O must be in a 1-to-2 ratio. There
should be twice as many H,O molecules compared to CH, in
order to have the same number of H atoms on both sides.
Balance H by adding another H,0 to the right side (increasing
the coefficient of HEO up to 2) since there are fewer H atoms on
the right.

1 CHgz + O, » 1 CO, + 2 Hg0
Since 1 x4 = 2 x 2, H is now balanced.
Recheck C. C is still balanced.

Balance O.
* Left side: O atoms are found in O,, which has an implied
coefficient of 1. 1 x 2 = 2
1CH, + @ 0g—CO, + 2H,0
* Right side: O atoms are found in CO, and H.O. (1 x 2] +
Exm-4
1CH, +0, — 1 COE+lH2Cl|
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¢ \We need 2 more O atoms on the left side. We do this by adding
another O,, by changing the coefficient of O, from 1 to B
1 CH4+lD|—> 1 COE+lH20|
Now, O is balanced: EiIE = (1 x 2) + Sl

Recheck C and H. Both are still balanced.

Balancing an equation can be facilitated with simple algebra:

¢ Assign variables names to the coefficients.
e Set up algebraic equations that must be satisfied to balance each element.
e Assign a number to one of the variables, then solve for the others.

Example

Use algebra to balance the following reaction:
CH, + 0, » CO, + H.O
Solution:
Let the coefficients be w, x, y, and z:
wCH, +x0, »yCO, +zH0

e Eqg. 1, To balance C: (w])(1) = (y)(1)

e Eqg. 2, To balance H: (w)(4) = (2)(2)

e Eqg. 3, To balance O: (x)(2) = (y)(2] + (2)(1)

In Eg. 3, (X)(2) is the number of O atoms on the left, (y)(2) + (2)(1)
is the number on the right. On the left, O is found in O, which has
a coefficient of x. On the right, O is found in CO,, which has a coef-
ficient of y and H,O, which has a coefficient of z.

\We can assign any number to one of these variables and solve for
the others. Let w = 1. Then:

e Substituting w = 1 into Eqg. 1 gives us: (1)(1) = (y)(1), ory = 1

e Substituting w = 1 into Eqg. 2 gives us: (1)(4) = (z)(2); solving

for z, we get z = 2
e Substitutingy = 1 and z = 2 into Eqg. 3 gives us:
(x)(2) = (1)(2) + (2)(1); solving for x, we get x = 2

Thus:w=1,x=2,y=1,andz=2.
If we started with w = 2, we would have gotten x =4,y =2, and z = 4.

\We could have assigned a value to y or z first; we would still be
able to figure out all the other coefficients. However, starting with
a value for x, which is essentially trying to balance O first, will give
us three equations in three unknowns (w, y, and z], which will be
more complicated to solve.
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Signs of a Chemical Change

Each substance has a unique set of properties that makes it different from other substances.

If there is a change in the properties as a result of putting two or more substances in contact,
or subjecting a sample of matter to heat, light or electricity, then it is very likely that a chem-
ical change has occurred. If we cannot explain a change in terms of unchanged molecules or
ions simply moving around, then it is very likely that we are dealing with a chemical change.

Some signs that a chemical change has most likely occurred are unusual changes in
color, odor, taste or burning (a flame is a hot glowing gaseous product of a combustion
reaction). Some signs that a chemical change may have occurred include: production of
heat, absorption of heat, production of gas bubbles in a liquid, and formation of a solid
when two liquids are mixed (precipitation).

A lack of visible change does not imply that a chemical change has not occurred. For
example, sodium hydroxide dissolved in water, NaOH(aq), is a colorless liquid. Acetic
acid in water, CH,COOH(aq), is also a colorless liquid. If we mix the two liquids, we still
get a colorless liquid; we will not be able to observe a visible change. But there is, in fact, a
chemical change. NaOH(aq) is bitter, CH,COOH(aq) is sour, but the resulting mixture is
salty. CH,COOH(aq) smells like vinegar while NaOH(aq) is odorless. The resulting mix-
ture could be odorless or could still smell a little bit like vinegar (if there are acetic acid
molecules left unreacteA A urdtlig ferapgratue pf the liquids before and
after mixing, we would also ﬁn that the temperature of the resulting mixture is higher;
this reaction generates heat; we say it is an exothermic reaction.

Production of heat generally accompanies most physical and chemical changes.
Therefore, generation of heat alone does not imply that a chemical change has occurred.
Example: steam condensing into a liquid generates a lot of heat, but it is just a physical
change. Production of heat and light together, as in the burning of paper, involves a
chemical change; these are called combustion reactions. However, the production of heat
and light by an incandescent light bulb does not involve a chemical change.

Production of gas bubbles in a liquid could occur by stirring, shaking, or heating the
liquid. It can also occur by pulling a vacuum above the liquid. In these cases, the change
involved is just a physical change. However, if bubble formation results simply by mixing
a liquid with something else (no stirring, heating, shaking or vacuuming involved), then
the gas bubbles are very likely to be the product of a chemical change. If a chemical reac-
tion produces a gas that is not very soluble in the liquid, the gas will be observed leaving
the water as bubbles (“fizz”). A familiar example is carbon dioxide, CO,, which fizzes out
when baking soda is mixed with vinegar. The fizz observed when opening a can of carbon-
ated drink does not involve a chemical change; the can is pressurized; opening it lowers
the pressure and lowers the solubility of carbon dioxide.
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Precipitation usually indicates a chemical change. However, it can happen if you mix
different liquids such that a substance dissolved in one of the liquids suddenly becomes
insoluble; in this case, the precipitation is not considered a chemical change.

A change in color, odor or taste does not necessarily imply that a chemical change has
occurred. For example, our eyes perceive a mixing of yellow and blue as green. So, mixing a
yellow liquid with a blue liquid to produce a green liquid does not necessarily mean that a
chemical change has occurred. But if mixing a yellow liquid with a blue liquid produces a red
liquid, then we can be confident that a chemical change has occurred. If you mix something
sweet and something sour and your taste buds senses a “sweet and sour” taste, it does not
necessarily mean that a chemical change has occurred as a result of the mixing. But if you
sense a bitter taste instead, then a chemical change has occurred as a result of the mixing.

Example

Which of these most likely describes a chemical change?
. Food rotting,
. Gasoline burning,
. Stain fading when treated with bleach
. Water bailing,
Ice melting,
A chalk cut into two pieces,
. Green leaves turning brown in autumn,
. Sugar dissolved in water

Answers: A, B, C, G

IammogooOm>

Simple Types of Reactions

The simplest types of reactions can be classified as combination, decomposition,
displacement, metathesis, and combustion.

Combination Reactions

Combination reactions, also known as composition or synthesis reactions, involve two or
more reactants and only one product. Commonly observed combination reactions include
the following:

e combination of two elements to form a compound.

* combination of ammonia (NH,) with an acid to form an ammonium salt.

e combination of a metal oxide with water to form a metal hydroxide.

e combination of a nonmetal oxide with water to form an acid.

e combination of a metal hydroxide with carbon dioxide to form a metal bicarbonate.
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Example

Write the chemical equation for the reaction of aluminum metal
with liquid bromine.

Answer: 2 Al(s] + 3 Br‘e[I] -2 AIBrB[s]

Aluminum metal is Al(s). Bromine is made up of diatomic mol-
ecules [Br‘E] under ordinary conditions. The expected product of a
metal and nonmetal is an ionic compound. The metallic element
is expected to form a cation; the only naturally-occurring mona-
tomic ion from Al has a charge of +3; the only naturally-occurring
monatomic ion from Br has a charge of —1. Thus, the product is
AIBr,. Since ionic compounds generally have high melting points,
we expect AlBr, to be a solid under ordinary conditions.

Example

Whrite the chemical equation for reaction of LiIOH with CO, gas.
Answer: LiOH(s) + COE[g] — LiHCDS[S]

Metal hydroxides are known to react with CO, to form metal
bicarbonate. Thus, we predict the product of lithium hydroxide
and CO, to be lithium bicarbonate [LiHCDS]. LiOH and LiHCCl3

are both ionic compounds and are expected to be solids under
ordinary conditions. This is the reaction used in the space shuttle
to prevent the build up of CO, in the air that astronauts breathe;
we exhale CO,.

Example

Whrite the chemical equation for the reaction of Soe(g] (from a
volcano] with rain.

Answer: SOE[Q] + HEO[I] — HESOS[aq]
SO2 is a nonmetal oxide. Nonmetal oxides react with water to
form acids. H2803 is sulfurous acid.

Example

Write the chemical equation for the reaction of ammonia gas
(NH,]) with hydrogen chloride gas (HCI).

Answer: NHS[g] + HCl(g) — NH4CI[5]
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The product is an ammonium salt, ammonium chloride. Since
ammonium chloride is an ionic compound, we expect it to be a
solid under ordinary conditions.

Example

\Write the chemical equation for the reaction of calcium oxide with
water.

Answer: Ca0(s]) + HEO[I] — Ca[DH]E[s]
The product of a metal oxide and water is a metal hydroxide. This

reaction is highly exothermic and is used for on-the-spot food
warming in self-heating cans.

Decompaosition Reactions

A decomposition is the opposite of a combination reaction. It involves only one reactant,

and two or more products. Commonly observed decomposition reactions occur when the

following compounds are heated (thermal decomposition):

e metal carbonatei;afggtgigcts EQEtal Beh@@gzé)r

e metal bicarbonates; the products are metal hydroxide and CO,(g).
e metal hydroxides; the products are metal oxide and H,0(g).
e acids; the products are nonmetal oxide and H,O(g).

e metal chlorates; the products are metal chloride and O, (g).
o peroxides; the products are oxide and O, (g).
e binary compounds; the products are the elements.

Example

Whrite the chemical equation for the decomposition of calcium
carbonate.

Answer: CaCOB[s] — Ca0(s) + CDE[g]
This is the reaction that occurs when limestone is heated in a

furnace in a process called calcination. The product, calcium oxide
(Ca0), is called quicklime and is used to make cement.
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Example

Werite the chemical equation for the decompasition of sodium
azide [NaNB].

Answer: 2 NaNS[s] — 2 Na(s) + 3 Ne(g]

This is the reaction that occurs in a car’s airbag. The N, gas
produced by the reaction causes the airbag to inflate.

Example

Whrite the chemical equation for the thermal decomposition
of KCIO,.

Answer: 2 KC|03[S] — 2 KCI(s) + 3 Oe[g]

This is a commonly used procedure for generating O, in
introductory chemistry laboratory courses.

Displacement Reactions

A displacement reaction, also known as single replacement, involves the replacement of
an element in a compoﬁﬁag@her@@ﬁnt. A-mdtaltiqelengent may displace another
metallic element from an 1onic compound, or hydrogen from acid, depending on the
conditions. Most of these reactions involve compounds in aqueous solution.

The term activity series refers to a list that we can use to predict which metallic element
is more likely to displace another. A subset of this series that includes the most common
metallic elements is:

[K Ca Na] [Mg Al Mn Zn Cr] [Fe Ni Sn Pb] H [Cu Bi Sb] [Hg Ag Pt Au]

The metal listed first can displace one that is listed later. The elements in the first
group (K, Ca, and Na) are so reactive that they can readily displace H, from cold water;
the other product is an aqueous solution of the metal hydroxide. The second group readily
displaces H, from steam; they react slowly with room temperature water. The first, second,
and third groups are able to displace H, from acids.

Example

Whrite the chemical equation for the reaction of zinc metal with
copper(ll) chloride.

Answer: Zn(s) + CuCIE[aq] — ZnCIE[aq] + Cu(s)

The expected products are zinc chloride and copper metal.
Naturally occurring zinc ion is always observed to have a
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+2 charge and naturally occuring chloride ion is always observed
with a -1 charge. Therefore, the formula of the zinc chloride
product is ZnCl,,.

Example

\Write the chemical equation for the reaction that occurs when
potassium (K] is mixed with an agueous solution of NaCl.
Answer: 2 K(s) + 2 HEO[I] — 2 KOH(aq) + He[g]

The H,O comes from the aqueous solution. Even if K were to
displace Na from NaCl, the Na produced will immediately react
with H,0 since Na is a very reactive metal. In fact, formation of
Na is not observed when this reaction is carried out. \What is
observed is the formation of bubbles, which indicates the forma-
tion of a gaseous product that is insoluble in water. \We can test
the gas and verify that it is, in fact, H,.

A displacement reaction can also involve displacement of a nonmetal by another
nonmetal. The commonly observed reactions involve halogens; among the halogens,

F is found to be the mOAi@‘ag@IOVPDFCL Enhia ncer

Example

\Write the chemical equation for the reaction of chlorine gas with
an aqueous solution of potassium bromide.

Answer: Cle[g] + 2 KBr(ag) — 2 KCl(aqg) + BI‘EU]
Remember that the elemental form of the halogens is diatomic.

Metathesis Reactions

Metathesis reactions are also known as double decomposition or double replacement.

A metathesis reaction usually involves two compounds that produce ions in water. The
reaction can be thought of as an exchanging of partners. The positive ion from one com-
pound combines with the negative ion from the other compound. Commonly observed
metathesis reactions include:

e precipitation reactions. In a precipitation reaction, the mixing of two aqueous
solutions leads to the formation of a product that is insoluble in water. As a result,
the insoluble product comes out of solution and makes the mixture appear cloudy.
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Eventually, this insoluble product, called the precipitate, settles to the bottom of the
container. In the chemical equation the physical state of the precipitate is indicated
by (s); alternatively, a downward pointing arrow ({) is drawn next to the formula.

e acid-base neutralization reactions. This type of reaction occurs when an acid
reacts with a metal hydroxide or metal oxide. The products are water (H,0) and
a salt. Precipitation may occur at the same time if the salt happens to be insoluble
in water.

Example

Whrite the chemical equation for the precipitation of lead(ll) iodide
when aqueous solutions of sodium iodide and lead(ll) nitrate are
mixed.

Answer: 2 Nal(aq) + Pb[NOSJQ[aq] — PbIE[s] + 2 NaNOB[aq]
or 2 Nal(aq) + Pb(NO,Z),(ag) — Pbl, | + 2 NaNO,(aq)

Example

Whrite the chemical equation for the neutralization of sulfuric acid
by sodium hydroxide in aqueous solution.

Answer: HESO4[aq] + 2 NaOH(aq) — 2 HED + NaESD4[aq]

Bubble formation is generally observed for metathesis reactions that lead to the
formation of H,CO, or H,SO,. The reason for this is that these compounds tend to
decompose to H,O and CO, or SO,. CO, and SO, are gaseous in pure form and are not
very soluble in water. Bubble formation and a sharp odor are also observed for metathesis
reactions that lead to the formation of H,S. H,S is gaseous in pure form and is not very
soluble in water.

Example

Whrite the chemical equations to explain the bubbles observed
when baking soda, NaHCOB[s], reacts with vinegar, HCEHBOE[aq].
Answer: The reaction of baking soda (or sodium bicarbonate) with
acetic acid (in vinegar) is a metathesis reaction that leads to the
formation of carbonic acid [HECOS]:

NaHCOS[s] + HCEHSOE[aq] — NaGQH3DE[aq] + H,CO,(aq)
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Carbonic acid then decomposes to H
H,CO5(aq) — H,0(l) + CO,(g)

CO,, is not very soluble in water and it comes out of solution as
gas bubbles.

2O and COE.

Combustion

Combustion, or burning, involves a reaction of a material with oxygen (Oz), accompanied
by the production of heat and light. The products of combustion are the oxides of the
elements present in the material.

» Example

\Write the chemical equation for the combustion of propane gas
(C5Hg).

Answer: CSHB[g] +5 Oe[g] = 3 COE[g] +4 HEO[g]

Note that the products are the oxide of carbon (carbon dioxide,
CO,) and the oxide of hydrogen (water, H,0). If there is insufficient
D2 available, carbon monoxide (CO) may also be formed. If the
compound contains nitrogen, N, is formed unless a very large
excess of oxygen is used (in which case, oxides of nitrogen are
formed such as NO and NOEJ. If the compound contains sulfur,
S0, and SO, are also produced.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter8.htm.

1. A mixture contains 25.0 g of substance X and 10.0 g of substance Y. A few minutes
later, due to a chemical change, it is found that the mixture now contains 30.0 g of
substance X and 5.0 g of substance Y. For the reaction described here...

A. Xis the reactant and Y is the product
B. Y is the reactant and X is the product
C. Both X and Y are reactants
D. Both X and Y are products

2. Consider the pictorial representation shown below for a process at the atomic/
molecular level. Which process involves a chemical change?

A. 1only B. 2 only C. both D. neither

- —

DR

B

3. Consider the pictorial representation shown below for a process at the atomic/
molecular level. Which process does not involve a chemical change?

A = !. [ * o
.I’ . —) ::. &
B o
= ]
o &
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- | O -
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4. Which pictorial representation best accounts for the conversion of water from liquid
to steam?

N
8¢
J’-;’ -b. g ‘~

AY ‘i
< &
» »

5. Consider the pictorial representation of a chemical change shown below. Which of
the following is not a product of the reaction?

A. CZH2 B. HZO C. CO2
DEFORC AFTER
(o o o
’ g3
P e |— 080 Q

Apagl:;O 2 $ ooy

o Mydogen () Oxygen .cml

6. Consider the chemical equation for the hydrogenation of acetylene:

C,H, +2H, ~> CH,
Which of these is the formula of a reactant in this reaction?
A. CH, B. 2H, C. CH,

7. Consider the following observations of a chemical change: A small amount of orange-red
solid is heated in a test tube. A little explosion occurred and a green powder was obtained.
The mass of the green solid was found to be less than that of the original orange-red solid.
Which of the following chemical equations is consistent with the observations above?

A. Mg(s) + O,(g) > 2 MgO(s)

B. (NH,),Cr,0.(s) = N,(g) + Cr,0,(s) + 4 H,O(g)

C. 2 HgO(s) > 2 Hg(l) + O,(g)

D. Pb(NO,),(aq) + 2 NaCl(aq) > PbCl (s) + 2 NaNO,(aq)
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8.

10.

11.

12.

Which of the following is not a balanced chemical equation?
A.2H,+0,~>2H,0 B. 4H,+20,~>4H,0
C. Both Aand B D. None of the above

Which of the following is the balanced chemical equation for the following
reaction?

Mg+ 0O, > MgO
A. Mg+ O~ MgO B. Mg+ 0O, >MgO +0O
C. Mg, + 0O, > 2MgO D. 2Mg+ O, ~>2MgO

Consider the following chemical equation where coefficients are represented by the
letters w, x, y, and z: w AL O, + x H SO, — y AL(SO,), + zH,0

If w = 1, then which of these is true?

A y=2 B.z=3 C. x=6

Consider the combustion of propane: C,H, + O, > CO, + H,O (unbalanced)

Using the smallest set of whole numbers, the sum of the coefficients in the balanced
chemical equation

Apggo PDF Enhancer o, |,

Consider the pictorial representation of a chemical change shown below:

P o
p‘% -
P O = ey R

Lo |8

|owavm O oxygen .c»onl

Using the smallest set of whole numbers, the coefficient of C,H, in the balanced
chemical equation for this reaction is...

Al B. 2 C. 3 D. 4

124 Chemistry: The Core Concepts



13.

14.

15.

16.

Consider the pictorial representation of a chemical change shown below:
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Using the smallest set of whole numbers, the coefficient of NH, in the balanced
chemical equation for this reaction is...

A2 B. 3 C 4 D. 6

Which of the following observations is a definite sign that a chemical change has
occurred?

A. Mixing a blue-colored liquid with a yellow-colored liquid, yields a green-colored
mixture

B. Mixing a blue—oépﬁ glad with Fcolobsy hﬁmﬁﬂsr a yellow-colored liquid
C. Neither
D. Both

Which of the following observations implies that a chemical change has definitely not
occurred?

A. Mixing two colorless liquids yields a colorless liquid

B. A piece of paper, held next to a flame, catches fire and leaves a black residue
C. Both

D. Neither

Which of the following is a correct chemical equation for a combination reaction
between a metallic element and nonmetallic element?

A. Mg(s) + N,(g) > MgN_(s)
B. Mg(s) + Oz(g) - MgOz(s)
C. Mg(s) + N(g) > MgN

D. None of these
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17. Which of the following is a decomposition reaction?
A. 2CO(g) +O,(g) >2CO,(g)
B. Mg(s) + 2 HCl(aq) > MgCl,(aq) + H,(g)
C. Ba(OH),(aq) + H,SO,(aq) > 2 H,O(l) + BaSO,(s)
D. 2H,0,(aq) »> 2 H,0(1) + O,(g)

18. What is the salt produced by the neutralization reaction of magnesium hydroxide,
Mg(OH)z, and hydrochloric acid, HCI?

A. MgCl B. MgCl, C. HOH D. none of these

19. What is chemical equation for the neutralization of stomach acid, HCI, by milk of
magnesia, Mg(OH),?
A. HCl + Mg(OH), - HMg + CI(OH),
B. 2 HCl + Mg(OH), - 2 HOH + MgCl,
C. HCl + Mg(OH), ~ H,0 + MgCl
D. HCl + Mg(OH), > H,0 + MgHCl

20. What is the chemical equation for the neutralization of nitric acid, HNO,, by calcium

oxide (Ca0)r  Apago PDF Enhancer

A. HNO, + CaO — HO + CaNO,

B. 2 HNO, + CaO ~ H,0 + Ca(NO,),
C. HNO, + CaO > NO, + CaH

D. 2 HNO, + CaO ~ H,0 + CaNO,
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CHAPTER’E /9

Hlstory of Atomlc
Theory

In this chapter, we examine how our notion about atoms has developed over time.

Atomism

The word atom literally means uncut (a = not, tomos = cut). The philosophy of atomism,
espoused by the Greek philosopher Democritus (460 BC-370 BC), asserts that the world
is made up of two things: atoms and the void. In other words, matter of made up of tiny,
indestructible particles called atoms and in between atoms, there is nothing. However,
atomism did not flourish, as it was contrary to the ideas supported by more influential
people of that time (Plato, Aristotle). Furthermore, the Greek philosophers were thinkers,
not workers. They did gﬁ{paegﬁ expefidhentdFsaplpo forigRir ideas.

The scientific method as we know it, the use of empirical (experimental) data to
support ideas, was not developed until centuries later. Publications regarding the “proper
way” to do science date as far back as the early 1600s. Before that, alchemists (early
chemists) developed laboratory techniques that were eventually used for scientific
work. The alchemists” goals were to turn lead into gold, cure diseases with herbs, develop
the elixir of life (panacea) and develop a universal solvent that can dissolve anything
(“alkahest”). Alchemists were considered scientists but, these days, their approach to
achieving their goals is not what we would consider as “scientific”’. Although alchemists
did not advance our knowledge about atoms, they promoted observation and experimen-
tation and served as bridge between Greek philosophers’ “pure thought” and modern
scientific method.

Dalton’s Atomic Theory

John Dalton elevated the idea of atomism to a scientific theory in 1803. In Dalton’s atomic
theory, the following assumptions (postulates) are made:

e matter consists of small indivisible particles called atoms.
e an element consists of identical atoms (same mass).
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e atoms of different elements have different masses.

e atoms of two or more elements combine in small whole-number ratios to form
compounds.

e achemical change involves the rearrangement of atoms.

Extensive work by several scientists provided the empirical support for Dalton’s ideas.
Among the most notable are the works of Antoine Lavoisier (the “father” of Modern
Chemistry) and Joseph Proust.

Law of Conservation of Mass

Lavoisier’s work led to the formulation of the Law of Conservation of Mass, which says
that the amount of matter is constant even during a chemical change. Dalton’s assumption
that atoms are indestructible and merely rearrange during chemical changes explains this
general observation.

Law of Definite Proportions

Proust’s work led to the formulation of the Law of Definite Proportions, or Law of
Definite Composition, which says that compounds (substances made up of more than
one element) have a well-defined composition. By this, we mean that the mass-to-mass
ratio of any two elemerAt@mpR@Fi-s t}Eﬁﬁaﬂ@)@{mple of the compound.
It also means that the percentage of any element in any sample of the compound is
well-defined (constant).

The Law of Definite Proportions is explained by Dalton’s assumptions that all atoms of
an element have the same mass and that the count-to-count ratios of atoms from different
elements in a compound are well-defined small whole number ratios.

Example

Suppose a compound is made up of elements X and Y, such
that the count-to-count ratio of X to Y is 1:2. Also suppose
that each X atom has a mass of x units, and each Y atom has
a mass of y units. Show that the mass-to-mass ratio of X to Y
is constant.

Answer:
Imagine a sample containing n X atoms. If the count-to-count ratio
of Xto-Y is 1:2, then this sample must have 2n Y atoms:

count, _ A _1
count, 24 2
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If each X atom has a mass of x units and each Y atom has a
mass of y units, then the mass-to-mass ratio would then be:

mass, = Ax _ x

mass, 2dy 2y

Since x and y are constants, x/2y is also a constant; the
mass-to-mass ratio of X to Y is, therefore, constant regardless
of what n is.

Example

In the preceding example, show that the percentage of X (by mass)
in the compound is also constant.

Answer:
The ratio of the mass of X to the total mass is

mass, _ nx o
mass, +mass, nx+2ny HAx+2y) X+2y

which is also a constant since x and y are constants. If we multiply
this value by 100, we get the percentage of X in the compound
(by mass), which is also a constant.

Law of Multiple Proportions

Dalton himself formulated the Law of Multiple Proportions, which says that if two
elements can form more than one compound, the ratio of their mass ratios can be
reduced to a ratio of small whole numbers.

Example

Verify that the ratio of C-to-H mass ratios for CH, and C_,H,, is a
small whole-number ratio.

Answer:
Assume that the mass of each C atom is ¢ and that the mass of
each H atom is h. The Cto-H mass ratio in CH4 is:

mass; _ G

mass, 4h
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while the C-to-H mass ratio in CEH4 is:

mass; 2¢C

mass,, 4h

The ratio of mass ratios is: .
[4h}

&)

which simplifies to 1/2, a ratio of two whole numbers.

N
(@]

N
o

Example

A compound of elements X and Y is found to be 85.71% X by
mass. According to the Law of Multiple Proportions, which of
the following is a more plausible mass percent of X for another
compound of X and Y? A. 80.00%, B. 84.32%

Answer: A
First, we determine the X-to-Y mass ratios.

e For the known compound, assuming a 100 g sample:
mass of X = 85.71% of 100g = 85.71 g
mass of Y = 100g - 85.71 g=14.29¢g
X-to-Y mass ratio: 85.71/14.29 = 5.998

e For choice A, assuming a 100 g sample:
mass of X = 80.00% of 100 g = 80.00 g
mass of Y = 100 g - 80.00 g = 20.00 g
X-to-Y mass ratio: 80.00,/20.00 = 4.000

e For choice B, assuming a 100 g sample:
mass of X = 84.32% of 100 g = 84.32 g
mass of Y = 100 g - 84.32 g = 15.68 g
X-to-Y mass ratio: 84.32/15.68 = 5.378

Then, we calculate the ratio of mass ratios.
¢ For the known compound and the sample in choice A:
5.998/4.000 = 1.500, which is 3/2 (a small whole
number ratio)
¢ For the known compound and the sample in choice B:
95.998/5.378 = 1.115; the closest possible ratio of
small whole numbers is 10/9 (which is equal to 1.111)
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How can we express a number, x, as a ratio of whole numbers? If x is a whole number, then
it already is; it is a ratio of that whole number to 1. If it is not a whole number, then we look for
a whole number (n) such that nx is a whole number; the whole number ratio is nx/n.

Example

Express 1.199 as a ratio of whole numbers.

Answer: 6/5
We just need to find n, such that (n)(1.199) is a whole number.
Try 2. 2(1.199) = 2.398, not a whole number.
Try 3. 3(1.199) = 3.597, not a whole number.
Try 4. 4(1.199) = 4.796, not a whole number.
Try 5. 5(1.199) = 5.995, close enough; round off to 6.
The ratio is 6/5.

The Discovery of the Electron

Theories evolve as we discover new information. Some of Dalton’s assumptions about
atoms are no longer accepted. Atoms are, in fact, divisible. We now know that they are
made up of even smalleﬂ{pxakg@all@Eﬁonﬁeﬂq(aﬂaec@]ectrons. The discovery
of the electron is credited to Joseph John Thomson, although our experience with it dates
back to the time of Thales of Miletus (600 BC), where it was found that rubbing amber
against fur makes them attract each other. We now interpret this phenomenon in terms of
electrons being transferred from fur to amber. The fur becomes positively-charged and the
amber becomes negatively-charged. In 1600, William Gilbert discovered that amber was
not the only material that can attract other materials when rubbed; he coined the word
electric (from elektron, the Greek word for amber) and referred to materials that attract
each other when rubbed as electrically charged. In 1629, Niccolo Cabeo discovered that
electrically charged materials can also repel each other. This led to the notion of two kinds
of charge; like charged materials repel each other, materials with unlike charge attract each
other. In 1733, Charles du Fay proposed two kinds of charge: resinous and vitreous. By his
definition, vitreous charges are transferred to a glass rod when it is rubbed against silk,
and resinous charges are transferred to amber when it is rubbed against fur. We now know
that what du Fay called resinous charges are negatively charged electrons. We also now
know that when glass is rubbed against silk, it becomes positively charged, not because
positively charged particles (vitreous charge) are transferred to the glass, but because
(negatively-charged) electrons move out of the glass. The idea of just one type of charged
particle being transferred when materials are rubbed is credited to Benjamin Franklin
(1752), although he assumed that the charge that was transferred was positive.
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Measurement of charges is attributed to Charles Augustin de Coulomb who formulated
(in 1785) the law that now bears his name: the force between two charged particles is
directly proportional to the product of the magnitudes of the charge and inversely
proportional to the square of the distance between them. The SI unit for electrical
charge is Coulomb (C).

Example

At the same separation, compare the force in the following cases:
Case A. between an electron and a nucleus with a +1 charge, and
Case B. between an electron and a nucleus with a +2 charge.

Answer: The force is stronger in case B by a factor of 2. The
charge of an electron is -1. So, in case A, the product of the mag-
nitude of the charges is (1)(1) = 1. In case B, its (1)(2) = 2. If the
product is doubled, the force is also doubled; this is what we mean
when we say that the force is directly proportional to the product of
the magnitudes of the charges.

Example

\What happens to the force between two charged particles if their
separation is doubled?

Answer: Since the distance doubled (x2), the force 1/4 of the
original value. If the distance is multiplied by 2, the force is
divided by 22. This is what we mean when we say that the force is
inversely proportional to the square of the distance.

J. J. Thomson used cathode ray tubes (CRT) in his experiments (1897). Inside a CRT,
a piece of metal (the cathode) is subjected to high voltage. As a result, a beam of particles,
which Thomson called corpuscles, is ejected from the metal. The CRT beams behaved
the same way (when subjected to a magnet or to electrically charged plates) regardless of
the nature of material used as cathode. This means that whatever these particles are, they
are found in all atoms. We now know that the particles in the beam are electrons; the
name “electron” was coined by G. Johnstone Stoney. In J. J. Thomson’s CRT experiments,
the charge-to-mass ratio for the electron, but not the mass itself, was determined.

Robert Millikan’s oil-drop experiment (1909) established the charge of the electron.
In his experiments, Millikan found that when he charged oil droplets, the charges were all
multiples of —1.60 x 107"* C. This suggested that —1.60 x 107"° C is the smallest possible
charge and this is the charge of each electron.
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Example

If we were to repeat Millikan’s experiment, which of the following
values for the charge of an oil droplet are we least likely to observe?
A.-1.122x 1078 C
B.-1.553 x 1078 C
C.-1.759x 107'8 C

Answer: B
The values we would expect to get should be very close to an inte-
ger multiple of the charge of an electron, which —1.60x10'° C.
To check if the given choices are integer multiples, we divided
each one by -1.60x107"° C.

* A (-1.122x10'8C)/(-1.60x 102 C)=7.01 > 7

e B.(-1.553 x 10°'8C)/(-1.60 x 10°'°C) = 8.70

e C.(-1.759 x 107" C)/(-1.60 x 108 C) = 10.99 —~ 11

Among the choices given, choice B is farthest from being an inte-
ger multiple.

Based on J. J. Thomson’s measured charge-to-mass ratio and Millikan’s measured
charge, the mass of the electron was found to be 9.11 x 107! kg, much smaller than the
mass of the lightest knﬁmg @ydrE)@E Enhancer

With the discovery of the electron, the plum pudding model was proposed for the
atom. Instead of the structureless, indivisible spheres that Dalton envisioned, atoms are
now proposed to be positively charged spheres with negatively charged electrons embed-
ded in them, just like plums in a pudding.

The Discovery of the Nucleus

The work of Ernest Rutherford provided the next major advancement in our knowledge
about atoms. In his experiments (1909), Rutherford bombarded a piece of gold foil by alpha
particles. Alpha particles are high speed particles produced by radioactive materials; an
alpha particle is essentially a helium nucleus (2 protons and 2 neutrons). If the plum pudding
model were correct, then the mass of an atom would be spread evenly throughout the space
occupied by the atom and all of the alpha particles would be expected to pass through with
very minor deflection (like bullets through a tissue paper). As it turned out, most (not all) of
the alpha particles passed through the gold foil with very minor deflection. A very small frac-
tion of the particles were either deflected at very large angles or bounced back (“backscattered”).
This led to the proposition of the currently accepted nuclear model for the atom, where:

e the mass of atom is concentrated in a very tiny spot (the nucleus),
e the nucleus is positively charged,
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e electrons move around the nucleus, and

e the space where electrons move about is much, much larger than the space
occupied by the nucleus (the diameter of the region where electrons move is at
least 1000 times larger than the diameter of the nucleus).

The nuclear model explains Rutherford’s experimental results. Most of the alpha
particles passed through because the gold foil is mostly empty space; the regions occupied
by the nuclei are very, very small compared to the spaces between them. The very small
fraction of alpha particles that pass near the nuclei would be deflected at large angles. The
alpha particles that are backscattered are the ones that collide head-on with the nuclei.

The Discovery of the Neutron

The discovery of the neutron is credited to Sir James Chadwick. The discovery was made
in 1932, years after Rutherford discovered the nucleus. Neutrons were more difficult to
detect because they are electrically neutral. Electrically charged particles like electrons
and protons are easier to detect because they respond to magnets and electrically charged
plates.

Chadwick bombarded beryllium atoms with alpha particles. He showed that the
resulting radiation was a beam of neutral particles that have a mass of one amu.

Apago PDF Enhancer
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter9.htm.

1. Assume circles and squares in the figures below represent atoms. According Dalton’s
atomic theory, which of the figures below best represents a sample of a compound?

. o.. p® @
... . . ..l e f ..
. . .. L] i u, 5

2. Assume that circles and squares in the figure below represent atoms. According to
Dalton’s theory, which of the changes indicated is possible?

AF 4 B S ar

. . * .

L

3. Consider the pictorial representation shown below for the molecular composition of
a mixture. Using Dalton’s atomic theory, the figure represents a mixture of...

A. an element and two compounds
B. two elements and a compound

C. three compounds

Cp @
_0%%
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4. A compound decomposes (breaks apart) into elements “X” and “Y”. If the decomposi-
tion of 5.0 g of the compound produces 2.0 g of element “X”, how much of element
“Y” is also produced?

A 20¢g B. 30g
C.50g D. impossible to tell

5. Shown below is a diagram illustrating Rutherford’s alpha scattering experiment.
Alpha particles are represented by red circles. Which of the three labeled alpha
particles (A, B, or C) will have the most typical trajectory?

6. Which of these is true?

A. Dalton assumed that atoms are made up of electrons, protons, and
neutrons

B. J.J. Thomson determined the charge and mass of electrons

C. In Rutherford’s alpha scattering experiment, all of the alpha particles passed
through the gold foil

D. The alpha particles used in Rutherford’s experiment are positively charged
particles.
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7. Match the pictorial representations showing four neighboring atoms to the scientist
most closely associated with the atomic model.

1 2

A. 1-Dalton, 2-]J.J.Thomson, 3-Rutherford
B. 1-].J.Thomson, 2-Dalton, 3-Rutherford
C. 1-].J.Thomson, 2-Rutherford, 3-Dalton
D. 1-Rutherford, 2-J.J.Thomson, 3-Dalton

8. Which of these scientists is most closely associated with the laboratory apparatus
shown below?

A. John Dalton, B. J.J. Thomson,
C. Ernest Rutherford, D. James Chadwick

Chapter 9: History of Atomic Theory 137



This page intentionally left blank

Apago PDF Enhancer



Towards the end of the 19th century, experiments involving light interacting with atoms
and molecules showed “anomalous” results that could not be explained by classical phys-
ics. Classical physics refers to the physics developed by Isaac Newton, James Maxwell,
and others prior to the 20th century. Describing motion using Newton’s laws of motion
is called Newtonian mechanics or classical mechanics. Classical principles that describe
electricity and magnetism are based on the work of James Maxwell.

Quantum mechanics and Relativity were developed to address failures of classical phys-
ics in describing the world of the very small and the world of the very fast, respectively.
Quantum mechanics and relativity are considered as the two major branches of modern

physics. The currently ai& Bted model ﬁﬁlﬁtonE bﬁst éiers]cebed by quantum mechanics.

Electromagnetic Radiation

Light is also known as electromagnetic radiation. Much of the behavior of light can be
explained by thinking of it as a wave. However, towards the end of the 19th century, scien-
tists observed phenomena that could not be explained by the wave model. In these cases,
we have to think of light as a stream of particles, which we now call photons.

The Wave Model

Earlier studies dealing with light have led scientists to the conclusion that light is an elec-
tromagnetic wave. Let us try to understand what these two words mean.

A wave is a periodic (repeating) disturbance that transfers energy from one place to
another. Imagine dropping a rock into a body of water. A water wave is produced (ripples
travel outward from where the rock fell) and an object floating elsewhere will bob up and
down as the wave passes through it. We say that the energy from the rock has been trans-
mitted to the object.

The term electromagnetic means that the disturbance:

e is due to oscillation of charged particles.
e exerts a force on any charged particle that is in its way.
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Figure 1. Electric Component of Electromagnetic \Wave
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The things that are “waving” in an electromagnetic wave are electric and magnetic
fields. The plot in Figure 1 illustrates how the electric field strength (E) associated with the
wave varies vs. distance. Perpendicular to each electric field wave, is a magnetic field wave.

The value of the electric field strength at a given location refers to the strength of the
force that a particle (with a charge of 1 Coulomb) would “feel” at that location; positive
and negative values indicate the direction of the force. The SI unit for the electric field
strength is Newton per Coulomb, N C™'. The electric field is strongest at the crests (maxi-
mum E) and troughs (minimum E); the magnitude of the electric field strength at these
locations is shown in Figure 1 as E , and is called the amplitude of the wave. Locations
where the magnitude of the electric field is zero are called nodes. The wavelength, repre-
sented by the Greek letter lambda (A) in Figure 1, refers to the distance between two con-

secutive crests. This is aApla@@mchEﬁEenEﬂ haﬂ@e ]zroughs, or the distance

between two nodes that are separated by one node.

Physical Interpretation of Wavelength

The wavelength of an electromagnetic radiation is related to what we perceive as the color
of the light. The term visible spectrum refers to the range of possible wavelengths that we can
see, 400 nm to 800 nm. The symbol nm stands for nanometer, or 10~ m. The mnemonic
ROYGBIV (Red, Orange, Yellow,...) relates wavelength to color. Red light is on the long
wavelength end of the visible spectrum (630-800 nm), whereas violet is on the short wave-
length end (about 400 nm).

Example

Which color of light corresponds to longer wavelength: red or blue?
Answer: Red

Most electromagnetic radiation is invisible to us. The term electromagnetic spectrum
refers to the entire range of possible wavelengths. Electromagnetic radiation is classified
according to wavelength (shortest to longest) into gamma rays, x-rays, ultraviolet, visible,
infrared, microwave, and radiowave.
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Example

Which type of electromagnetic radiation corresponds to longer
wavelength: microwave or x-ray?

Answer: microwave

Physical Interpretation of Frequency

Electromagnetic waves travel at a speed of 2.998 x 10® m/s. For most calculations, we can
round this off to 3.00 x 10® m/s. We refer to this as the speed of light and, typically, repre-
sent this by the letter c. When the wave has traveled a distance equal to its wavelength,

we say that it has completed one cycle. The time it took for this to happen is called the
period (T). The number of cycles completed per second is called the frequency of the
wave and is just equal to 1/T; frequency is commonly represented by the Greek letter

nu (v). Since speed is distance traveled per unit time, the speed of the wave is the distance
traveled in one cycle (A) divided by the time for one cycle. Therefore:

c=&=l(l)=7»v
T T

We can rearrange t%(ﬂﬁ@ oPDF Enhancer

v=—
A
and see that the shorter the wavelength, the higher the frequency. Therefore, frequency
is also associated with what we perceive as color. The unit for frequency is reciprocal
second (s7!) or Hertz (Hz).

Example

Calculate the frequency of green light that has a wavelength of
900.0 nm.

Answer: 6.00 x 10" s, or .00 x 10" Hz

We simply plug in the speed of light and wavelength into the
formula that relates frequency, speed of light, and wavelength. To
avoid problems with units, express all quantities in base Sl units.
Thus, we plug in 500.0 nm as 500.0 x 1072 m.

c_ 2.998x10°ms”

= = E00.0x10°m =6.00x10" g™
.Ox

A%
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Example

Which color of light corresponds to higher frequency, red or blue?

Answer: blue
Blue has shorter wavelength, higher frequency.

Physical Interpretation of Amplitude

The amplitude of the wave, E , is related to what we perceive as the intensity of light.
Intensity, S, is defined as the energy transported per unit time, per unit area, and is given
by the equation:
Ener Power 1
& =—¢,cE/’

0

- Time- Area B Area 2

where, g_(“epsilon naught”, 8.854 x 1072 C> N~' m™?) is the constant known as the
permittivity of vacuum and c is the speed of light. The unit for intensity is Joule per
second per square meter (] s”' m™2). A Joule per second is a unit for power, the energy
delivered per unit time, and is also called a Watt (W). So, the unit for intensity can also be
written as W m™.

Apago PDF Enhancer

Example

A 5.00 mW laser beam has a cross sectional area of 2.00 mm®.
What is the intensity of the beam? Calculate the amplitude of
electric field component of the electromagnetic wave.

Answer: S =250 x 10° W m™?, E =1.37 x 103N C’
Intensity is power per unit area; we are given the power
(5.00 mW) and the area (2.00 mm?). It is best to express these

guantities in terms of unprefixed units when doing calculations.
1mW =102Wand 1 mm=103m.

g _ Power _ 5.00x 10°W

= = S =2.50x10°Wm®
Area  2.00(10° m)

Rearranging the equation that relates intensity to amplitude, we
can solve for the amplitude as

e 2(2.50x10° Wm™)
° Veso |(8.854x102 PN m?)(2.998x10° ms )

=1.37x10°NC™’
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Here is how the units for the electric field strength works
outto N C".

J We | ] [N
CEN'mZs’ B NT msT |{ENTm

- NC2NTY =N CZ=N C

Note that a Joule (J) is equivalent to a Newton meter (N m].

The Particulate Model

Towards the end of the 19th century, experiments dealing with light showed behaviors
that are inconsistent with the notion of light as an electromagnetic wave. These experi-
ments deal with the following phenomena: blackbody radiation, photoelectric effect,
atomic and molecular spectra.

In all of these, the “anomaly” is resolved by assuming that the energies of light and matter
are quantized. Thus, the theory that was eventually developed, based on these phenomena,
came to be known as qugutum theory. e say something is quantized, it means that its
values are restricted; it ’ﬁg’ usﬁtjgue.gmﬁéx&ieégromagneﬁc radiation, it
turns out that, in these “anomalous” cases, we have to think of the energy as being carried by
a stream of particles, now called photons. The energy carried by each photon is given by:

Ephoton =hv= %
where h is a very small number called PlancK’s constant. We say that light energy is
quantized because it is only available in multiples of hv. The value of PlancK’s constant
is 6.626 x 107**J s. Max Planck discovered this constant in trying to explain blackbody
radiation and it turned out to be a universal constant; the same constant appears in the
equations that were successfully used to explain the other phenomena listed above.

Example

Which has more energetic photons: radiowave or x-ray?

Answer: x-rays

X-rays have very short wavelengths, very high frequency, very
energetic photons. This is the reason why x-rays are considered
dangerous. One should not have too much exposure to x-rays.
X-ray photons are energetic enough that they can “knock off”
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electrons from atoms in your body, which could lead to all sorts of
chemical changes. X-rays are called ionizing radiation. Magnetic
resonance imaging (MRI, the other major imaging technique used in
medicine) uses radiowaves, which are on the other end of the elec-
tromagnetic spectrum. Radiowaves have very low energy photons.

Example

Calculate the energy of each photon of red light with a wavelength
of 632 nm.

Answer: 3.14 x 1079 J
. he (6.626x10°%J £)(2.998 x10°ms™"|
Photan ST 632x10m
=3.14x107"9y

Note that we replaced nm by 107 m.

Because h is a very small numberﬁloton energies in Joules are also very small num-

bers. It is often conveniAp@eg)st o enEgﬂzhlaQrﬁsefra smaller energy unit,
the electron volt (eV): 1 eV = 1.602 x 107" J.

Example

A phaton has an energy of 3.14 x 107'° J. Express this value in eV.
Answer: 1.96 eV

N 1eV
3.14x107"° =1.96 eV
8 ’Jx[msoemo-”ﬂ)

Example

The frequency of radiation used in a microwave oven is 2.45 GHz.
If a 600.0 W oven is operated for 60.0 s, how many photons are
generated.

Answer: 2.22 x 10°8 photons

1 GHz = 10° Hz or 10% s7". So, the energy of one photon is

Eynoton = NV = (6.626x 104U £)(2.45x10° 571) =1.62x 102 J

photon
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A Watt (W) is a unit of power, which is energy per unit time:

1 W =1 Js™". Therefore, if we multiply the wattage by the time
in seconds, we get the total energy generated by the oven:

= (600.0Js ™" (B0.0s) =3.60 x 10% J

Etotal
If we have N photons and multiply it by the energy of each photon,
we get the total energy. In other words:
E _=NE

total photon

or:

N Etoal _ 3.60x10%* J _ 50041028

Ephoton~ 1.82x 10724 J

The Photoelectric Effect

The photoelectric effect is one of the phenomena that could not explained with the notion
that light is a wave. A photoelectron is an electron ejected from a metallic surface when the

surface is exposed to ligﬁtpavg@unPCDF Enhancer

o there is a minimum frequency (v ) of light needed to cause electrons to be ejected;
the threshold frequency depends on the nature of the metallic surface.

e the kinetic energy of the electrons ejected depends on the frequency, but not on the
intensity of the light; this was puzzling because the intensity of light is the amount
of energy it delivers per unit time per unit area.

e if electrons are ejected, more of them are ejected if the light is made more intense.

Albert Einstein explained the observations as follows. The kinetic energy of the
ejected electron is the difference between the energy of the photon and the energy needed
to dislodge the electron from the metal. If the individual photons do not have sufficient
energy to dislodge electrons, no photoelectrons will be observed regardless of how intense
the radiation is. If the photon energies are sufficient, then a higher intensity would mean
more photons and, consequently, more photoelectrons produced. But the kinetic energy
of the electrons depend only on the photon energy (hence, on the frequency, not on the
intensity). Based on the data, Einstein deduced that

e the photon energy is hv, where h is the same constant that Planck earlier discovered

when trying to explain blackbody radiation.

e the minimum photon energy needed to dislodge the electron, called the work

function of the metal, is hvo.
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Example

The work function for Al is 4.08 eV. Will photoelectrons be
ejected if it is exposed to ultraviolet radiation of frequency
300.0 nm? If so, what would be the kinetic energy of the
photoelectrons?

Answer: Yes, the kinetic energy of the photoelectron
would be 0.05 eV

The photon energy for 300.0 nm is:

he (6.626><’IO‘34J g{) (2.998x’|08m ,s/r)

E =
PhOLDEN 300.0x 10 %m
=6.622x107"° J

which corresponds to 4.134 eV. The energy of the photoelectron
would be the difference between the photon energy and the
energy needed to remove the electron:

KE of photoelectron = 4.134 eV - 4.08 eV = 0.05 eV

ApagePh-—Enhaneer

Atomic and Molecular Spectra
When light is passed through a prism, the prism causes the waves corresponding to
different wavelengths to bend at different angles. If the light comes from a source
where there is a very high concentration of particles (atoms, molecules or ions), we
tend to get a continuous band of colors, the familiar rainbow of colors. If we pass
that light through a sample that has a very low concentration of particles before we
pass it through the prism, we are likely to see a pattern of dark lines interspersed
within what would otherwise be a continuous band of colors; see Figure 2. We
say that light waves (with wavelengths corresponding to the missing colors) were
absorbed by the particles in the sample. Thus, the observed pattern is known as
the absorption spectrum of the sample. Figure 2 shows the absorption spectrum of
hydrogen atoms.

If we were to examine light from a source where the concentration of particles is
very low, we are not likely going to get a continuous band of colors. If we project the light
that passes through the prism onto a screen, we would see a pattern of bright colored
lines with dark regions in between. The pattern depends on what atoms or molecules are
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Figure 2. Absorption Spectrum of Hydrogen

Figure 3. Emission Spectrum of Hydrogen

Figure 4. Absorption Spectrum of Sodium

producing the light, and is called the atom or molecule’s emission spectrum. The emission
spectrum from hydrogen atoms is shown in Figure 3.

Each atom or moleA@@g@arPcEﬂ;ﬁc dpdcria@ that @i'serve as its
“fingerprint” for identification purposes. Figure 4 shows the absorption spectrum
of sodium.

Spectra from atoms tend to have sharper lines; thus, they are often referred to as
line spectra.

How come atoms and molecules do not absorb or emit a continuous band of colors?
The explanation provided by Niels Bohr is as follows:

e Energies of atoms and molecules are quantized. They cannot have just any amount
of energy.

e Transitions between allowed energy levels can occur when a photon is absorbed
or released.

¢ The energy of photon must be equal to the difference in energy between two
allowed levels (this is known as the Bohr frequency condition). Since the energies
are restricted, this means that the energy differences are also restricted. Thus, not
every photon energy can be observed, which means that not every wavelength or
frequency can be observed.

C
AE = Ephoton = h(XJ
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Example

Theory predicts that the two lowest allowed energy levels of hydro-
gen are -13.6 eV and -3.40 eV, respectively. What is the energy
of the photon that will be absorbed by a hydrogen atom for it to
be excited from -13.6 eV to -3.40 eV? What wavelength of light
does this correspond to?

Answer: 121.6 nm
E =AE =(-3.40eV]) - (-13.6 eV]) = 10.2 eV

photon
(¢}
Ephoton =h (l)

We rearrange:
he (6.826x107°%4 s)(2.998x10°ms™)
EN 10.2(1.602x 107" 4)
or 122 nm. Note that we have substituted 1.602 x 1071° J for
eV so that our answer comes out in meters (m). This spectral

line is observed experimentally, and is known as the Lyman
alpha line.

to solve for A:

=1.22x10" m

Matter Waves

Light exhibits wave-like behavior, as well as particle-like behavior. The term wave-particle
duality is used to describe this dual nature of light. Nature tends to be symmetrical, so it
makes sense to expect that what we normally consider as particles (like electrons) would
also exhibit wavelike behavior. In the 1920s, Louis de Broglie suggested that matter, which
we normally think of as being made of particles, may also exhibit wave-like behavior. In
1925, Davisson and Germer provided experimental support for this idea: diffraction
patterns were observed for a beam of electrons. Diffraction is a phenomenon associated
with waves. Figure 5 shows what happens when light is passed through the narrow slit,
and observed on a wall behind the slit.

Instead of showing up only around where the slit is located, the light spreads out. It
spreads out more the narrower we make the slit. We also observe dark spots in between
bright spots. This can only be explained if we think of light as a wave; see Figure 6. As
waves emerge from the barrier (through the slit), they bend. As a result some waves will
have farther to travel than others before they hit the wall on the other side. At certain
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Figure 5. Single Slit Diffraction
Single-slit diffraction pattern

-

Intensity

from http://en.wikipedia.org/wiki/File:Diftraction1.png GNU Free Documentation

License
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Figure 6. Explaining Single Slit Diffraction
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angles, the shifting of the waves results in what is known as destructive interference and
we see a dark spot on the wall where this occurs.

It is now generally accepted that wave characteristics apply to all matter. The so-called
de Broglie wavelength (\) associated with a particle is inversely proportional to the
momentum of the particle. Momentum is the product of mass (m) and speed (v).

A=—m=—
p mv
The proportionality constant is Planck’s constant (h), which is a very small number.
Because of this, wave behavior is only discernible for very small particles (very small
masses). Diffraction, for example, is observed when the particle encounters obstacles that
are separated by a distance comparable to its de Broglie wavelength. For large masses, the
de Broglie wavelength tends to be very, very small to be detectable.

Example

Calculate the de Broglie wavelength of a 1.00 kg object moving
at 1.00 m/s.

Answer: 6.63 x 10734 m

-34
A= h  B6.626x107"Jd s _6.63x10% m

MV (1.00 kg)(1.00ms")

This is very, very, very small. This is much smaller than the diam-
eter of a typical nucleus (107'3 = 10°"% m), or even an electron
(10°"8 m). It is undetectable. We expect, in this case, that classi-
cal physics would adequately describe the particle.

Note: here is how the unit in the answer works out to meters (m).

Js  _kgmfs@s _kgmms? _

kg m s B

h kg m s~ kgms™ B

Example

Calculate the de Broglie wavelength of an electron (mass =
9.11 x 103" kg) moving at a speed of 1.00 x 108 m s~".

Answer: 7.27 x 1079 m

34
, _ ol 6.626 x 10 Js .
mv  (9.11x10°" kg)(1.00x10° ms™) -
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This wavelength is comparable to x-rays and to the distance
between the nuclei of adjacent atoms in a solid, which is typically
about 1-2 Angstroms; one Angstrom is 107'° m. \We expect the
electrons here to exhibit wavelike behavior similar to x-rays.

The Uncertainty Principle

The Uncertainty Principle is a consequence of wave-particle duality. It says that it is
impossible to precisely determine the location and velocity of particles at the same time.
The uncertainties are inconsequential in our macroscopic world, but tend to be significant
in the world of the very small. For example, to see anything, you need light. Light bounc-
ing off an object travels to the detector (such as your eyes), which tells you where the
object is located. If we were to try to locate an electron, we would need to bounce a pho-
ton off it. Since the photon behaves like a particle, the act of locating an electron affects
the electron’s motion. The impact is insignificant for macroscopic objects.

We could try to precisely locate electrons by passing them through a narrow slit. The
narrower we make the slit, the more we know about the location of the electrons that pass
through the slit. However, we find that the narrower we make the slit, the less we know
about the direction of rﬂp)a @e e]@@ﬁ elﬁﬁﬁlarﬂtéeelit; this manifested by the
spreading out of the observed diffraction pattern. This means we lose information about
the velocities of the electrons by attempting to more precisely locate them.

Wave-particle duality and the uncertainty principle resolve the problem regarding
the stability of the nuclear atom. Classical mechanics predicts that the electron will crash
into the nucleus and this will happen so fast that the nuclear structure suggested by
Rutherford’s experiment could not be stable. The uncertainty principle suggests that the
closer an electron gets to the nucleus, the less uncertain we would be about its location,
the more uncertain we would be about its velocity (how fast it is moving and where it is
headed), just like the electron beam that goes through a narrow slit spreads out more the
narrower we make the slit.

Quantum Mechanics

By the 1920s, it became evident that classical physics is just an approximation. This
approximation happens to work well in the macroscopic world we deal with every-

day. However, a more general theory is needed in order to account for observations we
make on the world of the very small. Thus, quantum mechanics was invented. Quantum
Mechanics, as formulated by Erwin Schrodinger, postulates (assumes) that a mathemati-
cal function (called the wavefunction) is associated with particles and that all accessible
information about the system can be obtained from this wavefunction. The Schrodinger
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equation, which is also a postulate, is an example of what mathematicians call a
differential equation; when we solve it, we get a function (the wavefunction). Quantum
Mechanics is consistent with Heisenberg’s Uncertainty Principle. It can be described as a
probabilistic theory, as opposed to one that is deterministic. In Quantum Mechanics, we
do not try to locate particles; we only try to calculate probabilities or likelihood of finding
particles in whatever region we are interested in.

For the macroscopic world, Quantum Mechanics makes essentially the same predic-
tions as classical physics (although it would be more cumbersome to use it in this case
since classical physics would work just fine). Otherwise, it would be unacceptable. The
requirement that Quantum Mechanics should be consistent with classical physics where
classical physics is known to be valid is called the Bohr Correspondence Principle.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter10.htm.

1. Tllustrated below is a snapshot of the electric field component of an electromagnetic
wave as it travels through space. At which of the locations indicated would a charged
particle experience the strongest force?

A 3 C D
Ve ~\
\\ / Ir..-’ I\ : /| \.\ J,p"

distance

2. Which of the following wavelengths is associated with the electromagnetic radiation
that humans can see?

A. 500 nm B. 300 nm C. 0.0005 cm

3. Which of the following regions ofﬁ:ﬁ)i.lfctr netic spectrum has the longest
wavelengths? Aﬁ % Elh%.' Ié
A. x-rays B. visible C. microwave D. radiowave

4. What is the frequency of the electromagnetic wave with a wavelength of 250 nm?
A. 1.2 x10°Hz B. 1.2 x 10" Hz C. 6.0x 10" Hz

5. What is the energy of a photon of ultraviolet radiation with a wavelength of 250 nm?
A. 5.0eV B. 25eV C. 40x10%eV

6. Which of the following regions of the electromagnetic spectrum has the most
energetic photons?

A. x-rays B. visible C. microwave D. radiowave

7. Which of the following characteristics of electromagnetic radiation is not associated
with what we perceive as color?

A. wavelength B. frequency C. wave speed D. photon energy
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8. How many photons are produced by a 5.0 mW green laser beam (A = 500.0 nm) in
20.0 s?

9. Theory predicts that the allowed energies of hydrogen are given by the formula:
E=(-13.6eV)/n% wheren=1,2,3, ...
which of these photon energies cannot be absorbed by a hydrogen atom that has an
energy of —13.6 eV?
A. 51eV B. 12.1eV C. 13.6eV

10. The average speed of N, molecules at 298K is 475 m s~'. Calculate the de Broglie
wavelength of the average N, molecule (mass = 4.65 x 107> kg). Would you expect a

beam of N, molecules moving at 475 m s" to be diffracted when it encounters atoms
that are about 107! m apart?
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In this chapter, we examine the quantum mechanical description of electrons in atoms and
monatomic ions.

Wavefunctions and Orbitals

One of the postulates of modern quantum theory is that anything that can be known
about an atom or molecule can be obtained from a mathematical function, called a
wavefunction, which is customarily represented by the Greek letter psi (). This, of course,
assumes that Mother Nature gives us access to this information. The wavefunction is
determined by solving what is known as the Schrodinger equation.
Apago PDE Enhancer
Example

True or False. If we know w for an electron in an atom, then at
any given time, we can use y to precisely determine where it is,
how fast it is moving, and in which direction it is headed.

Answer: False

Experimental evidence suggests that it is not possible to precisely
determine, at the same time, both velocity and location of an
electron. This is known as Heisenberg's Uncertainty Principle. This
is the reason why the notion of electrons moving around in well-
defined orbits around the nucleus is no longer acceptable.

An orbital is a wavefunction that gives us information about an electron. It depends
on location. It is customary to refer to an electron as being “in an orbital” or as “occupy-
ing an orbital,” as if orbitals are actual physical entities. When we say this, what we really
mean is that information about the electron can be obtained by performing mathematical
operations on the function that defines the orbital, which is quite a mouthful. The simplest,
yet accurate, way of stating this idea is to say that the electron is being “assigned to an
orbital.”
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Quantum Numbers

For each atom, ion, or molecule, quantum theory gives us an infinite set of orbitals that
we can use to describe the electrons. It is convenient to refer to these orbitals by a set of
numbers (called quantum numbers) that is unique for each orbital. Quantum numbers,
which arise when we solve the Schrodinger equation, are restricted numbers; they cannot
have just any value. The restrictions are as follows:

e n, the principal quantum number, can only be a positive integer: n=1,2, 3, ...

e [ (“ell”), the orbital angular momentum quantum number (also known as azimuthal
quantum number or orbital quantum number) can only be a non-negative integer
thatislessthann: /=0,1,...,n -1

e m (or m, “em sub ell”), the magnetic quantum number can only be an integer
from —Ito +1.

Example

Which of the following is an allowed value for the quantum
number n?
A.0 B.0O5 C. 2 D -3

Answer: C. 2
The number 0.5 is not allowed because it is not an integer. The
numbers O and -3 are integers but they are not positive.

Example
Which of the following is an allowed value for the quantum num-
ber [if n =27
A.-1 B.12 C.0 D.2
Answer: C. O

If n =2, the only allowed values of /are O and 1.

Example

Which of the following is an allowed value for the quantum num-
ber mif n=3 and /= 27
A.-3 B.156 C.2 D.3
Answer: C. 2
If /=2, then, the only allowed values of m are -2, -1, O, 1, and 2.
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Shells and Subshells

Orbitals can be classified into shells or levels. All orbitals that have the same principal
quantum number (n) are said to belong to the same shell or level.

Orbitals can also be classified into subshells or sublevels. All orbitals in the same shell
that have the same orbital angular momentum quantum number (I) are said to belong to
the same sublevel or subshell.

Subshells are often specified by writing a code letter for / next to the value of n. This is
known as the spectroscopic notation. The code letters are:

e sifl =0
e pifi=1
o difl=2
o fifl =3
e gif/=4
Example

What is spectroscopic notation for the subshell with n=2 and /= 1?

Answer: 2p
The number 2 is the value of n. The letter p is the code letter for
I'=1. We call this subshell the “2p subshell.”

Example

How many orbitals belong to a d subshell?

Answer: 5

The letter d is the code letter for /= 2. For /= 2, the allowed
values of mare -2, -1, O, 1, and 2. Each of these corresponds
to one orbital.

In general, the number of orbitals that belong to the same subshell is equal to 21 + 1:

If1=0,2(0) + 1 = 1; there is only one orbital in an s subshell.
IfI=1,2(1) + 1 = 3; there are three orbitals in a p subshell.
If I =2,2(2) + 1 = 5; there are five orbitals in a d subshell.

If [ = 3, 2(3) + 1 = 7; there are seven orbitals in an f subshell.

We can also say that s orbitals come in sets of 1, p orbitals come in sets of 3, d orbitals
come in sets of 5, etc. Each orbital in a subshell has a unique m quantum number.
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We can use spectroscopic notation to refer to a subshell or to any one of the orbitals
in that subshell. So, when we say “2p orbital,” we mean any one of the three orbitals in the
2p subshell. If we want, we can specify the m, as in 2p_; this would be the orbital in the 2p
subshell that has m = +1.

Example

How many orbitals belong to the n = 2 shell? List them.

Answer: 4
The possible sets of quantum numbers for n = 2 are:

n / m
2 0 0
2 1 -1
2 1 0
2 1 -1

One of the orbitals is in the 2s subshell (n =2, /=0, m = 0). This
orbital is called the 2s orbital.

Three of the orbitals are in the 2p subshell (n =2, /= 1). The m
guantum number distinguishes the orbitals. These orbitals are
called 2p,,, 2p5 and 2p_,.

In general, the nth shell has n* orbitals:

e Forn =1, n* = 1; there is only one orbital (n =1,1=0, m = 0).
e For n =2, n* = 4; there are 4 orbitals; 1 in the 2s, 3 in the 2p; 1 + 3 = 4.
e For n = 3, n* = 9; there are 9 orbitals: 1 in the 3s, 3 in the 3p, 5in the 3d; 1 + 3+ 5=09.

Information from Orbitals

The value of v itself, which could be a complex number, has no physical significance. To
obtain information about the electron, we need to perform mathematical operations on v,
depending on what information we need.

Probability of Finding Electron

The square of the absolute value of y is assumed to be a probability density function;
this assumption is called the Born Postulate. From this, we can calculate the probability
of finding the electron in any particular region.
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From vy, we can obtain the so-called radial distribution function or surface density
function, S(r), which tells us how the probability of finding the electron depends on the
distance (r) from the nucleus, as illustrated in Figure 1 for the 1s and 2s orbitals of hydro-
gen. The value of r where the radial distribution reaches a maximum value corresponds to
the most probable distance of the electron from the nucleus. Examining Figure 1 carefully,
we find that if the electron is described by the 1s orbital, its most probable distance from
the nucleus is 52.9 pm. If the electron is in the 2s orbital, its most probable distance is
farther away.

The most probable distance of the 1s electron of H, 52.9 pm, is called the Bohr radius.
It is the same distance that Bohr, in an earlier model, predicted to be the first allowed
orbit for the electron in a hydrogen atom. Bohr’s model is no longer accepted because it
assumes well-defined circular orbits for electrons, which is inconsistent with the Heisen-
berg uncertainty principle. With modern quantum theory, we now say that the Bohr
radius is just the most probable distance of the electron from the nucleus for an electron
in the 1s orbital of hydrogen; the electron can actually be anywhere from very close to the
nucleus to very far away.

We can deduce from Figure 1, that on average, the electron would be closer to the
nucleus if it is in the 1s orbital than if it is in the 2s orbital. We can actually calculate the aver-
age distance, <r>, of an electron from the nucleus if it is the only electron in the atom or ion:
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Figure 1. Radial Distribution Function for H (1s and 2s)
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where a_is the Bohr radius (52.9 pm), and Z is the nuclear charge (the number of protons
in the nucleus. For atoms with more than one electron, we can estimate <r> by replac-
ing the nuclear charge Z by an effective nuclear charge Z , a smaller number, since the
electron is not going to feel the “full force” of the nucleus due to the presence of other
electrons.

Example

For which of these orbitals is the distance of the electron, on
average, farthest from the nucleus?
A. 2sof H B. 2pofH C. 2s of He*

Answer: A
e |f we plug in n, /, and Z into the formula for <r>, we find that
e ForH,2s: Z=1,n=2,/=0: <r>=6 a,
e ForH,2p: Z=1,n=2,/=1:<r>=54a_
e ForHe*, 2s: Z=2,n=2,/=1:<r>=34a,
Comparing 2s and 2p in H, we find that the electron will (on aver-
age) be farther from the nucleus in the 2s orbital.

Comparing 2s in He* and 2s in H, we find that the electron will
(on average) be farther from the nucleus in H. In He*, there are
2 protons in the nucleus pulling the electron in; in H, there is only
one proton.

In general, the average and most probable distance depends on Z, n and I:

e For the same Z and ], the larger the #, the larger the average distance.
e For the same Z and #, the larger the /, the smaller the average distance.
e For the same n and [, the larger the Z, the smaller the average distance.

Comparisons of most probable distances will show the same pattern.

We can use  to generate plots that would help us visualize the probability of finding
the electron. In Figure 2, the probability of finding the electron assigned to a 3p  orbital
is represented by an electron cloud (or charge cloud); regions where the cloud is thicker
represent regions where the probability of finding the electron is higher.

A more commonly used representation is called a boundary surface plot; see Figure 3.
A 3-dimensional surface is drawn such that the probability of finding the electron (being
described by the orbital) is low outside the surface. The surface is chosen so that |y|* is
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constant anywhere on the surface. The algebraic sign (+ or —) of the function is oftentimes
indicated, or color-coded. The shape of the boundary surface resembles the shape of the
electron cloud and depends on the quantum numbers / and m. The s orbitals are spheri-
cally symmetrical. The p orbitals can be described as consisting of two lobes. The size of
the surface depends on the quantum number n; the larger the n, the farther the surface
extends from center (where the nucleus is located).

Evaluation of orbitals with nonzero m generally yields complex numbers. It is
common practice to combine orbitals with the same |m| so that an equivalent pair of
orbitals that yield real numbers are obtained. For example, the 2p  and 2p | orbitals
can be combined so that we do not need to deal with complex numbers; the resulting
orbitals are called 2p _and 2p,. The p orbitals shown in Figure 3 are labeled p, P, and
p, instead of p_, p_ and p,. The 2p is, in fact, another name for 2p . Similarly, for
| = 2, combinations of d+1 and df1 orbitals give rise to dXZ and d , orbitals; combinations of
d+2 and d_2 orbitals give rise to dx2 2 and dxy orbitals; the dz2 orbital is identical to the d0
orbital (I =2, m=0).

Figure 2. Electron Cloud Representation of the 3p,

from http://www. Jced d.org/ CE?&& hChem/éCEZOOSplSSO 2LTXT/
QuantumStates/Bookf es.
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Figure 3. Boundary Surface Plots of Real Orbitals

from http://www.chm.davidson.edu/ronutt/che115/A0.htm

2ps
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Orbital Energies

An orbital gives us information about the energy of an electron. For hydrogen and ions
with only one electron (such as He"), the formula for orbital energy predicted by modern

quantum theory is:
Z 2
n

where R, is called the Rydberg constant (13.6 eV or 2.18 x 107"* J), n is the principal
quantum number, and Z is the nuclear charge (in atomic units; the number of protons in
the nucleus).

» Example

In a hydrogen atom, which orbital describes an electron with
higher energy: 3s or 3p?

Answer. In both cases, n = 3. So the orbital energy is the same.
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The potential energy is defined to be zero when the electron is at infinite distance
from the nucleus. Therefore, a negative value for the energy means that the electron must
gain energy from somewhere in order for it to escape from the atom. The minimum
energy required is called the ionization energy and it is simply —E. In other words, the

ionization energy (IE) is:
2
IE=-E=R, (Z)
n

If the energy available is more than the minimum required, the excess energy becomes
kinetic energy of the freed electron. An experimental technique known as photoelectron
spectroscopy allows us to verify predictions of quantum theory; patterns in the measured
kinetic energies of the electrons removed from atoms and molecules give us information
about the orbital energies.

Example

What is the minimum energy needed to remave an electron from
the 2s orbital of H? If this electron were to encounter a photon
with energy of 5.0 eV, what would be its kinetic energy once it
leaves the atom?

Answer: 3.4 eV, 1.6 eV
The energy of the electron in the 2s orbital of H is:

ZY 1Y
E=—RH[E) --(13.6 eV)(E) =_3.40eV

since Z=1 and n= 2.

This means it has to gain at least 3.40 eV to be able to leave the atom.
The photon energy is 5.0eV: 5.0eV - 3.4 eV = 1.6 eV.

The extra 1.6 eV of energy becomes kinetic energy of the freed
electron.

Example

From which orbital would it be hardest to remove an electron?
A. 1sof H B. 1sof He* C. 2s of He*

Answer: B
e For1sofH,Z=1,n=1:E=-13.6¢eV (1/1F =-13.6 eV
IE=13.6 eV
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e For1sof He*t, Z=2,n=1:E=-13.6 eV (2/1)°
-54.4 eV, |E = +54.4 eV
-13.6 eV (2/2)?

-13.6eV, IE=+13.6 eV

e For2sofHe*, Z=2,n=2: E

From orbital energies, we can calculate the energy of photons that can be absorbed or
emitted. The energy of the photon must be equal to the difference between allowed ener-
gies; this is called the Bohr frequency condition.

E =AE

photon

We can also calculate the wavelength of the light (A) since:
hc

E photon = 7\’

Example

What is the energy of the photon released when an electron in
the 3p orbital of H loses energy and ends up in the 2s orbital?

What is the color of the light produced?

Answer: 1.89 eV or 3.03 x 107'° J, red light

The energy of the photon must be equal to the difference in the
orbital energies for 3p and 2s.

S YA FEYEI

=—R, 1 =1.89eV=3.03x10" J
9 4

where we used 13.6 eV or 2.18 x 107'8 J for the Rydberg con-
stant [RH]. To calculate the wavelength, it is preferable to use the
value of the phaoton energy in the Sl unit (J).

he (6.626x10° 4 £)(2.998x10°m &)

7\‘ = =
EV 3.03x 10" 4

=6.56 x107m =656 nm

For atoms with more than one electron, calculating the actual energy of the orbitals is
complicated; we can approximate by replacing the nuclear charge Z by an effective nuclear
charge (Z ). The effective nuclear charge will depend on the quantum number . Therefore
the orbital energy will depend on both quantum numbers # and 1.
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Magnetic Properties

Any type of curved motion of a charged particle generates a magnetic field. Thus, the
motion of electron around the nucleus generates a magnetic field. The magnetic quantum
number, m, gives us information about the magnetism generated by the electron.

Imagine an electron moving around in a circle as illustrated in Figure 4. A particle that is
moving in a circle is said to have an angular momentum vector that is pointing perpendicu-
lar to the plane of the circle; for the motion indicated in Figure 4, the red arrow indicates the
direction of the angular momentum vector. If the particle happens to be an electron, then it
is said to have a magnetic moment vector that is pointing in the direction opposite that of the
angular momentum vector. In other words, if an electron were moving as shown in Figure 4,
we can imagine that there is a tiny invisible bar magnet in the middle of the circle and the red
arrow would be pointing to the south pole of that magnet.

The magnetic moment, (1, a measure of the strength of the magnetism, depends on
the area of the circle and how fast the charged particle is moving; it is quantized and the
allowed values depend on the orbital quantum number :

= \1(1+1) 4,

where 14, is a constant called the Bohr magneton. However, because of the Uncertainty
Principle, the directionAﬁ}&@@etBﬁEen&ﬁtﬁa hoEveell defined. In other words,
we do not exactly know where the red arrow in Figure 4 would be pointing. We do know
that the angle it makes with the z-axis depends the quantum number m. Therefore, for a
given [, we say that there are 2/ + 1 ways that the magnetism (due to the orbital motion

of the electron) can be oriented, as illustrated in Figure 5 for [ = 2. The five possible
orientations correspond to the five possible values of the magnetic quantum number, m,
for I = 2. Each of the arrows shown in Figure 5 represents a possible orientation of the

Figure 4. Angular Momentum of Particle Moving in a Circle

From http://hyperphysics.phy-astr.gsu.edu/hbase/magnetic/magmom.html#c1

s
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Figure 5. Five Possible Orientations of Magnetic Moment for /= 2

adapted from http://physchem.ox.ac.uk/~hill/tutorials/qm2_tutorial/am/index.html

north-south line of the magnetism. The arrow should not be taken as stationarys; it could
be anywhere on the cone that is superimposed on it in the sketch. We say that it is precess-
ing about the z-axis on this cone of uncertainty.

Example

How many ways can the magnetism due to the orbital motion of
an electron in a 2p subshell be oriented?

Answer: 3

Since p is the code letter for /= 1, there are three possible
values for m for an electron in the 2p subshell: m = -1, O, or
+71. These correspond to the three 2p orbitals that could be
used to describe the electron, and these correspond to the three
different ways that the magnetism due to the orbital motion can
be oriented.

Electron Spin

The magnetic properties of atoms suggest that electrons have an intrinsic magnetism, in
addition to the magnetism that is generated by their motion around the nucleus. By intrin-
sic, we mean that they are magnetic just by being electrons. Since magnetism is associated
with a circular type of motion of a charged particle, it is useful to imagine the intrinsic
magnetism of an electron as resulting from a spinning motion. The motion of an elec-
tron around the nucleus is analogous to that of a planet revolving around the sun, while
electron spin is analogous to the rotation of the planet around its own axis. To be consis-
tent with experimental results, we have to assume that the magnetism due to electron spin
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can be oriented in only two possible ways. An electron in these two possible cases is also
referred to as having a spin quantum number, m, of either +1/2 (spin up) or —1/2 (spin
down). Thus, an electron in an atom is completely described by specifying four quantum
numbers (n, [, m, m ). The quantum numbers n and [ tell us the shell and subshell, the
quantum number m tells us which orbital, and m_tells us the spin.

Example

How many ways can the magnetism due to spin of an electron in
a 3d orbital be oriented?

Answer: 2

For any electron, there are only two ways that the magnetism due
to spin can be oriented. \We refer to these ways as “spin up”

(m, = +1/2) and “spin down” [ms =-1/2).

Pauli’s Exclusion Principle

There is a limit to the number of electrons that we can assign to an orbital, and that limit
is 2. If we do assign two electrons to an orbital, one must be “spin up”, the other must be
“spin down?” This is knqﬁ(pag@’s Helofion Prificiple) Arothef way of stating Pauli’s
Exclusion Principle is to say that “no two electrons in an atom can have the same set of
quantum numbers.” If two electrons have the same #, /, and m (same orbital), they must
have opposite spins (one must have m_= +1/2, the other must have m_= -1/2)

Example
How many electrons can be assigned to a 4p orbital?
Answer: 2
For any orbital, the limit is 2; one electron has m_= +1/2, the
other has m_=-1/2.

Example

How many electrons can be assigned to 4p orbitals?

Answer: 6

The 4p orbitals come in sets of 3, and a maximum of 2 electrons

can be assigned per orbital. All six will have n=4, /= 1. They will

differ in m and m, values; the six possible (m, m_) values:
(1,172, (G, 1/2), (-1, 1/2)
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and
(1,-1/2), (O, -1/2), (-1, -1/2).
The first three are “spin up”; the other three are “spin down.”

» Example
How many electrons can be assigned to a 4p subshell?
Answer: 6
A 4p subshell consists of three 4p orbitals. Maximum “occupancy”
is 2 electrons per orbital; 2 x 3 = 6.
» Example

How many electrons can be assigned to the n = 3 shell?

Answer: 18

In the n = 3 shell, there are 3 subshells (3s, 3p, 3d).

The 3s subshell consists of 1 orbital.

The 3p subshell consists of 3 orbitals.

The 3d subshell consists of 5 orbitals.

The total number of orbitalsis 1 + 3 + 5, or 9.

Maximum occupancy is 2 electrons per orbital; 2 x 9 = 18

In general, since there are n® orbitals in the nth shell, the number
of electrons that can be assigned to a shell is 2n°.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter11.htm

1. Which of the following are allowed values of the quantum numbers n and /,
respectively?
A. 1.5and 0 B. 3and 3 C. 2and 1 D. 0and 1

2. Which of the following is not an allowed value of the magnetic quantum number (m)
for an electron in a 3d orbital?

A3 B. 2 C. 0 D. -1

3. What is the value of the orbital quantum number for an electron in a 3p orbital?
A0 B. 1 C. 2 D. 3

4. Which of the following is not a valid name for an atomic orbital?

A 1s B. 2s C. 2d D. 3p

5. How many ways cAFﬂalgﬁsic B@Eetisﬁn B ARk a 4d orbital be
oriented?
A2 B. 3 C. 5 D. 10

6. What is the maximum number of electrons that can be assigned to a 2p orbital of an
atom?

A2 B. 3 C. 6 D. 10

7. How many sets of quantum numbers can an electron in a 4p subshell have?
A 2 B. 3 C. 6 D. 10

8. Which of the following can accommodate the most number of electrons?
A. a4f orbital B. the 3d subshell ~ C. the n=2 shell D. a 3d orbital

9. How many ways can the magnetism generated by the orbital motion of an electron
in a 3p orbital be oriented?

Al B. 3 C.5 D. 7
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10. Calculate the wavelength required to remove an electron from the 1s orbital of
Li** if the electron is to have a kinetic energy of 2.0 eV.

11. Calculate the energy needed to excite an electron from the 1s orbital to the 2p
orbital of H.

12. Atomic orbitals are mathematical functions that allow us to determine all of the
following except ...

A. the location and velocity of an electron at any given time
B. the probability of finding an electron in any given region
C. how an atom would behave in a magnetic field

D. the energy needed to remove an electron from an atom
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CHAPTER 1 2

"“Electron Conflguratlon
gl 8

Ground and Excited Configurations

The term electron configuration refers to a listing of the number of electrons assigned to
subshells of an atom. The number of electrons assigned to each subshell is indicated as a
superscript next to the name of the subshell; unwritten numbers are implied to be 1. If no
electron is assigned to a subshell, the name of the subshell is omitted.

Example

What does the electron configuration 1s® 2s® 2p' represent?

Answer: The configuration 1s® 2s® 2p! refers to assignment of

9 electrons to three different subshells: 2 electrons are assigned
to the 1s subshell, 2 electrons are assigned to the 2s subshell and
one electron is assigned to the 2p subshell. This electron configura-
tion can also be written as 1s® 2s® 2p.

Example

Which atom or ion can have an electron configuration of

1s® 2% 2p'?

Answer: Strictly speaking, any monatomic species that has 5
electrons, such as B, C*, N®*, Be, Li®".

The term ground state configuration refers to the most stable (lowest energy) way of
assigning the electrons. All other ways are higher energy or excited state configurations.
Excited state configurations are unstable and can be formed when an atom absorbs light or
collides with other particles. Excited atoms eventually revert to their ground state configura-
tion either by giving off light or as a result of collisions with other particles. If ground or excited
is not specified, we assume that the term electron configuration refers to the ground state.
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Example

Which of the following is an excited electron configuration of H?
A. 1s" B.1s® C.2p D. none of these

Answer: C. 2p

e The configuration 1s’ means one electron assigned to the
1s orbital (subshell). This is the ground state of H because
the electron has the lowest energy if assigned to the
1s orbital.

e The configuration 1s® implies two electrons. H has only one
electron.

¢ The configuration 2p means one electron assigned to the 2p
subshell; we can write this as 2p’. This would be an excited
state since an electron will not have its lowest possible energy
in the 2p subshell.

Example

\Write ground and excited electron configurations for He.

Answer:
A helium atom has 2 electrons. Therefore, we need to list how
these 2 electrons are to be assigned.

e The ground state configuration has both electrons
assigned to the lowest energy subshell, which is the 1s
subshell: 1s®

e Any other way of assigning the two electrons would be an
excited state. Examples of excited state of He: 1s'2s”,
1s'2p’, 252, 2s'2p’, etc.

Orbital Energies and the Aufbau
Principle

One may be tempted to think that the ground state configuration is obtained by simply
assigning all electrons to the 1s subshell. That would be incorrect because there is a limit
to the number of electrons that can be assigned to an orbital and there is only one orbital
in the 1s subshell. Pauli’s Exclusion Principle says that no more than two electrons can be
assigned to an orbital.
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Example

When writing electron configurations, what is the maximum
number of electrons that can be assigned to the 2p subshell?

Answer: 6
There are three orbitals in the 2p subshell. The maximum number
of electrons that can be assigned to any orbital is 2: 3 x 2 = B.

For atoms with more than one electron, the ground state configuration is obtained by
using the Aufbau principle: assign electrons to lowest energy orbitals first. Whereas orbital
energy depends only the principal quantum number (#) for H and ions with only one
electron, this is not the case for atoms or ions with more than one electron, where it also
depends on the orbital angular momentum quantum number (/). The reason for this is
that in atoms with more than one electron, each electron will be shielded from the nuclear
charge by the other electrons, and the extent of shielding is different for electrons in
different subshells. In H and atoms and ions with only one electron, there is no shielding;
the orbital energy is the same for all subshells (within the same shell). It turns out that, in
a typical atom:

¢ Orbitals with hlg ‘.‘g&
e For orbitals w1th thee same (n + e orb Eﬁwﬁ% plg%er n have higher energies.

Example

In a typical atom, arrange the following orbitals in order of in-
creasing energy: 3p, 4s, and 3d.

Answer: 3p < 4s < 3d
Compare (n + /) values:

* 3p,n=3,/I=1,n+/=4

e 4s,n=4,/=0,n+1=4

e 3d,n=3,/=2,n+/=5
Therefore, among these, 3d has the highest energy. For 3p and
4s, which have the same (n + /) value, 4s has a higher energy
because it has the higher n.

We can use the periodic table as a memory aid for the typical order of filling of orbit-
als, as shown in Figure 1. The order is: 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p,
7s, 5, 6d, 7p.
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Figure 1. Using The Periodic Table to Remember Typical Order of
Orbital Filling

1 PERIODIC TABLE OF THE ELEMENTS 15

gL L LR RN 3p
3d 4p
4d Sp
5d 6p
6d 7p
af
sf

Keep these in mind when using the memory aid:

e The s block (shown in green) spans 2 columns. We can assign a maximum of
2 electrons to an s subshell since an s subshell consists of only one orbital.

e The p block (shown in purple) spans 6 columns. We can assign a maximum of 6
electrons to a p sAF)&l@@e tliete e 3 EWhSaTﬁ @ s@bshell and each orbital
can be assigned to a maximum of 2 electrons: 3 x 2 = 6.

e The d block (shown in blue) spans 10 columns. We can assign a maximum of 10
electrons to a d subshell since there are 5 orbitals in a d subshell and each orbital
can be assigned to a maximum of 2 electrons: 5 x 2 = 10.

e The f blocks (shown in yellow and red) span 14 columns. We can assign a
maximum of 14 electrons to an f subshell, up to 2 for each of the 7 orbitals in the
subshell.

» Example

\Write the ground state electron configuration for Scandium (Sc).
Answer: 1s® 2s® 2p® 3s® 3p°® 4s° 3d’
First, we determine the atomic number of Sc. \\We can refer to a
periodic table and find that it is 21. The number of electrons in
an atom is equal to the number of protons, which is equal to the
atomic number. Therefore, we need to assign 21 electrons to
orbitals following the Aufbau principle. The ground state electron
configuration of Sc is:

1s® 2s? 2p8 3s? 3pt 4s® 3d!
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The numbers in the superscripts should add up to 21. Note
that 2p8 does not mean that we are putting 6 electrons in a 2p
orbital. What it means is that we are putting 6 electrons in the
2p subshell, which consists of 3 orbitals.

Example

\Write an excited state electron configuration for Scandium (Sc).
Answer: one of many possible answers is

1s® 25° 2p® 3s® 3p® 4s° 4p’
To write an excited state configuration, all we have to do is not
follow the Aufbau principle. But we must still follow Pauli's principle
(no more than 2 electrons per orbital). In the answer given here,

we put the last electron in a higher energy orbital (in the 4p sub-
shell) instead of the 3d subshell.

Patterns in :grr.] Conflglrjratlon and

the Periodit Tadle ="1aNC

Consider the electron configurations of Ne and Na. Neon (Ne) has 10 electrons and its
electron configuration is:

1s? 2¢* 2p°
Sodium (Na) has 11 electrons, one more than Ne. Its electron configuration is

1s? 252 2p° 3s!
which is oftentimes abbreviated as:

[Ne] 3s!
The symbol [Ne] is an abbreviation for 1s*2s?2p® and refers to what we call a noble gas core
or, more specifically, the neon core. It is very convenient to write electron configurations
for atoms this way: specify the noble gas core, then write the configuration for the remain-
ing electrons. A list of ground state electron configurations written this way can be found
at the NIST Atomic Spectral Database, and is partially reproduced in Table 1. Note that
[He] is the noble gas core for all elements in the second row of the periodic table
(elements 3 through 10); [Ne] is the noble gas core for the third row (elements 11
through 18); [Ar] is the noble gas core for the fourth row, etc.
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Table 1. Electron Configurations of First 92 Elements from NIST
Atomic Spectral Database http: //physics.nist.gov/
PhysRefData/DFTdata/configuration.html

1 H Is

2 He 1¢°

3 Li [He]2s!

4 Be [He]2s?

5 B [He] 2s* 2p*

6 C [He] 252 2p?

7 N [He] 252 2p°

8 O [He] 252 2p*

9 F [He] 2s* 2p°
10 Ne [He] 2s*2p°
11 Na [Ne] 3s!
12 Mg [Ne] 3s’
13 Al [Ne] 3s*3p!
14 Si [Ne] 3s? 3p?
15 [Ne] 3s? 3p*
16 S [Ne]3s* 3p*
17 Cl  [Ne] 3s*3p°
18 Ar [Ne] 3s*3p°
19 K [Ar] 4s!
20 Ca [Ar]4s
21 Sc  [Ar] 3d!4s?
22 Ti  [Ar] 3d*4s?
23V [Ar] 3d° 452
24 Cr [Ar] 3d°4s!
25 Mn [Ar] 3d° 4s?
26 Fe [Ar]3d°4s’
27 Co [Ar] 3d’ 4s?
28 Ni [Ar] 3d®4s?
29 Cu [Ar]3d'4s!
30 Zn [Ar] 3d" 4s?
31 Ga [Ar]3d'°4¢?

Api

32
33
34
35
36
37
38
39
40
41
42
43
44

47
48
49
50
51
52
53
54
55
56
57
58
59
60
61
62

4p'

Ge
As
Se
Br
Kr
Rb
Sr
Y
Zr
Nb
Mo
Tc
Ru

Ag
Cd
In
Sn
Sb
Te
1
Xe
Cs
Ba
La
Ce
Pr
Nd
Pm

Sm

[Ar] 3d" 4s* 4p?
[Ar] 3d" 4s* 4p°
[Ar] 3d" 4s* 4p*
[Ar] 3d" 4s* 4p°
[Ar] 3d" 4s* 4p©
[Kr] 5s
[Kr] 5s
[Kr]
[Kr] 4d? 5s?
[Kr]

(Kr]

[Kr] 4d° 552
[Kr] 4d” 5s!

45 Rh _ [Kr] 4d® 5s
2,6 Opq P@E&En ha

[Kr] 4d' 5s!
[Kr] 4d° 52
[Kr] 4d™ 5s* 5p!
[Kr] 4d'° 5s? 5p?
[Kr] 4d' 5s* 5p°
[Kr] 4d" 5s* 5p*
[Kr] 4d'° 5s? 5p°
[Kr] 4d' 5s* 5p°
[Xe] 6s

[Xe] 6s*

[Xe] 5d! 652
[Xe] 4f! 5d! 652
[Xe] 4f° 6s?

[Xe] 4f* 652

[Xe]
[Xe]

63 Eu
64 Gd
65 Tb
66 Dy
67 Ho
68 Er
69 Tm
70 Yb
71  Lu
72 Hf
73  Ta
74 W
75 Re
76  Os
Ve €
78 Pt
79  Au
80 Hg
81 TI
82 Pb
83 Bi
84 Po
85 At
86 Rn
87 Fr
88 Ra
89 Ac
90 Th
91 Pa
92 U

[Xe] 4f7 652

[Xe] 4f7 5d! 6s?

[Xe] 4f° 652

[Xe] 4f10 652

[Xe] 4f 652

[Xe] 42 652

[Xe] 4f13 652

[Xe] 4f' 652

[Xe] 4f' 5d! 652
[Xe] 4f' 5d? 652
[Xe] 4f' 5d° 652
[Xe] 4f' 5d* 65>
[Xe] 4f' 5d° 652
[Xe] 4f' 5d° 652
[Xe] 4f!4 5d7 62
[Xe] 4f

[Xe] 4f!4 5d'° 6s!
Xe] 4f' 5d'° 6s?
[Xe] 4f!* 5d° 6s* 6p!
[Xe] 4f'* 5d'° 6s* 6p*
[Xe] 4f! 5d° 6% 6p°
[Xe] 4f' 5d° 652 6p*
[Xe] 4f14 5d1° 65* 6p°
[Xe] 4f' 5d!° 652 6p°
[Rn] 7s!

[Rn] 7s?

[Rn] 6d! 7s?

[Rn] 6d* 7s?

[Rn] 5f2 6d! 752
[Rn] 5f3 6d! 7s?

4f1 5d° 6!

—_
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The term valence means outermost. This is an important term to know since it is
very frequently used to describe patterns in electron configuration. What patterns do we
observe when we write electron configurations?

All atoms in the same (horizontal) row of the periodic table have the same valence shell.
To be more specific, the valence shell of all atoms in row # is the n't shell.

Example

In which row of the periodic table would you find an atom with an
electron configuration of [Ar] 4s® 3d®?

Answer: fourth row; the valence shell is the fourth shell since the
4s orbital belongs to the fourth shell; the 3d orbital belongs to an
inner shell. The atom is Ti.

If we examine Table 1, we find Ti listed with an electron
configuration of [Ar] 3d® 4s®. The 3d? is written before the 4s®.
There is nothing wrong with writing the configuration either way.
What matters is that the 4s is filled before the 3d. This is like say-
ing “there are two people in room A and two people in room B.” It
would be equivalent to saying “there are two people in room B and
two people in room A.”
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All atoms in the same group (or vertical column) of the periodic table have the same
valence configuration type. If the n™ shell is the valence shell, then the valence configura-
tions are:

e Group IA. ns!, Examples: Li: 2s', Na: 3s'

o Group IIA. ns?, Examples: Mg: 3s%, Ca: 4s°

e Group ITTA. ns’np’, Examples: B: 2s°2p' , Ga: 4s?3d'°4p!

o Group IVA. ns>np?, Examples: C: 2s?2p?, Ge: 4s*3d'°4p?

e Group VA. ns’np?, Examples: P: 3s*3p, Sb: 5s24d'? 5p°

 Group VIA. ns’np*, Examples: O: 2s*2p*, Se: 4s?3d'°4p*

o Group VIIA. ns’np®, Examples: Cl: 3s?3p°, I: 5s?4d'5p°

e Group VIIIA. ns’np®, Examples: Ne: 2s*2p° (except He: 1s?)

e Transition Metals. ns*(n—1)d*, where x = 1 to 10. Example: Sc: [Ar] 4s*3d"

Examine the valence configurations above. Why do you think groups IA and IIA are
collectively referred to as the “s block” elements? Why do you think groups IIIA through
VIIIA (columns 13 through 18) are called the “p block” elements? Why do you think the
transition metals are called the “d block” elements?

Chapter 12: Electron Configuration 177



Example

Which atom has an electron configuration of 1s°2s®...etc...4p>?

Answer: Bromine (Br).

The valence shell is 4. Therefore, the element belongs to period 4
(horizontal row #4). The configuration ends in 4p5, so this element
belongs to the fifth column of the p block—column 17 (group VIIA).
The configuration given is for an atom of bromine (Br).

For transition metals, the valence configuration is ns*(n—1)d*. Note that (2 + x) gives
us the column where the element is located in the periodic table:

e for column 3 (group IIIB): x=1,0r2+x=3

e for column 4 (group IVB): x=2,0r2 +x =4

e etc.

e for column 12 (group IIB): x = 10, 0or 2 + x = 12

However, there are exceptions; see Table 1. Notable exceptions are Cr, Ni, Cu, Nb, Ru,

Rh, Pd, and Pt. A commonly used justification for these exceptions is that electrons are
“shifted” in order to have half-filled (d°) or fully-filled d subshells (d'°); there seems to be
some stability attained with half-filled or fully-filled subshells. But this justification is tenu-

ous since the exceptionﬁp sisfefif)Conider fYishd, @nd Pt which all belong to the

same column. The electron configurations are:

e For Ni, the electron configuration is [Ar] 4s*3d® (no shifting!)

e For Pd, the electron configuration is [Kr] 4d", instead of [Kr] 5s*4d® ; two elec-
trons shifted; “stability of completely filled subshell” justification

o For Pt, the electron configuration is [Xe] 6s! 4f'* 5d° (only one electron shifted!)

Characterizing atoms with more than one electron using orbitals is, strictly speaking, an
approximation. A much more accurate theoretical treatment is beyond the scope of an
introductory Chemistry textbook.

Orbital Diagrams

An orbital diagram gives more detailed information than an electron configuration. In an
orbital diagram, electrons are represented by arrows. Boxes or blanks are used to represent
orbitals. Upward-pointing arrows represent electrons with +1/2 spin; downward-pointing
arrows represent electrons with —1/2 spin. Figure 2 illustrates one of many possible orbital
diagrams that can be drawn for an oxygen atom, which has 8 electrons. Note that Pauli’s
principle must be followed: no more than 2 electrons per orbital; if there are two electrons
in an orbital, one must be spin-up, the other spin-down.
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Figure 2. Orbital Diagram for an Atom with 8 Electrons
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Example

Which atom is represented by the following orbital diagram?

I_

IRt

I
Bt

" 14

Answer: Oxygen
The diagram shows 8 arrows. Each arrow represents an electron.

The orbital diagrams shown for oxygen in the preceding example and in Figure 2 are
just two of many (in this case, 15) allowed ways of distributing the electrons. These repre-
sent two of the most stable, lowest energy distributions for the ground state configuration
of oxygen. To get these distributions, we fill the orbitals in the highest occupied subshell
singly, with electrons of the same spin, before putting a second electron (of opposite spin)
in any of the orbitals. When we do this, we are following what is known as Hund’s Rule of
Maximum Multiplicity. The justification for Hund’s rule is spin correlation; electrons with
the same spin repel each other less than electrons with opposite spins.
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Example

Is there anything wrong with the orbital diagram shown below?

u [t ]
=4 |[T]¢]
z-:-u.

TAET —

|-l|l+

Answer: No, there is nothing wrong with it. It would be one of
many possible orbital diagrams for an excited configuration of an
oxygen atom. An oxygen atom has 8 electrons; thus 8 arrows are
drawn. Pauli's Exclusion principle is not violated; none of the orbit-
als have more than two electrons and the electrons have opposite
spins in orbitals that have two electrons. The configuration in this

case is 1s® 2s® 2p° 3s’
If you have taken a course in probability, the number of ways of
distributing is .C,, or 70.

84

8!

C ==
874 (B-4)141

70
The "8 in ,C, refers to the number of ways of each electron
can be assigned (4 orbitals x 2 possible spins = 8) to the partially

occupied subshells. The “4” in ,C, refers to the number of

electrons assigned to the partially occupied subshells. For the
ground configuration of oxygen, 1s? 2s? 2p?, the number of ways
is .C, or 15.

64

Paramagnetism

Magnetic properties of materials are due to unpaired electrons. Materials made of atoms,
molecules, or ions that have one or more unpaired electrons are said to be paramagnetic.
An oxygen atom, as shown in section 12.4, has unpaired electrons. Oxygen atoms are
like tiny magnets. They will be attracted to other magnets. Whenever the electron
configuration of an atom has partially filled subshells, the atom is paramagnetic. Atoms
that are not paramagnetic are said to be diamagnetic.
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» Example
Explain why N atoms is paramagnetic?
Answer: The ground configuration for a nitrogen atom is
1s® 252 2p3. The 3 electrons in the 2p subshell are spread
out over the three 2p orbitals, with parallel spins.

» Example

Explain why Be atoms are not paramagnetic?

Answer: The ground configuration for Be is 1s® 2s°. All the sub-
shells are completely filled. All the electrons are paired up; the
magnetism due to their spins cancel each other out.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter12.htm.

1. Which of the following is not a valid electron configuration for a lithium atom, which
has 3 electrons?

A 1§° B. 1s%2s! C. 1s*2p! D. 1s'2p'3s!

2. In a typical atom, which of these orbitals is filled last?
A. 3p B. 3d C. 4s D. 4p

3. Which of the following is the ground state electron configuration of Sulfur?
A. 1s?2¢*2p° 2d° B. 1s*2s?2p°3s* 3p*
C. 1s*2s*2p” 3s' 3p° D. 1s*2s*2p® 3s? 3p©

4. Which of the following is the ground state electron configuration of Al?

A. [Ne] 3s* 3p! B. [He] 2s* 2p® 3s* 3p*

C Mgl ABAREPPRE Enhancer

5. What is the ground state electron configuration for zirconium?
A. [Kr]5s*5p? B. [Kr]5s°5d? C. [Kr]5s%4d?

6. How many electrons are unpaired in the ground state of Oxygen?
A0 B. 1 C. 2 D. 3

7. Which of the following atoms is not paramagnetic?
A. Na B. Mg C. C D. Ti
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" “Periodic Trends in
Atomic Properties

The way the periodic table is organized allows us to easily predict trends in properties of
atoms. These trends can be explained using electron configurations. In this chapter, we
will examine ionization energy, atomic size, and electronegativity. We will explain the
observed patterns in the charges of naturally occurring ions.

lonization Energy

The first ionization energy of an atom refers to the minimum energy needed to remove an
electron from a neutral atom in the gas phase.

Example Apaqo PDF Enhancer

Whrite the chemical equation for the first ionization energy of Na.
Answer: Na(g) ~ Na*(g) + e~

Note that the physical states of Na atoms and Na* ions are both
gaseous.

The second ionization energy of an atom refers to the energy needed to remove a
second electron. The energies needed to remove additional electrons are called the third
ionization energy, fourth ionization energy, fifth ionization energy, etc.

Example

What is the term for the energy associated with the following
process?
Na*(g) >~ Na**(g) + e

Answer: the second ionization energy of Na atom

This is called the second ionization energy of Na atom because
Na* represents an atom that has already lost one electron. e
can also call it the “ionization energy of the sodium ion (Na*).”

183



Whenever the term ionization energy is used, it is customary to assume that it is
referring to the first ionization energy. It is also customary to assume that the electron
being removed is in the outermost shell of the atom. Higher energies would be needed to
remove electrons from inner shells; in fact, measurements of the energies (using an exper-
imental technique called photoelectron spectroscopy) needed to remove electrons from
inner shells give us experimental validation of the concepts of sublevels (or subshells).

Example

The first ionization energy of Na is the minimum energy needed to
remove the electron from which orbital of Na?

Answer? 3s

The first ionization energy is the minimum energy needed to
remove an electron from an atom. The minimum would corre-
spond to the value for the easiest electron to remove and that
would be the valence (outermost) electron. For, Na, the electron
configuration of Na is 1s® 2s® 2p® 3s’, or [Ar] 3s’. Thus, the
easiest electron to remove is in the 3s orbital.

A good compilation,of 1onlzat10n ata-can be found at webelements.com.
Since the typical valueslAPogig Qe v rm @nr!rg 1!5 are often given

in kilojoules per mole (k] mol™). One mole of atoms is a collection of 6.022 x 10** atoms,
or about 602 billion trillion atoms. In some tabulations, eV is used; 1 eV = 1.602 x 107" J.

Example

Experimental first ionization energy of Na is reported as 495.8 kJ
mol~". What is the minimum energy needed to remove an
electron from the 3s orbital of one sodium atom?

Answer: 8.233 x 107'9 J, or 5.139 eV

The given value is for a mole of atoms, or for 6.022 x 1023
atoms. Therefore, we divide this by 6.022 x 10°° to get the value
for just one atom:

495.8 x 10°J mat™"

-8.233x 1079
6.022x 10% mat" .
8.233x10"%d x — 1 _513gev

1.602x 1054
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In Figure 1, we can see that the general trends in ionization energy are:

e Across a period (horizontal row): ionization energy increases.
¢ Going down a group (vertical column): ionization energy
decreases.

Figure 1. First lonization Energies
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A good way of summarizing the trend in ionization energy is to say that it is increas-
ing towards the top right corner of the periodic table. Helium has the highest ionization
energy. However, there are exceptions. Among the main group elements, the most no-
table breaks in the trend across a period are between group IIA and IIIA (columns 2 and
13), and from group VA to VIA (columns 15 and 16). There is also a break in the trend
through the transition and inner transition metals.
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» Example

In any given period, which element has the highest ionization
energy?

Answer: the noble gas

It would be most difficult to remove an electron from a noble gas
atom. Electrons would be easiest to remove from alkali metals
(group IA).

» Example

From which atom is it harder to remove an electron: Na or K?

Answer: Na

Na and K are in the same column (group |A). The trend in
ionization energy is decreasing going down a column. Na is above
K'in group IA. Therefore, the ionization energy is larger for Na.

It would be harder to remove an electron from Na.
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Trends in Atomic Size

The trend in atomic size is opposite that of the ionization energy. The general trend is

e Across a period (horizontal row): size decreases
¢ Going down a group (vertical column): size increases

» Example

Arrange the following in order of increase atomic size: Na, K, CI?

Answer: Cl < Na < K. Explanation: Cl is found to the right of Na in
row 3. So Cl is smaller than Na. K is below Na in group IA. So K is
larger than Na.
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Explaining Trends in First lonization
Energy and Atomic Size

The trend of increasing ionization energy can be explained by examining the trends in the
factors that determine how hard it is to remove an atom’s valence electron. Valence means
“outermost.”

Across a period, the number of protons in the nucleus increases. In other words, the
nuclear charge increases as we go from left to right. This leads to a stronger inward pull on
the outermost electrons. Therefore, this trend would tend to make it harder to remove an
electron from the outermost shell.

Across a period, the number of valence electrons also increases. Since electrons repel
each other, this trend would tend to make it easier to remove an electron from the outer-
most shell. We can think of an outer electron as being partly shielded or screened by other
electrons from the pull of the nucleus.

Therefore, we can say that an outer electron feels an effective nuclear charge that pulls it in
toward the nucleus; the stronger this effective nuclear charge, the more difficult it is to remove
an electron, and the higher the ionization energy. Since the push from an additional electron
is partly directed toward the nucleus while the pull from an additional proton is always

directed that way, the effective nuclear enerally increases as we go across a row
Gomettomtn. . APAGO. PR Enhancer

In general, breaks in the trend among the main group elements occur when going
from an atom with a filled subshell (such as those in Group IIA; valence configuration: s*)
or from an atom with a half-filled subshell (such as those in Group VA; valence configura-
tion: p*) to the atom in the next group.

¢ Valence electrons in group IIA are in the s subshell, whereas the valence electron
in group IIIA is in the p subshell. Electrons in the valence s orbitals of a group IIA
atom are able to penetrate closer to the nucleus and are able to achieve a higher
effective nuclear charge, compared to the electron in the valence p orbital of the
neighboring group IITA atom.

e Electrons in half-filled subshells all have the same (parallel) spins; adding one more
electron would mean adding an electron with opposite spin, which would involve a
significantly larger increase in electron-electron repulsions. Electrons with parallel
spins repel each other less compared to electrons with opposite spins.

The break in the trend through the transition metals has to do with additional elec-
trons going into a d subshell, which is in an inner shell; the valence configuration remains
the same. For example, the electron configuration of Sc is [Ar]4s*3d’, whereas Ti has an
electron configuration of [Ar]4s*3d*
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Example

For which pair of atoms does a break occur in the ionization
energy trend across a period: Mg and Al, Si and P, S and Cl

Answer: Mg and Al
Among main group elements, breaks occur between group IIA and
[IA and between group VA and VIA.

The trend within a group is primarily due to the size of the valence shells. Going down
a group, the effective nuclear charge would be similar, but the valence shells get larger; the
farther a valence electron is from the nucleus, the easier it is to remove from the atom.
This follows from Coulomb’s law: the attraction between the valence electron and the
nucleus is inversely proportional to the square of the distance between them.

The explanation for the trends in atomic size is similar to that of ionization energy. In
general, the higher the ionization energy, the more strongly a valence electron is held, the
closer it would be to the nucleus, the smaller the atom.

Explaining lon-formation Patterns

It is more difficult to remove a second e first one is gone. Similarly, it is
harder to take out a th1 &%Qtwﬁbﬁee Q %%&er words, the trend
in successive ionization energies is increasing. The explanatlon is simple: fewer electrons
means lower electron-electron repulsion and a higher effective nuclear charge for the
remaining electrons, making them harder to remove.

A drastic increase in ionization energy occurs once all the valence electrons have been
taken out. This is because the remaining electrons (the core electrons) are significantly
much closer to the nucleus than the valence electrons.

Example

Predict where the drastic increase occurs in the successive
ionization energies of Be.

Answer: Between the second and third ionization energies. Be
has an electron configuration of [He]2s?; it has two valence
electrons (in the 2s orbital); after the removal of the two valence
electrons, we're left with the noble gas core and it becomes
drastically more difficult to remove the next one. \We can look up
the successive ionization energies of Be from webelements.com
and find: 899.5, 1757.1, 14848.7, and 21006.6 kd/maol. Note
that the second is less than 2 times larger compared to the first
and the fourth is less than 2 times larger compared to the third,
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but the third is more than 8 times larger compared to the second.
A similar pattern will be observed for all members of group lIA;
this explains why naturally occurring ions from this group have a
charge of +2. Similarly, atoms of group IA tend to form ions with

a +1 charge. In general, atoms in groups IA and IlIA form cations
that are isoelectronic with the noble gas in the preceding row.

Example

Explain why naturally-occurring monatomic ions of fluorine
(the fluoride ions) have a -1 charge.

Answer:
A fluorine atom, with an electron configuration of [He]2522p5, has
two ways of achieving a naoble-gas-like configuration:
® |osing 7 electrons (which requires a great deal of energy;
does not happen; we do not find F’* ions in nature).
e gaining one electron, forming fluoride ion (F7) which is
isoelectronic with a neon atom. The electron configuration
of F~ is [He]2s?2p°®, just like Ne.
Why is F5~ not observed in nature? If it were formed, its electron
configuration would be [Ne]3s" and the valence electron is not
likely to stay long enough for us to observe it. In general atoms of
nonmetallic elements tend to gain enough electrons to become
isoelectronic with the noble gas in the same row.

We can also explain why the most commonly observed charge of transition metal
ions is +2, and why transition metal ions with charges other than +2 are observed. Most
transition metal atoms have two electrons in the valence shell; in general, these electrons
are easier to remove than the d electrons in an inner shell.

Example

Explain the formation of Fe®* and Fe®*.

Answer:

Fe has an electron configuration of [Ar] 4s° 3d°. The valence shell is
the 4th shell; the two valence electrons are in the 4s orbital. These
electrons are easier to remove compared to the 3d electrons.

The electron configuration of Fe®* is [Ar] 3d®, not [Ar] 4s° 3d*.

Because the electron configuration of transition metal ions with a
charge of +2 is not noble-gas-like, it is not drastically more difficult
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to remove another electron or two; therefore charges of +3 and
+4 could also observed.

The electron configuration of Fe* is [Ar] 3d°.

Sizes and lonization Energies of
lons vs. Atoms

Cations are smaller than the atoms that they came from; their ionization energy is higher.
Fewer electrons in the valence shell, but the same number of protons in the nucleus,
means lower electron-electron repulsion, and a higher effective nuclear charge. The
naturally-occurring cations of the main group elements have lost all electrons in the
valence shell of the original atom, leaving behind the core, which is obviously smaller
and has an extremely high ionization energy.

Example

Compare size and ionization energy of the following: Mg, Mg*, Mg®*?
Answer: Mg has the largest size; Mg®* has the smallest size.

Mg has the lowest ionization energy; Mg®* has the highest
ionization energy.

Anions are larger than the atom that they come from; their ionization energy is lower.
More electrons in the valence shell, but the same number of protons in the nucleus, means
more electron-electron repulsion, and a smaller effective nuclear charge. Once the valence
shell is filled, additional electrons will need to go to an even larger shell.

Example

Which has the largest size: F, F~, F?~?
Answer: Fo-

Example

Which has a higher ionization energy: F>~ or Na?

Answer: Na
It would be harder to remove an electron from Na. Both F2~ and
Na have the same electron configuration. But Na has a higher
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nuclear charge (+11 due to 11 protons in the nucleus) compared
to F7~ (+9 due to 9 protons in the nucleus). Since the electron
configurations are the same; the screening of the valence elec-
tron is the same. Therefore, the effective nuclear charge felt

by the valence electron of Na would be higher than that of F*~.
This explains why F?~ is not found in nature; it cannot hold on to
its valence electron. Even Na has a hard time holding on to its
electron; it is highly reactive.

Example

Compare the size and ionization energy of Mg®* and Ne.

Answer: Mg®* has a higher ionization energy and is smaller in size.
Mg®* is isoelectronic with Neon. So the screening of the

valence electrons is the same. However, Mg®* has more

protons compared to Ne (12 vs. 10). Therefore, the effective
nuclear charge is higher for Mg?*. It would be harder to remove
an electron from Mg®*.

ElectAegativiy Enhancer

Electronegativity refers to the ability of an atom to attract electrons that it is sharing with
another atom. The trend in electronegativity generally follows that of ionization energy
and the reason for the trend is pretty much the same. Across a period (horizontal row),
electronegativity increases from left to right, and within a group (vertical column), elec-
tronegativity decreases. We can also say that the trend in electronegativity is increasing
towards the upper right-hand corner of the periodic table. Thus, fluorine (F) is the most
electronegative element. Note that, based on the trend, Ne and He would be expected to
be more electronegative than E However, in nature, He, Ne and the other noble gases are
not found sharing electrons with other atoms; they are usually ignored when discussing
electronegativities.

Example

Which is more electronegative: Na or N?

Answer: N
Nonmetals are more electronegative than metals. Nonmetals are
found on the upper right-hand corner of the periodic table.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter13.htm.

1. The ionization energy of bromine atoms is the energy associated with which of the

following?
A. Br(g) > Br'(g) + e~ B. Br(I) > 2 Br'(g) + 2e
C. Br(g) + e~ Br(g) D. Br,(l) +2e” > 2 Br'(aq)
2. Which of the following has the highest ionization energy in the period where it
belongs?
A. Ne B. Na C. Br D. Mn

3. Which of the following has the highest ionization energy?
A. Na B. Rb C. N

4. Which of the following has the smallest atomic radius?

Ao Abago PDF Ehhancer
5. The increasing trend in ionization energy across a period, from left to right,
is due to...
A. Increasing repulsions among electrons in the valence shell
B. Increasing effective nuclear charge
C. Increasing number of core electrons

D. Increasing size of the valence shell

6. The decreasing trend in ionization energy going down a group is, is due to...
A. Increasing repulsions among electrons in the valence shell
B. Increasing effective nuclear charge
C. Decreasing number of core electrons

D. Increasing size of valence shell
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7. Which atom’s first five ionization energies best resembles the pattern shown in the

10.

11.

12.

13.

14.

15.

graph?
A. Na B. Mg C. Al D. K

1st 2nd 3rd 4th 5th

What is the electron configuration of naturally occurring aluminum ion?
A. [Ne] 3s* 3p' B. [Ne] 3s? C. [Ne] 3s! D. [Ne]

All of the following have the same electron configuration except...?
A. Ne B. Na* C. O D. O*

What is the electro th 3+?
A. [Ar] 4s*3d° ?@; 45?2 3d° I?]%sr‘]?ﬁ“er D. [Ar] 3d°

Which of the following has the largest size?
A. K B. K* C. Se D. Li

Which of the following has the largest size?
A. Cl B. CI C. F D. F~

Which of the following has the highest ionization energy?
A. Ne B. Mg* C. Mg D. F

Which of the following has the highest electronegativity?
A. Na B. Br C. F

Which type of element has the lowest electronegativity?

A. ametal B. a nonmetal C. a metalloid
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CHAPTER 14

.I
Molecular Structure
—9

The Octet/Duet Rule

The chemical properties of atoms primarily depend on their valence configuration. When
we talk about chemical properties of atoms, we are referring to their tendency to lose, gain
or share electrons. The pattern that emerges when one examines the chemical properties
of atoms in the main groups is that they seem to have a tendency to be noble-gas-like; this
means losing, gaining, or sharing electrons so that they end up being surrounded by the
same number of valence electrons as noble gas atoms. Noble gas atoms, except helium,
have 8 valence electrons; a helium atom has two valence electrons. Thus, this tendency to
noble-gas-like is referred to as the octet/duet rule.

Atoms belonging to/é@ﬂ@ Qmi]RDEoupEﬁh:a Edlurfth) have similar chemical
properties because they have the same valence configuration. Columns in the traditional peri-
odic table are numbered such that the number corresponds to the number of valence electrons.

Example

C belongs to group IVA (column 14). How many valence electrons
does a carbon atom have?

Answer: C has four valence electrons.

IV is the Roman numeral for four. The electron configuration of a
carbon atom is 1s® 252 2p2. The valence electrons are the electrons
in the 2s and 2p subshells, which are in the 2nd or n = 2 shell.

Example

Which of the following has the same number of valence electrons
as a C atom: N or Si?

Answer: Si.

C and Si belong to the same group (IVA). N and C belong to the
same period (horizontal row 2). It is atoms in the same group that
have the same number of valence electrons.
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Lewis Symbols

A Lewis symbol is a visual representation of the valence configuration of a main group
atom or monatomic ion. Main group elements or representative elements belong to the
“A groups” in the traditional periodic table (columns 1, 2, and 13-18). Dots are drawn
around the symbol for the atom; each dot represents a valence electron.

Example

Draw the Lewis symbol for a carbon atom.

Answer: since C has four valence electrons, we draw four dots
around the symbol for carbon.

C-

.

For ions, dots are added or taken away depending on the charge, square brackets are
drawn, and the charge is indicated in the upper right hand corner.

Example Apago PDF Enhancer

Draw the Lewis symbols for magnesium ion.

Answer: Magnesium belongs to group IIA. Therefore, a Mg atom
has two valence electrans; its Lewis symbol has two dots. But
naturally-occurring magnesium ion has a charge of +2; this means
two fewer electrons compared to a magnesium atom. The Lewis
symbol for magnesium ion has no dots.

Mg~

Example

Draw the Lewis symbols for fluoride ion.

Answer: Fluorine belongs to group VIIA. Therefore, a fluorine atom
has 7 valence electrons and its Lewis symbol has seven dots.
Naturally-occurring fluoride ion has a charge of —1; this means one
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additional electron compared to a fluorine atom. Therefore, the
Lewis symbol for fluoride ion has 8 dots.

L L]

By following the octet/duet rule, we can say that the atoms end up as ions with a
noble-gas-like configuration, or as being isoelectronic with a noble gas.

Example
What is the electron configuration of magnesium ion?
Answer: 1s® 2s® 2p®
* The electron configuration of Mg atom is 1s® 2s° 2p® 3s® or
[Ne] 3s®
e For Mg®* ion, the electron configuration is like that of a Neon
atom: 1s® 2s® 2p°
e The valence shell of the magnesium ion is the second shell,
and there are eight electrons in that shell. VWe say that by
losing two electrons, a magnesium atom acquires an octet
for its valence configuration.
Example

What is the electron configuration of hydride ion?

Answer: 1s®

e The hydride ion is the negative ion derived from a hydrogen
atom.

e The electron configuration of H is 1s’

* The noble gas closest to H in the periodic table is He, which
has two electrons and an electron configuration of 1s®

e \\Ve predict the hydride ion to be isoelectronic with He; we
say that when a hydrogen atom becomes a hydride ion, it
acquires a duet for its valence configuration.
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Lewis Structures

A Lewis structure is a visual representation of how the atoms in a molecule or polyatomic
ion are sharing valence electrons. In a Lewis structure,

e each atom is represented by its symbol.

e all valence electrons must be represented by dots or lines.

e each dot represents one valence electron.

e aline is equivalent to two dots.

e lines or dots drawn between symbols of two atoms represent valence electrons
shared by the two atoms.

For polyatomic ions, the Lewis structure must be enclosed in square brackets
and the charge of the ion must be indicated as a superscript in the upper right-hand
corner.

Example

How many valence electrons are shared in the Lewis structure
shown below? How many are not shared?

Answer: 16 shared, 8 not shared

The total number of valence electrons shown in the structure
above is 24 (16 shared; 8 unshared)]. There are 8 lines drawn
between symbols; each of these 8 lines represents 2 shared
electrons; 8 x 2 = 16. The total number of valence electrons
shown (24) should be equal to the total number of valence elec-
trons from the individual atoms that make up the structure. Note
that Nitrogen belongs to group VA; a nitrogen atom has 5 valence
electrons. Each H atom has only one electron. Carbon belongs to
group IVA; each C atom has 4 valence electrons. Oxygen belongs
to group VIA; each O atom has 6 valence electrons.
From N: 2 x 5 =10

FromH: 4 x1=4

FromC: 1 x4 =4

FromO: 1 x6=6

10+4+4+6=24
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In a Lewis structure, each line or pair of dots shared between two atoms is called a
bonding pair. A pair of atoms can have up to three bonding pairs between them.

e If only one bonding pair is shown between two atoms, we say that the atoms have a
single bond between them.

e If there are two bonding pairs between these two atoms, we say that they have a
double bond.

e If there are three bonding pairs between these two atoms, we say that they have a
triple bond.

Each pair of unshared electrons is called a lone pair.

Example

How many single bonds, double bonds, triple bonds, and lone
pairs are shown in the structure below.

=
. T
H = === ==F —H

[ |

Answer:
e Single bonds: 6 (four N-H and two C-N])
e Double bonds: 1 (between C and O)
e | one pairs: 4 (two on the O, one on each of the NJ)

Example

How many valence electrons should be shown in the Lewis struc-
ture for 50,27

Answer: 32 electrons
e The S atom contributes 6 valence electrons since S belongs
to group VIA.
e Each of the four O atoms also contributes 6 valence electrons
since O belongs to group VIA.
¢ Total number of valence electrons from one S and four O
atoms is:
(1)(B] + (4])(B) = 30.
¢ To this, we need to add two more electrons since the ion has
a charge of -2.
30 + 2 = 32.

Chapter 14: Molecular Structure 199



Example

How many valence electrons should be shown in the Lewis
structure for NH,*?

Answer: 8 electrons
e The N atom contributes 5 electrons since N belongs to
group VA.
e Each H atom contributes one electron.
¢ Total number of valence electrons from one N and 4 H:
(B5) + (4)(1) = 9.
¢ \\e need to subtract one electron because the ion has a
charge of +1
9-1-=8.

When atoms share electrons, they also appear to have a tendency to acquire a noble-
gas-like configuration. Atoms tend to share electrons such that each one appears to be
surrounded by an octet (or a duet in the case of hydrogen).

Example

Describe how the octet/duet rule is illustrated in the Lewis
structure below.

[
H = === —Ii. —H
| |
Answer:

e The O atom is surrounded an octet (8 valence electrons):
four electrons in the two lone pairs and four electrons in the
double bond.

e The C atom is also surrounded by an octet: four electrons in
the double bond, and two electrons in each of the two single
bonds.

e Each N atom is surrounded by an octet: six in the three single
bonds and two in the lone pair.

e Fach H atom has a duet: two electrons in each of the single
bonds. H cannot exceed a duet, it can bond to only one atom.
\We say that hydrogen is always a terminal atom in a molecule
or polyatomic ion; we only find H atoms at the edges of a
molecule or polyatomic ion.

200 Chemistry: The Core Concepts



Strategies for Drawing Lewis Structures

Here is a systematic procedure for drawing a structure the follows the octet/duet rule.
Step 1. Start by connecting all the atoms with single bonds. Attach the H atoms last
since they should be terminal atoms; H atoms can only be involved in one single bond.
Add lone pairs to complete the octet.
Step 2. Count all the valence electrons in the structure; compare with the expected
(correct) total number of valence electrons.

e If the number of valence electrons shown in the structure is correct, you
are done.

e If the number of valence electrons shown in the structure is larger than the correct
number: remove one lone pair each from neighboring atoms and add a bonding
pair between the two atoms.

e Repeat until you get the correct number of valence electrons.

Example

Draw the Lewis structure for the carbon monoxide molecule, CO.

Answer:

Step 1. Start by drawing a tentative structure with the two atoms
connected by a single bond; then draw lone pairs in order to have
an octet around each atom. In order for both atoms to have an
octet, we need three lone pairs on each one.

C—O

Step 2. Count the number of valence electrons and compare with
the correct number.
* The structure as drawn shows 14 valence electrons.
e The correct number should be 10. C belongs to group IVA;
C will contribute 4 valence electrons. O belongs to group VIA;
O will contribute 6 valence electrons.
¢ \We have only 10 valence electrons to distribute between the
two atoms, but we are showing 14 in the tentative structure.
Therefore, we remove a lone pair each from the neighboring
atoms add a bonding pair between the two atoms. If we do

this, we get:
LA L]
C =15

Chapter 14: Molecular Structure 201



¢ \We now have 12 valence electrons. Again, we know this
structure is incorrect because CO only has 10. So, we take
out two more lone pairs (one each from neighboring atoms)
and add another bonding pair between them.

C=0

If we were to explore all the possible ways of drawing a valid Lewis structure for
diatomic molecules or ions, we find that there are only five unique ways that it can be
done. These five ways are shown in Figure 1.

Figure 1. Lewis Structures for Diatomic Species

1 2 L L 3
A3 X A s X3 $A 3 X3

4 *a *He 5 L 3]
SANX? 2A g X2

Note that each way has a unique number of valence electrons: 2, 8, 14, 12, and 10 for
structures 1 through 5, respectively.

Example

Which of the following diatomic species does not have a single
bond?
H,. HF, F,. O, 0,2
Answer: O, ; it has a double bond
* O, has 12 valence electrons; each O atom in O, has 6
valence electrons: 6 x 2 = 12. Therefore, the Lewis structure
of O, should resemble Structure 4 in Figure 1, which has a
double bond.
* H can only form a single bond. Therefore, H, and HF are
expected to have a single bond. \We expect H,, with only two
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valence electrons, to look like structure 1 in Figure 1. \We
expect HF to look like structure 2 in Figure 1. H contributes
one valence electron and F contributes 7; only structure 2
above has 8 valence electrons.

* The F atoms in F, also have a single bond between
them; each F atom in F, contributes 7 valence electrons;
2 x 7 =14; only structure 3 in Figure 1 shows 14 valence
electrons.

e The O atoms in peroxide ion, 022‘, also have a single
bond between them; each O atom contributes 6 electrons
and the -2 charge means two additional electrons:
2x6+2=14.

Example

Draw the Lewis structure for hydronium ion [HBO"].

Answer: +1

Since each H can only have a single bond, the Lewis structure
must be one where each H is sharing a pair of electrons with O.
In order for the O atom to have an octet, we should draw one lone
pair on it.

H e

I
H—O—H

We then verify if we have the correct number of valence elec-
trons shown. The three single bonds and one lone

pair account for 8 valence electrons. H,0* should have 8;
one from each of the H atoms, 6 from the O atom, minus
one because the + charge indicates one electron lost:

3(1) + 6 - 1 = 8. Finally, we draw square brackets

around the structure and indicate the + charge as a super-
script.

Isomeric Structures

When we have more than two atoms in a molecule or polyatomic ion, there is usually
more than one way of connecting the atoms. Each of the unique ways is called an isomer;
each one represents a different molecule.
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Example

Draw the two possible isomers of a molecule made up of one H,
one N, and one C atom.

Answer:
The atoms can be connected as H-C-N or C-N-H. Since H cannot
have more than one single bond, C-H-N is nat allowed.

H—-—C=N:
H—N=C&#

It should be easy to verify that both structures satisfy the octet/
duet rule and have the correct number of valence electrons.
These structures represent two different molecules, two
different compounds. The first one is called hydrogen cyanide,
the other is called hydrogen isocyanide. These two molecules
are called isomers. Note that connecting the atoms as H-N-C is
the same as C-N-H; similarly the H-C-N connectivity is the same
as N-C-H.

Apago_PDE _Enhancer
Resonance Structures

It is possible to have more than one way of distributing valence electrons for a given mol-
ecule or ion. Each of these unique ways is called a resonance structure. Unlike isomers, the
connectivity in resonance structures is the same; resonance structures represent the same
molecule. The existence of two or more resonance structures generally indicates that none
of the structures adequately represents reality. Reality is probably a hybrid of the reso-
nance structures, although some structures may be considered “more significant” (that

is, resemble reality better than the others). When drawing resonance structures, we draw
double-headed arrows between them to indicate resonance.

Example

Draw resonance structures for a OCS, assuming that the C is
between O and S.

Answer:

The total number of valence electrons in OCS is 16: 6 from O,
4 from C, and 6 from S. If we explore all the possibilities,

we find that any triatomic molecule or ion with 16 valence
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electrons will have the resonance structures similar to the
ones shown below:

A S=C—0:
B) 5=

) O—

Formal Charges

Not every possible isomeric structure is stable enough to be observed in nature. We
can use formal charges to determine which isomeric structures are more likely to be
observed. If more than one resonance structure can be drawn for a given molecule,
we can also use formal charges to determine which structure is more significant. In
general,

e structures with SA(m a@@ chEéaE), Emﬁﬁﬁiﬁely to be stable isomers

or are more significant resonance structures that those that have larger formal
charges (such +2, -2).

e structures where neighboring atoms have formal charges of the same sign are less
likely to be stable or significant.

e if neighboring atoms have opposite formal charges, we would expect the more
electronegative atom to have the negative formal charge and the less electronegative
atom to have the positive formal charge.

To calculate the formal charge of an atom in a structure, use the formula:
EC.=F - A,
where
e Fis the number of valence electrons in the Free atom (neutral, not bonded to
another atom), and
e A is the apparent number of valence electrons that the atom owns in the structure.
To determine A, assume the atom owns half of electrons shared with other atoms
and all of the electrons in its lone pairs. In other words,
A=B+2L,

where B is the number of bonding pairs and L is the number of lone pairs.
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Example

Determine the formal charges of S in the structure below.

:SEC—Q:

Answer:
¢ S belongs to group VIA, so a free sulfur atom has 6 valence
electrons. F = 6
¢ |n the structure, S appears to own 5 electrons. It has three
bonding pairs (in the triple bond) and one lone pair. B + 2L = 5.
Put another way, it appears to own 2 in the lone pair, plus half
of the six electrons in the triple bond (3). Therefore:
A=2+3=5.
e The formal charge of S is:
FC.=F-A=6-5=+1
Compared to a free S atom, the S atom in the structure
appears to have lost one electron.

How do we come up with structures that have low formal charges? In general, if a free

atom has x valence electAp {thidlid Wi Il EH G S has (8-x) bonding pairs.

Example

In what ways can a C atom have a formal charge of zero?

Answer:
A carbon atom has 4 valence electrons. It needs 4 more to
acquire an octet: 8 - 4 = 4. Therefore, a C atom gets a formal
charge of zero when it has four bonding pairs, as in
e four single bonds.
two single bonds and one double bond.
one single bond and one triple bond, or
two double bonds.

Because of this, carbon is said to be tetravalent; the Greek prefix
tetra means four. A carbon atom by itself, has 4 valence elec-
trons (it belongs to group IVAJ; it just needs four more electrons
to achieve an octet and be noble-gas-like. Carbon atoms are
found in molecules of organic compounds. The study of organic
compounds is very important. Living things are primarily made of
organic compounds.
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Example

In what ways can an O atom have a formal charge of zero?

Answer:
An O atom has 6 valence electrons. It needs two more to acquire
an octet: 8 - 6 = 2. Therefore, a O atom gets a formal charge of
zero when it has two bonding pairs (and two lone pairs), as in

e two single bonds and two lone pairs.

e one double bond and two lone pairs.

As illustrated in the preceding examples, C has a formal charge of zero in structures
where it is involved in four bonding pairs, while O has a formal charge of zero in struc-
tures where it is involved in two bonding pairs. For nitrogen atoms, the typical pattern
is three bonding pairs (three single bonds as in NH,, a double bond and a single bond
as in HONO, or a triple bond as in HCN); in these cases, the formal charge of N is zero.
Halogens (E Cl, Br, and I) tend to form just one single bond. The free halogen atoms have
7 valence electrons; by forming one single bond, they achieve an octet and have a formal
charge of zero.

Another good strategy for coming up with structures with reasonable formal charges
is to surround a less elep{pr%icy atpaf Yith niory plecironegative atoms. In these
structures, the more electronegative atoms are more likely to get a negative formal charge
(as they should) and the less electronegative atom is more likely to get a positive formal
charge.

Exceptions to the Octet/Duet Rule

The octet/duet rule is not a strict rule.

Atoms can have less than an octet. Notable examples B and Be. Experimental evidence
suggests that the B atom in BCL, is best represented by a structure where the B is sur-
rounded by only six valence electrons (three bonding pairs). Similarly, Be is BeH, is best
represented by a structure where Be is surrounded by only four electrons (two bonding
pairs). One characteristic of these molecules is that they tend to react so that the central
atom, which does not have an octet, ends up with an octet by bonding with a molecule or
ion with a lone pair.

There are molecules that have an odd number of electrons. Notable examples are NO
and NO... In these cases, it is impossible to have all electrons paired and it would not be
possible to follow the octet rule. Molecules with unpaired electrons are called radicals and
are experimentally detectable using techniques that take advantage of the fact that these
molecules are paramagnetic.
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Atoms in period 2 cannot have more than an octet, but atoms beyond period 2 can have
more than an octet (‘expanded octets”). Recall that s, p, and d subshells can accommodate
2, 6, and 10 electrons. The valence shell of atoms in period 2 cannot accommodate more
than an octet because they only have s and p subshells. However, beyond period 2, the
valence shell can accommodate more than 8 electrons due to the availability of d subshells.

Example

Which atom cannot have more than an octet: C or Si?

Answer: C. Carbon belongs to period 2. Si belongs to period 3 and
has d subshells in its valence shell that allows it to accommodate
more than an octet.

The use of expanded octets allows us to avoid large formal charges.

Example

Which of the two resonance structures shown below for sulfate,
S0,2", is less significant?

A B
& 2- 2-
a8 .
s =..—ﬁ—9.=

Answer: structure A
The formal charge of S in structure A is +2 (not good); in struc-
ture B, its formal charge is zero.

It should be noted that structure B is one of six equally significant
Lewis structures; another one would be:

- -
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and another one would be:

8 *e 1 2-
:cl):
10— ﬁ=§
108

Reality would best be represented by a hybrid of all six structures;
a single bond between S and O is generally found to be longer
than a double bond. In sulfate, we would expect each of the Sto-0
bonds to be of the same length; we also expect each one to be
longer than a typical Sto-0 single bond but shorter than a typical
S-to-0 double bond.

Molecular Geometry

The subject of molecular geometry deals with shapes of molecules. A Lewis structure is a two-
dimensional representation of a molecule or ion; its intent is to show how the valence electrons
of atoms are distributed A{BﬁtglguleRMis fExhanGe hecessarily have to depict
the actual shape of the molecule or ion. But we can use it to deduce what the actual shape is.

Since atoms are always in motion, when we talk about shapes of molecules or poly-
atomic ions, we mean the shape based on the average location of the atoms.

VSEPR Theory

To determine the shape, we use a simple theory called VSEPR, which stands for Valence
Shell Electron Pair Repulsion. The basic idea behind VSEPR is that regions of high elec-
tron density around each atom in the molecule tend to be oriented as far away from one
another as possible. These regions of high electron density are often referred to as electron
domains or electron groups. The justification for the idea is simple: electrons repel each
other. Once we know how the electron domains around an atom are oriented, it becomes
easy to imagine the shape of the molecule.

The first step in figuring out the shape of a molecule is to determine the steric num-
bers of atoms that are bonded to at least two other atoms.

Steric Number

The term steric number refers to the number of electron groups around an atom. Once we
have determined the steric number, we can imagine how these groups are oriented relative
to each other.
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To determine steric number,

a single bond is counted as one group.

a double bond is counted as one group.

a triple bond is counted as one group, and
e alone pair is counted as one group.

Example

What are the steric numbers of C and N in the structure below?
i
H—f —L —j. —H

I
I-

Answer: The steric number of C is 3; for each of the two N atoms
the steric number is 4.
e There are 3 groups of electrons “sticking out” of the carbon
atom: two single bonds and one double bond.
e There are four groups of electrons sticking out of each of the
nitrogen atoms: 3 single bonds and 1 lone pair.

Predicting Bond Angles and Shapes
Based on Steric Number

Once we have determined the steric number of an atom, we can predict the measure of
angle formed by the electron groups sticking out of that atom.

Steric Number = 2. If there are only two groups of electrons sticking out of an atom,
the two groups will be as far away from each other by being oriented 180" apart. The three
bonding patterns where this occurs are illustrated in Figure 2. Since the two electron
groups form a straight angle with the atom at the vertex, we say that the electron domain
geometry around the atom is linear, or that the atom is a linear center.

Figure 2. Bonding Patterns for Steric Number=2

180° 180° 180°
&N i g
X X= X
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The shape of a triatomic molecule or ion is described as linear if the (nuclei of the)
three atoms fall on a straight line; this happens if the steric number of the central
atom is 2.

Example

Based on the Lewis structures of HEO and COE, which molecule is
linear: HEO or COE?

Answer: CO,

* The steric number for C is 2, the two double bonds will be
oriented 180° apart. Therefore, the three atoms CO, will be
on a straight line.

* In the case of H,0, the steric number of O is 4. There are
four groups of electrons sticking out of the O atom: two
single bonds and two lone pairs. The single bonds will not be
oriented 180" apart.

Aan go PDF Enhancer
Steric Number = I

ee groups of electrons will be as far from each other as
possible if they are oriented 120" apart. Typical bonding patterns are shown in Figure 3.
Since the three groups sticking out of the atom are on the same plane and are pointing
towards the corners of a triangle, we say that the electron domain geometry around the
atom is trigonal planar. Or we say that the atom is a trigonal planar center. Strictly speak-
ing, the angles differ slightly from 120" when the groups are not identical. Lone pairs repel
other groups more strongly than a single bond. A double bond repels other groups more
strongly than a lone pair. Therefore, except for the case where all three groups are single
bonds, the angles indicated in Figure 3 are approximate.

Figure 3. Bonding Patterns for Steric Number = 3
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Example

Consider the Lewis structure for formaldehyde.

H

I (14

H—C=0

Which angle would be larger: HCO or HCH?

Answer: The HCO angle will be larger.

e The C atom is a trigonal planar center; its steric number is 3

e Because the steric number of C is 3, the groups will be
oriented about 120° apart.

¢ Because the C=0 bond is a double bond, it is “bulkier” and
will “push” the single bonds closer to each other. The actual
angles are: 121.27° for HCO and 117.46° for HCH. The 3-D
model shown below resembles reality better than the Lewis
structure above.

from http: //commaons.wikimedia.org/wiki/File:Formaldehyde-
3D-balls-A.png (public domain)

Example

Describe the OCO bond angles in carbonate ion based on the
Lewis structure shown below.

2.
L1 l L b | l b - | -
O=C—Q0t «+> :0—C—0t +> :0—C=0

Answer: all OCO angles are exactly 120’
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e The C atom is a trigonal planar center
e All three resonance structures have one C=0 double bond

and two C-0 single bonds, suggesting that they are all
equally significant. All three C-to-O bonds are, therefore,
equivalent.

The geometry of this ion is said to be of the type AX;. The
A stands for the central atom and the X, stands for three
atoms bonded to A.

The model below better resembles reality than the Lewis
structure.

-

from http: //en.wikibooks.org/w/index.php?title=File: Trigonal-
3D-balls.png&filetimestamp=20061212171212 (public domain)

Y U | Y sl s PR
AYayuU FuUur Chifialic el

Describe the geometry of nitrite ion based on the Lewis structure
shown below.

|G - §ii=3 |

Answer:
e The N atom is a trigonal planar center since its steric

number is 3; there are 3 groups of electrons sticking out
of the N. The ONO bond angle is, therefore, expected to be
very close to 120"

The ion can be described as bent. Any time there are only
three atoms in a molecule or ion, the shape is either linear
or bent. It is linear if the bond angle is 180°; otherwise, it
is bent.

The geometry of this ion is said to be of the type AX_E. The
A stands for the central atom, the X, stands for the two
atoms bonded to A, and E stands for one lone pair.
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e The model below better resembles reality than the Lewis structure:

D

from http: //en.wikibooks.org/w/index.php?title=File:Bent-
3D-balls. pngé&filetimestamp=200612121 75343 (public domain)

Steric Number = 4. Four groups of electrons sticking out of an atom will be as far
from each other as possible if they are oriented such that each one is pointing towards the
corners of a regular tetrahedron. A regular tetrahedron is a perfectly symmetrical four-
sided solid (tetra = four, hedron = side). To visualize a regular tetrahedron, imagine carv-
ing it out of a cube as shown in Figure 4. The corners indicated by the green circles are the
corners of a tetrahedron; the solid carved out, which can be described as four equilateral
triangles forming the sides of a pyramid, is a regular tetrahedron.

Figure 4. Carving/QuiiAy BegiénHetfangdron Erom A Cube

—

Another way to imagine a tetrahedron is to imagine three oranges forming a triangle
on a table; put a fourth orange on top of the center of the three oranges; the four oranges
would be the corners of a tetrahedron.

To imagine an atom with a steric number of 4, imagine it in the middle of the cube in
Figure 4; the four groups of electrons will be directed towards the green circles. If there is
an atom at the other end of each group, the molecule would look like Figure 5. The shape
of the molecule is said to be tetrahedral and type AX.

214 Chemistry: The Core Concepts



Figure 5. Model Of A Tetrahedral Molecule; Type AX,

»

from http://upload.wikimedia.org/wikipedia/commons/5/58/Methane-3D-balls.png (public
domain)

The angle between any pair of electron groups sticking out of a tetrahedral center is
very close to 109.5". There may be slight distortions if the groups are not all equivalent.

If one of the groups sticking out of a tetrahedral center happens to be a lone pair, as in
Figure 6, the shape of the molecule or ion is called triangular pyramidal or trigonal pyra-
midal. The bond angles are close to, but slightly less than 109.5", because the lone pair will
repel the single bonds more strongly and push them a little closer together. The geometry
of the molecule is said to be AX i three atoms are bonded to the central atom, which has

one lone pair. Apado PDF Enhancer

Figure 6. Triangular Pyramid; type AX,E

-l

from http://en.wikibooks.org/w/index.php?title=File: Ammonia-3D-balls.png&filetimestamp
=20070515220035 (public domain)

If two of the groups sticking out of a tetrahedral center happens to be lone pairs, as in
Figure 7, then the shape of the molecule is called bent; there are only three atoms and they
are not on a straight line. The bond angle is close to, but slightly less than, 109.5 because
of the lone pair. The geometry of the molecule is said to be of type AX [l Two atoms are
bonded to the central atom, which has [FiSHSRCIDENS-
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Figure 7. Bent Molecule; Type AXE,

from http://en.wikibooks.org/w/index.php?title=File:Water-3D-balls.png&filetimestamp
=20070425083824 (public domain)

Example

Describe the molecular geometry of H_S, NF,, and CCl, based on
their Lewis structures.

Sl—c—§  * | * S
*"” I .F.
:9|:

Answer:
¢ The central atom (S, N, and C) has a steric number of 4 and
is a tetrahedral center in all three cases. The bond angles
are expected to be close to 109.5".
* Due to the lone pair, the shape of NF, is called trigonal pyra-
midal or triangular pyramidal.
* Due to the two lone pairs, the shape of H,S is called bent.

Example

Consider the Lewis structure shown below. \Which bond angles
are closest to 109.5°?

-
B .

o

H—N——L —I'il —H
! .
Answer: The angles that have N at the vertex, HNH and HNC.
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¢ The steric number of both N atoms in this molecule is 4.
There are four groups of electrons sticking out of each
N atom. Therefore, these groups will be oriented about
109.5° apart.

¢ The steric number of C is 3; it is a trigonal planar center.

Steric Number = 5. If there are five groups of electrons sticking out of an atom, as
illustrated in Figure 8, we say that the atom is a trigonal bipyramidal center. If there is an
atom at the other end of each of these five groups, the shape of the molecule or ion itself is
called trigonal bipyramidal; the geometry is said to be type AX..

Figure 8. Trigonal Bipyramidal Geometry; Type AX,

Apag(

_ )ncer

from http://en.wikibooks.org/w/index.php?title=File: Trigonal-bipyramidal-3D-balls.png&
filetimestamp=20061212170609 (public domain)

To visualize this geometry, imagine the central atom in the middle of the earth. Three
of the groups will be sticking out towards corners of an equilateral triangle along the equa-
tor; hence these three groups, which would be 120" apart are called the equatorial groups.
The two other groups are called the axial groups; imagine one is sticking up towards the
north pole and the other group sticking out towards the south pole. Each axial group is
perpendicular to each of the equatorial groups.

If one or more of the groups sticking out of trigonal bipyramidal center is a lone pair,
they take up equatorial positions because these positions are, on average, farther from the
other groups than the axial positions. The shapes of the molecules for types AX E, AX.E,,
and AX_E, are shown in Figure 9.
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Figure 9. Trigonal Bipyramidal Geometries, With Lone Pairs

»

AX,E; “see-saw” shape
from http://en.wikibooks.org/w/index.php?title=File:Seesaw-3D-balls.png&filetimestamp=

20070430211139 (public domain)

AX.E ; “T-shape”
from http://en.wikibooks.org/w/index.php?title=File:T-shaped-3D-balls.png&filetimestamp=

20070430211156 (public domain)

Apag( incer

AX E_: shape is linear
from http://en.wikibooks.org/w/index.php?title=File:Linear-3D-balls.png&filetimestamp=
20061212175353 (public domain)

» Example

What is the shape of the SF, molecule?

Answer: see-saw

e The molecule has 34 valence electrons (6 from S; 7 from
each of the four F atoms).

e The S atom is surrounded by four F atoms; each F atom
atom is surrounded by an octet; this accounts for only
32 valence electrons (4 x 8 = 32).

e The remaining two electrons are assigned to the S as a lone
pair.

* Therefore, the molecular geometry is type AX E. The mole-
cule has 4 S-F bonds and one lone pair on the central atom.
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Steric Number = 6. Six groups of electrons sticking out of an atom stay as far apart
as possible by taking mutually perpendicular orientations, as illustrated in Figure 10.
If there is an atom at the end of each group, the shape of the molecule resembles
an 8-sided solid with an equilateral triangle on each side. Thus, the shape is called
octahedral (octa = 8, hedron = side). An atom with a steric number of 6 is called an
octahedral center.

Figure 10. Octahedral Geometry; Type AX;

from http://en.wikibooks.org/w/index.php?title=File:Octahedral-3D-balls.png&filetimestamp
=20061212175404 (public domain)

For an octahedral cente{e\ Q ﬁ' gtedlill'l?llg:ure%n hancer

e if one of the six groups happens to be a lone pair (type AX_E), the shape of the
molecule is called square pyramidal.

o if two of the six groups are lone pairs (type AX,E), the shape of the molecule is
square planar.

o if three of the six groups are lone pairs (type AX,E,), the shape of the molecule is
T-shape.

o if four of the six groups are lone pairs (type AX E,), the shape of the molecule is linear.
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Figure 11. Octahedral Geometries With Lone Pairs

‘;%)

AX_E; square pyramidal
from http://en.wikibooks.org/w/index.php?title=File:Square-pyramidal-3D-balls.png&file
timestamp=20070430211148 (public domain)

)

AX E ; square planar
from http://en.wikibooks.org/w/index.php?title=File:Square-planar-3D-balls.png&filetime

stamp=20061212170229 (public domain)

Apago‘T)ancer

AX.E; “T-shape”

from http://en.wikibooks.org/w/index.php?title=File:T-shaped-3D-balls.png&filetimestamp
=20070430211156 (public domain)

BT o

AX E,: linear
from http://en.wikibooks.org/w/index.php?title=File:Linear-3D-balls.png&filetimestamp
=20061212175353 (public domain)
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter14.htm.

1. How many electrons are shown in the Lewis symbol for a nitrogen atom?
A5 B. 7 C. 8 D. 14

2. How many dots are shown in the Lewis symbol for a nitride ion?
A5 B. 7 C. 8 D. 14

3. How many electrons are shared between C and N in the Lewis structure shown

below?
A. 3 B. 4 C. o6 D. 8
H—C=N:
4. How many electrons are shared in the structure of formaldehyde shown below?
A 4 B. 6 C. 8 D. 12
Apago F % ahancer
H—C=0

5. Which of the structures shown is valid for HOCI?
1 =
H—=—(k 4 8=z
L 'l
o —="Tr F—C==
h i
iD—H - Ch

6. Which of the following has a double bond?
A. HCI B. O C. N D. PF

2

7. Which of the following acquires an octet by bonding with three hydrogen atoms?
A. Cl B. O C. C D. N
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10.

11.

12.

Consider the following partially-drawn structure of 2-butene (C,H,) where only the
C atoms are shown:

C—C=C—C
When this structure is completed following the octet/duet rule, how many hydrogen
atoms are bonded to the first carbon?
Al B. 2 C 3 D. 4

Which of the structures shown below are resonance structures?

Structure | Structure |l
G=s=Q  §=c=0
Structure Il Structure |V
g=5=0 :5—-c=0
A. Structures I and II B. Structures IT and IV
C. Structures I and III D. Structures IT and III

Which of the Lewis structures shown below for azide ion (N,) has a nitrogen atom
with a formal charge of -2?

Structure | Structure |
N=N- ] [§=n=1]

A. Structure I only B. Structure I only C. Both structures D. neither structure

Which of the Lewis structures shown below has zero formal charges for all the atoms?

Structure | Structure |l
G=s=Q  §=c=0

Structure Ill Structure IV
G=0=§  K-c=0

Based on formal charges, which of the Lewis structures shown below is the most likely
structure of CH,0?

Structure | Structure || Structure | H
HoH I . e T
H-C-0-H H-C-0-H H7C=O-H
- e HI »e H
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13.

14.

15.

16.

17.

18.

Based on formal charges, which of the Lewis structures shown below is the most
likely structure of HNO 2

Structure | Structure Il Structure [l
H-0=N-Q¢ H-0=0-f H-0-N=0Q

Which of the following atoms must have an octet when sharing electrons with other
atoms?

A. N B. B C. P D. none of these

Which of the following atoms can have more than an octet of valence electrons when
it shares electrons with other atoms?

A S B. N C. C D. H

Which of the structures below represent a linear molecule?

1 2 "
H—C=N: O=c=0

AS .e 4 - . LA
H—O—H :0=8-0:

A. land?2 B. 2and 3 C. 3and 4 D. 1and 4

Which molecule has the smallest bond angles?
A. CH, B. NH, C. HO

For the molecule represented by the Lewis structure below,
o

K== —— i — i —H

!

the N—C—N bond angle is closest to...
A. 180 B. 109.5° C. 120°
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CHAPTER | 1
L]

" “Quantum Mechanical
Description of Molecules

Quantum mechanics can be applied to molecules in much the same way it is applied
to atoms. The wavefunctions that describe electrons in a molecule are called molecular
orbitals.

The Born Oppenheimer Approximation

In determining molecular wavefunctions, we use the Born-Oppenheimer approxima-
tion. In this approximation, the geometry of the molecule is first defined; the locations
of the nuclei are fixed. Then, we solve the Schrodinger equation with this restriction
(that the locations of the nuclei are fixed, not moving). The energies we get are called
the electronic energies. ﬁ(p:agy@ssi@@ﬂneﬁnvh &t 2EeEof molecular orbitals
and electronic energies. By examining the set of molecular orbitals for the most stable
geometry (the equilibrium geometry), we can explain and/or predict properties of the
molecule.

How is the equilibrium geometry determined? Consider a diatomic molecule. The
geometry of a diatomic molecule is defined by specifying the internuclear distance (r),
the distance between the nuclei. At a series of r values, we solve the Schrodinger equation;
we get the allowed electronic energies for each r value. By adding the electronic energy to
the potential energy of repulsion between the nuclei, we get a molecular potential energy
function. Since we get a set of allowed energies for each r, we get a set of molecular potential
energy functions for the molecule; of these, the one with lowest values corresponds to what
is called the ground electronic state of the molecule. For diatomic molecules, the molecular
potential energy for the ground electronic state resembles the blue curve in Figure 1. The
equilibrium geometry corresponds to the distance where the molecular potential energy is
at a minimum.

The potential energy curve in Figure 1 can be interpreted as follows. Imagine two
positively charged nuclei (initially at infinite distance from each other) approaching
each other. Since like charges repel, we would expect them to slow down, which means
a decrease in kinetic energy and an increase in potential energy as they approach each
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Figure 1. Molecular Potential Energy for a Diatomic Molecule
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other. However, this is not what happens because the repulsions are alleviated by the
presence of electrons between the nuclei. Electrons are negatively charged and exert
attractive forces on the positively charged nuclei. As illustrated in Figure 1; the potential
energy typically drops first, then increases once the nuclei get too close to each other.
At very short distances, the repulsions between the nuclei can no longer be alleviated by
the presence of the elecfignsand we s¢of yharp merdaseimpotential energy. A balance
between repulsive and attractive forces occurs at the equilibrium geometry.

To facilitate interpretation of molecular orbitals, they are calculated in terms of the atom-
ic orbitals (of the atoms in the molecule). Two popular ways of doing this are the LCAO-MO
(linear combination of atomic orbitals - molecular orbital) and VB (valence bond) methods.

Valence Bond Method

The valence bond (VB) method accounts for bonding between two atoms in terms
of overlapping atomic orbitals. What this means is that the functions associated with
the atomic orbitals of bonded atoms are combined so that the resulting function (the
molecular orbital) predicts a high probability of finding the electron between the two
atoms. For two atoms linked by a single bond, valence bond theory proposes a “head
on” overlap, called a sigma bond. Figure 2 illustrates what happens when 1s orbitals of
two H atoms overlap. The red shading in Figure 2 is represents electron density; the
probability of finding an electron is highest in areas where the shading is thickest.
For double bonds, the VB method proposes a sigma bond and a pi bond, which is
illustrated in Figure 3. A pi bond is the result of the overlapping p orbitals on neighboring
atoms. In a pi bond, there are two regions of high electron density: one on each side of the
internuclear axis. The internuclear axis refers to the line that goes through both nuclei. For

226 Chemistry: The Core Concepts



http://en.wikibooks.org/wiki/File:Ligatio-covalens.jpg
Creative Commons Attribution - Share Alike license

Figure 3. Pi Bond

http://en.wikipedia.org/wiki/File:Pi-Bond.svg
(Creative Commons Attribution - Share Alike License)

triple bonds, the VB method proposes a sigma bond and two pi bonds. In Figure 3, the pi bond
is shown as having high electron densities above and below the internuclear axis; a second pi
bond would have high electron densities in front of and behind the internuclear axis.

» Example

How many sigma and pi bonds are there between C and N in the

HCN?
H—C=N:

Answer: one sigma and two pi bonds.
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Explaining Bond Angles

In polyatomic molecules, the concept of hybridization is invoked in order to make the
idea of overlapping orbitals consistent with the observed molecular geometry.

Consider the acetylene molecule:

H-C=C-H
In this molecule, the H-C-C angle is 180°. This is explained by assuming that in the mol-
ecule, the C atom no longer has one 2s and three 2p orbitals. Instead, the 2s and one of the
2p orbitals are said to hybridize. It is now said to have two (2sp) hybrid orbitals and two
2p orbitals. In other words,

(2s, 2p, 2p, 2p) in free C atom
becomes

(2sp, 2sp, 2p, 2p) in the molecule
Remember that orbitals are mathematical functions that give us information about regions
where electrons are likely to be found. For the two sp hybrids, the regions of high electron
density are directed 180° apart, as illustrated in Figure 4. In Figure 4, the s orbital is represent-
ed by the red sphere and the p orbital is represented by the two lobes. The algebraic sign of the
wavefunctions are color-coded (+ for red, — for blue). By adding the s and p orbitals together,
we get constructive 1nterference (the big red region on one side of the nucleus and destructive
interference (the small @@Qn the a@&a 8dion corresponds to a
region of high electron density. A similar result is obtalned by subtraction, except that the
region of high electron density is on the other side, 180° away.

In acetylene, one of the sp hybrid orbitals of C overlaps with the s orbital of H; we say that
the H-to-C bond is an s-to-sp overlap. The other sp hybrid overlaps with an orbital from the
other C. Since the other C s also a linear center, we expect it to also have a similar hybridization.
Therefore, we expect one of the three C-to-C bonding pairs to be due to an sp-to-sp overlap.
The s-to-sp and sp-to-sp overlaps are classified as sigma bonds. Since the C-to-C bond is a triple
bond; the two other bonding pairs are said to be due to pi bonds, sideways overlap of p orbitals.

Figure 4. Construction of sp Hybrids

o oo —-@
o oo —@-
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In general, we can correlate the steric number to the hybridization of the atom.

e If the steric number is 2 (linear center), the hybridization is sp.

o If the steric number is 3 (trigonal planar center), the hybridization is sp*.

If the steric number is 4 (tetrahedral center), the hybridization is sp’.

If the steric number is 5 (trigonal planar center), the hybridization is dsp*

(or sp*d).

If the steric number is 6 (octahedral center), the hybridization is d*sp? (or sp*d?).

Example

According to the valence bond method, what hybrid orbitals
overlap in the C-to-N bond in the urea? See structure below.

o)
.

H—H—t—l‘#—H

; :
Answer: sp>-to-sp®
e The steric number of C is 3; therefore, the hybrid orbital it is
using for each of its three sigma bonds is sp©.

e The steric number of N is 4; therefore, the four groups of
electrons “sticking out” of it are in sp® hybrid orbitals.

Explaining Bond Lengths

Hybridization can be used to explain the effect of multiple bonding on bond lengths. For
a hybrid orbital with a greater “p character,” the region of high electron density stretches
out farther from the nucleus; sp® hybrids have higher p character than sp® hybrids; more
p orbitals are used to construct the sp® hybrid orbital. This means that the greater the

p character of the orbitals used for bonding, the longer the bond.

Example

Explain why the C-to-C bond in H,C-CH, is longer than that in
H_C=CH,. Explain why the C-to-H bond is shorter than the C-to-C
bond in both molecules.
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H111.17° H H 121.3° H
109.40 pm \(C}—C{/H E\:C//wsjpm

1563.51 pm

H H H 133.9 pm H

Figures from http: //en.wikipedia.org/wiki/File:Ethane-staggered-
CRC-MW-dimensions-2D.png and http: //en.wikipedia.org/wiki/
File:Ethylene-CRC-MW-dimensions-2D.png (both public domain)
Answer:

* Both C atoms in H,C-CH, are sp8 hybr‘ldlzed the C-to-C bond
in this molecule is due to an sp>to-sp° overlap.

* Both C atoms in H,C=CH,, are sp? hybr|d|zed The Cto-C
sigma bond in this molecule is an sp —to—sp overlap.

e The C+to-C bond is longer for the sp®to-sp® overlap compared
to an sp>to-sp® overlap. An sp® orbital has greater
p character than an sp? orbital; the region of high electron
density stretches out farther from the nucleus.

* The CGto-H bond is shorter than the Cto-C bond in H,C-CH,
because the H atom uses a 1s orbital to bond with C. An
electron in a 1s orbital is closer to the nucleus than an
electron in a 2s or 2p (or 2sp) orbital. Thus, the sto-sp®
overlap in the C-to-H bond is expected to be shorter than the
sp>-to-sp® overlap in the Cto-C bond. A similar explanation
applies to the bonds in H,C=CH,,.

LCAO-MO Method

In the valence bond method, each molecular orbital is said to be localized; each
molecular orbital describes a distribution of electron density that is significant

only between a pair of atoms. In the VB method, the calculation is restricted so that
each molecular orbital is constructed only from atomic orbitals of two neighboring
atoms.

In the LCAO-MO method, the molecular orbitals can be delocalized. A molecular
orbital in the LCAO-MO method can describe an electron distribution that is spread
out over the entire molecule. Each molecular orbital is expressed in terms of the atomic
orbitals of all the atoms in the molecule. Whether or not a particular atomic orbital
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Figure 5. Molecular Orbitals of Benzene
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http://www.chemtube3d.com/BenzeneMOs.html
License: Creative Commons Attribution - Noncommercial Share Alike 2.0

“contributes” significantly to a molecular orbital depends on the symmetry properties of
the molecule. Figure 5 illustrates six of the molecular orbitals of benzene (C_H,); the orbit-
als illustrated in the Figure are constructed from the six 2p_orbitals (one from each of the
C atoms in the molecule).

A molecular orbital diagram is used to summarize how molecular orbitals are related
to the atomic orbitals. Such a diagram for F, is shown in Figure 6. The horizontal
lines in middle of the diagram represent the energies of (an electron described by) the
molecular orbitals; they are labeled with the names of the orbitals (1so, 1s0%, etc). The
horizontal lines on the sides represent the energies of atomic orbitals of the two atoms
used to construct the molecular orbitals. The green dashed lines indicate which atomic
orbitals have significant contributions to the construction of the pertinent molecular
orbitals.

If the energy of a molecular orbital is less than that of the atomic orbitals from
which it is constructed, it is said to be a bonding orbital; otherwise it is called an
antibonding orbital. An asterisk (*) in the name of the orbital is used to indicate that
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Figure 6. Molecular Orbitals of F,
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the orbital is antibonding. Antibonding orbitals are associated with low electron
densities between the nuclei. We assign electrons to molecular orbitals just like we
do for atomic orbitals. We follow the Aufbau principle, Pauli’s Exclusion principle,
and Hund’s rule to determine the ground state of the molecule. If more electrons are
assigned to bonding orbitals, we expect the atoms to form a covalent bond. The bond
order is calculated by taking the difference between the number of electrons in bond-
ing orbitals and antibonding orbitals, then dividing the result by 2. A larger bond
order implies a stronger bond.
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» Example

Draw arrows to represent electrons on the molecular orbital
diagram for F,. Determine the bond order.

Answer: \We need to draw 18 arrows since each F atom has

9 electrons. From the diagram, we can see that we have

10 electrons in bonding orbitals and 8 in antibonding orbitals. The
bond order is (10-8)/2, or 1.

.

F et
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increasing enargy of orbitaks
¥

R ¢
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molecular orbitals resulting from the

combination of atomic orbitals

Chapter 15: Quantum Mechanical Description of Molecules 233



TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter15.htm.

1. What type of orbital hybridization explains the linear electronic geometry around an
atom with a steric number of 2?

A.sp B. sp? C.sp? D. sp’d E. sp’d?
2. What is the hybridization of the valence orbitals of the carbon atom in the structure
below?
S
! i
A.sp B. sp? C. sp? D. sp’d

3. In the structure beﬁpt’aegi@la p@FEetvEn M‘&ﬂ@c@tpms is due to an

sp*-to-sp” overlap?

S
H == e (. e ] —
| !
H
A.Cand O B.Cand N C.Nand H

4. In the structure below, which of these bonds is the longest?
Wy
H- (13 —C=C-H
H
A.the C—Cbond B.the C=Cbond C.the C—H bond

5. Using Figure 6, explain why O, is paramagnetic. Determine the bond order.

234 Chemistry: The Core Concepts



Properties of substances depend on how molecules interact. In this chapter, we
examine the types of intermolecular forces and how they are manifested in properties
of substances.

Explaining Properties of Substances

In general, properties like boiling point, melting point, viscosity, and surface tension
depend on the strength of the attractive forces among the molecules. The stronger the
attractive forces, the higher the boiling point, viscosity and surface tension of a liquid,
and the higher the melting point of a solid.

Molecules gain morA(p@ f mpvEdfent ds43dlidnIRIE 62 s a liquid vaporizes. The
amount of energy that they need to overcome the forces of attraction among them increases
the stronger the forces are. Thus, they need to be heated to a higher temperature before they
melt or boil. A higher temperature is indicative of higher molecular kinetic energies. Viscosity
refers to the resistance of gases and liquids to flow. The stronger the attractive forces among
the molecules of the gas or liquid, the more resistant they would be to flow. Surface tension
refers to the energy needed to increase the surface area of a liquid. Molecules in the bulk are
completely surrounded by other molecules and, therefore, experience stronger attractions
compared to molecules on the surface. This is illustrated in Figure 1, where a molecule in the
bulk is highlighted in red and a molecule on the surface is highlighted in yellow.

Figure 1. Representation of Liquid Droplet Molecules
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To increase the surface area of a liquid requires movement of molecules from the bulk,
where they experience stronger attractions, to the surface. This requires energy. The
stronger the attractive forces, the more energy would be required, the higher the surface
tension.

Example

What can be said about attractive forces among water molecules
compared to attractive forces among O, molecules based on the
fact that water is a liquid at room temperature while O, is a gas?

Answer:

The fact that O, is a gas at room temperature means its boiling
point is below room temperature. In fact, we can look it up and
find it to be -183°C. This means O, is a liquid below -183°C and
a gas above -183°C.

The fact that water is a liquid at room temperature means that
its boiling point is above room temperature. In fact, we know
that water boils at 100°C. It is a liquid below 100°C and is a gas
above 100°C.

Since H,0 boils at a higher temperature than O,, we conclude
that attractive forces among H,0 molecules must be stronger
than attractive forces among O, molecules.

How two different substances interact can be explained by comparing:

e the strength of attraction among molecules of the same kind,
e and the strength of attraction among molecules of one substance with molecules of
the other substance.

Example

How do we explain why ethyl alcohal is soluble in water, but veg-
etable oil is not?

Answer:

When a substance is dissolved in another liquid, the particles

that make up the substance (which is called the solute] disperse

throughout the other liquid (which is called the solvent) and each

one is surrounded by solvent molecules (“solvated”). The extent to

which this happens depends on three factors:

1. strength of solute-solute interaction. The stronger the attrac-

tion among the particles that make up the solute, the less
likely the solute particles will disperse.
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2. strength of solvent-solvent interaction. The stronger the
attraction among the particles that make up the solvent, the
less likely that the solute particles can disperse among the
solvent molecules.

3. strength of solute-solvent interaction. The stronger the
attraction between a solute particle and a solvent particle,
the more likely the solute will be solvated.

To explain the solubility of ethyl alcohol and vegetable oil in water,
we compare ‘1 and 3 since our solvent is the same (water) in both
cases. We can surmise that solute-solute interactions are stron-
ger among vegetable oil molecules or that solute-solvent interac-
tions are stronger between water molecules and ethyl alcohol
molecules. These are, in fact, the conclusions we will reach if we
examine the structures of ethyl alcohol, vegetable oil, and water.

Types of Intermolecular Forces

The attractive forces between two molecules can be classified into two major types: van
der Waals forces and hydrogen bonding interactions. Van der Waals forces can be further

classified into: dipole-diﬁﬁ 'ﬁta%stiorp@ﬁe - Eﬁlﬁdgﬁog 8tfraction, and London

dispersion forces

Dipole-Dipole Interaction

Dipole-dipole interaction refers to the attractive force that is due to molecular polarity. It
exists only between two polar molecules, as illustrated in Figure 2. The bond between

H and Cl in HCl is polar. There is a higher electron density in the Cl end of the molecule;
this end, we say, is partially negative. The H end of the molecule is partially positive and
it is attracted to the partially negative end of a neighboring HCI molecule. The partial
charges are indicated by the lower case delta (5), followed by a + or — sign.

Figure 2. Dipole-dipole Interaction

S 5 & &6
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How can we tell if a molecular is polar? A molecule is polar if:

e it has at least one polar bond,
e and if it has more than one polar bond, the polarities of the bonds do not cancel out
due to symmetry.

How can we tell if a bond is polar? If the electronegativities of two atoms are different,
then any sharing of electrons between the two atoms would be unequal. Shared electrons
would spend more time closer to the more electronegative atom. We say that the bond is
polarized towards the more electronegative atom. We could also say that the bond is polar
covalent. We can refer to a table of electronegativities (as defined by Linus Pauling); see
Table 1. On the Pauling scale, atoms are assigned electronegativities ranging from 0.7 for
the least electronegative atom (Francium) to 4.0 for the most electronegative atom (Fluo-
rine); on this scale, hydrogen has an electronegativity of 2.2. Note that electronegativity
increases towards F. Metals have electronegativities less than 1.9 and nonmetals have
electronegativities larger than 2.1.

With the electronegativity difference between F and the least electronegative nonmet-
als being around 1.8 or 1.9, we can pretty much consider any pair of atoms that differ in
electronegativity by 2.0 or higher as being in an ionic bond. Pauling defined the percent
ionic character of a bond using the equation:

%ionic character = Apangé/‘l)PDF Enhancer

where x is the electronegativity difference between the two atoms. Plugging in a value of
2.0 for x gives us:

%ionic character = 1 — exp(-2.0%/4) = 0.63, or 63%
If we try to calculate the electronegativity difference between pairs of atoms, we
will find that some pairs of atoms that we would normally consider as forming ionic

bonds (metal + nonmetal) actually have an electronegativity difference less than 2.0.
The bonds between these atoms should be considered as polar covalent bonds, not ionic.

Table 1. Electronegativities

H:2.2

Li: 1.0 Be: 1.6 B: 2.0 C:2.5 N: 3.0 0:35 F:4.0
Na: 0.9 Mg: 1.3 Al: 1.6 Si: 1.9 P:2.2 S:2.6 Cl: 3.0
K:0.8 Ca: 1.0 Ga: 1.8 Ge: 2.0 As: 2.2 Se: 2.6 Br:2.8

*Data from A.L. Allred, J. Inorg. Nucl. Chem., 17, 215 (1961).
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The “metal + nonmetal = ionic bond” rule is just a rule of thumb. There are numerous
exceptions. Indeed, an entire field of study (coordination chemistry) deals with covalently
bonded transition metal atoms.

If the electronegativity difference between two atoms is larger than zero but less than
0.5, the polarization is negligible; the bond between them is classified as polar covalent, but

essentially nonpolar.

Example

Example

Classify the bond between C and H, Li and I, Na and Cl, Na and Na.

Answer:

e For C and H: electronegativities of C and H are 2.5 and
2.2; difference = 0.3. The bond is polar covalent, but essen-
tially nonpolar.

e For Li and I: electronegativities of Li and | are 1.0 and 2.7;
difference = 1.7. The bond is polar covalent.

e For Na and ClI: electronegativities of Na and Cl are 0.9 and
3.0; difference = 2.1. The bond is ionic.

e For Na and Na: the electronegativity difference is obviously
zero; bond is pure covalent. [Note: metallic bonding refers
to bonding among atoms in a metallic solid; but the bond
between just two atoms of a metallic element is pure covalent].

Explain why CO, is nonpolar.

Answer:
In CO,, the Cto-0 bonds are both polar, but because the two C=0
bonds are 180° apart, the polarities cancel out as shown below.

< >

This is true for any molecule where all bonds are identical and have a
perfectly symmetrical orientation (2 around a linear center, 3 around
trigonal planar, 4 around a tetrahedral center, 5 around a trigonal
bipyramidal center; or 6 around an octahedral center). The molecule
is nonpolar regardless of whether the bonds are polar or nonpolar.

Chapter 16: Intermolecular Forces 239



Example

Explain why a water molecule is polar.

Answer:

In water molecules, the polarities (shown in green in the figure
below) do naot cancel out. There is a net polarity towards the oxy-
gen atom as indicated by the yellow arrow in the figure.

Example

For which pair of molecules does dipole-dipole interaction exist:
CO, and CO,, H,0 and H,O?

Answer: H,0 and H,O.
Water molecules are polar molecules. CO, molecules, on the
other hand, are nonpolar molecules.

London Dispersion Forces
London dispersion refers to the force of attraction that exists between any pair of mol-
ecules. It is due to temporary molecular polarizations, which occur because electrons
are always moving. The larger the molecule, the more frequently the polarizations occur.
Therefore, we expect attractions to be stronger among larger molecules.

Example
For which of the following pairs of molecules are attractions due
London dispersion forces strongest: CH, and CH,, C;Hg and CHg.

Answer: C,H; and C,Hg
\We expect London dispersion forces to be stronger between
larger molecules.
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London dispersion is the predominant van der Waals interaction among most
molecules. It is tempting to think that London dispersion would be weaker than
dipole-dipole interaction since it is due to temporary polarizations, while dipole-dipole
interactions are due to permanent polarization. However, calculations indicate
that dispersion forces are just as strong among small polar molecules (like HCI) as
dipole-dipole interaction. The apparent inconsistency is due to quantum effects.

Dipole - induced Dipole Interaction

Dipole - induced dipole interaction occurs between a polar molecule and a nonpolar
molecule. When a nonpolar molecule comes close to the positive end of polar molecule,

its electrons would be attracted toward the polar molecule causing temporary (or induced)
polarization. Similarly, when a nonpolar molecule comes close to the negative end of a polar
molecule, its electrons would be repelled, again causing temporary (or induced) polarization.

Example

For which of the following pairs do we expect dipole - induced
dipole interaction?

A. H,0 and H,O

B. CO, and CO,

C. H,0 and CO,

Answer: C

H,0 is a polar molecule. \We expect two water molecules to have
dipole-dipole as well as London dispersion forces between them.
CO, is nonpolar; we expect the only interaction between two CO
molecules to be London dispersion. \We expect dipole - induced
dipole interaction to occur between HEO (which is polar) and CO2
(which is nonpolar).

2

Hydrogen Bonding Interaction

In a molecule, a hydrogen atom covalently bonded to a highly electronegative atom (F, O,
or N) is almost stripped bare of electrons. This makes it strongly attracted to a lone pair
of a highly electronegative atom (F, O, or N) in a neighboring molecule. The interaction is
called hydrogen bonding.

Figure 3 illustrates hydrogen bonding interaction between two water molecules. The
H atoms in water (like the H highlighted in green) are bonded to a highly electronegative
atom (oxygen). Because it is almost stripped bare of electrons, it is strongly attracted to the
lone pair of the oxygen atom (highlighted in purple) in the neighboring water molecule.
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Figure 3. Hydrogen Bonding Interaction Between Two \Water
Molecules

H

Figure 4. Extensive Hydrogen Bonding Interactions in \Water
¥ ;N
&%
J N
Apag ,"‘ cer

Hydrogen bonding interaction is much stronger than dipole-dipole interaction.
For small molecules it is also stronger than London dispersion forces. Hydrogen bond-
ing accounts for the unusually high boiling point of water. Water molecules are small;

substances made of molecules of comparable size are gaseous at room temperature. For
example, O, is a gas at room temperature, while water is a liquid even though H,O mol-
ecules are smaller than O, molecules. One would expect London dispersion forces to be
stronger among O, molecules. The “anomaly” is explained when one takes into account
that water molecules are polar and capable of extensive hydrogen bonding as illustrated
in Figure 4.

lon-Molecule Interactions

Interaction of ions with molecules can be classified as ion-dipole interaction or ion -
induced dipole interaction. Ion - induced dipole interaction involves ions and nonpolar
molecules.
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Example

What type of interaction is involved between Na* ions and H,0
molecules when NaCl is dissolved in water?

Answer: lon - dipole interaction

Na® is an ion and H,O is a polar molecule. The oxygen end of the
H,O molecules will be attracted to the positively charged Na* ion.

Hydrophobicity and Hydrophilicity

Among large molecules (4 or more atoms besides hydrogen), London dispersion is the
predominant type of interaction. However, if these molecules have N or O atoms, these
atoms will typically have a lone pair that would be capable of hydrogen-bonding interac-
tion with water molecules. Parts of the molecule near or at the N and O atoms are said to
be hydrophilic (water-loving) and the rest of the molecule is said to be hydrophobic. The
strong London dispersion forces between large molecules are mainly due to the hydro-
phobic parts and are, therefore, referred to as hydrophobic interactions. We see major
applications of these ideas in biological sciences (lipid bilayers, hydrogen bonding in DNA

molecules, enzyme—subﬂrﬁteé@e&ctiﬁlj‘g). En h ancer

Example

Consider the structure shown below for the molecule found in
the food dye known as FD&C Red 40. Each unlabeled corner in
the structure represents a C atom with enough H around it so
that each C atom has an octet. Is this dye likely to be soluble or
insoluble in water?

oG
- ___-.-'-._.]--'l....:. "
_.J,_:__.Il. h.-:-, I
L.
L3
=5R

from http: //en.wikipedia.org/wiki/File:Allura_Red_AC.png
(public domain)
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Answer: Soluble

This molecule has numerous hydraphilic parts (O and N atoms)
capable of hydrogen bonding with water molecules.This is a com-
monly used food dye; we find it in drink mixes like Kool-Aid™.

» Example

Consider the model shown below for a molecule of stearic acid,
C,gH50,- Based on this information, is stearic acid likely to be
soluble or insoluble in water?

from http: / /en.wikipedia.org/wiki/File:Octadecanoic_acid_(stearic).
png

License: Creative Commons Attribution: Share-Alike

Answer: Insoluble

Most of the molecule is hydrophaobic. The only hydrophilic part is
shown in red (the oxygen atoms). Stearic acid is an example of a
fatty acid and is found in animal fats and vegetable oils.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter16.htm.

1. Which of the following has the highest electronegativity?
A. Na B. Br C. F

2. Which type of element has the lowest electronegativity?

A. ametal B. anonmetal C. ametalloid

3. Which pair of atoms would form a bond where the polarity is directed towards the
first atom?

A. Cand C B. Hand F C. Oand C D. Iand Cl

4. Which pair of atoms would form a polar covalent but essentially nonpolar bond?
A. Nand N B. Hand C C. Naand Cl D. BeandI

5. Which of the following is/are true?

1) A nonpolar moAcpl av@ﬂjﬁooﬁh hancer

2) A molecule with no polar bonds is nonpolar.
A. 1only B. 2 only C. both D. neither

6. Which of the following molecules is polar?
A. HO B. BF, C. CH D. PF,

4

7. For which pair of molecules does dipole-dipole interaction occur?
A. HOand CO, B. H,OandHF C. CO,and CO, D. CH, and CO,

8. For which pair of molecules is London Dispersion strongest?
A. HOand HO B. HOand H,S C. H,Sand H,S

9. Which of the following has the lowest boiling point?
A. O, B. F, C. Cl,
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10. Which of the following explains why the melting point of iodine is higher than that of
iodine chloride?

A. London dispersion forces are stronger among I, molecules, which are larger and
more polarizable

B. IClI molecules are capable of dipole-dipole interaction, whereas I, molecules are not
C. Both
D. Neither

11. How many atoms in the acetic acid molecule (CH,COOH) are capable of hydrogen
bonding interaction with water molecules?

Al B. 2 C. 3 D. 4

12. Which type of intermolecular forces is present between any pair of molecules?
A. London dispersion forces
B. dipole-dipole interaction
C. hydrogen bonding interaction

13. Which of the following is least soluble in water?

A. NH, B. HF C. CH,
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Because atoms, ions, and molecules are very, very small, it is convenient to count them in
groups called moles.

Counting by Moles

A mole (officially abbreviated mol) is a group count, just like a dozen. While a dozen count
is exactly equal to twelve, a mole count is exactly equal to Avogadro’s number. Avogadro’s
number, N pisa 24-digit exact, whole number. We do not yet know all 24 digits. The first
six digits are known to be 6, 0, 2, 2, 1, and 3; these are followed by 18 more digits. For
most purposes, it is sufficient to express Avogadros number to three significant digits; it is

approximately equal to A(pa@()r aR@E)Z Eﬂh@h})@ er

Example

Which has more atoms: 1 mol '2C or 1 mol '8C?

Answer:
neither, the number of atoms in either case is the same.

This is like asking “which has more people: 1 dozen children or 1
dozen adults?” We expect 1 moal of C-13 to weigh more than 1 mol
C-12, just as we expect 1 dozen adults to weigh more than 1 dozen
children. But as long as the question involves counting, they are the
same.

The definition of Avogadro’s number. Avogadros number is equal to the number of
atoms in exactly 12 grams of carbon-12. Imagine we have a sample that is exactly 12 grams,
and each and every atom in the sample is C-12. If we could count all the atoms in that
sample, the number we get is defined as Avogadro’s number. We could also say that one
mole of carbon-12 is defined to have a mass of exactly 12 grams. The unit for Avogadro’s
number is mol™ (which is read as “per mole”). For clarity, it is often useful to explicitly
specify what is being counted, as in atoms mol ™, or ions mol™, or molecules mol™'.
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If we are given the count in moles, calculating the actual individual count is straight-
forward. Essentially, we multiply the mole count by Avogadro’s number to get the
individual count. If n is the mole count and N is the individual count, we multiply
n by Avogadro’s number (N, ) to get N:

N=nN,

The same basic idea is involved when we convert dozens to an individual count. If we have
2 dozen eggs, we multiply 2 by 12 to get the individual count of 24 eggs.

12 eggs

147

2.0@&(

}= 24 eggs

Example

Consider a sample containing 2.0 moles of CO, molecules. How

many CO, molecules are there in this sample?

2

Answer: 1.2x102* molecules

N=nN, =(2.0x10**mdl)(6.02 x 10°° molecules met™)

=1.2 x 10* molecules

\We can also treat this question as a unit conversion problem; we
can set up the calculation as follows:

6.02 x 10%® molecules

1mol

Note that we rounded off Avogadra’s number to only 3 significant
digits since the amount to be converted (2.0 mal) is only given to
two significant digits.

E.O/mo’fx( J:’I.Ex’lD24 molecules

What if we want to convert individual count to group count? All we have to do is
divide the number of eggs by 12 to get the dozen count. Similarly, if we know the individ-
ual count (N), we just divide it by the Avogadros number (N,) to get the mole count (n).
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Example
How many moles of Mg atoms are there in a sample containing
3.00 x 103 atoms of Mg.
Answer:

23
:ﬂ 3.00x10 M_1=O.498mol

N, 6.022x 10% atoms mol

Note that we used 4 significant digits for Avogadra’s number here
since the amount that needs to be converted has 3 significant
digits. We can also treat this as a conversion problem and set up
the calculation as follows:

1 mol
B.022 x 10°° atems

B.OOX1DEB—E}EETT1§X( J=D.498 mol

Counting Atoms in Molecules

To count atoms of an elﬂl;pla' tjnopEyFwe Eflfhl& ﬁféqeflkct that subscripts in a

formula are counting numbers;they tell us how many atoms of a given element are pres-
ent in one formula unit. Therefore, they also tell us how many moles of atoms of a given
element are present in a mole of formula units.

Example

How many O atoms are in 2.0 mol CO,?

Answer: 4.0 mol
The subscripts in the formula tell us that there are 2 atoms of O

in one molecule of CO,. Therefore, there are 2 moles of O in 1

mole of CO, and we can treat this as a simple conversion prob-
lem. We set up the solution as follows:
2mol 0
2.0metCO, x| ————— [=4.0mol 0
- [’I metEad, J

\We multiply the number of molecules, 2.0 moles of CO,, by a con-

version factor that relates moles of O to moles of CDE.

2
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Essentially, what we are doing is multiplying the moles of mol-
ecules by the subscript of the atom we are interested in. If we
need the individual count, we simply multiply the mole count by
Avogadra’s number.

Example

How many atoms are in 2.0 mol CO,?

Answer:

A molecule of CO, consists of three atoms — one C atom

and two O atoms. Since a male is just a group count, we can
say that a mole of CO, molecules consists of three moles of
atoms — one mole of C and two moles of O. In other words:
there are 6.0 moles of atoms in 2.0 moles of CO2 molecules.

2.0.metCOo, x [B,ImOl— |a gjﬁr:SJ= 6.0 mol atoms

Coditiag lotig-inHehi Cémpounds

To count ions in a sample of an ionic compound, we make use of the fact that the
subscript of the ion in the formula tells us how many ions are in one formula unit of
the compound. Therefore, the subscript also tells us how many moles of ions are in
one mole of formula units.

Example

How many cations are in 3.0 moles of ammonium sulfate?

Answer. 6.0 mol

The formula of ammonium sulfate is [NH4]2804. This means
that one formula unit of the compound consists of two cations
(the subscript for ammonium in the formula is 2) and one anion
(the implied subscript for sulfate in the formula is 1). This also
means that one mole of ammonium sulfate is made up of 2
moles of ammonium ions and 1 mole of sulfate ions. Therefore:

2 mol NH,*
1 mal (NH;);-56;

3.0 mgL(NHﬁ;SB;x( ]:s.o mol NH,*
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TEST YOURSELF

For answers and other study resources, see:

10.

http://i-assign.com/ebook/answers/chapter17.htm.

Which of these is false?
A. A mole of atoms contains exactly 6.02 x 10** atoms

B. The exact number of molecules in one mole of molecules is equal to Avogadro’s
number

C. The exact number of ions in one mole of ions is equal to Avogadro’s number
D. None of the above

Which has more atoms?
A. 1 moleof Mg-24  B. 1 moleof Mg-26  C. neither

Which has more molecules?

A. 1 mole of SO, B. 1 mole of SO, C. neither
How many atoms ?5@‘5 Qﬁe PR mEﬁWﬁﬁ@@?"
A. 1.51 x 10* . 4.15x107%

How many moles of O, molecules are in a sample containing 3.0 x 10** O, molecules?
A. 2.0 mol B. 1.06 x 10*' mol  C. 0.050 mol

How many atoms of oxygen are in 1.50 mol CO,?
A. 1.50 mol B. 0.300 mol C. 3.00 mol D. 0.750 mol

Which has more atoms?
A. 3.0 mol SO, B. 2.0 mol SO3 C. neither

Which has more O atoms?
A. 3.0 mol SO, B. 2.0 mol SO3 C. neither

How many cations are in 2.00 mol Na,PO,?
A. 0.667 mol B. 6.00 mol C. 0.500 mol D. 1.00 mol

How many moles of nitrate ions are in a mixture of 2.00 mol calcium nitrate and
1.50 mol aluminum nitrate?
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Since atoms, molecules and ions are too small and too numerous for us to actually count
one by one, we count them in groups called moles. To do this, we need to know the mass
of a mole of atoms (or ions or molecules); if we do, then all we would have to do is weigh a
sample and do a simple calculation to determine the number of moles.

Determining Molar Mass

The term molar mass refers to the mass per mole. The unit for molar mass is g/mol or
g mol ™. By definition:

e one atom of carbon-12 has a mass of exacﬁr 12 u.

e one mole of carbépaﬁ)as hiwhass Beht& 2 (gréhdss.
A consequence of these two definitions is that:

if something has a mass of X atomic mass units, then a mole of that something has a
mass of X grams.
This also means that an Avogadro number of atomic mass units is equivalent to one gram;
to three significant digits:

6.02x10%u=1.00g
or, dividing both sides by 6.02 x 10*, we can show that:
1.00u=1.66x10"*g

Example

The mass of one proton is 1.00 u. What is the mass of one mole
of protons?

Answer: 6.02 x 103 u, or 1.00 g
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Example

Calculate the mass of one C-12 atom in g.

Answer: 1.99 x 1023 g
Since the mass of one C-12 atom is exactly 12 u, then, to three
significant digits, the mass in grams is (using factor label):

1.86x10% g
12 f)x|1:B8x1077 g _ 4 ggx10%2
(12 4) ( 17.00 4 ) d

or (using algebraic substitution):

12[ul=12{(1.66x10®* g)|=1.99x10* g

Example

What is the molar mass of C-127

Answer: exactly 12/mol or 12 g mol™’
By definition, one mole of C-12 has a mass of exactly 12 g.

APayo ForE cliralrcer

Example

If we look up the mass of a C-13 atom, we find that it is
13.0033548 u. What is the molar mass of C-137?

Answer: 13.0033548 g/mol, or 13.0033548 g mol™’

For most purposes, it is sufficient to round off molar masses to
four significant figures; in the case of C-13, the molar mass is
13.00 g/mol. In general, the numerical value of the molar mass
of a specific isotope should be close to a whole nhumber (the mass
number).

Example

Which isotope has a molar mass of 34.97 g/mal: CI-35 or Cl-377?

Answer: CI-35
To the nearest whole number, 34.97 g/mol is 35 g/mal. Indeed,
we can look it up and find it to be so.
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Typical periodic tables will not have molar masses listed for specific isotopes. The
numerical value of the average mass of the atoms, the atomic weight, is typically given in a
periodic table. This is also the numerical value of the molar mass of a naturally-occurring
sample of the element.

Example

The atomic weight for Cl is given in a typical periodic table as
35.45. What does this mean?

Answer: This means that the average mass of Cl atoms in a
naturally-occurring sample is 35.45 u, and the molar mass of a
naturally-occurring sample of Cl atoms is 35.45 g/moal.

Example

What is the molar mass of C?

Answer: unless otherwise specified, we have to assume that
we're dealing with a naturally-occurring sample. \WWe can look up
this value from a periodic table and find that it is 12.01 g/mal.

Example

What is the molar mass of oxide ions (0°7)?

Answer: 16.00 g/mol

This is essentially the same as the molar mass of O atoms, which
we can look up and find to be 16.00 g/mol. An oxide ion has two
more electrons compared to a neutral oxygen atom; we would
expect its molar mass to be larger. But electrons hardly con-
tribute to the total mass of an atom, so we can generally ignore
charges when calculating molar masses.

Example

What is the molar mass of HED’?

Answer: 18.02 g/mol
A mole of H,0 molecules contains two moles of H and one mole
of O atoms. Referring to a periodic table, we find that:

e The mass of 2 moles of H is 2 x 1.008 g.
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e The mass of 1 mole of Ois 1 x 16.00 g.
Adding up the masses gives us a total of 18.02 g for one mole of
H,0. Therefore, the molar mass of H,0 is 18.02 g/mal.

NOTE: most modern Chemistry textbooks have standardized on the term “Molar Mass” but
other terms are still being used. These other terms include: (average) atomic mass, atomic
weight, gram atomic weight, gram atomic mass, formula weight, gram formula weight,
molecular mass, molecular weight, gram molecular weight, and gram molecular mass. There
are subtle differences in the meanings of these terms, but numerically, they are all the same.

Counting by Weighing

Knowing the molar mass of a substance allows us to count the atoms, molecules or ions in

any sample of that substance by simply weighing the sample. If we know that the mass of
one mole of something is MM, then the mass (m) of n moles is:

m=n MM

Dividing both sides of this equation by n, we can show that the number of moles (n) is just
equal to the mass divided by the molar mass:

Apago PBI%AEnhancer

Example

What is the mass of 2.0 mol HEO?

Answer: 36 g

To convert moles to mass, we need to know the molar
mass. In an earlier example, we found the molar mass of

H,0 to be 18.02 g mol~". Therefore, the mass of 2.0 mol
H.O is:

m=nMM=(2.Dm6f](18.02QW)=389

It is often useful to be more descriptive when specifying units. In
this case, we can write our units as “g H,0" and “mol H,0.”

18.02 gH,0
2.0 mokH;0 x ( 36 gH,0
/ou—rth
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Note that mol~" means mol in the denominator. We can think of
molar mass as a conversion factor to change moles to grams. If
we want to change grams to moles instead, we can just flip this
conversion factor, as in the next example.

Example

How many molecules are in a 36.04 g sample of water?

Answer: 2.000 mol
Earlier, we found the molar mass of water to be 18.02 g/mol. So:

36.04 ¢

W = EDOD mOI

or:

18.02 gH0

We can multiply this answer by Avogadro’s number if we want an
individual count. An answer in moles is a perfectly acceptable way
of answering a “how many” question. A mole is a group count, just
like a dozen. Saying you have 2 dozen eggs is the same thing as
saying you have 24 eggs.

36.049J=|§Ox[ 1-molleE J:E.OOOmoIHEO

Counting by Measuring Volume

Substances that exist as liquids under ordinary conditions are not always easy to
weigh. This is especially true for liquids that are volatile, toxic, or corrosive. It would
be more convenient to measure their volume in the laboratory. If we know the density
of a pure liquid, then we can do volume-to-mass conversion so that we figure out the
moles of substance in our sample. The density is defined as the ratio of the mass (m) to
volume (V).

=2
A\
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Example

The density of carbon tetrachloride, CCl,, is 1.59 g/mL. How
many moles CCl, are present in a 200.0 mL sample of this liquid?

Answer: 2.07 mol

First, we rearrange the defining equation for density to solve for
the mass:

m=vd=[200.0m|f](1.59gmt‘f)=3189

Then, we convert grams to moles. For this, we need the molar
mass of CCl,, which is 153.8 g/mol:

318
=m=—/g/=2.07m0|
M 153.8 )g/ mol™’

or:

1 mol CCl
318 x| —————4_ |=2.07 mol CCl
gLe [153.8 9@@1:) :

Oftentimes, we know how man mﬁjjff lig}iﬁbstance we need. To figure out what
volume to dispense, we Aﬂa@ moles+0 mass; @M@{le volume from the mass.
Example

An organic synthesis experiment calls for 0.200 mol of ethanal,
C,HZOH. The density of ethanol is 0.783 g/mL. What volume of
ethanol do we need?

Answer: 11.7 mL

First, we figure out the mass of ethanol that we need. For this,
we need the molar mass, which is 46.07 g/mal.

m=nMM = (0.200 mdl) (46.07 gl )=9.214 g

Next, we calculate the volume by rearranging the defining equa-
tion for density; solving for V, we get:

9.214
_m__ 92144 NunE

d 0.785 }gf mL”"
There should only be three significant digits in our calculated
mass, but we kept an extra digit since we needed to carry it over
to another calculation.
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Amount of Element in a Compound

The percent composition of a compound refers to a listing of the amounts of all the
elements present in the compound, with each amount expressed as percentage of the total
mass. The percentage of an element is simply equal to the mass of the element present in
a pure sample of the compound, divided by the mass of the sample, multiplied by 100%.
Since compounds have definite composition, we should get the same value regardless of
the mass of sample, provided the sample is pure. It is convenient to just use the mass of
one mole to do these calculations.

Example

Determine the percent composition of NO,.
Answer: 30.45% N, 69.55% 0O
One mole of NO, contains:

e one mole of N, or 14.01 g

e two moles of 0, or 2 x 16.00 g = 32.00 g
for a total mass of 46.01 g. Therefore:

14.01
%N in NO, _ mass N 4000, 14018 000, 50.45%
mass _NO, 46.01 ¢
32.01
%0 in NO, _ mass O 1000, 32018 o0 50559
mass_NO, 46.01 ¢

Note that percentages should add up to 100%, so we could have
solved for %0 by subtracting the %NO, from 100%.

To calculate the amount of an element in a sample of a compound, we simply multiply
the mass of the compound by the percentage of the element.

Example

How much oxygen can be obtained from 50.0 g of NO,?

Answer: 34.8 g
In the previous example, we saw that the percentage of O in NO,

is 69.55%. Therefore, the amount of oxygen present in 50.0 g of
NO, is 69.55% of 30.0 g.

50.0 g x 69.55% = 50.0 g x 0.6955 = 34.8 g
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TEST YOURSELF

For answers and other study resources, see:

10.

11.

http://i-assign.com/ebook/answers/chapter18.htm.

To two significant figures, the mass of an electron is 9.1 x 107! kg. Convert this to
atomic mass units.

Which of the following is a plausible mass for a diatomic molecule?
A. 532x10%g B.233x10%kg C. 160g D. 1.66x 102 g

Which of the following has a molar mass of 60.06 g/mol?
A. CaCO, B. HC,H,O, C. none of these

What is the molar mass of NH,?
A. 8.00 g/mol B. 10.00 g/mol C. 15.02 g/mol D. 17.03 g/mol

What is the molar mass of Ca(NO,),?

A. 70.09 g/mol B. 82 g/mol 164.10 g/mol
ADAGS° PDF EnfiafiCer

What is the molar mass of Na,SO,-10H,0?

A. 160.7 g/mol B. 322.9 g/mol C. 72.05 g/mol

What is the mass of one mole of COZ?
A. 2801 ¢g B. 30.01¢g C. 44.01g

What is the mass of 2.00 mol NH3?
A. 200¢g B. 34.1¢g C. 300g

If an experiment calls for 0.500 mol calcium carbonate (CaCO,), how many grams of
pure calcium carbonate do we need?

If an experiment calls for 0.200 mol acetic acid (HC,H,0,), how many grams of acetic
acid do we need?

How many moles of CH, are in 4.00 g of CH ?
A. 0.249 mol B. 64.0 mol C. 0.307 mol
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12.

13.

14.

15.

16.

17.

18.

19.

20.

How many moles of acetic acid (HC H,O,) are present in a 5.00 g sample of pure
acetic acid?

Which sample has more O atoms?
A. 400g0O, B. 4.00 g O, C. neither (equal)

Which sample has more anions?
A. 4.00 g calcium carbonate ~ B. 4.00 g calcium nitrate ~ C. neither (equal)

Acetone is a liquid with a density of 0.7925 g mL™! and its molar mass is 58.08 g
mol ™. What volume of acetone should be dispensed if an experiment calls for
0.500 mol of acetone?

Concentrated HCl is an aqueous solution that is 36-38% HCI by mass. Suppose a
concentrated HCl solution, with a density of 1.18 g mL™, is 38% HCI by mass. What
volume of this solution contains 0.500 mol HCI?

What is the percentage (by mass) of O in CO,?
A. 27.29% B. 66.67% C. 72.71%

How many moles (@@ a@ogsoare Ila:r)egzln:t ingﬂgoq p(g?e r
Calculate the mass of O atoms in 2.00 mol NO,.

Calculate the moles of C in a mixture of 10.0 g calcium carbonate and 15.0 g
aluminum carbonate.

Chapter 18: Molar Mass 261



This page intentionally left blank

Apago PDF Enhancer



CHAPTERﬂi—g

8. | . | .,. i
Elemental Analysis
5/ &

Elemental Analysis is the determination of the elemental composition of a compound. The
goal of elemental analysis is the determination of the empirical formula of a compound.

Empirical Formula

The empirical formula of a compound is the simplest way of representing the relative
abundance of the atoms of the elements that make up a compound. The greatest common
factor of the subscripts in an empirical formula is 1. If the greatest common factor of the
subscripts of a formula is not 1, then just divide all the subscripts by that factor in order to
get the empirical formula.

ApagoPDE Enhancer
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Example

What is the empirical formula of glucose [CSH1208]?

Answer: The subscripts are 6, 12, and 6. The greatest common
factor is 6. Dividing by 6, we get:

e C:6/6=1
e H:12/6 =2, and
e 0:6/6=1

The subscripts for the empirical formula are 1, 2, and 1.
Therefore, the empirical formula is CH,O.

How can we tell if the greatest common factor is 1? If the smallest number is 1, or if
we divide all the numbers by the smallest number and we get at least one non-integer, then
the greatest common factor is 1.
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Example

Is C;HgO, an empirical formula?

Answer: Yes, the greatest common factor for the subscripts
(3.6, and 2) is 1. If we were to divide all three numbers by the
smallest (which is 2):

e 3/2=1.5
e 6/2=3
e 2/2=1

we find that one of the resulting numbers (1.8) is not an integer.

Molecular Formula

The subscripts of the (correct) molecular formula of a compound are multiples of the
subscripts of the empirical formula.

Example

If the empirical formula of a compound is CH,,, what are the
possible molecular formulas?
Answer: CH,, C,H,, C;Hg, C,Hg, etc.
The subscripts of the empirical formula are 1 and 2 for C and H,
respectively. Remember that unwritten subscripts are implied to
be 1. To get the multiples:

e we multiply both numbers by 1; this gives us 1 and 2.

e we multiply both numbers by 2; this gives us 2 and 4.

e we multiply both numbers by 3; this gives us 3 and B.

e etc.

The empirical mass is the molar mass associated with the empirical formula of a
compound. The actual molar mass of a compound is a multiple of the empirical mass. If
we divide the molar mass by the empirical mass we should get a whole number.

Example

What are the possible molar masses of a compound with an
empirical formula of CH,.

Answer: multiples of 14.02 g mol™’
¢ The molar mass if the molecular formula is CH2
is (12.01 + 2 x 1.008) g mol™", or 14.02 g mol™".
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If the molecular formula is CH,, then the molar mass is
14.02 g mol™’

If the molecular formula is C,H,, then the molar mass is
2 x 14.02 g mol™', or 28. 04 g mol™’

If the molecular for‘mula is C,H_, then the molar mass is
3 x 14.02 g mol™!, or 42.06 g ‘mol.

* etc...

Example

Which of the following is /east likely to be obtained as the
molar mass of a compound with an empirical formula of CH,?
A. 28.1 g/mal, B. 42.1 g/mol, C. 78.0 g/mol

Answer: C
The empirical mass is (12.01 + 2 x 1.008) g/moal, or
14.02 g/moal. Let's examine the choices given for the molar mass.
Dividing by the empirical mass, we get
e 28.2/14.02 = 2.01 (this is close enough to a whole number).
e 42.1/14.02 = 3.00.
e 78.0/14.02 = 5.56 (too far from a whole number).

Determining Empirical Formula

The general strategy for determining the empirical formula of a compound is to:

e break the compound down into its component elements.

e determine the number of atoms of each element obtained (the counts can be
individual counts or group counts in moles).

¢ determine the subscripts of the empirical formula by reducing the count-to-count
ratio to the smallest possible set of whole numbers.

Example

A sample of a compound of carbon and hydrogen is found to con-
tain 2.500 x 1022 C atoms and 7.490 x 10°° H atoms. What is
the empirical formula?

Answer: CH

The C-to-H count-to-count ratio is 2,500 X0 St AAC RIS
We need to reduce this to the smallest whole number ratio.

A good strategy is to divide by the smaller number.
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2.500 x 10%2/2.500 x 1022 = 1.000
7.490 x 10%2/2.500 x 10%2 = 2.996

When doing this type of calculation, we have to make sure that
we follow the rules for rounding involving significant figures.

\We should not expect to see exact whole numbers, especially
from experimental data. Experimental data are subject to random
errors. Since 2.996 is very close to 3, the C-to-H count ratio

is 1:3. The empirical formula is CH,.

Example

A sample of a compound of nitrogen and oxygen contains
1.90 moal N and 3.80 mol O. What is the empirical formula of
the compound?

Answer: ND2
The N-to-O mole-to-mole ratio is 1.90-t0-3.80. Reduce this to the
smallest whole number ratio. A good strategy is to divide by the
smaller number.

1.90/1.90 = 1.00

3.80/1.90 = 2.00

Therefore, the empirical formula is NO,.

In reducing count-to-count or mole-to-mole ratios to whole numbers, we round off
only those numbers that are very close to a whole number.

Example

A sample of a compound of C and H contains 5.00 mol C and
6.65 mol H. What is the empirical formula of the compound?

Answer: C,H,
Reduce the mole-to-mole ratio (5.00-t0-6.65) to a the smallest
whole number ratio. A good starting strategy is to divide by the
smaller number.
5.00/5.00 = 1.00
6.65/5.00 = 1.33
Do not round off 1.33 to 1. The next thing to do is multiply by 2
to see if we can get all the numbers close to a whole number.
1.00 x 2 =2.00
1.33 x 2 =2.66
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The number 2.66 is still far from a whole number. Try multiplying
by 3 instead.
1.00 x 3 =3.00
1.33 x 3 =3.99
Now, 3.99 can be rounded off to 4. The empirical formula
is CgH,,.

Typical laboratory data give us information about masses, not moles. We just need to
convert the information to moles to determine the empirical formula.

Example

A sample of a compound of C and H contains 1.200 g C and
0.4000 g H. What is the empirical formula of the compound?
Answer:
First convert given information to moles:

e 1.200 gC —~ 0.09992 mol C

e 0.4000 gH —~ 0.3968 mol H

Then, reduce the mole-to-mole ratio to a whole number ratio.
Start by dividing with the smaller number:

e C: 0.09992,/0.09992 = 1.000

e H: 0.3968,/0.09992 = 3.971
The number 3.971 is close enough to a whole humber, so we can
round it off (to 4). The empirical formula is CH4.

We do not need to know the actual amount of compound to determine empirical
formula. We just need to know the relative amounts of the elements present. Relative
amounts are usually given as percentages by mass. If we have the percentages, we can
assume any amount of compound and base our calculations on the amount of each
element in that sample. A convenient amount to assume is 100 g.

Example

A compound of K, CI, and O is found to be 31.9% K and
28.9% Cl. Determine the empirical formula.
Answer: KCIO,
Since we are given percentages, we assume we have a 100 g
sample of the compound. We calculate the amounts of K, Cl, and
O in this sample.

e K:31.9% 0of 100gis 31.9g
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e Cl: 28.9% of 100g is 28.9 g

e O: Remaining percentage = 100% - (31.9% + 28.9%)
= 39.2%
39.2% of 100 gis 39.2 g

Next, we change mass to moles:

e K:31.9g > 0.816 mol

e Cl: 28.9 g Cl » 0.815 mol

e 0:39.2g > 2.45 mol
Then reduce mole-to-mole ratio to small whole numbers by dividing
with the smallest number (0.815):

e K:0.816/0.815 = 1.00

e Cl: 0.815/0.815 = 1.00

e 0: 2.45/0.815 = 3.01 (close enough to a whole number;

round off to 3]

Thus, the K:Cl:0 ratio is 1:1:3.

Combustion Analysis

Combustion analysis is ommon pro ﬁl% é@ do elemental analysis of organic
compounds. In combusfti [‘:P aa&@gund end up as CO,
and all the H atoms in the compound end up as H O. In the laboratory, a sample of the
compound is burned; in the process the CO, and H,O produced are collected.

Example

A 2.003 g sample of compound containing C, H, and O is burned,
and 4.401 g of CO, and 2.703 g of H,O were collected. What is
the empirical formula of the compound?

Answer: C,H,O

Remember that the goal is to get the mole-to-mole ratio of the

elements. So, the first step is to convert the given information to
moles:

e 4.401 g CO, ~ 0.1000 mol CO,

e 2.703 g H,0 ~ 0.1500 mol H,0
From these, we can calculate the moles of C and H that came
from the compound:

e C: 0.1000 mol C02 has 0.1000 mol C, which came from the
compound

e H: 0.1500 mol HED has 0.3000 mol H, which came from
the compound
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Now, we just need to figure out moles of O. First, we subtract the
mass of C and H from the total mass to get the mass of O, so
that we can calculate moles of O:
e 0.17000 mol C ~ 1.201 g C
e 0.3000 molH —» 0.3024 g H
e Therefore:
mass of O = total mass of sample - (mass of C + mass of H)
=2.003 g - (1.201 g + 0.3024 g)
=0.800 g

\WWe can now calculate moles of O in the compound:
0.800 g 0O —» 0.0500 mol O.

At this point, we have the moles of all the elements in the
compound:

e 0.1000 mol of C

e (0.3000 mol H, and

e 0.0500 mol of O

Divide by the smallest number to try to get whole numbers:
e C: 0.1000/0.0500 = 2.00
e H: 0.3000,/0.0500 = 6.00
e 0: 0.0500,/0.0500 = 1.00

The obvious mole-to-mole ratio is 2:6:1. Therefore, the empirical
formula of the compound is C;HO.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter19.htm.

1. What is the sum of the subscripts in the empirical formula of C H ?
Al B. 2 C. 3 D. 18

2. A compound with an empirical formula of NO, has a molar mass between 43 and
47 g/mol. What is the molecular formula of the compound?

A. NO, B. N,O C. N,0, D. N,0,

3. A sample of a compound contains 3.581 x 10* C atoms and 1.436 x 10** H atoms.
What is the empirical formula of the compound?

A. CH B. CH, C. CH, D. CH,

4. A sample of a compound contains 0.5860 moles of P and 1.466 moles of O. What is
the empirical formula of the compound?

A. PO B. PO, C. P,0, D. P,O

374

5. A sample of a comf)Ao\pnggn ainsF; ng I'JeE QB@Q g(? €Vhat is the empirical

formula of the compound?

A. FeO B. FeO, C. Fe,O, D. Fe,O,

6. Which of the following is an empirical formula of a compound that is 14.37%
hydrogen by mass?
A. CH, B. CH, C. CH, D. CH,

7. What is the formula for the compound composed of 71.62% gold, 13.10% carbon,
and 15.28% nitrogen?

A. AuCN B. Au(CN), C. Au(CN), D. ACN),

8. Combustion analysis of a sample of hydrocarbon produced 0.100 mol CO, and
0.200 mol H, O. What is the empirical formula of the compound?

9. Combustion analysis of a 3.003 g sample of a compound containing C, H, and O
produced 0.100 mol CO, and 0.100 mol H,O. What is the empirical formula of the
compound?
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CHAPTER

' “Stoichiometry;

Stoichiometry deals with the relationships between amounts of reactants and products
involved in a reaction. Its major application is in the field of analytical chemistry, which
is concerned with the determination of the amounts of substances in real-world material
samples.

Relating Amounts of Reactants
and Products

If we know at least two things:

e the chemical eqé@rﬁ‘cg g’eaﬁQ F En h ancer

¢ and the change in moles of one reactant or product involved in the reaction

then we can calculate the amounts of all other reactants and products that are also
involved. This is because the amounts involved are directly proportional and the
mole-to-mole ratio is given by the coeflicients in the balanced equation. Mathematically,
we say that:

where n| and n, are the changes in moles of substances “1” and “2” and ¢, and c, are their
coefficients. We can rearrange this equation to a more ready-to-use form:

— Cl
n, =n,xX—

)

In other words, if we know the change in moles of substance “2” that were involved,
we assign it to n, then multiply it by the ratio of coefficients, (c /c,), to get n , the
change in moles of substance “1”. The ratio of coeflicients, (cl/cz), essentially serves as a
conversion factor.
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Example

Consider the reaction 2 He[g] + Oe[g] - 2 HED[I]

How many moles of H,O are produced if 0.20 mol O, is
consumed during the reaction? How many moles of H, are
consumed?

Answer: 0.40 mol HED (produced), 0.40 moal H2 (consumed)
The coefficients of H,O and O, in the balanced equation are
2 and 1. Therefore:

0.20 motB; x [EmO'H DJ 0.40 mol H.0 (produced)

1 motB;

The coefficients of H2 and 02 are 2 and 1. Therefore:

0.20 motd; x [2 mol= ] 0.40 mol H,, (consumed)

1 mota,

It is very important to keep in mind that n, and n, are changes in amounts (moles). They
are not necessarily the amounts that you have at the beginning of the reaction.

Apago PDF Enhancer

Example

Consider the combustion of Mag:
2 Mg(s] + O,(g) ~> 2 MgQ(s)

If 0.500 mol Mg is ignited and 0.100 mal of Mg remains after
the reaction, how much MgO was produced?

Answer: 0.400 mol MgO

The amount of Mg consumed is the difference between the start-
ing amount and the remaining amount:

(0.500 mal Mg) - (0.100 mol Mg) = 0.400 mol Mg (consumed].
The coefficients of Mg and MgO are both 2. Therefore:

2 mokvig

0.400 moHivig x [2 L MQOJ 0.400 mol Mg0

In a typical laboratory setting, we measure amounts in grams, not moles. In these cases,
we first convert known amounts in grams to moles. If we are interested in solving for
amounts in grams, we just convert any mole amount we calculate to grams.
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Example
Consider the combustion of Mg: 2 Mg(s) + De[g] - 2 MgO(s)

If 0.486 g Mg is burned, how much MgO is obtained?

Answer: 0.0200 mol Mg0O, or 0.806 g MgO
\We first convert the given amount in grams to moles:

0.486 g Mg — 0.0200 mol Mg
From this we can calculate moles of MgO obtained:

0.0200 mokvig x(e el '\"90} 0.0200 mol Mg0

2 mokvg

If we are interested in the amount of Mg0 in grams:
0.0200 mal MgO — 0.806 g MgO

Using Moles of Reaction

An alternative approach to solving stoichiometry problems is to use extent of reaction.
One mole of reaction is defined as the extent of reaction where the changes in the moles
of reactants of productﬁ@@@@i tofthelfcoeffigietsdpithe balanced equation. In other
words, if x moles of reaction has occurred, the change in moles of any reactant or product
is equal to its coeflicient times x:

1’11 = CIX
I’l2 = C2X
1’13 = C3X
etc.
Example

Consider the reaction 3H2[g] + Ne(g] - 2 NHB[g]
How many moles of the substances are involved if the reaction
occurs to the extent of 0.50 mol?

Answer: 1.5 mol H, consumed; 0.50 mal N, consumed, 1.0 mal
NH, produced
e Coefficient of H, is 3. Therefore,
moles of H, consumed = 3x = 3(0.50 mol) = 1.5 mol
e (Coefficient of N2 is 1. Therefore,
moles of N, consumed = x = 0.50 mol
e (Coefficient of NH3 is 2. Therefore,
moles of NH3 produced = 2x = 2(0.50 mal) = 1.0 mol
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If we want to be more descriptive with our units, here is how we should have done the
calculation of moles of H, in the preceding example:

3mol H
[lm#](O.SOM)=1.5mol H,

rXn

In other words, the unit for a coefficient is moles of whatever per mole of reaction. Note:
“rxn” is a commonly used abbreviation for reaction.

Typically, we have information to determine the change in moles of one of the reac-
tants or products. Dividing this by the appropriate coeflicient gives us the value of x. We
can then easily solve for change in moles of other reactants or products as shown above.

Example

Consider the reaction 3H2[g] + Ne[g] -2 NHS[g]

Use moles of reaction to calculate moles of H, and N, consumed
if 0.60 mol NH, are produced?

Answer: 0.90 mol H, consumed, 0.30 mol N, consumed

When using moles of reaction, it is convenient to set up a table of
changes:

H, N, NH,

Changes 3x X 2x

Based on the given information:
e Change in NH, = 2x = 0.60 mol; therefore: x = 0.30 mol
e Change in H2 = 3x = 3(0.30 mol) = 0.90 mol
e Change in N, = x = 0.30 mol

Moles of reaction are particularly useful where the information available is limited.

Example

Consider the reaction 3 He[g] + Ne[g] - 2 NHB[g]

Suppose 1.00 mol H, and 1.50 mal N, were to allowed to react
and, sometime later, a total of 2.30 mol of gas molecules were
found in the reaction mixture. How much He’ Ne’ and NH8 are in
the final mixture?

Answer: 0.70 mol H,, 1.40 mol N,, 0.20 mol NH,
For questions like this, it is convenient to set up an “ICE” table.
Tabulate the Initial moles, Change in moles, and Ending moles.
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H, N, NH,
Initial moles 1.00 mol 1.50 mal O mol
Change in moles 3x mol x mol 2x mol
Ending moles (1.00 - 3x) mol | (1.50 - x) mol | (O + 2x) mol

Based on the given information, total ending moles = 2.30 mal.
Therefore:

(1.00 - 3x) + (1.50 - x) + (O + 2x) = 2.30

Solving for x, we get: x = 0.10. Therefore:
e Ending moles of H 1.00 - 3x) mol = 0.70 mol
e Ending moles of N 1.50 - x) mol = 1.40 mol

2
2
e Ending moles of NH3 (O + 2x) mol = 0.20 mol

N ——

Limiting Reactant Problems

Consider a chemical reaction involving two or more reactants. As soon as one reactant
runs out, the reaction would no longer be able to generate additional products. That reac-

tant, the one that WOHI(Apla fimst, mEﬂ h)a mucheproduct we can generate.

That reactant is, therefore, called the limiting reactant or limiting reagent. The amount of
product obtained if the limiting reactant were to completely run out is called the reaction’s
theoretical yield.

Example

A 2.0 g sample of reactant X is completely used up in a reaction
with excess Y to yield 18.0 g of product Z. A 4.0 g sample of
reactant “Y is completely used up in a reaction with excess X to
yield 4.5 g of product Z. If 2.0 g X and 4.0 g Y are mixed, what is
the limiting reactant? What is the theoretical yield?

Answer: Y is the limiting reactant, 4.5 g Z is the theoretical yield
\What this problem is essentially saying is that:

e 2.0g Xcan yield up to 18.0 g of Z.

e 40qgY canyield up to 4.5 of Z.
Therefore, a mixture of 2.0 g X and 4.0 g can only yield up to
4.5 g of Z. By the time this much Z has formed, we will have run
out of Y. We cannot make any more. Y is the limiting reactant
and 4.5 g of Z is the theoretical yield.
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Example

Consider the reaction: 2 He[g] + De[g] -2 HEO[I]

Suppose we have a mixture of 3.0 mol H,(g) and 2.0 mol O_(g).
Verify that H, is the limiting reactant. Calculate how much O, would
remain unreacted when H, runs out. Calculate the theoretical yield.

Answer:

If all of the H, were consumed, we can calculate how much O
also consumed by multiplying the amount of H, (in moles) by the
ratio of coefficients (of O2 and H2] in the balanced equation:

1mol O,
3.0 mokH; x ( /oH‘I/J 1.5 mol 0, (consumed)

The amount of O, consumed (1.5 mol) is less than what we have
to begin with (2.0 mol). So we still have unreacted 02 while H2 s
completely consumed.

2.0 mol O, - 1.5 mol O, = 0.5 mol O,, remaining

We say that C]2 is our excess reactant (or excess reagent).

\We can calculate the theoretical yield by calculating the amount of
product (H,0) generated when the limiting reactant runs out. \We
multiply amount of H, (in moles) by the ratio of coefficients (of H,0
and H_).

2

2mol H,0
SD/DH‘[/ [ 3.0 moal H,0
/OH‘I/]

The theoretical yield is 3.0 mol H,0, or 54 g H,O.

Strategy for Determining Excess Reactant
The preceding example illustrates a strategy that we can use to determine excess reactant:

¢ Assume one of the reactants is the limiting reactant and is completely consumed.

e Calculate how many moles of the other reactant would also be consumed.

¢ Subtract amount of excess reagent consumed from the starting amount of excess
reagent to get the remaining amount. If the answer is negative, we made the wrong
assumption; start over and assume the other reactant is limiting.

In the preceding example, had we assumed that O, is the limiting reactant, we would have
gotten a negative remaining amount for H_, which would be physically unreasonable.
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Strategy for Determining Theoretical Yield
The quickest way to determine the theoretical yield is to do the following:

e For each reactant, calculate how many moles of product would be generated if the
reactant were completely consumed.

¢ The smaller amount of product generated is the theoretical yield. The reactant that
would generate the smaller amount of product is the limiting reactant; by the time
we generate this much product, one of the reactants would have been completely
consumed and it would not be possible to generate any additional product.

In the preceding example, had we assumed that O, is the limiting reactant, we would have
gotten more than 3.0 mol H,O, which would be impossible. We have shown that by the
time the amount of HzO produced reaches 3.0 mol, no more H, will be left; the reaction
cannot proceed further.

Using an ICE Table

An ICE table is a convenient way to organize the information to solve stoichiometry prob-
lems. It is especially useful for limiting reactant problems. In this table, we list (below the
formulas of reactants and products) the initial (I) moles of reactants and products present,

the change (C) in moles, and the endi oles.
Apago BBEEnhancer

Example

Consider the reaction 3H2[g] + Ne[g] - 2 NHS[g]

For a mixture of 0.600 mol H, and 1.000 mol N, determine the
theoretical yield and amount of unreacted excess reactant if the
reaction were to go to completion.

Answer: Theoretical yield of 0.400 mol NH,, 0.800 mol
unreacted N,

H, N, NH,
Initial moles 0.600 mol 1.000 mol O mol
Change in 3x mol x mol 2x mol
moles
Ending (0.600 - 3x) mol | (1.000 - x) mol | (O + 2x) mol
moles

The reaction is said to go to completion if the limiting reactant is
completely consumed. If the reaction were to go to completion, then
the ending amount for at least one of the reactants (the limiting
reactant) should be zero, and the other should be zero or positive.
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Assuming H, is the limiting reactant:
Ending moles of H2 = (0.600 - 3x) mol =0
Solving for x, we get: x = 0.200 mol
Ending moles of Ne = (1.000 - x) mol
= (1.000 - 0.200) mol
= 0.800 mol
Ending moles of NH3 = (0 + 2x) mol
= 2(0.200) mol
= 0.400 mol

Assuming N, is the limiting reactant:
Ending moles of N2 = (1.000 - x) mol =0
Solving for x, we get: x = 1.000 mol
Ending moles of H (0.600 - 3x) mol
[0.600 - 3(1.000)] mol
-2.400 mol (NEGATIVE!)
Ending moles of NH3 = (0 + 2x) mol
= 2(1.000) mol
= 2.000 mol

Obviously N, cannot be the limiting reactant. If it were consumed
completely, we would end up with a negative amount of H,, which
is physical unreasonable. Therefore, we conclude that H, is the
limiting reactant, the amount of unreacted N, if the reaction
went to completion is 0.800 mol, and the theoretical yield is
0.400 mol NH,.

2

Percent Yield

Limiting reactant is defined as the reactant that would (not will) run out first. Strictly
speaking, in reality, no reactant is completely consumed. Reactions are reversible;
products can react to re-generate the reactants. When a reaction appears to have stopped,
what has actually happened is that the forward and reverse reactions are occurring at the
same rate; we have reached what is called a state of (dynamic) equilibrium.

There are cases where consumption of the limiting reactant is essentially complete;
in these cases we say the reaction has gone to completion. A commonly used strategy
to make reactions go to completion is to use a very large excess of one of the reactants
(usually, the less expensive one); the basis for this is a principle known as Le Chatelier’s
principle.
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In practical situations, the amount of product obtained by carrying out a reaction (the
actual yield) is less than the theoretical yield. Reasons other than reversibility include loss
of product during the recovery process as well as side reactions that lead to the formation
of other products. The percent yield of a product is defined as:

Example

Percent Yield = Actual Yield %100 %

Theoretical Yield

Consider a hypothetical reaction: 2A + B > C
Suppose 0.300 mol A and 0.200 mol B were allowed to react,
but only 0.120 mol C was produced. Calculate the percent yield.

Answer: 80.0%
The actual yield is given as 0.120 mal C. To calculate percent
yield, we need to know the theoretical yield.

If A were completely consumed, the amount of C expected
would be:

1mol C
0.300 metA x| ———— |=0.150 mol C
(EMJ

If B were completely consumed, the amount of C expected
would be:

0.200 mx(w}o.em mol C

1 melB

Therefore, the limiting reactant is A and the theoretical yield is
0.150 mal C. By the time this much C is formed, the reaction
has to stop. It is not possible to completely use up B and get
0.200 mal C. To determine percent yield, we simply divide the
actual yield by the theoretical yield, then multiply by 100%:

Percent Yield = ActliaAEE x 100 %

Theoretical Yield

~0.120 mol

_ 0 A=0mal, joais=inmmEs
SRED) o] o~ BCLE
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter20.htm.

1. Consider the reaction: N, + 3 H, > 2 NH,
How much NH, is produced if 0.200 mol H, is consumed?
A. 0.133 mol B. 0.300 mol C. 2.00 mol

2. Consider the reaction of calcium carbonate with acetic acid:
CaCO3(s) +2 HC2H3OZ(aq) — Ca(C2H3OZ)2(aq) + HZO(I) + COz(g)
A solution containing acetic acid is mixed with CaCO,. How much acetic acid is con-
sumed in a reaction that produces 0.400 mol CO,?
A. 0.200 mol B. 0.400 mol C. 0.800 mol

3. Consider the reaction: N,+3H, > 2NH,

Suppose a reaction mixture initially contained 0.800 mol N_, and now contains only
0.500 mol N,asa result of the reaction, how much H, was consumed?

A 0.100mol AR 8,99¢moPDE €199k e r

4. Consider the reaction of calcium carbonate with acetic acid:
CaCO,(s) + 2 HC,H,0,(aq) ~ Ca(C,H,0,),(aq) + H,0(I) + CO,(g)
A solution containing acetic acid is mixed with 0.600 mol CaCO,. Suppose the reac-
tion produces 0.400 mol CO,. How much CaCO, is left unreacted?
A. 0.200 mol B. 0.400 mol C. 0.800 mol

5. Consider the reaction: N, + 3 H, > 2 NH,
How much hydrogen is needed to produce 25.0 g of NH,?
A 222g B. 4.44¢g C. 1.97g

6. Consider the reaction: N, + 3 H, > 2 NH,
Suppose 0.500 mol of N, is used up in this reaction. How much NH, is produced?
A. 426¢g B. 850¢g C. 170g

7. Consider the reaction: 3 H (g) + N,(g) > 2 NH,(g)

For a mixture of 2.00 mol N, and 3.00 mol H, how much of the excess reactant would
remain if the limiting reactant is consumed?
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10.

11.

12.

13.

Consider the reaction: 3 H,(g) + N,(g) > 2 NH,(g)
What is the theoretical yield of NH, from a mixture of 2.00 mol N, and 3.00 mol H,?

Consider the reaction: 2 H,(g) + O,(g) > 2 H,O(I)

What is the limiting reactant in a mixture containing 1.00 g H, and 1.00 g O,? What
is the theoretical yield for H,O in grams? Hint: convert amounts to moles first.

Consider a 5.32 g sample of CaCO, (99.87% pure) in a flask and a 100.0 mL sample of
vinegar (5% acidity) in a graduated cylinder. The combined mass of both reagents and
containers is 255.98 g. The vinegar is poured into the flask with the calcium carbonate
and the following reaction occurs:

CaCO,(s) + 2 HC,H,0,(aq) ~ Ca(C,H,0,),(aq) + H,O(l) + CO,(g)
After swirling the reaction mixture for about twenty minutes, the combined mass of
the reaction mixture and containers is found to be 254.46 g. What is the percent yield
of carbon dioxide in this experiment?

Consider a reaction between substances A and B. Suppose 0.200 mol A and
0.100 mol B are mixed and, a few minutes later, the amounts remaining are
0.160 mol A and 0.090 mol B. Which substance is the limiting reactant? How much

of the excess reactaﬁtpzalg 6 lefrlolfeactdd (A IRAdABAR fent to completion?

Consider a reaction between substances X and Y, to yield product Z. Suppose 0.400 g
of X and 3.600 g of Y are mixed and 0.100 g of X and 1.200 g of Y are found unreacted
when the reaction stops. What is the limiting reactant? Calculate the theoretical yield.
Calculate the percent yield, assuming no side reactions and no product lost during
the experiment.

Consider the reaction illustrated in the figure below. What is the limiting reactant?

[ gt =

- ] u |

-
& i li:.:!'

.- —-
S =T
-‘ t L =

I. L | s ] . -'*II
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14. A series of experiments (I, IL, III, IV, and IV) reacted different amounts of solu-
tion A(aq) with 1.00 mL of solution B(aq). The reaction goes to completion and a
gaseous product, C(g) is obtained in each case. Suppose the experimental results are
as shown below:

6
5
4
3
2

Volume of C {g), L

=7

0 1 2 3 4 5
Volume of A {aqg), mL

What is the limiting reactant in experiment I? II? ITI? IV? V?

Apago PDF Enhancer
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CHAPTER |

"“Reactions i in Aqueous
Solutions

A very large number of important reactions occur in aqueous solution. A solution is a
homogeneous mixture; an aqueous solution is one where the predominant component
(the solvent) is water.

The Solution Process

To understand aqueous reactions, we need to first understand what happens to com-
pounds when they are mixed with water. When a compound dissolves in water, the ions
or molecules that make up the compound are evenly dispersed in the water; each ion or
molecule is surroundedApvatg @ol‘soqu%ﬁ or(hrdeated”). These ions or
molecules may also react with water molecules.

The dispersal of the ions allows aqueous solutions of ionic compounds to conduct
electricity (note: pure water is a poor electrical conductor). Thus, ionic compounds are
called strong electrolytes.

If a compound dissolves in water but the resulting solution does not conduct electric-
ity, then we conclude that the compound is made up of molecules that do not yield ions;
we call the compound a nonelectrolyte.

There are molecular compounds that react with water molecules and yield ions when
dissolved in water. Those that yield hydronium ions (H,O") are called acids; those that
yield hydroxide (OH") ions are called bases. The reaction of these compounds with water
is called ionization.

Acid molecules dissociate (“break up”) into H* and anions; the resulting H* ions are
transferred to H,O molecules to form hydronium ions (H,O). If we represent an acid by
“HX”, then we can represent the ionization of HX in water by:

HX(aq) + H,0(l) > H,0"(aq) + X"(aq)

We could say that the acid (HX) “donates” a proton (H*) to a water molecule, leading to
the formation of hydronium ion (H,0) and an anion (X"). We could also say that a water
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molecule causes an HX molecule to dissociate by “pulling” a proton away from the HX
molecule. It is customary to use H*(aq) to represent hydronium ions, to abbreviate the
ionization reaction to:

HX(aq) > H*(aq) + X (aq)

and to refer to the reaction as a dissociation reaction.

Example

Werite the chemical equation that for the reaction of HF molecules
with water molecules.

Answer: HF(aq) + HEO[I] — HBO"[aq] + X (aq)

Base molecules, such as NH, cause H,O molecules to dissociate by “pulling” protons
away from water molecules. If we represent a base molecule by “B”, then the ionization is
represented by:

B(aq) + H,0(l) > BH"(aq) + OH (aq)
We could say that the base molecule (B) “accepts” a proton (H*) from a water
molecule.

____ Apago PDF Enhancer

Example

Write the chemical equation that for the reaction of NH, mol-
ecules with water molecules.

Answer: NH,(aq) + H,0(1) > NH; (aq) + OH(aq)

Most molecular acids and bases are only partially ionized; they are, therefore, called
weak electrolytes. By partial ionization, we mean that only a small fraction of the molecules
are jonized at any given time. There are, in fact, only six known molecular compounds
that completely ionize in water; these are the strong acids, (HCI, HBr, HI, H,SO,, HNO,,
HCIO,); strong acids are strong electrolytes.

Ionic compounds whose anions are oxide or hydroxide yield hydroxide ions when
dissolved in water and are, therefore, considered as strong bases. Any oxide ion that makes
it into water immediately gains a proton (H*) from a water molecule, forming two hydrox-
ide ions.

0*(aq) + H,0(l) » 2 OH (aq)
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Chemical Equations for Dissolution

To represent the dissolution of a substance in water, we write:

e the formula of the compound on the reactant side, with the (s), (1), or (g) label to
indicate whether the physical state of the substance is solid, liquid, or gas, and
e the same formula on the product side, with the (aq) label.

A chemical equation written this way is a called molecular equation (or complete formula
equation). However, when dealing with strong electrolytes, it is best to write an ionic equation
to reflect the fact that the ions are not paired up or “stuck” together in solution. In an ionic
equation, formulas of strong electrolytes in aqueous solution are written as separate ions.

Example
Whrite the chemical equation for the dissolution of barium chloride
(a solid) in water.
Answer:
The molecular equation is
BaCIE[s] - BaCIE[aq]
The ionic equation is
BaCl,(s) > Ba®*(aq) + 2 Cl(aq)
The term molecular equation is really a poor choice of words in this
case, since no molecules are actually involved. However, we need to
be familiar with it since it is the commonly used terminology.
Example
Werite the chemical equation for the dissolution of glucose
[CsHmoa’ a solid) in water.
Answer: CBH1206[S] —>_CBH1EDB[_aq] . . _
There is no ionic equation associated with this process since
glucose is not a strong electrolyte. How do we know? It is not an
ionic compound, and it is not one of the six molecular compounds
known to completely ionize in water.
Example

Write the chemical equation for the dissolution of potassium
hydroxide (a solid) in water.
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Answer:
The molecular equation is

KOH(s) —~ KOH(aq)
The ionic equation is

KOH(s) ~ K*(aqg) + OH(aq)
KOH is an example of a base. Bases are substances that yield
OH~ when dissolved in water. Metal hydroxides like KOH are clas-
sified as strong bases because, like any ionic compound, they are
completely dissociated into ions when dissolved in water.

Example

Calcium carbonate is insoluble in water. Write the ionic equation
for the dissolution process.

Answer:

Molecular equation: CaCO,4(s) = CaCO,(aq)

lonic equation: CaCOj(s) = Ca®*(aq) + CO,*(aq)

If a solid compound is insoluble* in water, it is customary to draw
a double arrow to represent its “dissolution” in water. This indi-
cates that if the compound is mixed with water, maost of the ions
will be in the solid, not in solution. However, CaCO,, like any ionic
compound, is completely ionized in water. Therefore, it is best to
write CaCOS[aq] as separate ions.

*Note: the term “insoluble” does not mean zero solubility; it actu-
ally means very low solubility.

Example

\Write the chemical equation for the dissolution of hydrogen
chloride (HCI, a gas) in water.

Answer:

The molecular equation for the dissolution is: HCI(g) » HCl(aqg)
The ionic equation is: HCI(g) ~ H*(aq) + Cl7(aq)

HCl is a strong electrolyte. It is one of the six known strong acids.
The proton (H*) is actually transferred to a water molecule, so we
can also represent the overall process by

HCl(g) + H,0(l) ~ H,0*(aq) + Cl*(aq)

286 Chemistry: The Core Concepts



Example

\Write the chemical equation for the dissolution of acetic acid
[HCEHSDE, a liquid) in water.

Answer: HC_H,0,(l) » HC,H,0,(aq)

HC_H,0, is a weak electrolyte; it is not one of the six strong

acids. Majority of the acetic acid molecules are un-ionized in
water; only a small fraction are ionized at any given time.

Example

Whrite the chemical equation for the dissolution of ammonia [NHB,
a gas) in water. NH3 is a weak base.

Answer: NHB[g] => NHS[aq]
Most of the NH8 molecules remain un-ionized in water.

Solubility Rules
Imagine a sample (of a Apla@@ cofnifaible Eﬁzh@ﬂ;@@ $f rice. If you can get this

sample to dissolve in about a teaspoon (5 mL) of water, the compound is said to be soluble
in water; otherwise, the compound is said to be insoluble in water. A soluble compound
mixed with water gives a clear (transparent) solution; an insoluble compound mixed with
water gives a cloudy mixture. Note that insoluble does not mean zero solubility; it actually
means very, very, very low solubility; a better term for insoluble is slightly soluble.

We can predict the solubility of common ionic compounds in water by applying a few
simple rules. You are likely to see different versions of these rules in different textbooks.
They are essentially the same, except that some textbooks include more ions than others. It
depends on what the authors consider as “common.” In general, the rules tell us:

e which compounds are always soluble (rule 1),
e which compounds are generally soluble and what the exceptions are (rule 2), and
e that most everything else is insoluble and what the exceptions are (rule 3).

These rules are empirical; they are based on experimental observations. We apply them in
the order listed; once we find a rule the applies, we ignore the rest.

¢ Rule 1. Compounds of the following are always soluble: sodium, potassium, ammo-
nium, nitrate, nitrite, perchlorate, acetate.
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¢ Rule 2. Compounds of the following are generally soluble:
e chloride, bromide, iodide — except with Ag*, Pb*", ngz*, and Cu™.
e sulfate — except with lead(II), barium, strontium, calcium, and mercury(I).
e fluoride — except with lead(II) and group II(A).

e Rule 3. The rest are generally insoluble. Exceptions: sulfides of group II(A) are
soluble, hydroxides of calcium, strontium and barium are moderately soluble.

Example

Classify the following as soluble or insoluble in water:
NaC,H,0,, K,CO5, CaCO,4, MgCl,,, ZnS0,,
PbSO,, AgBr, MgS, Cul, AgF, CuS, Ag,P0,
Answer:
NaCEHBOE is soluble (rule 1), KECC]8 is soluble (rule 1), CaCO3
is insoluble (rule 3), I\/IgCIE is soluble (rule 2), ZnSC]4 is soluble
(rule 2), PbSD4 is insoluble (rule 2), AgBr is insoluble (rule 2),
MgS is soluble (rule 3), Cul is insoluble (rule 2), AgF is soluble
(rule 2), CuS is insoluble (rule 3], AgBPO4 is insoluble (rule 3).

Precipitatign ligacEi9nRgncer
When aqueous solutions containing ions are mixed, a precipitation reaction may occur.
Precipitation occurs when it is possible to form an insoluble compound. We would expect

the mixture to suddenly turn cloudy as a result of the formation of insoluble compound,
which eventually settles to the bottom of the container.

Example

Whrite the chemical equation for the precipitation reaction that
occurs when solutions of Kl(ag) and Pb[NOS]E[aq] are mixed.

Answer: Pb[NOS]e[aq] + 2 Kl(aq) ~ Pbl2 (s)+ 2 KNOS[aq]
If we mix Kl(ag) and Pb(NG,),(aq), we would end up with a solution
that contains the following ions:

K*, I, Pb#*, and NOj
Using the solubility rules, we predict that Pbl,, is insoluble in water
(rule 2). Therefore, we write PbI2 with (s) in the chemical equation;
we expect it to precipitate. We expect the other product (KNG,)
of this double replacement reaction to remain in solution; KNO, is
soluble in water (rule1). Thus, we put an (aq) label next to KNL'J3 it
when we write the chemical equation.
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lonic Equations

When strong electrolytes (ionic compounds and strong acids) are dissolved in water, we
know that the ions are individually hydrated. Therefore, when writing chemical equations for
aqueous reactions, it is better to write the ions of strong electrolytes (in solution) separately.
When we do this, we may find that some ions are not actually involved in the reaction; these
are called spectator ions. In these cases, we can write a simpler, more accurate representation
of the reaction by writing a net ionic equation. The net ionic equation shows only the ions and
molecules that are actually involved in the reaction; spectator ions are excluded.

Example

Whrite the net ionic equation for the reaction:
Pb(NO,),(aq) + 2 Ki(aqg) ~ Pbl, (s) + 2 KNO,(aqg)
Answer: Pb®*(aq) + 2 I7(ag) > Pbl, (s)
A more accurate way of representing the reaction is to write

formulas for strong electrolytes in aqueous solution as separate
ions:

Pb2*(aq) + 2 NOj (ag) + 2 K* (aq) + 2 I{aq)

— Pbl, (s) + 2 K* (aq) + 2 NO; (aq)
This is called a full or complete ionic equation. The ions are not

written separately for Pbl, since most of them will be in the solid
(precipitate), not in the solution.

If we look carefully at the full ionic equation, we can see that noth-
ing really happened to the K* and NO; ions. So, an even better
representation for the reaction is:

Pb®*(aq) + 2 I(aq) — Pbl,, (s)
This called the net ionic equation. We could say that since K* and
NOZ appear on both sides of the full ionic equation, they cancel
out; they are not involved and are called spectator ions.

When writing ionic equations, the formula of a solid reactant should not be written as
separate ions even if it is a strong electrolyte.

Example

Whrite the ionic equation for the “dissolution” of sodium oxide (a
solid) in water. The molecular equation is:
NaEO[s] + HED[I] — 2 NaOH(aq)

Chapter 21: Reactions in Aqueous Solutions 289



Answer:

The ionic equation is: NaED[s] + HEO[I] — 2 Na*(aq) + 2 OH(aq)
NaEO is the oxide of a metal (Na). Oxides of metallic elements
react with water to yield metal hydroxides; they are also known as
base anhydrides.

Reactions of Acids

An acid is a molecular compound that yields H* in aqueous solutions. Therefore, reac-
tions common to acids in aqueous solution involve interactions of H* with other ions or
molecules present in the solution.

Reactions with Metal Oxides and Metal Hydroxides

The reaction of an acid with a metal oxide or metal hydroxide leads to the formation of salt
and water. The H* ions from the acid combine with O*" or OH" ions to form H,O. The salt
consists of cations from the metal oxide (or metal hydroxide) and anions from the acid.

Example

Whrite the net ionic equation for the reaction of NaOH(aqg) and
HCl(aqg).

Answer: OH (aq) + H*(aq) — HEO[I]
The molecular equation is:

NaOH(aq) + HCl(aq) > NaCl(aqg) + H,0(]

The products are H,O and a salt (NaCl). Based on empirical solubility
rules, we expect the NaCl product to be in agueous solution; NaCl is
soluble in water. To write the full ionic equation, we write the formu-
las of strong electrolytes, substances that are completely dissociated
into ions, as separate ions. HCl is a strong electrolyte; it is one of
the six known strong acids. lonic compounds in agueous solutions,
such as NaOH and NaCl, are completely dissociated and should be
written as separate ions. Therefore, the full ionic equation is:

Na*(aq) + OH-(aq) + H*(aq) + Cl-(ag) - Na*(ag) + Cl(aq) + H,O(l)
The net ionic equation is obtained by removing the spectator ions

(Na* and CI-) which appear on both sides of the full ionic equation.
The net ionic equation is:

OH™(aq) + H*(aq) > HO(l)
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In general, the equation:
OH~(aq) + H'(aq) > H,0(I)

is the net ionic equation whenever aqueous solutions of a metal hydroxide and a strong
acid are mixed. Exceptions would be cases where an insoluble product is formed.

Example

\Write the net ionic equation for the reaction of Ba[OH]E[aq) with
HESD 4[aq].
Answer:
The molecular equation is:

Ba(0OH),(aq) + H,S0,(aq) -~ BaSO,(s) + 2 H,O(l)
The products are H,0 and a salt, BaSO,. The salt is made up
of Ba®* from Ba(OH), and SOZ~ from H,S0,. Since H,S0, is
a strong acid, it is completely dissociated in agueous solution
and should be written as separate ions. An agueous solution of
Ba[C]H]2 is specified in the question and we expect ionic com-
pounds like Ba(OH), to be completely dissociated in agueous
solution. Therefore, Ba(OH), should be written as separate ions.
Based on empirical solubility rules, we expect BaSO, to be insoluble
in water; we expect it to be a precipitate and we do not write it as
separate ions. Therefore, the full ionic equation is:

Ba®*(aq) + 2 OH(aq) + 2 H*(aq) + 802'[8(1]
— BaS0,(s) + 2 H,0(1)

This is also the net ionic equation since no ion appears by itself on
both sides of the equation; there are no spectator ions.

Example

Whrite the net ionic equation for the reaction of Ca[OH]E[aq] with
HC,H,0,(aq).
Answer: OH (aq) + HCEHSOE[aq] = CEHSO§[aq]+H20[I]
The molecular equation is:

Ca(0H),(aq) + 2 HC,H,0,(aq) > Ca(C,H,0,).(aqg) + 2 H,0(])
The products are HEO and a salt, Ca(CEHBDE]E. Based on em-
pirical solubility rules, we expect calcium acetate to be soluble
in water; since it is a strong electrolyte, we need to write it as

separate ions. Calcium hydroxide is also a strong electrolyte and
should be written as separate ions. Acetic acid, HC,H,0,, is not
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one of the six strong acids; it is a weak electrolyte and should not
be written as separate ions. Therefore, the full ionic equation is:

Ca®*(ag) + 2 OH(ag) + 2 HC,H,0,(aq)
— Ca®*(aq) + 2 C,H,05(aq) + 2 H,0()
To get the net ionic equation, we omit the spectator ion, Ca®*(aq):
2 OH(aq) + 2 HC,H,0,(ag) ~ 2 C,H,05(aq) + 2 H,0(1)

We can simplify the net ionic equation by dividing all the coeffi-
cients by their greatest common factor (which is 2).

Example

Whrite the net ionic equation for the reaction of Ca(OH)E[s] and
HCl(aqg).
Answer: Ca(0H), (s) + 2 H¥(aq) — Gae"[aq] + 2 HEO[I]
The molecular equation is:

Ca(0H),, (s) + 2 HCl (aq) — CaCl,(aq) + 2 H,0(l)
The products are H,0 and a salt (CaCl,). The salt’s cation is Ca?,
from Ca(OH]),, and its anion is CI-, from HCI. Since HCl is a strong
acid, it is completely dissociated in aqueous solution and should be
written as separate ions. Based on empirical solubility rules, we
expect the salt to be in aqueous solution; we expect it to be com-
pletely dissociated and write it as separate ions. Therefore, the full
ionic equation is

Ca(0H), (s) + 2 H'(aq) + 2 CI(aq) ~> Ca®*(aqg) + 2 Cl(aq) + H,0l(1)
The net ionic equation is obtained by omitting the spectator ions
(CI), which appear on both sides of the full ionic equation.

Reactions with Ammonia and Amines

Ammonia and amines are compounds made up of nitrogen containing molecules
and are called bases. The N atom in these molecules have an unshared pair

of electrons that attracts the H* ion, as illustrated in Figure 1 for NH,. This

results in a covalent bond being formed between N and H. Unlike acids,

which release H* ions in water, base molecules attract H* ions instead. Since H*

(a hydrogen atom without its electron) is just a proton, we say that a base molecule
has a tendency to be protonated. Thus, the N-containing molecule is converted into
a polyatomic cation; in the case of NH,, the cation formed is ammonium (NH)).
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The reaction of an acid with these compounds can be classified as a combination
reaction; one product is formed, a salt; in the case of ammonia, the salt formed is an
ammonium salt.

Figure 1. Protonation of Ammonia

H

| +
H—Ns$ «—H

|
H

Example

Werite the chemical equation for the reaction of HCl(ag) and
NHS[aq].

Answer: The H* from HCI combines with NH3 to form ammonium
ions [NHZ]. The product of the reaction is a salt called ammaonium

chloride. The chloride ion (CI7) is the anion formed when an HCI
molecule dissociates in water. So, the molecular equation is:

HCl(aq) + NH,(ag) ~ NH,Cl(aq])

To write the full ionic equation, we write the formulas of the
strong electrolytes as separate ions. The strong electrolytes in
this chemical equation are HCI, which is one of the six known
strong acids, and NH,Cl. Both of these are completely dissociated
in in agueous solution. Therefore, the full ionic equation is:

H*(aqg) + Cl(aq) + NH,(aqg) ~ NH;[aq] + Cl7(aq)
The net ionic equation is obtained by taking out the spectator ion
(CIF), which appears on both sides of the full ionic equation.

H*(aqg) + NH,(aq) -~ NHj(aq)

Reactions with Salts

Salts are ionic compounds for which the anion is neither oxide nor hydroxide. The common
feature of the reaction of acids with salts is the interaction of H* ions with the anion of the
salt, to yield another acid as a product. The remaining ions combine to form another salt. We
need to examine the net ionic equation to reasonably predict if there will be a reaction.
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Example

Predict what happens when vinegar, HCEHBOE[aq], is mixed with
baking soda (sodium bicarbonate], NaHCDS[S].

Answer:
The H* from the acid combines with the anion from the salt to yield
another acid, HECC]3 (carbonic acid).

HC,H,0,(aq) + NaHCO,(s) ~ H,CO,(aq) + NaC,H,0,(aq)
However, H,CO, is known to readily decompose to H,0(l) and
CO,(aq). CO, is a gas under ordinary conditions and it has a low solu-
bility in water, about 0.15 g per 100 g of water. Therefore, we would
typically expect the bulk of the CO, produced to be in the gas phase.
In fact, when if we carry out this reaction, we will likely observe the
GD2 as bubbles (*fizz"). Therefore, the overall reaction is:

HC,H,0,(ag) + NaHCO,(s) » H,0() + CO,4(g) + NaC_H,0,(aq)

To write the full ionic equation, we write NaC,H,0.(aq) as sepa-
rate ions; it is the only strong electrolyte in aqueous solution (for
this reaction). HC,H,0, is a weak acid; NaHCO, would completely
dissociate in agueous solution but, in baking soda, the ions are
held together by ionic bonds in the solid. Thus, the full ionic
equation is:

HC,H;0,(aq) + NaHCO,(s)

— H.0(l) + CO,(g) + Na*(aq) + C;H,05(aq)
If we examine the full ionic equation, we can see that there are
no spectator ions. Therefore, it is also the net ionic equation.

Example

Predict what happens when HNO,(aq) is mixed with K S(aq).

Answer:
The H* from the acid combines with the anion from the salt to
yield another acid (H,S); the remaining ions (K* and NDé] combine
to form the salt. It is very likely that, if we carry out this reaction
in the laboratory, we will observe the odor of rotten eggs due to
HES[g]. At room temperature, the solubility of HES in water is only
0.35 g per 100 g of water. Typically, this concentration is signifi-
cantly exceeded. Thus, we specify HES[g] rather than HES[aq].
The molecular equation is:

2 HNO,(aq) + K, S(ag) ~ H,S(g) + 2 KNO4(aq)
Based on the empirical solubility rules, we predict KNO, to remain
in aqueous solution. KNO,(aqg), HNO,(aqg) and K,S(aq) are strong
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electrolytes in agueous solution and should be written as separate
ions in the full ionic equation.

2 H*(aq) + 2 NOg(aq) + 2 K*(ag) + S®(aq)

— H,8(g) + 2 K*(aq) + 2 NO3(aq)

We can see that K* and NO are spectator ions; they appear on
both sides of the equation. The net ionic equation is simply the
combination of H* from the acid and the anion from the salt (S°7)
to form a weak acid (H,S):

2 H*(aq) + S°(aq) H,S(g)
Note: This is not the only reaction that can occur. This is what we
predict would happen based on the expected behavior of acids in

general. HNO, is known to react with sulfides in what is called a
redox reaction; redox reactions are covered in another lesson.

Example

Predict what happens when HCl(aqg) is mixed with AgNO,(ag).

Answer:

\We can imagine that the H* from the acid combines with the anion
from the salt [NOé] to yield another acid [HNDBJ; the remaining
ions (Ag" and CI7) combine to form another salt (AgCl). Based on
the empirical solubility rules, we predict AgCl to be insoluble; we
expect it to precipitate. All the other substances in the molecular
equation are strong electrolytes in aqueous solution. Therefore, to
write the ionic equation, they should be written as separate ions:

H*(aq) + Cl(aq) + Ag*(ag) + NDé[aq] — H*(aq) + NDé[aq] + AgCl(s)
We can see that H* and NO; are spectator ions; they
appear on both sides of the equation. The net ionic equation,
Cl(aq) + Ag*(aq) ~ AgCl(s)
has nothing to do with the H* from the acid.

Example
Predict what happens when sulfuric acid, H,S0,(aqg), is mixed with
l\/IgSOB[aq].
Answer:

The H* from the acid combines with the anion from the salt to
yield another acid, H2803 (sulfurous acid). However, HESO3 is
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known to readily decompose to HED[I] and SDE[aq]. The overall
molecular equation is:

HESD4[aq] + MgS0,(aq) ~ HED[I] + SDE[aq] + I\/IgSO4[aq]
and the full ionic equation is:
2 H*(aq) + SOZ (aq) + Mg®*(aq) + SOZ(aq)

— H,0() + SO, (aq) + Mg®*(aq) + SOE'[aq]
since sulfuric acid, MgSDS[aq], and MgSD4[aq] are all strong
electrolytes in aqueous solution. The net ionic equation is obtained
by canceling out the spectator ions, Mge"[aq] and SDE‘[aq], which
appear on both sides of the equation. The net ionic equation is:

2 H*(aq) + 8032‘[aq] —~ H,0(l) + SO,(aq)
At room temperature, if the amount of SO, produced exceeds
10 g per 100 g of water, we may observe bubbles and a sharp
odor due to SO,4(g).

Example

Predict what would happen when hydrochloric acid, HCl(ag), is
mixed with barium sulfate BaSO4[s].

Answer:
We can imagine that the H* from the acid combines with the
anion from the salt [802‘] to yield another acid, H2804 (sulfuric
acid) and a salt that is soluble in water [BaCIE]. To write the full
ionic equation, we write BaCIE[aq] and H2804[aq] as separate
ions; they are both strong electrolytes in aqueous solution. The
full ionic equation is:

2 H*(aq) + 2 Cl(aq) + BaSO,(s) >

2 H*(aq) + SOZ-aq) + Ba®*(aq) + 2 Cl(aq)

If we get rid of the spectator ions, H*(aqg) + Cl~(aqg), we are left
with a net ionic equation of:

BaS0,(s) = S0;aq) + Ba®*(aq)
which just describes the “dissolution” of BaS0, in water.
This is just what would happen if we added water to solid
barium sulfate, even without the acid. \We replaced the single
arrow with double-headed arrow since we know from our empiri-
cal solubility rules that BaS0O, is insoluble in water. This means
that the reaction, as written, will occur to a very, very small
extent. For practical purposes, we could say that there really
is no reaction when we mix HCl(ag) and BaSO4[s]. It is probably
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just as well since this is what happens when a person about to
have a gastric x-ray is given a “barium cocktail.” If the barium
sulfate were to react with HCI in the stomach and release a

significant amount of toxic Ba®* ions in solution, the patient
could die.
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter21.htm.

1. Which figure below best represents an aqueous solution of CaCl,?

A | B | & | G

2. Which figures below best represent aqueous solutions of HF and HCI?

A B PDF Enhancer

A. A for both B. B for both C. HF-B, HCI-A D. HF-A, HCI-B

3. Which of the following best represents the dissolution of CaCl,(s) in water?
A. CaCl(s) > Ca’*(aq) + 2 Cl (aq)
B. CaCl,(s) > CaCl,(aq)
C. CaCl,(s) > Ca*(aq) + Cl2"(aq)
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4. Which of the following best represents the dissolution of methanol, CH3OH(1), in
water?

A. CH,OH(l) » CH,OH(aq)

B. CH,OH(l) > CH;(aq) + OH (aq)

C. CH,0H(l) > CH,0 (aq) + H*(aq)

D. CH,0H(l) + H,0(l) > CH,0OH;(aq) + OH(aq)

5. Which of the following best represents the ionization of nitric acid in water?
A. HNO,(aq) > H(aq) + NO,(aq)
B. HNO,(aq) ~> H*(aq) + NO, (aq)
C. HNO,(aq) > H*(aq) + N*(aq) + 3 O*(aq)
D. HNO,(aq) > H*(aq) + N*"(aq) + O;(aq)

6. Which of the following best represents the dissolution of gaseous ammonia (NH,) in
water?

A. NH,(g) > NH,(aq)
B. NH,(g) + H,O(I) > NH;(aq) + OH (aq)
C. NH,(g) + H,O(l) > NH OH(a

D. NH,(aq) + H, pa@f@aﬁlaﬁ-(agn hancer

7. Which of the following is a weak base?
A. NaOH B. Mg(OH), C. KO D. NH

2 3
8. Which of the following is insoluble in water?

A. Na,CO, B. MgSO, C. PbCl, D. Ca$

9. Which of the following is insoluble in water?
A. CuCl, B. Hg,Cl, C. HgBr, D. Ca(NO,),

10. Which of the following is soluble in water?
A. MgCO, B. MgF, C. Mg(OH), D. MgSO,

11. Precipitation is expected from which mixture?
A. Na,CO,(aq) + KNO,(aq) B. AgNO,(aq) + CaCl,(aq)
C. Neither D. Both
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12. A student is given two test tubes and is told that one contains NaCl(aq), while the
other test tube contains Ba(NO,),(aq). Which precipitating reagent, if added to both
test tubes would allow the student to determine their contents?

A. AgNO,(aq) B. K,SO,(aq) C. neither D. both

13. What is the net ionic equation for the precipitation reaction that occurs when
K,SO,(aq) and Pb(NO,), are mixed?
A. K*(aq) + NO; (aq) > KNO,(s) B. Pb’(aq) + SO, (aq) ~> PbSO,(s)
C. Pb*(aq) + SO} (aq) > PbSO,(s)

14. What is the net ionic equation for the precipitation reaction that occurs when
Na,CO,(aq) and AgNO, are mixed?
A. Na*(aq) + NO, (aq) > NaNO,(s) B. Ag*(aq) + CO32‘(aq) — Ag,CO,(s)
C. Ag*(aq) + CO; (aq) > AgCO,(s) D. 2 Ag'(aq) + CO; (aq) > Ag,CO,(s)

15. For which of the following mixtures is the net ionic equation for neutralization
given by:
H*(aq) + OH (aq) > H,O(1)?

& oo BYQ, POF ERfaRTEY"S

C. HC,H,0,(aq) + Ba(O D. Hl(aq) + NH,(aq)

16. What is the net ionic equation for the reaction between HF(aq) and Ca(OH),(aq)?
A. 2 HF(aq) + Ca(OH),(aq) > 2 H,O(I) + CaF (s)
B. 2 H'(aq) + 2 F (aq) + Ca**(aq) + 2 OH (aq) . > 2 H,O(l) + 2F (aq) + Ca*(aq)
C. 2 HF(aq) + Ca**(aq) + 2 OH (aq) ~> 2 H,O(1) + 2F (aq) + Ca**(aq)
D. 2 HF(aq) + Ca**(aq) + 2 OH"(aq) — 2 H,0(l) + CaF,(s)

17. What is the net ionic equation for the reaction between Mg(OH), in milk of magnesia
with HCI (in stomach acid)? The complete formula equation is:

Mg(OH)2 + 2 HCIl —~ MgCl2 +2 H20
A. Mg* +20H +2H"+2Cl > Mg* +2Cl +2H0
B. Mg(OH), +2H"+2Cl' > Mg* +2Cl'+ 2H,0
C. H'+OH ~>H0
D. Mg(OH), +2 H* > Mg* +2H,0
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18.

19.

20.

21.

What is the net ionic equation for the reaction between HNO,(aq) and NH,(aq)?
A. HNO,(aq) + NH,(aq) > NH,NO,(aq)

B. H'(aq) + NO;(aq) + NH,(aq) > NH/(aq) + NO; (aq)

C. H*(aq) + NH,(aq) > NH;(aq)

Which of the following appears in the net ionic equation for the reaction of
HNO,(aq) and Na,CO,(aq)?
A. HNO,(aq) B. H(aq) C. Na'*(aq)

Which of the following does not appear in the net ionic equation for the reaction of
Ca,(PO,),(s) and HCl(aq)?
A. Ca**(aq) B. PO} (aq) C. H'(aq) D. H,PO,(aq)

Which of the following does not appear in the net ionic equation for the reaction
BaCO,(s) and H,SO,(aq)?
A. Ba** B. CO,(g) C. H,0() D. BaSO,(s)
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" Molarity and Solution
Stoichiometry *

Since a large number of important reactions occur in aqueous solution, we need to learn
how to count atoms, molecules, and ions present in aqueous solutions.

Molarity

The predominant component of a solution is called the solvent; all the other components
are called solutes. When the solvent is water, we say that the solution is an aqueous solution.
Unless otherwise specified, it is customary to assume that a solution is aqueous.

Example

Imagine a solution prepared stirring a pinch of sugar into a glass
of water. Identify the solute and solvent.

Answer: the solvent is water; the solute is sugar.

The concentration of a solute in a solution refers to the ratio of the amount of solute
to either the amount of solvent or the amount of solution. Think of a concentration as a
measure of how crowded the solute particles are; the higher the concentration, the more
crowded.

Since there are many ways of expressing amounts, there are many ways of expressing
concentration. The most commonly used way in Chemistry is molarity (or molar
concentration). Aqueous solutions in the laboratory are typically labeled with the
molar concentration of the solutes. Molarity is defined the moles of solute that would be
present in a liter of solution. If M is the molarity, n is the moles of solute, and V is the
volume of solution in liters, then:

Mol
A\

Since one millimole is 1/1000 of a mole and one milliliter is 1/1000 of a liter, molarity

can also be defined as the millimoles of solute per milliliter of solution.
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The unit for molarity is moles per liter, which can be written as mol/L, mol L™, or M.
It can also be written as mmol/mL or mmol mL™. If the solution contains only one solute,
it is customary to refer to molar concentration of that solute as the molarity of the solution.
If there is more than one solute, the molar concentration of a solute can also be referred to
as the molarity of the solution with respect to that solute.

Example

Describe the solution in the bottle illustrated below.

Answer:

NaCl is a solute in this solution. If we have a one-liter sample of
this solution, that sample would contain 0.1 moles of NaCl. If we
have a one-milliliter sample of this solution, that sample would
contain 0.1 millimoles of NaCl. The label is read as “0.1 molar
sodium chloride.” We can say that the solution is “O.1 moalar in
NaCl” or “0O.1 molar with respect to NaCl.”

Calculating Amount of Solutes

We are frequently interested in determining the amount of solute present in a given
sample of solution. This is easily done by solving for n in the defining equation for
molarity:

Multiplying both sides by V, we get:
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Example

How much Na,C0O, is in a 2.00 L sample of 0.200M Na,CO,?

Answer: 0.400 mol or 42.4 g

Based on the definition of molarity, we conclude that one
liter of this solution would contain O.200 moles of Na,CO,.
Common sense tells us that two liters should contain twice
as much Na,CO,, and that is what we get when we do the
calculation:

n=VM=(2.00 L)(0.200 mol L) = 0.400 mol

Two liters, times 0.200 moles for each liter, equals 0.400 moles.
In cases where we have to deal with more than one solute, we
can avoid ambiguity by being more descriptive with our units. For
example, we use “mol Na,CO," instead of just “mol.” We can also
put L in the denominator instead of writing L=".

0.200 mol Na.CO,
1Y

Note that the ratio of (moles of solute) and (Liters of solution)
implied by the molarity is essentially a conversion factor, to change
liters of solution to moles of solute.

If we are interested in the amount in grams, all we need to do is
convert from moles to grams. \We would need the molar mass of
Na,CO,, which is 105.88 g/mol.

2.00 sz( J: 0.400 mol Na.CO,

105.98g Na,CO,
1 mol-NasCO,,

0.400 mol NagCO, x[ J: 42.4g Na,C0,

Example

How would you prepare a 2.00 L solution of 0.200M Na,CO,?

Answer: Based on the preceding example, we know that this
solution should contain 42.4 grams of sodium carbonate. So, we
go to the laboratory, weigh out 42.4 grams of sodium carbonate,
then add enough water to make a solution with a total volume of
2.00 liters.
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Example

How many moles of sucrose [012H220”] does a 25.0 mL sample

of 0.500 M (312H22011 contain?

Answer:
Since we're given the volume in mL, we can first get the amount
of solute in millimoles.

n=VM-=(25.0 mL)(0.500 mmol mt ") =12.5 mmol

Then, we change millimoles to moles:
12.5 mmol = 12.5 (1073 mal) = 0.0125 mol

Alternatively, we can first convert mL to L,
25.0mL = 25.0 (102 L) = 0.0250 L,
then multiply the volume in liters by the molarity:

n=VM=(0.0250 ¥)(0.500 mol £')=0.0125mol

Counting lons in Solution

When dealing with aquAp;a)g@ns B@Etroﬁﬁ, F¥éFd Giehlinterested in the amount

of specific ions. In these cases, we just multiply moles of compound with the subscript of
the ion in one formula unit.

Example

How many moles of chloride ions are there in 2.00L of
0.300 M BaCl,?

Answer: First, we find the moles of BaCIE:

0.300 mol BaCl,
1L

The subscript of chloride in BaCl, is 2; this means that there are
2 moles of chloride ions for every mole of BaCl,. Therefore, the
number of moles of chloride ions is two times 0.600 moles, or
1.20 moles:

2.00 JZX( )= 0.600 moal BaCl,

2 mol CI” u
— 2
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Calculating Molarity

To calculate the molarity of a compound in solution, all we have to do is figure out how
many moles of the compound is present (in a given volume of solution), then divide that
by the volume of solution in liters.

Example

Suppose a 2.00 L solution contains 0.400 mol NaOH. What is
the molar concentration of NaOH in this solution?

Answer:

M= o 0400 mel e e

If we are given the amount of solute in grams, we just need to
convert it to moles first.

Molar Concentration of lons

When dealing with strong electrolytes, we are usually interested in the molar concentration
of specific ions. If we klﬂ %e ganpﬁ) ﬁtﬁ ve to do is multiply it
by the appropriate subscript g: the molarity of the ion we re 1n erested in.

Example

What is the molar concentration of sulfate ions in 0.500M
NaESO 4?
Answer: The coefficient of sulfate in NaESO4 is 1. Therefore,

0.500 mo a e
20U, 1 mol SO, — 0.500. mol SO,

L 7 /oLN»a/SU ' L

The molar concentration of a specific ion or molecule is denoted by putting the
formula of the ion or molecule inside square brackets. In the preceding example, we say
that the molar concentration of sulfate ions is 0.500 mol L' by writing:

[SO,>] = 0.500
or:

[SO,*] =0.500 mol L™
The unit (mol L™) is implied but some teachers prefer that the unit be explicitly indicated.
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If more than one strong electrolyte is present in solution, then the molar concentration of
an ion is calculated by adding up contributions from all sources.

Example

What is the molar concentration of chloride ions in a solution
that is O.10M with respect to NaCl and O0.20M with respect
to BaCIE?

Answer: 0.50 mol L™’
The contribution from NaCl is:

O.’IOmgI/Nétﬂx 1 mol CI” =O1O-m0| Cl-
L 1 meoHNaCl ' L

and the contribution from BaCI2 is:

0.20 motBaCly 2 mol G _ 4. mol CF
L 1 molBaCl, L

Therefore, the molar concentration of chloride is:

[CIT] = [CIT] from NaCl + [CI7] from BaCI2
=0.10M+0.40M =0.50M

g L o L ae e = e = o —

Dilution

Dilution refers to the addition of more solvent to a solution. What happens when we do
this? Recall that molarity is defined as:

M=—
Vv

where n is the moles of solute and V is the volume of solution. Adding more solvent

increases the volume, but the amount of solute remains the same. Therefore, we will now

have a larger denominator (V), but the same n. This means that the molarity decreases. In

other words, diluting a solution lowers the concentration.

Dilution is a commonly used procedure in the laboratory to prepare a solution if a
solution of higher concentration happens to be in stock. If we use M, and V| to represent
the molarity and volume of a solution (the “stock solution”), and M, and V, as the new
molarity and volume after dilution, then:

Vl Ml :VZ M2
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This is called the dilution formula. This formula simply says that the amount of solute
does not change when we do a dilution. Remember that the amount of solute (in moles)
is simply the product of V and M. All we are doing when doing a dilution is adding more
solvent.

Example

What is the molarity of the resulting solution if 1.00L of 2.00M
NaOH solution is diluted to 4.00L?

Answer: 0.500M

We divide both sides of the dilution formula by the final volume V.,
in order to solve for the final molarity [ME]:

v, M, (1.00K)(@2.00MV)

=0.500M
v, 4.00 Y

M,

\We can see that increasing the total volume 4-fold reduces the
molarity to 1/4 of the original concentration; 0.500 is 1/4 of
2.00. The relationship between M and V in the dilution formula is
an example of what is called inverse proportionality. Two quantities
are said to be inversely proportional if their product is a constant.
In the case of the dilution formula, the product of V and M is the
amount of solute, which does not change when we do dilutions.

If two quantities are inversely proportional, then when one
increases, the other decreases by the same factor; for example,

if one doubles (multiplied by 2), the other is halved (divided by 2).

Solution Stoichiometry

The amounts of reactants and products involved in a reaction are directly proportional
and the mole-to-mole ratio is given by the coefficients in the balanced equation. If we
represent changes in moles of substances “1” and “2” as n  and n, , and represent their
coefficients as c, and c, then:

which we can rearrange into a more ready-to-use form:

CZ
n,=n; X—

<
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If we know how much (in moles) of one substance was consumed or produced in a reac-
tion, we assign it to n,, then we multiply it by an appropriate ratio of coefficients to get
the amount involved for any of the other substances involved in the ratio. When dealing
with reactions in aqueous solution, it is important to remember that the number of moles
of solute is just equal to the VM, where V is the volume of solution in liters and M is the
molar concentration of the solute.

Example

Consider the neutralization of sulfuric acid by sodium hydroxide.
H,S0,(aq) + 2 NaOH(aq) —» 2 HED[I] + NaESO4

How many moles of H,SO, will be neutralized by 25.0 mL of

0.200M NaQH?

Answer: 2.50 x 102 mol
\We are given molarity and volume of the NaOH solution;
therefore, we can use this to calculate moles of NaOH.

0.200 mol NaOH
L

Naote that we first replaced mL by 1073 L in order to have the
answer in moles. From this, we can solve for the moles of H,S0,;:

25.0(10° L)x =5.00x 10" mol NaOH

1 mol H,S0,

(5.00x1o—3mgméoﬁ)x[2—)=2.50x1o-3 mol H,S0,,

Titration is a typical laboratory procedure for determining unknown amounts of
substances or ions in a sample. The two reactants in a titration are called the standard
(the “known”) and the analyte.(the “unknown”). Titration involves the gradual addition
of one reactant (the titrant) to another. The titrant is usually the standard; it is a solution
dispensed with a buret as illustrated in Figure 1. The other reactant, usually the analyte, is
placed in a flask.

The addition of titrant is stopped when a drastic change is observed in the reaction
mixture; the point when this happens is called the endpoint. Titrations are designed so that
the endpoint very closely approximates the equivalence point. At the equivalence point, the
mole-to-mole ratio of the standard and analyte is equal to the ratio of their coefficients in
the balanced equation.

Traditionally, a small amount of another reagent is added to the flask before the start of
a titration in order to be able to determine the endpoint; this reagent is called an indicator.
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Figure 1. Experimental Setup for Titration

B

ApagC or—=ancer

For example, in the titration of an acid by a base, one or two drops of phenolphthalein so-
lution is added to the acid in the flask. The endpoint of the titration occurs when the phe-
nolphthalein changes from being colorless to having a very light pink color. With modern
instrumentation, titration endpoints can be determined by monitoring some property of
the reaction mixture, such as pH, electrical conductivity and (light) absorbance.
Sometimes, the concentration of a solution meant to be used a standard must first be
determined. In this case, we do what is called a standardization—a titration is carried out
where the solution (titrant) is the unknown and the sample in the flask is the standard.
Once this is done, the solution can then be used as a standard for other (unknown)
samples in the flask. For example, a solution of NaOH can be used as a standard for
determining unknown amounts of acids. But before it can be used, we need to determine
its concentration by using it to titrate a precisely known amount of the acid called “KHP”
(potassium hydrogen phthalate, or potassium biphthalate, KHC,H,O,). In this case, we
say that the NaOH solution is being standardized against KHP, KHP is the primary

standard, and NaOH is a secondary standard.
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TEST YOURSELF

For answers and other study resources, see:

10.

http://i-assign.com/ebook/answers/chapter22.htm.

How many moles of NaCl are in a 400.0 mL sample of 0.18M NaCl?
A. 0.072 mol B. 72 mol C. 0.45 mol D. 2.2 mol

How many grams of NaCl are in a 400.0mL sample of 0.18M NaCl?
A 22¢g B. 42¢g C72¢g

An aqueous solution in the lab is labeled “0.100 M HC,H,0O,”. How many moles of
acetic acid are in a 25.0 mL sample of this solution?

An aqueous solution in the lab is labeled “6.00 M HC H,0,” How many grams of
acetic acid are in a 2.00 L sample of this solution?

How many moles of sodium ions are in 50.0 mL of 0.400 M Na CO,?
A. 0.0200 mol B. 0.0400 mol C. 0.25 mol D. 6.67x107° mol
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What is the molarity of a solution if a 2.0 L sample contains 3.0 mol NaOH?
A . 15M B. 0.67M C. 6.0M

What is the molar concentration of NaCl in a solution prepared by dissolving 11.6 g
NaCl in enough water to make a 500.0 mL solution?

A. 0.0232 M B. 0.397 M C. 580 M

What is the molar concentration of chloride ions in 0.30M BaClz?
A. 0.30M B. 0.15M C. 0.60M D. 0.20M

What is the molar concentration of sodium ions in a solution that is 0.20M in NaCl
and 0.30M in Na,SO,?

A. 0.50M B. 0.25M C. 0.70M D. 0.80M

A solution is prepared by mixing 10.0 mL of 0.100M NaNO,, 20.0 mL of 0.300M
Ca(NO,),, and enough water to bring the total volume up to 50.0 mL. What is the
molar concentration of nitrate ions in the resulting solution?

A. 0.200M B. 0.260M C. 0.130 M D. 0.700 M
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11.

12.

13.

14.

15.

Consider a 0.500 M NaOH(aq). If enough water is added to a 10.0 mL sample of this
solution in order to bring up the total volume to 100.0mL, what is the molarity of the
resulting solution?

A. 0.0500M B. 1.00M C. 2.00M D. 5.00M

How much water should be added to a 100.0mL sample of 6.000M NaOH in order to
dilute the solution to 3.000M?

A. 100.0 mL B. 200.0 mL

C. enough to bring the total volume to 200.0 mL D. none of the above

Consider the neutralization of Mg(OH),(s) by HCl(aq).

Mg(OH),(s) + 2 HCl(aq) — MgCl,(aq) + 2 H,0(1)
What volume of 0.200M HCl(aq) is required to neutralize 0.200 mol Mg(OH),?
A. 500.0 mL B. 1.00L C. 2.00L D. 4.00L

What mass of silver chloride will be formed if 50.0 mL of 0.750 molar silver nitrate is
mixed with 70.0 mL of 0.500 molar sodium chloride?

A. 2.04g B. 5.02¢g C. 537¢g D. 637g

Consider the neutra aé)gc()? sulBQEcid %Qoui%nnh();cﬁogide.

H,SO,(aq) + 2 NaOH(aq) — 2 H,O(l) + Na SO,
What if a 25.00 mL sample of sulfuric acid solution is titrated with 0.500M NaOH.
If 25.00 mL of the base was required to reach the endpoint,what is the molarity of
the sulfuric acid solution?

A. 0.125M B. 0.250M C. 0.500M D. 1.00M
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The behavior of gases is best summarized by the equation:

PV =nRT
This equation is called the ideal gas equation. In this equation P, V, and T are the pressure,
volume, and temperature of the gas, n is the amount of gas in moles, and R is a constant.
In this chapter, we will examine these quantities in depth.

Pressure

Pressure is defined as force per unit area. If a force, f, is applied to a surface with an area of
A, then the pressure, P, is given by:

Apago PQFfEnhancer
A

The SI unit for pressure is the Pascal (Pa), or Newton per square meter (N m2). In terms
of the base units,

IN=1kgms™
1Pa=1Nm?=1(kgms?)(m?) orl(kgms?

Example

Calculate the pressure at the bottom of a column of mercury (Hg)
liquid that is 76.0 cm high. The density of liquid Hg is 13.6 g/mL
or 13.6x10% kg m™3.

Answer: 1.01x10° Pa
We figure out the pressure that the Hg column exerts on what-
ever is at the bottom of the column as follows:

* The earth’s gravitational pull exerts a downward force on any-
thing; this is called the weight. The weight of the Hg column is
equal to its mass (m) times the acceleration due to gravity (g):
f=mg, where g=9.81 ms™

e According to Newton’s second law, if the Hg column is not
moving, then the net force on it is zero. This means that
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whatever is at the bottom of the column must be exerting
an upward force on the column that counteracts the pull of
gravity; this is called the “normal force” and is due to net
repulsions between the atoms of Hg and those on the sur-
face once the atoms get too close. Thus, the normal force is
also equal to mg, but directed upward.

e According to Newton’s third law, the Hg column exerts an
equal and opposite force on whatever is at the bottom. There-
fore, we conclude that the Hg column exerts a downward
force of mg on whatever is at the baottom.

* The pressure on the surface at the bottom of the Hg column
is, therefore, mg/A, where A is the cross sectional area of the
Hg column. If we assume that the column has a uniform cross
sectional area, then the volume (V) of the column is just equal to
the cross sectional area times the height (h); V = Ah. Therefore,
the cross sectional area is equal to V/h. The pressure due to a
column of liquid of height h and cross sectional area A is:

f_mg_mg _mgh

TATA (V) WV
h
e Density is defined as the ratio of mass (m) to volume (V);
d = m/V. Substituting d for (m/V) in the preceding equation,
we get:
P =dgh
For a column of Hg that is 76.0 cm (or O.760 m]) high,

P=dgh=(13.6x10° kgm?)(8.81ms2)(0.760m)
= 1.01x10° Pa

Although we assumed a uniform cross sectional area in the preced-
ing example, it turns out that for any column of liquid, the pressure
only depends on the height and density. The formula we derived,

P = dgh, is valid whether or not the cross sectional area is uniform.

In Chemistry, we typically deal with pressure associated with gases. Pressures of gases
are commonly expressed in terms of equivalent heights of Hg column (cm Hg or mm Hg),
Torr, atmosphere, bar, mbar (millibar), and psi (pounds per square inch). These units are
related as follows:

1 atm = 76 cm Hg = 760 mm Hg = 760 Torr

=1.01325x10° Pa = 1.01325 bar = 1013.25 mbar = 14.7 psi
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It is obvious from the preceding that:
1 mm Hg = 1 Torr
1 bar = 10° Pa = 1000 mbar

Example

Express the pressure due to a 1.00 m column of Hg in cm Hg,
mm Hg, Torr, atm, Pa, and bar.

Answer:

We can use heights of Hg in cm or mm as units of pressure.
Since 1.00 m is equivalent to 100 cm or 1000 mm,

P =1.00 mHg x 226MH8 _4 99 10% em Hg

1 mHg

P =1.00 mHg x 220 M9 _4 55 10° mm Hg

1 mHg

In other units:

P=1.00x10° mmHg x— 12" _ _1.00x10° Torr

mm/H/

P=1.00x10° mmHg x -2 __ _4 3 atm

760 mraHg

S
P=1.00x10° MU'OHES”D Pa _ 1.33x[10° Pa] = 1.33 [ar]
760 mmHg

Example

What is the pressure underwater at a depth of 50.0 m? Assume
the water surface is at sea level; take the density of water as
1.00 g/mL, or 1.00 x 103 kg m™3.

Answer. 5.84 atm
The pressure due to water is:

P =dgh=(1.00x10° kg m®)(9.81 m s#)(50.0 m) = 4.905 x 10°Pa
In atmospheres, the pressure due to water is:

P = 4.905x10° x 18tm 484 atm
1.01325x10° Pa

There is an additional pressure of 1.00 atm due to the air above
the water surface. So the total pressure is 5.84 atm.
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An alternative way of determining the pressure due to water is to
use the fact that Hg is 13.6 times denser than water. Therefore,
the pressure due to 1 mm Hg is equivalent to the pressure of
13.6 mm H,0.

1000@::44;6 1 mmHg 1 atm
P=50.0 mH;0
SO0 e 1 mH,0  18.6 mmH0 * 760 mmHg

=4.84 atm

Essentially, we divide the height of water column by 13.6 to get
the equivalent height of mercury column.

Gas Pressure Measurement

The pressure of a gas is due to the force exerted by gas particles on a surface (such as the
wall of the gas container); the force is the result of collisions of gas particles with the surface.

Nowadays, gas pressure is conveniently measured using electronic sensors. Traditional
methods of measuring the pressure of a gas use columns of mercury. Atmospheric
pressure is measured using a barometer, which is illustrated in Figure 1.

Imagine a tube with no gas in it (a ) at the to s inverted and opened
into a pool of liquid m ﬁ own on the pool will
cause the liquid to rise up the tube. Thls is 51m11ar to what happens if you suck the air out of
a straw that is dipped in a glass of water. The atmospheric pressure on the water causes it to
rise up the straw. At sea level, the typical atmospheric pressure will cause the Hg to rise to
a height (h) of about 76 cm above the surface of the pool, provided the space above the Hg
column is a vacuum. It is for this reason that a pressure of 1 atmosphere (abbreviated

Figure 1. Barometer

el
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as 1 atm) is defined to be equivalent to the pressure due to a mercury column that is exactly
76 cm high. The actual atmospheric pressure varies depending on where you are and the pre-
vailing weather conditions. In other words, atmospheric pressure is hardly ever exactly 1 atm;
to avoid confusion, it is preferable to refer to atmospheric pressure as barometric pressure.

For samples of gases, the pressure is measured using a manometer, a U-shaped tube
filled with mercury. In a close-end manometer, Figure 2, the gas is connected to one arm and
the space above the Hg in the other arm is a vacuum. The pressure of the gas is manifested as
a difference in the height of the Hg in the arms. The mercury level in the arm connected to
the gas would be lower. If it is lower by h cm, then the pressure of the gas is h cm Hg.

Figure 2. Close-end Manometer

Apa rncer

Example

A gas is connected to a close-end manometer. If the difference
in mercury levels is 20.0 cm, what is the pressure of the gas in
Torr?

Answer: 2.00 x 102 Torr

The pressure of the gas is 20.0 cm Hg, which is equivalent to
200 mm Hg, or 2.00 x 10° mm Hg. But 1 mm Hg is equivalent
to 1 Torr. So, the pressure of the gas is 2.00 x 10° Torr.

Another common setup for measuring gas pressure involves an open-end manometer,
as illustrated in Figures 3 and 4. One arm of the manometer is connected to the gas and
the other arm is open to the atmosphere. If the pressure of the gas is equal to the prevail-
ing barometric pressure, then the mercury levels will be the same in both arms. If the
pressure of the gas is higher than the prevailing barometric pressure, the Hg level will be
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lower in the arm connected to the gas as illustrated in Figure 3. If the difference in height
is h, then the pressure of the gas is: Pgas =P +h

barometric

Figure 3. Open-end Manometer; P__> P

barometric

Figure 4. Open-end Manometer; P__ <P

barometric
—
L
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If the pressure is lower than the prevailing barometric pressure, the Hg level will be
higher in the arm connected to the gas as illustrated in Figure 4. If the difference in height
is h, then the pressure of the gas is: Pgas =P

barometric

» Example

What is the pressure of the gas in the figure illustrated below if
the right arm of the manometer is open to the atmosphere and
the prevailing barometric pressure is 1.00 atm.
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Answer: 21.0 cm Hg
The pressure of the gas is lower than the barometric pressure:
P= Pbarometric B
The barometric pressure is given as 1.00 atm, which is equiva-
lent to 76.0 cm Hg. Therefore:
P=76.0cm Hg - 55.0 cm Hg = 21.0 cm Hg

Blood pressure measurements are, in fact, measurements of air pressure in the cuff
that is wrapped around a person’s arm. Air is pumped into the cuff and the air pressure
in the cuff is monitored as the air is released. The device used to monitor the pressure is

called a sphygmomano%ag o PDF Enhancer
Gas Laws Relating P, V, and T

The ideal gas equation, PV = nRT, summarizes several laws that describe the behavior of gases
at low pressures. In this section, we discuss laws based on studies of how the pressure (P),
volume (V), and temperature (T) are related for a fixed amount of gas (i.e. constant n).

Boyle’s Law

Robert Boyle discovered the relationship between P and V for a fixed amount of gas at
constant T. He found that P and V are inversely proportional. When two quantities are
inversely proportional, it means that if one increases, the other decreases by the same
factor. Mathematically, we say that two quantities are inversely proportional if their
product is a constant:

PV = constant
We can see that this is consistent with the ideal gas equation; for a fixed amount of gas
(constant n) at constant T, the right-hand side of the ideal gas equation is constant since R
is also a constant. If we were to plot P vs. V at constant T, we would get a curve similar to
that shown in Figure 5. Any plot at constant T is called an isotherm. The isotherm shown
in Figure 5 is for one mole of an ideal gas at 1000K. At any point on the isotherm, the
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Figure 5. PV Isotherm
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product PV has the same value; that value is nRT. For the points labeled “1”, “2”, and “3”
we can say that:

PV,=P,V,=P,V,
It is easy to from the graph that the volume doubles from point 1 to point 2 while the

pressure is halved. Similarly, from point 2 to point 3, volume is doubled while pressure is
halved.

Example Anann DDE _Fnhancaor

A 25.0 L sample of gas, initially at 1.00 atm expands to 50.0 L
at constant temperature. Calculate the final pressure.

Answer. 0.500 atm

The problem explicitly states that T is constant. There is nothing
in the problem that indicates a possible change in amount of gas;
so, n is also constant. Therefore, Boyle's Law is applicable for this
problem; if we refer to the initial pressure and volume as P, and
V,, and to the final pressure and volume as P, and V,, then:

Py Vy=PV,
Solving for the final pressure, P,, we get:

Py, (1.00 atm)(25.0 )

P
2T 50.0 ¥

=0.500 atm

We can see that doubling the volume causes the pressure to be
cut in half.

If we rearrange the ideal gas equation so that only P is on the left-hand-side, we get:

P=nRT i
A%
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If nRT is constant, then a plot of P vs. 1/V is a straight line. The standard form for the
equation of a straight line is:

y=mx+Db
where m is the slope and b is the y-intercept. If we let y = P and x = (1/V), we can see that
the slope, m, is equal to nRT, and the y-intercept, b, is equal to zero.

Example

Which of the four graphs below illustrates Boyle's Law? Assume
the bottom left corners of the graphs shown below correspond to

(0,0).
A B
P / P \
1V 1w
C D
/
£ P /
1V 1w
Answer. A

If we plot P vs. 1/V, we are lettingy =P and x = 1/V and we get
a straight line with a slope of nRT, and a y-intercept of zero.

®=(i

\Y%
3] = mlx+b

Since n, R, and T are positive numbers, the slope is positive.
The graph that fits this description is A. Graph B has a negative
slope. Graph C has a zero slope. Graph D has a positive slope,
but its y-intercept is not zero. Graphs B and C also have nonzero
y-intercepts.

Charles’ Law

Jacques Charles discovered the relationship between V and T for a fixed amount of gas at
constant P. Joseph Gay-Lussac first published the discovery; thus, the law is sometimes
known as Charles’ and Gay-Lussac’s law. The modern statement of Charles’ law states that
V and T are directly proportional at constant n and P. When two quantities are directly
proportional, it means that when one changes, the other also changes by the same factor.
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Mathematically, two quantities are directly proportional when their ratio is a constant.
Therefore:

\Y%
— = constant
T

We can see that this is consistent with the ideal gas equation. If we rearrange the ideal gas
equation to solve for V/T:
V _nR

T P

we can see that the right-hand-side is constant if n and P are constants. If we were to plot
V vs. T, we expect to get a straight line.

It is very important to note that T in the equations above refer to the absolute
temperature in Kelvin. The temperature in Kelvin is obtained by adding 273.15 to the
Celsius temperature,

Example

A 10.0 L sample of gas initially at 300.0K is heated to 600.0K at
constant pressure. What is the final volume of the gas?

Answer. 20.0 L
The problem explicitly states that P is constant. There is nothing in
the problem that indicates a possible change in amount of gas; so, n
is also constant. Therefore, Charles’ Law is applicable for this prob-
lem; if we refer to the initial volume and temperature as V, and T,,
and refer to the final volume and temperature as V, and T, then:
Vi Ve
T1 TE
Solving for V,, we get:

& i 1.00 atm
T, ® |300.0 K

\We can see that doubling of the temperature leads to a doubling
of the volume.

= J(soo.o K)=2.00L

Amontons’ Law

Guillaume Amontons discovered the relationship between P and T at constant n and V.
He found that P and T are directly proportional at constant n and V. Amontons’ Law is
erroneously called Gay-Lussac’s law in some textbooks. Mathematically, this means that:

P
— = constant
T
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We can see that this is consistent with the ideal gas equation if we rearrange the ideal gas
equation to solve for P/T. We get:

P_nR
T V

and see that the right-hand-side is, indeed, constant when n and V are constant.

Example

A fixed-volume container contains a gas at 300.0K, 1.00 atm. If the
temperature is increased to 600.0K, calculate the final pressure.

Answer. 2.00 L

The problem says that V is constant (‘fixed volume”) and there

is nothing to indicate that there is a change in the amount of

gas (so n is also constant). If we refer to the initial pressure and
temperature as P, and T,, and to the final temperature as P, and
T, Amontons’ law says that:

|
o |m13

Solving for P,, we get:

P (1 .00 atm

P, = L T, S|
. 300.0 K

Tl )(aoo.o K)=2.00L

Combined Gas Law

The relationship between P, V, and T for a fixed amount of gas can be combined into just
one equation.

PV
—— = constant
T

Once again, we can see that this is consistent with the ideal gas equation, which we can
rearrange to:
PV
Ea
to show that PV/T is indeed equal to a constant for a fixed amount of gas (constant n).
The combined gas law is useful for determining how one of the three quantities change if
changes in the other two are known; we simply use the equation:

PIVI — PZVZ
T T

1 2

nR

Chapter 23: Ideal Gas Behavior 325



TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter23.htm.

1. What is the pressure due to a vertical column of mercury that is 760.0 mm long?
A. 760.0 Torr B. 760.0 Pa C. 760.0 atm D. 760.0 bar

2. What is the pressure due to a vertical column of water that is 760 mm long? (use the
following densities: water 1.00 g/mL, Hg is 13.6 g/mL)

A. 7.6 x10*Torr B. 1.0 x 10° Torr C. 7.4x 1072 atm

3. A gas bulb is connected to an open-end mercury manometer and the liquid level in
the arm connected to the gas bulb is found to be 15.0 cm lower than in the arm that
is open to the atmosphere. The prevailing barometric pressure is 755 mm Hg. What is
the pressure of the gas in the bulb?

A. 905 Torr B. 770 Torr C. 740 Torr D. 605 Torr

4. A gas bulb is connected to an open-end mercury manometer and the liquid level in
the arm connectei{%ﬁ ﬁ_sﬁul i d Ehe;ﬁ(ﬁ ﬁl?él er than in the arm that
is open to the atmodsphere~1lie prevdiling b etric pressure is 758 mm Hg. What is
the pressure of the gas in the bulb?

A. 778 Torr B. 760 Torr C. 756 Torr D. 738 Torr

5. What is the final pressure of a gas, originally at (30.0 L, 250.0 Torr) if it is compressed
to 15.0 L at constant temperature?

A. 125 Torr B. 235 Torr C. 280 Torr D. 500 Torr

6. If the pressure of a gas is tripled at constant temperature, the volume...
A. is tripled
B. is reduced to 1/3 of the original volume
C. increases 9-fold
D. decreases by 3 L

7. If the volume of a gas increases from 8.0L to 2.0L at constant temperature, the
pressure...

A. is quadrupled
B. is reduced to (1/4) of the original pressure

C. increases by 6.0 atm
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8. Which of the two PV isotherms shown below represents data at a higher temperature
(for the same sample of gas)?

P (atm)

Vv :EL)

9. What is the final volume of a gas, originally at (25.0 L, 25.00°C) if it is heated to
50.00°C at constant pressure?

A. 125L B. 27.1L C. 50.0L

10. What is the final volume of a gas, originally at (30.0 L, 250.0 Torr, 25°C) if its pressure
and temperature are changed to (500.0 Torr, 115°C)?

A. 195L B. 46.0L C. 69.0L D. 78.1L

Apago PDF Enhancer
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CHAPTER 2 4

Countlng Gas Partlcles

When dealing with any pure substance, in any physical state (solid, liquid, or gas), we can
count the particles that make up a sample by simply dividing the mass of the sample by
the molar mass. Unfortunately, weighing gases is a cumbersome process.

It is easier to count particles in a gas sample by measuring three properties of the
sample: pressure (P), volume (V), and temperature (T). If we know these three, we can
calculate the number of moles of particles in the sample.

Gas Particles

A gas sample is a collection of particles, which can either be molecules or free atoms.

Strictly speaking, the teAP@@:@e rdRfs)fe a drofplofaid Graore atoms that are

sharing electrons (or covalently bonded). By free atom, we mean a single neutral atom that
is not bonded to any other atom. When discussing gases, people tend to use molecule as a
generic term for both molecule and free atom; the more precise term to use is particle.

Example

Which gas sample has more gas particles: 1 mol CH, or
1 mol He?

Answer: Same. Each CH, molecule counts as one particle; each
He atom counts as one particle.

Example

Which gas sample has more atoms: 1 mol CH, or 1 mol He?
Answer: CH,

One mole of CH, has 5 moles of atoms, one mole of C and
4 moles of H. One mole of He atom has one mole of atoms.
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The Ideal Gas Equation

If we know the pressure (P), volume (V), and temperature (T) of a gas sample, we can
calculate the number of moles of gas particles in the sample by rearranging the ideal
gas equation:

PV =nRT
to solve for n:
PV
n=—-o
RT

The value and unit for R depends on the units used for P and V. The most commonly used
units for P and V in Chemistry are atmosphere and liter. Therefore, it is convenient to
memorize the value of R as:

R =0.08206 L atm mol™! K*!

If we have P and V values expressed in other units, we just convert those to atmosphere
and liter.

Example A DO Cnl

How many moles of particles are in a 22.4 L sample of air at STP
STP stands for standard temperature and pressure, which corre-
sponds to the 1 atm and 273.15K (which is the freezing point of

water at 1 atm).

Answer: 1.00 mol
To solve for n, we divide both sides of the ideal gas equation by
(RT), and we get:

n— Ehi (1 i (S ~1.00 mol

RT (0.08206 V atm mol‘1K/’r)(273.15 K)

For determining significant figures in the final answer, treat the
STP values (1 atm and 273.15K) as exact.

The ideal gas equation is, strictly speaking, valid only at very low pressures. At typical
conditions, room temperature and a pressure close to 1 atmosphere, calculations based
on the ideal gas equation could be in error by up to about 1%. Thus, calculations of n at
ordinary conditions are probably reliable to only about 34 significant figures.

330 Chemistry: The Core Concepts



Avogadro’s Law

The molar volume (V_) of a gas is defined as the volume that one mole would occupy;
mathematically, it is just the ratio of V to n:

v =¥
n
If the ideal gas equation is applicable, then the molar volume is given by:
RT
v _Y_RT
n P

We can see that at a given temperature and pressure, the molar volume is constant; all the
terms on the right-hand side of the preceding equation (R, T, and P) are constants.

Example

What is the molar volume of any gas at STP?
Answer: 22.4 L mol™’
v Y_RT
n P
(0.08208 Latm mol™ V)(273.15K)

=22.4 L mol”’
1 atm

Whenever the ratio of two things is constant, we say that they are directly propor-
tional. Therefore, we can say that at a given T and P, the volume of a gas sample is directly
proportional to the number of moles of gas particles in the gas sample. This is known as
Avogadro’s Law. When we say that V and n are directly proportional, it means that:

e ifn=0,then V=0, and

e if n changes, so does V (by the same factor).

If we have twice as many gas particles, the gas would occupy twice as much volume (at the
same T, P). If we have 3 times as many gas particles, the gas would occupy 3 times as much
volume (at the same T, P). Another way of stating Avogadro’s law is to say that: at the same
T and B, equal volumes of gas contain equal number of particles.
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Example

Which of the following gas samples contains the most number of
molecules at the same temperature and pressure?

Sample A. 2.00 L CH,

Sample B. 1.00 L H,

Sample C. 2.00 L He

Sample D. 4.00 L He

Answer: Sample D

Since volume is directly proportional to n (at the same T,P), equal
volumes mean equal number of gas particles. Samples A and C
have the same number of particles. Sample D has twice as many;
its volume is twice that of sample A or C. Sample B has half as
many gas particles; its volume is only half that of sample A or C.

Example

Which of the following gas samples contains the most number of
atoms at the same temperature and pressure?

Sample A. 2.00 L CH,

Sample B. 1.00 L H,

Sample C. 2.00 L He

Sample D. 4.00 L He

Answer: Sample A

Since we do not have enough information to calculate number of
particles, let “x” be the number of particles in sample B (which
has the fewest).

e For sample A, there are 2x particles since its volume is twice
that of sample B. Since each particle is a CH, molecule, each
particle is made up of 5 atoms (one C and four H). Therefore,
sample A has:

2x W@m = 10x atoms
1 particle

¢ For sample B, the number of particles is x; this times 2
atoms per particle gives us 2x atoms.

e For sample C, there are 2x particles since its volume is twice
that of sample B. Since each particle is a free He atom, we
also have 2x atoms.

e For sample D, there are 4x particles since its volume is
4 times that of sample B. Each particle is a free He atom;
therefore, we also have 4x atoms.

332 Chemistry: The Core Concepts



Gas Mixtures

The ideal gas equation is a very powerful equation in that if it is applicable, it does not
depend on the nature of the gas particles. We can use it for pure gaseous substances as well
as gaseous mixtures.

Partial Pressure

Partial pressure is defined as the pressure that a component of a gas mixture would exert if
it were alone in the container. Therefore, if “A” is a component of a gas mixture, its partial
pressure, P, is simply:

assuming the ideal gas equation is applicable. In a fixed volume container at

constant temperature, we can see that the partial pressure and number of moles of any
component are directly proportional. The more moles present, the higher the partial
pressure.

Example Anann PDE _Fnhancer

What are the partial pressures of O, and N, in a 25.0 L sample
containing 1.00 mol O, and 4.00 mol N, at 300.0 K? What is
the total pressure?

Answer: 0.985 atm, 3.94 atm, and 4.92 atm
The partial pressure of O, is:

RT
lf) ,
0.08206 ¥ atm mol" K')(300.0K)
=(1.00 o) oS

Similarly, we can calculate the partial pressure of N, and find it to
be 3.94 atm.

RT
ool

= (4.00 ol

=0.985 atm

(0.08206 ¥ atm mot™ K')(300.0 K)

=3.94 atm
250 Y
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and the total pressure is:

RT
Ptm:al = Niggal (v)

B (0.08206 k"atm mol™ K')(300.0K)

=4.92 atm
25.0 ¥

Dalton’s Law of Partial Pressures

Dalton’s Law of Partial Pressures states that the pressure of a gas mixture is equal to the
sum of the partial pressures of its components. We can see that this is consistent with the
ideal gas equation. In general, for a mixture of A, B, C, etc..., the total pressure is:

P=n_, (RVT)= (n, +n,+n¢ +)(R—T)

\Y%

or:

P= nA(RVTA p&é}g PE:(FR\TTBEHhJ“PCJ“

Example

In any enclosed vessel containing liquid water, the partial pres-
sure of water vapor is called the vapor pressure of water; it is a
constant value (at a given temperature) that we can look up. At
298K, it is 23.8 Torr. A sample of H,, is collected over water at
298K. If the pressure of the sample is 750.0 Torr, what is the
partial pressure of H,?

Answer: 726.2 Torr

Dalton’s law says that the total pressure is equal to the sum of
the partial pressures of the components. The components in this
case are hydrogen and water vapor. Therefore:

P

total

=P

hydrogen

+P

water_vapor

which we can rearrange to solve for the partial pressure of
hydrogen:
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P oen = P

hydrogen total water_vapor

=750.0 Torr—23.8 Torr = 726.2 Torr

Partial Pressure and Mole Fraction

Mole fraction is defined as the ratio of the number of moles of a component to the total
number of moles in a mixture. If a mixture contains n moles of component “1” and total

moles of n__, then the mole fraction of component “1” is:
n
— 1
X, =
n

Using the ideal gas equation, we can show that the mole fraction of a component of any gas
mixture is equal to the ratio of its partial pressure to the total pressure. For component “1”:

p|§é"T|
_ _ B

X, = = =
ntotal V Ptotal

Pt
Apago PDFXErhancer

Example

About 21% of molecules in a typical air sample are O, molecules.
We say that the mole percent of O, is 21%, or that the mole
fraction of O, is 0.21. What is the partial pressure of O, in an air
sample if the total pressure of the sample is 1.20 atm?

Answer. 0.25 atm

\We are not given the volume and temperature of this mixture,

so we cannot calculate the partial pressure of O, using the defining
formula for partial pressure. However, we can determine the
partial pressure from the mole fraction and total pressure. If x, is
the mole fraction of O, and P, is its partial pressure, then:

which we can rearrange to solve for P,:

P1 = X, Ptotal = (0.21)(1.20 atm) = 0.25 atm
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Stoichiometry Involving Gases

The amounts of reactants and products involved in a reaction are directly proportional
and the mole-to-mole ratio is given by the coeflicients in the balanced equation. If we
represent changes in moles of substances “1” and “2” as n and n,, and represent their coef-
ficients as ¢ and c,, then:

which we can rearrange into a more ready-to-use form:

— CZ
n, =n,x—=

<

If we know how much (in moles) of one substance was consumed or produced in a reac-
tion, we assign it to n , then we multiply it by an appropriate ratio of coefficients to get the
amount involved for any of the other substances involved in the ratio. When dealing with
reactions involving gases, it is important to remember that the number of moles of gas
particles can be calculated from the ideal gas equation.

Example Pag

Suppose 22.4 L of CO, were collected at STP from the
decomposition of NaHCO,:

2 NaHCO, — Na,0(s) + H,0(g) + 2 CO,(g)
How much NaEO[s] was also produced?

Answer: First, calculate moles of CO, produced. STP means
T=273.15K, P = 1.00 atm

PV _ (1.atm)(22.4 V)

" Rl (0.08208 ¥ atm mol" K)(273.15 K) =1 N

Therefore, we can calculate moles of NaJ0, by multiplying
moles of CO, with the ratio of the coefficients of Na, 0 and CO,:

1 mol Na, O
1.00 mett0, x ————=2— =0.500 mol Na, 0
°” 2 melCO, °
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It is often convenient to use pressure measurements to monitor the progress of a
reaction that involves gases. When the reaction mixture contains more than one gaseous
substance, it is useful to know partial pressures.

Example

A strip of Mg is reacted with HCl(aq):

Mg(s] + 2 HCl(aq) ~ H,(g) + MgCl,(aq)
and the H, gas was collected over water as illustrated below. As
such, the gas is a mixture of H, and water vapor, H,0(g). Suppose
the volume of gas collected at 298K is 2.50 L, the water level inside
the tube is 10.0 cm above the water level outside, and the prevail-
ing barometric pressure is 795 Torr, how much HCI was consumed
in the reaction? The vapor pressure of water at 298K is 23.8 Torr.

Answer: 0.195 mol HCI
The pressure of the gas is less than the barometric pressure; the
difference is equal to the pressure due the water column (which is
given as 10.0 cm high).

1 cmHg 10 mmHg 1 Torr
P =755 Torr-| 10.0
o’ [ me.swx 1T cmHg 1 moHg

=747.6 Torr
This should only have 3 significant digits, but we keep an extra
digit to minimize round-off error in subsequent calculations. This is

equal to the sum of the partial pressures of H,(g) and H,0O(g). \We
can therefore solve for the partial pressure of H,.

Pyirogen = P = Pagter vapor = 747.6 Torr —23.8 Torr = 723.8 Torr
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In atmospheres, the partial pressure if H, is:

_7938 foﬂ ~0.9524 atm

80 Terr

Finally, we can calculate moles of H,, using PV = nRT:

P

hydrogen

R V

__ hydrogen
nhydrogen i RT

- (0.5524 samjEEEE =0.09737 mol

(0.08206 ¥ atm mol” 7)(298.K)

To calculate moles of HCI consumed, we use the coefficients of H2
and HCI in the balanced equation.

2 mol HCI
0.0974 metH, x === =0.195 mol HCI
"1 metH,

Apago PDF Enhancer
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TEST YOURSELF

For answers and other study resources, see:
http://i-assign.com/ebook/answers/chapter24.htm.

1. Which gas sample has more gas particles?
A. 1.0 mol CH, B. 2.5mol O, C. same

2. What is the mass of a 248.0 mL sample of oxygen gas at 100.00°C and 0.500 atm?
A. 0.130g B. 0484 g C. 2.03g

3. A mixture of 1.00 g H, and an unknown amount of He occupies 22.4 L at STP. What
is the mass of helium in the sample?

A. 049 g B. 0.503 g C. 2.02g D. 400g

Hint: calculate total moles (n), subtract moles of H, from n to get moles of He;
convert moles of He to grams.

4. A flask is open to the atmosphere and contains 300.0 mL of air at room temperature

(298K); the prevailAfj)gg@trire Eﬁﬁgrﬂl}@lrsk is heated to 596K.
ir molec

How many moles of ules are in the flask initially? How many moles of air
molecules remain after the flask is heated? Hint: P and V are constant.

5. Suppose a fixed-volume container initially contains 2.00 moles of gas at 0.500 atm.
The gas decomposes and, hours later, the pressure (at the same temperature) is found
to be 0.800 atm. How many moles of gas are present in the final mixture?

6. Which of the following gas samples has the smallest volume at 300K and 125 Torr?
A. 1.00 mol H, B. 2.00 mol He C. 2.00 mol CH,

7. Which of the following gas samples has the smallest volume at 300K and 125 Torr?
A. 1.00gH, B. 2.00 g He C. 2.00 mol CH,

8. Hydrogen gas is collected over water at 25°C. The vapor pressure of water at this
temperature is 23.8 Torr. If the total pressure of the gas is 755.0 Torr, what is the
partial pressure of hydrogen?

A. 731.2 Torr B. 778.8 Torr C. 23.8 Torr D. None of the above
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9.

10.

11.

12.

13.

14.

A 5.0 mg sample of gas “X” is found to have a pressure of 0.100 atm at 298K in a given
container. A 10.0 mg sample of gas “Y,” placed in the same container is found to have
a pressure of 0.150 atm at 298K. What would be the total pressure of a mixture of

5.0 mg “X” and 10.0 mg “Y” in the same container at 298K? (assume no reaction)

A. 0.050 atm B. 0.105 atm C. 0.250 atm D. 2.0 atm

A mixture containing 0.200 mol H, and 0.300 mol N, has a total pressure of
720.0 Torr. What is the partial pressure of H, in the mixture?

A. 144 Torr B. 216 Torr C. 288 Torr D. 360 Torr

What is the partial pressure of O, in a mixture consisting of 16.0 g O, and 4.0 g He if
the total pressure is 850.0 Torr?

A piece of Mg ribbon is reacted with hydrochloric acid. If 224 mL of hydrogen gas is
produced at 25.00°C, 1.00 atm, how much HCI was consumed? The reaction is:

Mg(s) +2 HCl(aq) — MgCl(aq) + H,(g)

Consider the combustion of urea:
2 CO(NH,), (s) +3 O,(g) = 2 CO,(g) + 2 N_(g) + 4 H,O(I)

Suppose 3.00 g of AQ@Q leaER exceg lr}ax khG fixéd-volume 1.00-L sealed

container that initially contained 2.00 atm of O, at 298K. Estimate the final pressure
in the container at 298K.

Consider the hypothetical reaction: 2 A(g) — B(g) + 3 C(g)

Suppose a fixed-volume container initially contains 2.00 mol of pure A(g) at a
pressure of 0.500 atm. Hours later, the pressure, at the same temperature, is found to
be 0.800 atm. How many moles of B(g) are present in the final mixture?
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