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LIST OF THE ELEMENTS WITH THEIR SYMBOLS AND ATOMIC MASSES*

Atomic Atomic Atomic Atomic
Element Symbol Number Masst | Element Symbol Number Mass!
Actinium Ac 89 (227) Mercury Hg 80 200.6
Aluminum Al 13 26.98 Molybdenum Mo 42 95.94
Americium Am 95 (243) Neodymium Nd 60 144.2
Antimony Sb 51 121.8 Neon Ne 10 20.18
Argon Ar 18 39.95 Neptumium Np 93 (237)
Arsenic As 33 74.92 Nickel Ni 28 58.69
Astatine At 85 (210) Nielsbohrium Ns 107 (262)
Barium Ba 56 137.3 Niobium Nb 41 92.91
Berkelium Bk 97 (247) Nitrogen N 7 14.01
Beryllium Be 4 9.012 | Nobelium No 102 (253)
Bismuth Bi 83 209.0 Osmium Os 76 190.2
Boron B 5 10.81 Oxygen (0] 8 16.00
Bromine Br 35 79.90 Palladium Pd 46 106.4
Cadmium Cd 48 112.4 Phosphorus P 15 30.97
Calcium Ca 20 40.08 Platinum Pt 78 195.1
Californium Cf 98 (249) Plutonium Pu 94 (242)
Carbon C 6 12.01 Polonium Po 84 (210)
Cerium Ce 58 140.1 Potassium K 19 39.10
Cesium Cs 55 132.9 Praseodymium Pr 59 140.9
Chlorine Cl 17 3545 Promethium Pm 61 (147)
Chromium Cr 24 52.00 Protactinium Pa 91 (231)
Cobalt Co 27 58.93 Radium Ra 88 (226)
Copper Cu 29 63.55 Radon Rn 86 (222)
Curium Cm 96 (247) Rhenium Re 75 186.2
Dysprosium Dy 66 162.5 Rhodium Rh 45 102.9
Einsteinium ES 99 (254) Rubidium Rb 37 85.47
Erbium Er 68 167.3 Ruthenium Ru 44 101.1
Europium Eu 63 152.0 Rutherfordium Rf 104 (257)
Fermium Fm 100 (253) Samarium Sm 62 150.4
Fluorine I® 9 19.00 Scandium Sc 21 44.96
Francium Fr 87 (223) Seaborgium Sg 106 (263)
Gadolinium Gd 64 157.3 Selenium Se 34 78.96
Gallium Ga 31 69.72 Silicon Si 14 28.09
Germanium Ge 32 72.59 Silver Ag 47 107.9
Gold Au 79 197.0 Sodium Na 11 22.99
Hafnium Hf 72 178.5 Strontium Sr 38 87.62
Hahnium Ha 105 (260) Sulfur S 16 32.07
Hassium Hs 108 (265) Tantalum Ta 73 180.9
Helium He 2 4.003 | Technetium Tc 43 (99)
Holmium Ho 67 164.9 Tellurium Te 52 127.6
Hydrogen H 1 1.008 | Terbium Tb 65 158.9
Indium In 49 114.8 Thallium Tl 81 204.4
Iodine I 53 126.9 Thorium Th 90 232.0
Iridium Ir 77 192.2 Thulium Tm 69 168.9
Iron Fe 26 55.85 Tin Sn 50 118.7
Krypton Kr 36 83.80 Titanium Ti 22 47.88
Lanthanum La 57 138.9 Tungsten W 74 183.9
Lawrencium Lr 103 (257) Uranium U 92 238.0
Lead Pb 82 207.2 Vanadium Vv 23 50.94
Lithium Li 3 6.941 | Xenon Xe 54 131.3
Lutetium Lu 71 175.0 Ytterbium Yb 70 173.0
Magnesium Mg 12 24.31 Yttrium Y 39 88.91
Manganese Mn 25 54.94 Zinc Zn 30 65.39
Meitnerium Mt 109 (266) Zirconium Zr 40 91.22
Mendelevium Md 101 (256)

*All atomic masses have four significant figures. These values are recommended by the Committee on Teaching of Chemistry, International Union of Pure and Applied
Chemistry.

fApproximate values of atomic masses for radioactive elements are given in parentheses.
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The fourth edition of General, Organic, and Biochemistry, like
our earlier editions, has been designed to help undergrad-
uate majors in health-related fields understand key con-
cepts and appreciate the significant connections between
chemistry, health, and the treatment of disease. We have
tried to strike a balance between theoretical and practical
chemistry, while emphasizing material that is unique to
health-related studies. We have written at a level intended
for students whose professional goals do not include a
mastery of chemistry, but for whom an understanding of
the principles and practice of chemistry is a necessity.

While we have stressed the importance of chemistry to
the health-related professions, this book was written for all
students that need a one or two semester introduction to
chemistry. Our focus on the relationship between chem-
istry, the environment, medicine, and the function of the
human body is an approach that can engage students in a
variety of majors.

In this text we treat the individual disciplines of inor-
ganic, organic, and biological chemistry. Moreover, we
have tried to integrate these areas to show the interrelated-
ness of these topics. This approach provides a sound foun-
dation in chemistry and teaches students that life is not a
magical property, but rather is the result of a set of chemi-
cal reactions that obey the scientific laws.

Key Features of the Fourth Edition

In the preparation of the fourth edition, we have been
guided by the collective wisdom of over fifty reviewers
who are experts in one of the three subdisciplines covered
in the book and who represent a diversity of experience, in-
cluding community colleges, and four-year colleges and
universities. We have retained the core approach of our
successful earlier editions, modernized material where
necessary, and expanded or removed material consistent
with retention of the original focus and mission of the
book. Throughout the project, we have been careful to en-
sure that the final product is as student-oriented and read-
able as its predecessors.

Specifically, new features of the fourth edition include:

® Chapters 1 and 2 have been rearranged to more
smoothly facilitate students” transition from
descriptive to quantitative chemistry.

* Twenty new boxed elements, particularly in the
Organic and Biochemistry parts, give students insight
into the modern-day application of various topics.

¢ Approximately 200 new end-of-chapter questions will
allow instructors greater flexibility in assigning
problems and will give students more opportunity to
test themselves.

* The website and other media supplements, as
described later in this Preface, have been enhanced.
Specifically, the Digital Content Manager, a CD-ROM,
contains electronic files of text figures and tables as
well as PowerPoint lecture slides.

We designed the fourth edition to promote student
learning and facilitate teaching. It is important to engage
students, to appeal to visual learners, and to provide a va-
riety of pedagogical tools to help them organize and sum-
marize information. We have utilized a variety of strategies
to accomplish our goals.

Engaging Students

Students learn better when they can see a clear relationship
between the subject material they are studying and real
life. We wrote the text to help students make connections
between the principles of chemistry and their previous life
experiences and/or their future professional experiences.
Our strategy to accomplish this integration includes the
following:

* Boxed Readings—"”Chemistry Connection”: We have
crafted introductory vignettes to allow the student to
see the significance of chemistry in their daily lives
and in their future professions.

Boxed Perspectives: These short stories present real-
world situations that involve one or more topics that
students will encounter in the chapter. The “Medical
Perspectives” and “Clinical Perspectives” relate the
chemistry to a health concern or a diagnostic
application. The “Environmental Perspectives” deal
with issues, including the impact of chemistry on the
ecosystem and the way in which these environmental
changes affect human health. “Human Perspectives”
delve into chemistry and society and include such
topics as gender issues in science and historical
viewpoints.

XXi
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In the fourth edition, we have added 20 new boxed
topics and have updated many of the earlier ones. We have
tried to include topics, such as self-tanning lotions and
sugar substitutes, which are of interest to students today.
We have included the most recent strategies for treatment
of AIDS and new information on the use of genetic engi-
neering to treat a variety of genetic diseases.

Learning Tools

In designing the original learning system we asked our-
selves the question, “If we were students, what would help
us organize and understand the material covered in this
chapter?” With valuable suggestions from our reviewers,
we have made some modifications to improve the learning
system. However, with the blessings of those reviewers, we
have retained all of the elements of the previous edition,
which have been shown to support student learning;:

* Learning Goals: A set of chapter objectives at the
beginning of each chapter previews concepts that will
be covered in the chapter. Icons & locate text
material that supports the learning goals.

Detailed Chapter Outline: A detailed listing of topic
headings is provided for each chapter. Topics are
divided and subdivided in outline form to help
students organize the material in their own minds.
Chapter Cross-References: To help students locate
the pertinent background material, references to
previous chapters, sections, and perspectives are
noted in the margins of the text. These marginal cross-
references also alert students to upcoming topics that
require an understanding of the information currently
being studied.

Chapter Summary: Each major topic of the chapter is
briefly reviewed in paragraph form in the end-of-
chapter summary. These summaries serve as a mini-
study guide, covering the major concepts in the
chapter.

Key Terms: Key terms are printed in boldface in the
text, defined immediately, and listed at the end of the
chapter. Each end-of-chapter key term is accompanied
by a section number for rapid reference.

Summary of Key Reactions: In the organic chemistry
chapters, each major reaction type is highlighted on a
green background. These major reactions are sum-
marized at the end of the chapter, facilitating review.
Glossary of Key Terms: In addition to being listed at
the end of the chapter, each key term from the text is
also defined in the alphabetical glossary at the end of
the book.

Appendix Material: Each Appendix accomplishes
one of two goals: remediation or expansion of
information introduced in the chapter.

The Art Program

Today’s students are much more visually oriented than any
previous generation. Television and the computer repre-

© The McGraw-Hill
Companies, 2003

sent alternate modes of learning. We have built upon this
observation through expanded use of color, figures, and
three-dimensional computer-generated models. This art
program enhances the readability of the text and provides
alternative pathways to learning.

* Dynamic Illustrations: Each chapter is amply
illustrated using figures, tables, and chemical
formulas. All of these illustrations are carefully
annotated for clarity.

Color-Coding Scheme: We have color-coded the
reactions so that chemical groups being added or
removed in a reaction can be quickly recognized. Each
major organic reaction type is highlighted on a green
background. The color-coding scheme is illustrated in
the “Guided Tour” section of this book.
Computer-Generated Models: The students’ ability to
understand the geometry and three-dimensional
structure of molecules is essential to the understanding
of organic and biochemical reactions. Computer-
generated models are used throughout the text because
they are both accurate and easily visualized.

Problem Solving and Critical Thinking

Perhaps the best preparation for a successful and produc-
tive career is the development of problem-solving and crit-
ical thinking skills. To this end, we created a variety of
problems that require recall, fundamental calculations, and
complex reasoning. In this edition, we have used sugges-
tions from our reviewers, as well as from our own experi-
ence, to enhance the problem sets to include more practice
problems for difficult concepts and further integration of
the subject areas.

* In-Chapter Examples, Solutions, and Problems: Each
chapter includes a number of examples that show the
student, step-by-step, how to properly reach the
correct solution to model problems. Whenever
possible, they are followed by in-text problems that
allow the students to test their mastery of information
and to build self-confidence.

In-Chapter and End-of-Chapter Problems: We have
created a wide variety of paired concept problems.
The answers to the odd-numbered questions are
found in the back of the book as reinforcement for the
students as they develop problem-solving skills.
However, the students must then be able to apply the
same principles to the related even-numbered
problems.

Critical Thinking Problems: Each chapter includes a
set of critical thinking problems. These problems are
intended to challenge the students to integrate
concepts to solve more complex problems. They make
a perfect complement to the classroom lecture,
because they provide an opportunity for in-class
discussion of complex problems dealing with daily
life and the health care sciences.
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Over the course of the last three editions, hundreds of
reviewers have shared their knowledge and wisdom with
us, as well as the reaction of their students to elements of
this book. Their contributions, as well as our own continu-

© The McGraw-Hill
Companies, 2003

Preface xxiii

ing experience in the area of teaching and learning science,
have resulted in a text that we are confident will provide a
strong foundation in chemistry, while enhancing the learn-
ing experience of the students.
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Name the forms of measurement that apply to this activity.
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Chemistry:

Methods and
Measurement

Learning Goals

1

7
e Distinguish between intensive and extensive

properties.

e Classify matter as element, compound, or
mixture.

m Distinguish between data and results.

Learn the major units of measure in the English
and metric systems, and be able to convert
from one system to another.

@ Report data and results using scientific
notation and the proper number of significant
figures.

@ Use appropriate experimental quantities in
problem solving.

m Calculate the density of an object from mass
and volume data and calculate the specific
gravity of an object from its density.
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Chapter 1 Chemistry: Methods and Measurement

Chance Favors the Prepared Mind

Most of you have chosen a career in medicine because you
want to help others. In medicine, helping others means easing
pain and suffering by treating or curing diseases. One impor-
tant part of the practice of medicine involves observation. The
physician must carefully observe the patient and listen to his or
her description of symptoms to arrive at a preliminary diagno-
sis. Then appropriate tests must be done to determine whether
the diagnosis is correct. During recovery the patient must be
carefully observed for changes in behavior or symptoms. These
changes are clues that the treatment or medication needs to be
modified.

These practices are also important in science. The scientist
makes an observation and develops a preliminary hypothesis
or explanation for the observed phenomenon. Experiments are
then carried out to determine whether the hypothesis is correct.
When performing the experiment and analyzing the data, the
scientist must look for any unexpected results that indicate that
the original hypothesis must be modified.

Several important discoveries in medicine and the sciences
have arisen from accidental observations. A health care worker
or scientist may see something quite unexpected. Whether this
results in an important discovery or is ignored depends on the
training and preparedness of the observer.

It was Louis Pasteur, a chemist and microbiologist, who
said, “Chance favors the prepared mind.” In the history of sci-
ence and medicine there are many examples of individuals
who have made important discoveries because they recognized
the value of an unexpected observation.

One such example is the use of ultraviolet (UV) light to treat
infant jaundice. Infant jaundice is a condition in which the skin
and the whites of the eyes appear yellow because of high levels
of the bile pigment bilirubin in the blood. Bilirubin is a break-
down product of the oxygen-carrying blood protein hemoglo-
bin. If bilirubin accumulates in the body, it can cause brain
damage and death. The immature liver of the baby cannot re-
move the bilirubin.

An observant nurse in England noticed that when jaundiced
babies were exposed to sunlight, the jaundice faded. Research
based on her observation showed that the UV light changes the
bilirubin into another substance that can be excreted. To this
day, jaundiced newborns are treated with UV light.

The Pap smear test for the early detection of cervical and
uterine cancer was also developed because of an accidental ob-
servation. Dr. George Papanicolaou, affectionately called Dr.
Pap, was studying changes in the cells of the vagina during the
stages of the menstrual cycle. In one sample he recognized cells
that looked like cancer cells. Within five years, Dr. Pap had per-
fected a technique for staining cells from vaginal fluid and ob-
serving them microscopically for the presence of any abnormal
cells. The lives of countless women have been saved because a
routine Pap smear showed early stages of cancer.

In this first chapter of your study of chemistry you will
learn more about the importance of observation and accurate,
precise measurement in medical practice and scientific study.
You will also study the scientific method, the process of devel-
oping hypotheses to explain observations, and the design of ex-
periments to test those hypotheses.

Introduction

for your day.

For breakfast you had a glass of milk, two eggs, and buttered toast, thus pro-
viding your body with needed molecules in the form of carbohydrates, proteins,
lipids, vitamins, and minerals. As you ran out the door, enzymes of your digestive
tract were dismantling the macromolecules of your breakfast. Other enzymes in
your cells were busy converting the chemical energy of food molecules into adeno-

When you awoke this morning, a flood of chemicals called neurotransmitters
was sent from cell to cell in your nervous system. As these chemical signals accu-
mulated, you gradually became aware of your surroundings. Chemical signals
from your nerves to your muscles propelled you out of your warm bed to prepare

sine triphosphate (ATP), the universal energy currency of all cells.

As you continue through your day, thousands of biochemical reactions will
keep your cells functioning optimally. Hormones and other chemical signals will
regulate the conditions within your body. They will let you know if you are hun-
gry or thirsty. If you injure yourself or come into contact with a disease-causing
microorganism, chemicals in your body will signal cells to begin the necessary re-

pair or defense processes.
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1.1 The Discovery Process

Life is an organized array of large, carbon-based molecules maintained by bio-
chemical reactions. To understand and appreciate the nature of a living being, we
must understand the principles of science and chemistry as they apply to biologi-
cal molecules.

1.1 The Discovery Process

Chemistry

Chemistry is the study of matter, its chemical and physical properties, the chemical
and physical changes it undergoes, and the energy changes that accompany those
processes. Matter is anything that has mass and occupies space. The changes that
matter undergoes always involve either gain or loss of energy. Energy is the ability
to do work to accomplish some change. The study of chemistry involves matter, en-
ergy, and their interrelationship. Matter and energy are at the heart of chemistry.

Major Areas of Chemistry

Chemistry is a broad area of study covering everything from the basic parts of an
atom to interactions between huge biological molecules. Because of this, chemistry
encompasses the following specialties.

Biochemistry is the study of life at the molecular level and the processes associ-
ated with life, such as reproduction, growth, and respiration. Organic chemistry is
the study of matter that is composed principally of carbon and hydrogen. Organic
chemists study methods of preparing such diverse substances as plastics, drugs,
solvents, and a host of industrial chemicals. Inorganic chemistry is the study of mat-
ter that consists of all of the elements other than carbon and hydrogen and their
combinations. Inorganic chemists have been responsible for the development of
unique substances such as semiconductors and high-temperature ceramics for in-
dustrial use. Analytical chemistry involves the analysis of matter to determine its
composition and the quantity of each kind of matter that is present. Analytical
chemists detect traces of toxic chemicals in water and air. They also develop meth-
ods to analyze human body fluids for drugs, poisons, and levels of medication.
Physical chemistry is a discipline that attempts to explain the way in which matter
behaves. Physical chemists develop theoretical concepts and try to prove them ex-
perimentally. This helps us understand how chemical systems behave.

Over the last thirty years, the boundaries between the traditional sciences of
chemistry and biology, mathematics, physics, and computer science have gradu-
ally faded. Medical practitioners, physicians, nurses, and medical technologists
use therapies that contain elements of all these disciplines. The rapid expansion of
the pharmaceutical industry is based on a recognition of the relationship between
the function of an organism and its basic chemical makeup. Function is a conse-
quence of changes that chemical substances undergo.

For these reasons, an understanding of basic chemical principles is essential
for anyone considering a medically related career; indeed, a worker in any science-
related field will benefit from an understanding of the principles and applications
of chemistry.

The Scientific Method

The scientific method is a systematic approach to the discovery of new informa-
tion. How do we learn about the properties of matter, the way it behaves in nature,
and how it can be modified to make useful products? Chemists do this by using
the scientific method to study the way in which matter changes under carefully
controlled conditions.

© The McGraw-Hill
Companies, 2003
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Chapter 1 Chemistry: Methods and Measurement

The Scientific Method

The discovery of penicillin by Alexander Fleming is an exam-
ple of the scientific method at work. Fleming was studying the
growth of bacteria. One day, his experiment was ruined be-
cause colonies of mold were growing on his plates. From this
failed experiment, Fleming made an observation that would
change the practice of medicine: Bacterial colonies could not
grow in the area around the mold colonies. Fleming hypothe-
sized that the mold was making a chemical compound that in-
hibited the growth of the bacteria. He performed a series of
experiments designed to test this hypothesis.

The key to the scientific method is the design of carefully
controlled experiments that will either support or disprove the
hypothesis. This is exactly what Fleming did.

In one experiment he used two sets of tubes containing ster-
ile nutrient broth. To one set he added mold cells. The second
set (the control tubes) remained sterile. The mold was allowed
to grow for several days. Then the broth from each of the tubes
(experimental and control) was passed through a filter to re-
move any mold cells. Next, bacteria were placed in each tube. If
Fleming’s hypothesis was correct, the tubes in which the mold
had grown would contain the chemical that inhibits growth,
and the bacteria would not grow. On the other hand, the con-
trol tubes (which were never used to grow mold) would allow
bacterial growth. This is exactly what Fleming observed.

Within a few years this antibiotic, penicillin, was being used
to treat bacterial infections in patients.

The scientific method is not a “cookbook recipe” that, if followed faithfully,
will yield new discoveries; rather, it is an organized approach to solving scientific
problems. Every scientist brings his or her own curiosity, creativity, and imagina-
tion to scientific study. But scientific inquiry still involves some of the “cookbook

approach.”

Characteristics of the scientific process include the following:

1. Observation. The description of, for example, the color, taste, or odor of a

substance is a result of observation. The measurement of the temperature of a

liquid or the size or mass of a solid results from observation.

2. Formulation of a question. Humankind’s fundamental curiosity motivates
questions of why and how things work.

3. Pattern recognition. If a scientist finds a cause-and-effect relationship, it may
be the basis of a generalized explanation of substances and their behavior.

Learning Goal 4. Developing theories. When scientists observe a phenomenon, they want to
explain it. The process of explaining observed behavior begins with a
a hypothesis. A hypothesis is simply an attempt to explain an observation, or

series of observations, in a commonsense way. If many experiments support
a hypothesis, it may attain the status of a theory. A theory is a hypothesis
supported by extensive testing (experimentation) that explains scientific facts
and can predict new facts.

. Experimentation. Demonstrating the correctness of hypotheses and theories is

at the heart of the scientific method. This is done by carrying out carefully
designed experiments that will either support or disprove the theory or
hypothesis.

. Summarizing information. A scientific law is nothing more than the summary

of a large quantity of information. For example, the law of conservation of
matter states that matter cannot be created or destroyed, only converted from
one form to another. This statement represents a massive body of chemical
information gathered from experiments.

The scientific method involves the interactive use of hypotheses, development

of theories, and thorough testing of theories using well-designed experiments and
is summarized in Figure 1.1.



Denniston: General,
Organic and Biochemistry,
Fourth Edition

1. Chemistry: Methods and | Text
Measurement

1.2 Matter and Properties

Models in Chemistry

Hypotheses, theories, and laws are frequently expressed using mathematical equa-
tions. These equations may confuse all but the best of mathematicians. For this rea-
son a model of a chemical unit or system is often used to make ideas more clear. A
good model based on everyday experience, although imperfect, gives a great deal
of information in a simple fashion. Consider the fundamental unit of methane, the
major component of natural gas, which is composed of one carbon atom (symbol-
ized by C) and four hydrogen atoms (symbolized by H).

A geometrically correct model of methane can be constructed from balls and
sticks. The balls represent the individual units (atoms) of hydrogen and carbon,
and the sticks correspond to the attractive forces that hold the hydrogen and car-
bon together. The model consists of four balls representing hydrogen symmetri-
cally arranged around a center ball representing carbon. The “carbon” ball is
attached to each “hydrogen” ball by sticks, as shown:

Color-coding the balls distinguishes one type of matter from another; the geomet-
rical form of the model, all of the angles and dimensions of a tetrahedron, are the
same for each methane unit found in nature. Methane is certainly not a collection
of balls and sticks; but such models are valuable because they help us understand
the chemical behavior of methane and other, more complex substances.

1.2 Matter and Properties

Properties are characteristics of matter and are classified as either physical or
chemical. In this section we will learn the meaning of physical and chemical prop-
erties and how they are used to characterize matter.

Matter and Physical Properties

There are three states of matter: the gaseous state, the liquid state, and the solid
state. A gas is made up of particles that are widely separated. In fact, a gas will ex-
pand to fill any container; it has no definite shape or volume. In contrast, particles
of a liquid are closer together; a liquid has a definite volume but no definite shape;
it takes on the shape of its container. A solid consists of particles that are close to-
gether and that often have a regular and predictable pattern of particle arrangement
(crystalline). A solid has both fixed volume and fixed shape. Attractive forces, which
exist between all particles, are very pronounced in solids and much less so in gases.

Water is the most common example of a substance that can exist in all three
states over a reasonable temperature range (Figure 1.2). Conversion of water from
one state to another constitutes a physical change. A physical change produces a
recognizable difference in the appearance of a substance without causing any
change in its composition or identity. For example, we can warm an ice cube
and it will melt, forming liquid water. Clearly its appearance has changed; it has
been transformed from the solid to the liquid state. It is, however, still water; its

© The McGraw-Hill
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Figure 1.1

The scientific method, an organized way
of doing science. A degree of trial and
error is apparent here. If experimentation
does not support the hypothesis, one
must begin the cycle again.
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Figure 1.2

The three states of matter exhibited by
water: (a) solid, as ice; (b) liquid, as ocean
water; (c) gas, as humidity in the air.

Figure 1.3

An example of separation based on
differences in physical properties.
Magnetic iron is separated from other
nonmagnetic substances. A large-scale
version of this process is important in the
recycling industry.

Learning Goal Learning Goal Learning Goal
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Light is the energy needed to make the
reaction happen. Chlorophyll is the
energy absorber, converting light
energy to chemical energy.
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composition and identity remain unchanged. A physical change has occurred. We
could in fact demonstrate the constancy of composition and identity by refreezing
the liquid water, re-forming the ice cube. This melting and freezing cycle could be
repeated over and over. This very process is a hallmark of our global weather
changes. The continual interconversion of the three states of water in the environ-
ment (snow, rain, and humidity) clearly demonstrates the retention of the identity
of water particles or molecules.

A physical property can be observed or measured without changing the com-
position or identity of a substance. As we have seen, melting ice is a physical
change. We can measure the temperature when melting occurs; this is the melting
point of water. We can also measure the boiling point of water, when liquid water
becomes a gas. Both the melting and boiling points of water, and of any other sub-
stance, are physical properties.

A practical application of separation of materials based upon their differences
in physical properties is shown in Figure 1.3.

Matter and Chemical Properties

We have noted that physical properties can be exhibited, measured, or observed
without any change in identity or composition. In contrast, chemical properties do
result in a change in composition and can be observed only through chemical re-
actions. A chemical reaction is a process of rearranging, replacing, or adding
atoms to produce new substances. For example, the process of photosynthesis can
be shown as
Light
carbon dioxide + water —————> sugar + oxygen
Chlorophyll
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This chemical reaction involves the conversion of carbon dioxide and water (the
reactants) to a sugar and oxygen (the products). The products and reactants are
clearly different. We know that carbon dioxide and oxygen are gases at room tem-
perature and water is a liquid at this temperature; the sugar is a solid white pow-
der. A chemical property of carbon dioxide is its ability to form sugar under certain
conditions. The process of formation of this sugar is the chemical change.

© The McGraw-Hill
Companies, 2003

Chapter 8 discusses the role of energy in
chemical reactions.

Identifying Properties EXAMPLE 1.1

Can the process that takes place when an egg is fried be described as a
physical or chemical change?

Solution

Examine the characteristics of the egg before and after frying. Clearly, some
significant change has occurred. Furthermore the change appears
irreversible. More than a simple physical change has taken place. A
chemical reaction (actually, several) must be responsible; hence chemical
change.

Classify each of the following as either a chemical property or a physical property:

a. color d. odor
b. flammability e. taste
c. hardness

Classify each of the following as either a chemical change or a physical change:

. water boiling to become steam
. butter becoming rancid

. combustion of wood

. melting of ice in spring

. decay of leaves in winter

o N T

Intensive and Extensive Properties

It is important to recognize that properties can also be classified according to
whether they depend on the size of the sample. Consequently, there is a funda-
mental difference between properties such as density and specific gravity and
properties such as mass and volume.

An intensive property is a property of matter that is independent of the quan-
tity of the substance. Density and specific gravity are intensive properties. For ex-
ample, the density of one single drop of water is exactly the same as the density of
a liter of water.

An extensive property depends on the quantity of a substance. Mass and vol-
ume are extensive properties. There is an obvious difference between 1 g of silver
and 1 kg of silver; the quantities and, incidentally, the value, differ substantially.

See page 26 for a discussion of density and

specific gravity.

Learning Goal

Differentiating between Intensive and Extensive Properties m

Is temperature an extensive or intensive property?
Continued—

1-7
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EXAMPLE 1.2 —Continued

Learning Goal

At present, more than one hundred
elements have been characterized. A
complete listing of the elements and
their symbols is found on the inside
front cover of this textbook.

A detailed discussion of solutions
(homogeneous mixtures) and their
properties is presented in Chapter 7.

Figure 1.4

Classification of matter. All matter is
either a pure substance or a mixture of
pure substances. Pure substances are
either elements or compounds, and
mixtures may be either homogeneous
(uniform composition) or heterogeneous
(nonuniform composition).

1-8

Solution

Imagine two glasses each containing 100 g of water, and each at 25°C. Now
pour the contents of the two glasses into a larger glass. You would predict
that the mass of the water in the larger glass would be 200 g (100 g + 100 g)
because mass is an extensive property, dependent on quantity. However, we
would expect the temperature of the water to remain the same (not 25°C +
25°C); hence temperature is an intensive property . . . independent of quantity.

Classification of Matter

Chemists look for similarities in properties among various types of materials. Rec-
ognizing these likenesses simplifies learning the subject and allows us to predict
the behavior of new substances on the basis of their relationship to substances al-
ready known and characterized.

Many classification systems exist. The most useful system, based on composi-
tion, is described in the following paragraphs (see also Figure 1.4).

All matter is either a pure substance or a mixture. A pure substance is a sub-
stance that has only one component. Pure water is a pure substance. It is made up
only of particles containing two hydrogen atoms and one oxygen atom, that is, wa-
ter molecules (H,O).

There are different types of pure substances. Elements and compounds are
both pure substances. An element is a pure substance that cannot be changed into
a simpler form of matter by any chemical reaction. Hydrogen and oxygen, for ex-
ample, are elements. Alternatively, a compound is a substance resulting from the
combination of two or more elements in a definite, reproducible way. The elements
hydrogen and oxygen, as noted earlier, may combine to form the compound wa-
ter, H,O.

A mixture is a combination of two or more pure substances in which each sub-
stance retains its own identity. Alcohol and water can be combined in a mixture.
They coexist as pure substances because they do not undergo a chemical reaction;
they exist as thoroughly mixed discrete molecules. This collection of dissimilar
particles is the mixture. A mixture has variable composition; there are an infinite
number of combinations of quantities of alcohol and water that can be mixed. For
example, the mixture may contain a small amount of alcohol and a large amount
of water or vice versa. Each is, however, an alcohol-water mixture.

A mixture may be either homogeneous or heterogeneous (Figure 1.5). A homoge-
neous mixture has uniform composition. Its particles are well mixed, or thor-
oughly intermingled. A homogeneous mixture, such as alcohol and water, is

Matter

Pure substance Mixture

Element Compound Homogeneous Heterogeneous
Example: sodium; Example: Example: air; Example: oil and water;
hydrogen salt; water salt in water salt and pepper
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described as a solution. Air, a mixture of gases, is an example of a gaseous solution.
A heterogeneous mixture has a nonuniform composition. A mixture of salt and
pepper is a good example of a heterogeneous mixture. Concrete is also composed
of a heterogeneous mixture of materials (various types and sizes of stone and sand
present with cement in a nonuniform mixture).

Categorizing Matter

Is seawater a pure substance, a homogeneous mixture, or a heterogeneous
mixture?

Solution

Imagine yourself at the beach, filling a container with a sample of water
from the ocean. Examine it. You would see a variety of solid particles
suspended in the water: sand, green vegetation, perhaps even a small fish!
Clearly, it is a mixture, and one in which the particles are not uniformly
distributed throughout the water; hence a heterogeneous mixture.

© The McGraw-Hill
Companies, 2003

Is each of the following materials a pure substance, a homogeneous mixture, or a
heterogeneous mixture?

ethyl alcohol

. blood

. Alka-Seltzer dissolved in water
oxygen in a hospital oxygen tank

oo

Is each of the following materials a pure substance, a homogeneous mixture, or a
heterogeneous mixture?

a. air
b. paint
c. perfume

d. carbon monoxide

(a) Pure substance (b) Homogeneous mixture  (c) Heterogeneous mixture

Salt, water, sand, toxic waste, etc.

Sugar and water
Seawater

Figure 1.5

Schematic representation of some classes
of matter. A pure substance (a) consists of
a single component. A homogeneous
mixture (b) has a uniform distribution of
components. A heterogeneous mixture
(c) has a nonuniform distribution of
components.
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1.3 Measurement in Chemistry

Data, Results, and Units

A scientific experiment produces data. Each piece of data is the individual result of
a single measurement or observation. Examples include the mass of a sample and the
time required for a chemical reaction to occur. Mass, length, volume, time, tempera-
ture, and energy are common types of data obtained from chemical experiments.

Results are the outcome of an experiment. Data and results may be identical,
but more often several related pieces of data are combined, and logic is used to
produce a result.

W Distinguishing between Data and Results

Proper use of units is central to all aspects
of science. The following sections are
designed to develop a fundamental
understanding of this vital topic.

In many cases, a drug is less stable if moisture is present, and excess
moisture can hasten the breakdown of the active ingredient, leading to loss
of potency. Therefore we may wish to know how much water a certain
quantity of a drug gains when exposed to air. To do this experiment, we
must first weigh the drug sample, then expose it to the air for a period and
reweigh it. The change in weight,

[weighty,; — weight ;] = weight difference

indicates the weight of water taken up by the drug formulation. The initial
and final weights are individual bits of data; by themselves they do not
answer the question, but they do provide the information necessary to
calculate the answer: the results. The difference in weight and the conclusions
based on the observed change in weight are the results of the experiment.

The experiment described in Example 1.4 was really not a very good experi-
ment because many other environmental conditions were not measured. Mea-
surement of the temperature and humidity of the atmosphere and the length of
time that the drug was exposed to the air (the creation of a more complete set of
data) would make the results less ambiguous.

Any measurement made in the experiment must also specify the units of that
measurement. An initial weight of three ounces is clearly quite different than three
pounds. A unit defines the basic quantity of mass, volume, time, or whatever quan-
tity is being measured. A number that is not followed by the correct unit usually
conveys no useful information.

English and Metric Units

The English system is a collection of functionally unrelated units. In the English
system of measurement the standard pound (Ib) is the basic unit of weight. The fun-
damental unit of length is the standard yard (yd), and the basic unit of volume is the
standard gallon (gal). The English system is used in the United States in business
and industry. However, it is not used in scientific work, primarily because it is dif-
ficult to convert from one unit to another. For example,

1 1
1 foot = 12 inches = 0.33 yard = —— mile = — fathom
5280 6

Clearly, operations such as the conversion of 1.62 yards to units of miles are not
straightforward. In fact, the English “system” is not really a system at all. It is sim-
ply a collection of measures accumulated throughout English history. Because they
have no functional relationship, it is not surprising that conversion from one unit
to another is not straightforward.
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The United States, the last major industrial country to retain the English sys-
tem, has begun efforts to convert to the metric system. The metric system is truly
“systematic.” It is composed of a set of units that are related to each other deci-
mally, in other words, as powers of ten. Because the metric system is a decimal-
based system, it is inherently simpler to use and less ambiguous. For example, the
length of an object may be represented as

1 meter = 10 decimeters = 100 centimeters = 1000 millimeters

Only the decimal point moves in the conversion from one unit to another, simpli-
fying many calculations.

The metric system was originally developed in France just before the French
Revolution in 1789. The modern version of this system is the Systéme International,
or S.I. system. Although the S.I. system has been in existence for over forty years, it
has yet to gain widespread acceptance. To make the S.I. system truly systematic, it
utilizes certain units, especially those for pressure, that many people find difficult
to use.

In this text we will use the metric system, not the S.I. system, and we will use
the English system only to the extent of converting from it to the more scientifically
useful metric system.

In the metric system there are three basic units. Mass is represented as the
gram, length as the meter, and volume as the liter. Any subunit or multiple unit con-
tains one of these units preceded by a prefix indicating the power of ten by which
the base unit is to be multiplied to form the subunit or multiple unit. The most
common metric prefixes are shown in Table 1.1.

The same prefix may be used for volume, mass, length, time, and so forth.
Consider the following examples:

1 milliliter (mL) = !
1000

liter = 0.001 liter = 1073 liter

A volume unit is indicated by the base unit, liter, and the prefix milli-, which indi-
cates that the unit is one thousandth of the base unit. In the same way,

1 milligram (mg) = gram = 0.001 gram = 1073 gram

1000

and

1
1 millimeter (mm) = To0o meter = 0.001 meter = 10~° meter

Some Common Prefixes Used in the Metric System
Prefix Multiple Decimal Equivalent
mega (M) 10° 1,000,000.
kilo (k) 103 1,000.
deka (da) 10! 10.
deci (d) 10! 0.1
centi (c) 102 0.01
milli (m) 1073 0.001
micro (W) 1076 0.000001
nano (n) 107 0.000000001

© The McGraw-Hill
Companies, 2003
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Other metric units, for time, temperature,
and energy, will be treated in Section 1.5.

See Appendix A for a review of the
mathematics involved.

The representation of numbers as powers
of ten may be unfamiliar to you. This
useful notation is discussed in Section 1.4.
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Unit Conversion: English and Metric Systems

To convert from one unit to another, we must have a conversion factor or series of
conversion factors that relate two units. The proper use of these conversion factors
is called the factor-label method. This method is also termed dimensional analysis.
This method is used for two kinds of conversions: to convert from one unit to
another within the same system or to convert units from one system to another.

Conversion of Units within the Same System

We know, for example, that in the English system,
1 gallon = 4 quarts

Because dividing both sides of the equation by the same term does not change its
identity,

1gallon 4 quarts

1gallon 1 gallon
The expression on the left is equal to unity (1); therefore
1= 4 quarts or 1= 1 gallon
1 gallon 4 quarts

Now, multiplying any other expression by the ratio 4 quarts/1 gallon will not
change the value of the term, because multiplication of any number by 1 produces
the original value. However, there is one important difference: The units will have
changed.

Convert 12 gallons to units of quarts.

Solution
4 qt
12 X —— =48 qt
gal X ——— q

The conversion factor, 4 qt/1 gal, serves as a bridge, or linkage, between the
unit that was given (gallons) and the unit that was sought (quarts).

The conversion factor in Example 1.5 may be written as 4 qt/1 gal or 1 gal/
4 qt, because both are equal to 1. However, only the first factor, 4 qt/1 gal, will give
us the units we need to solve the problem. If we had set up the problem incorrectly,
we would obtain
2
12 gal X ial =3 @
4qt qt

Incorrect units

Clearly, units of gal?/qt are not those asked for in the problem, nor are they reason-
able units. The factor-label method is therefore a self-indicating system; the correct
units (those required by the problem) will result only if the factor is set up properly.

Table 1.2 lists a variety of commonly used English system relationships that
may serve as the basis for useful conversion factors.

Conversion of units within the metric system may be accomplished by using
the factor-label method as well. Unit prefixes that dictate the conversion factor fa-
cilitate unit conversion (refer to Table 1.1).
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Table 1.2 Some Common Relationships Used in the English System

A. Weight 1 pound = 16 ounces
1 ton = 2000 pounds
B. Length 1 foot = 12 inches

1 yard = 3 feet
1 mile = 5280 feet
C. Volume 1 gallon = 4 quarts
1 quart = 2 pints
1 quart = 32 fluid ounces

Using Conversion Factors

Convert 10.0 centimeters to meters.
Solution

First, recognize that the prefix centi- means %w of the base unit, the meter.
Thus our conversion factor is either

1 meter or 100 cm
100 cm 1 meter

each being equal to 1. Only one, however, will result in proper cancellation
of units, producing the correct answer to the problem. If we proceed as
follows:

1 met
10.0 et X —2*€T _ 0,100 meter

Data Conversion Desired
given factor result

we obtain the desired units, meters (m). If we had used the conversion
factor 100 cm/1 m, the resulting units would be meaningless and the
answer would have been incorrect:

100 cm cm?

= 1000 —
m m

10.0 cm X

Incorrect units

© The McGraw-Hill
Companies, 2003
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Convert 1.0 liter to each of the following units, using the factor-label method:

a. milliliters d. centiliters
b. microliters e. dekaliters
c. kiloliters

Convert 1.0 gram to each of the following units:

a. micrograms d. centigrams
b. milligrams e. decigrams
c. kilograms
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Table 1.3 Commonly Used “Bridging” Units for Intersystem
m Conversions
Quantity English Metric
Mass 1 pound = 454 grams
2.2 pounds = 1 kilogram
Length 1 inch = 2.54 centimeters
1 yard = 0.91 meter
Volume 1 quart = 0.946 liter
1 gallon = 3.78 liters
Conversion of Units from One System to Another
English and metric conversions are shown The conversion of a quantity expressed in units of one system to an equivalent

in Tables 1.1 and 1.2.

EXAMP

quantity in the other system (English to metric or metric to English) requires a
bridging conversion unit. Examples are shown in Table 1.3.
The conversion may be represented as a three-step process:

1. Conversion from the units given in the problem to a bridging unit.
2. Conversion to the other system using the bridge.
3. Conversion within the desired system to units required by the problem.

E1.7 Using Conversion Factors between Systems

Convert 4.00 ounces to kilograms.
Solution

Step 1. A convenient bridging unit for mass is 1 1b = 454 grams. To use this
conversion factor, we relate ounces (given in the problem) to
pounds:

1 pound
16 ounces

4.00 ounces X = 0.250 pound

Step 2. Using the bridging unit conversion, we get

454 grams
0.250 pourd X —2—— = 114 grams
1 pourd &
Step 3. Grams may then be directly converted to kilograms, the desired
unit:
1 kil
114 grams X ~LOBTAM _ 114 kilogram

1000 grams

The calculation may also be done in a single step by arranging the factors in

a chain:

b 454g  1kg

4.00 o7 X
l6oz 146~ 1000 g

=0.114 kg

Helpful Hint: Refer to the discussion of rounding off numbers on page 20.
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Using Conversion Factors

Convert 1.5 meters? to centimeters?.
Solution

The problem is similar to the conversion performed in Example 1.6.
However, we must remember to include the exponent in the units. Thus

102 cm 10* cm?

1.5m? X ( =15 X 10* cm?
1 1 m®

)2=1.5)x@><

m

Note: The exponent affects both the number and unit within the parentheses.

. Convert 0.50 inch to meters.

. Convert 0.75 quart to liters.

. Convert 56.8 grams to ounces.
. Convert 1.5 cm? to m?.

QO n T

. Convert 0.50 inch to centimeters.

. Convert 0.75 quart to milliliters.

. Convert 56.8 milligrams to ounces.
. Convert 3.6 m? to cm?.

QO n T

1.4 Significant Figures and Scientific Notation

Information-bearing figures in a number are termed significant figures. Data and re-
sults arising from a scientific experiment convey information about the way in
which the experiment was conducted. The degree of uncertainty or doubt associ-
ated with a measurement or series of measurements is indicated by the number of
figures used to represent the information.

Significant Figures

Consider the following situation: A student was asked to obtain the length of a sec-
tion of wire. In the chemistry laboratory, several different types of measuring de-
vices are usually available. Not knowing which was most appropriate, the student
decided to measure the object using each device that was available in the labora-
tory. The following data were obtained:

|

(1] 1 2 3 4 5 6 7 8 9 10cm
5.4 cm
(a)
RSN PN FRTRA IYTSUARET] FNRRYREANY IRUTURTRR] ARTVANRTY NNNTY RUNE) AYRRURNTEE FRNTA FUNT] IRUNINRONL
1] 1 2 3 4 5 6 7 8 9 10cm
5.36 cm

(b)

© The McGraw-Hill
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The uncertain digit represents the
degree of doubt in a single
measurement.

The uncertain digit results from an
estimation.
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Two questions should immediately come to mind:
Are the two answers equivalent?
If not, which answer is correct?

In fact, the two answers are not equivalent, but both are correct. How do we explain
this apparent contradiction?

The data are not equivalent because each is known to a different degree of cer-
tainty. The answer 5.36 cm, containing three significant figures, specifies the length
of the object more exactly than 5.4 cm, which contains only two significant figures.
The term significant figures is defined to be all digits in a number representing
data or results that are known with certainty plus one uncertain digit.

In case (a) we are certain that the object is at least 5 cm long and equally cer-
tain that it is not 6 cm long because the end of the object falls between the calibra-
tion lines 5 and 6. We can only estimate between 5 and 6, because there are no
calibration indicators between 5 and 6. The end of the wire appears to be approxi-
mately four-tenths of the way between 5 and 6, hence 5.4 cm. The 5 is known with
certainty, and 4 is estimated; there are two significant figures.

In case (b) the ruler is calibrated in tenths of centimeters. The end of the wire
is at least 5.3 cm and not 5.4 cm. Estimation of the second decimal place between
the two closest calibration marks leads to 5.36 cm. In this case, 5.3 is certain, and
the 6 is estimated (or uncertain), leading to three significant digits.

Both answers are correct because each is consistent with the measuring device
used to generate the data. An answer of 5.36 cm obtained from a measurement us-
ing ruler (a) would be incorrect because the measuring device is not capable of that
exact specification. On the other hand, a value of 5.4 cm obtained from ruler (b)
would be erroneous as well; in that case the measuring device is capable of gener-
ating a higher level of certainty (more significant digits) than is actually reported.

In summary, the number of significant figures associated with a measurement
is determined by the measuring device. Conversely, the number of significant fig-
ures reported is an indication of the sophistication of the measurement itself.

Recognition of Significant Figures

Only significant digits should be reported as data or results. However, are all digits,
as written, significant digits? Let’s look at a few examples illustrating the rules that
are used to represent data and results with the proper number of significant digits.

RULE: All nonzero digits are significant. W
7.314 has four significant digits.

RULE: The number of significant digits is independent of the position of
the decimal point. W

73.14 has four significant digits.

RULE: Zeros located between nonzero digits are significant. W

60.052 has five significant figures.
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RULE: Zeros at the end of a number (often referred to as trailing zeros) are
significant if the number contains a decimal point. W

4.70 has three significant figures.

Helpful Hint: Trailing zeros are ambiguous; the next section offers a solution
for this ambiguity.

RULE: Trailing zeros are insignificant if the number does not contain a
decimal point and are significant if a decimal point is indicated. W

100 has one significant figure; 100. has three significant figures.

RULE: Zeros to the left of the first nonzero integer are not significant; they
serve only to locate the position of the decimal point. W

0.0032 has two significant figures.

© The McGraw-Hill
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EXAMPLE 1.14

How many significant figures are contained in each of the following numbers?

a. 7.26 d. 7.0
b. 726 e. 0.0720
c. 700.2

How many significant figures are contained in each of the following numbers?

a. 0.042 d. 240
b. 4.20 e. 204
c. 24.0

Scientific Notation

It is often difficult to express very large numbers to the proper number of signifi-
cant figures using conventional notation. The solution to this problem lies in the
use of scientific notation, also referred to as exponential notation, which involves
the representation of a number as a power of ten.

RULE: To convert a number greater than 1 to scientific notation, the original
decimal point is moved x places to the left, and the resulting number is
multiplied by 10*. The exponent (x) is a positive number equal to the number of
places the original decimal point was moved. W

Scientific notation is also useful in representing numbers less than 1. For ex-
ample, the mass of a single helium atom is

0.000000000000000000000006692 gram

a rather cumbersome number as written. Scientific notation would represent the
mass of a single helium atom as 6.692 X 107 gram. The conversion is illustrated
by using a simpler number:

1 1

0.0062 =62 X —=62X—=62X1073
1000 10°

Learning Goal

See Appendix A for a review of the
mathematics involved.
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or

0.0534 = 5.34 X L
100

© The McGraw-Hill
Companies, 2003

5.34 X 1 534 X102
102

RULE: To convert a number less than 1 to scientific notation, the original
decimal point is moved x places to the right, and the resulting number is
multiplied by 107*. The exponent (—x) is a negative number equal to the number
of places the original decimal point was moved. W

Represent each of the following numbers in scientific notation, showing only

significant digits:

a. 0.0024 b. 0.0180

c. 224

18

Remember the distinction between the
words zero and nothing. Zero is one of
the ten digits and conveys as much
information as 1, 2, and so forth.
Nothing implies no information; the
digits in the positions indicated by x’s
could be 0, 1, 2, or any other.

See rules for rounding off discussed on
page 20.

Represent each of the following numbers in scientific notation, showing only

significant digits:

a. 48.20 b. 480.0

c. 0.126

Significant Figures in Calculation of Results

Addition and Subtraction

If we combine the following numbers:

37.68
108.428

6.71862
our calculator will show a final result of

152.82662

liters
liters

liters

liters

Clearly, the answer, with eight digits, defines the volume of total material much
more accurately than any of the individual quantities being combined. This cannot
be correct; the answer cannot have greater significance than any of the quantities that pro-

duced the answer. We rewrite the problem:

37.68
108.42

+ 6.71

152.82

XX
8xx
862

662

liters
liters
liters

(should be 152.83) liters

where x = no information; x may be any integer from 0 to 9. Adding 2 to two un-
known numbers (in the right column) produces no information. Similar logic pre-
vails for the next two columns. Thus five digits remain, all of which are significant.
Conventional rules for rounding off would dictate a final answer of 152.83.

Report the result of each of the following to the proper number of significant

figures:
a. 426 =3.831 =
b. 8321 — 24 =

c. 16.262 + 4.33 — 040 =
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Report the result of each of the following to the proper number of significant
figures:

a. 7.939 + 6.26 =

b. 24 — 8321 =
c. 2333 +1.56 —0.29 =

Multiplication and Division

In the preceding discussion of addition and subtraction the position of the decimal
point in the quantities being combined has a bearing on the number of significant
figures in the answer. In multiplication and division this is not the case. The deci-
mal point position is irrelevant when determining the number of significant fig-
ures in the answer. It is the number of significant figures in the data that is
important. Consider

4.237 X 1.21 X 1073 X 0.00273
11.125

=1.26x10"°

The answer is limited to three significant figures; the answer can have only three
significant figures because two numbers in the calculation, 1.21 X 1073 and
0.00273, have three significant figures and “limit” the answer. Remember, the an-
swer can be no more precise than the least precise number from which the answer is de-
rived. The least precise number is the number with the fewest significant figures.

Report the results of each of the following operations using the proper number of
significant figures:

a. 63.8 X 0.80 =
638
o8

53.8 X 0.90

03025

Report the results of each of the following operations using the proper number of
significant figures:
272X 15.63

1.84
13.6

T1802X 1.6
1224 % 62

[ =
18.02 X 1.6

Exponents

Now consider the determination of the proper number of significant digits in the
results when a value is multiplied by any power of ten. In each case the number of
significant figures in the answer is identical to the number contained in the origi-
nal term. Therefore

(8.314 X 10%)° = 574.7 X 10° = 5.747 X 108

and

See Appendix A for a review of the
mathematics involved.
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(8.314 X 10»)1/2 = 2.883 x 10"

Each answer contains four significant figures.

It is important to note, in operating with significant figures, that defined or
counted numbers do not determine the number of significant figures.

For example,

How many grams are contained in 0.240 kg?

1000 g
0.245 K X ——2 =245
8% 1% g

The “1” in the conversion factor is defined, or exact, and does not limit the
number of significant digits.

Exact numbers are counting numbers or defined numbers. They have infi-
nitely many significant figures. Consequently they do not limit the number of sig-
nificant figures in the result of the calculation. You should recognize and ignore
exact numbers when assigning significant figures.

A good rule of thumb to follow is: In the metric system the quantity being con-
verted, not the conversion factor, generally determines the number of significant
figures.

Rounding Off Numbers

The use of an electronic calculator generally produces more digits for a result than
are justified by the rules of significant figures on the basis of the data input. For ex-
ample, on your calculator,

3.84 X 6.72 = 25.8048
The most correct answer would be 25.8, dropping 048.

RULE: When the number to be dropped is less than 5 the preceding number is
not changed. When the number to be dropped is 5 or larger, the preceding
number is increased by one unit. H

Rounding Numbers

Round off each of the following to three significant figures.
Solution

a. 63.669 becomes 63.7. Rationale: 6 > 5.
b. 8.7715 becomes 8.77. Rationale: 1 < 5.
c. 2.2245 becomes 2.22. Rationale: 4 < 5.
d. 0.0004109 becomes 0.000411. Rationale: 9 > 5.

Helpful Hint: Symbol x > y implies “x greater than i.” Symbol x < y implies
“x less than y.”

Round off each of the following numbers to three significant figures.

a. 61.40 b. 6.171 c. 0.066494

Round off each of the following numbers to three significant figures.

a. 6.2262 b. 3895 c. 6.885
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Thus far we have discussed the scientific method and its role in acquiring data and
converting the data to obtain the results of the experiment. We have seen that such
data must be reported in the proper units with the appropriate number of signifi-
cant figures. The quantities that are most often determined include mass, length,
volume, time, temperature, and energy. Now let’s look at each of these quantities
in more detail.

Mass

Mass describes the quantity of matter in an object. The terms weight and mass, in
common usage, are often considered synonymous. They are not, in fact. Weight is
the force of gravity on an object:

Weight = mass X acceleration due to gravity

When gravity is constant, mass and weight are directly proportional. But gravity
is not constant; it varies as a function of the distance from the center of the earth.
Therefore weight cannot be used for scientific measurement because the weight of
an object may vary from one place on the earth to the next.

Mass, on the other hand, is independent of gravity; it is a result of a compari-
son of an unknown mass with a known mass called a standard mass. Balances are
instruments used to measure the mass of materials.

Examples of common balances used for the determination of mass are shown
in Figure 1.6.

The common conversion units for mass are as follows:

1
1 gram (g) = 1072 kilogram (kg) = 51 pound (Ib)
In chemistry, when we talk about incredibly small bits of matter such as indi-

vidual atoms or molecules, units such as grams and even micrograms are much
too large. We don’t say that a 100-pound individual weighs 0.0500 ton; the unit

[t
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Learning Goal

Figure 1.6

lllustration of three common balances
that are useful for the measurement of
mass. (a) A two-pan comparison balance
for approximate mass measurement
suitable for routine work requiring
accuracy to 0.1 g (or perhaps 0.01 g).

(b) A top-loading single-pan electronic
balance that is similar in accuracy to (a)
but has the advantages of speed and
ease of operation. The revolution in
electronics over the past twenty years
has resulted in electronic balances largely
supplanting the two-pan comparison
balance in routine laboratory usage.

(c) An analytical balance that is capable
of precise mass measurement (three to
five significant figures beyond the
decimal point). A balance of this type is
used when the highest level of precision
and accuracy is required.
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Volume: 1000 cm3;
1000 mL;
1 dm3;
1L

—> l—1cm
10cm=1dm
Volume: 1 cm?;
1 mL

—> —1cm

Figure 1.7
The relationship among various volume
units.

The milliliter and the cubic centimeter
are equivalent.

Figure 1.8

Common laboratory equipment used for
the measurement of volume. Graduated
cylinders (a), pipets (b), and burets (c)

are used for the delivery of liquids;
volumetric flasks (d) are used to contain a
specific volume. A graduated cylinder is
usually used for measurement of
approximate volumes; it is less accurate
and precise than either pipets or burets.
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does not fit the quantity being described. Similarly, an atom of a substance such as
hydrogen is very tiny. Its mass is only 1.661 X 1072* gram.

One atomic mass unit (amu) is a more convenient way to represent the mass of
one hydrogen atom, rather than 1.661 X 102 gram:

1amu = 1.661 X 10 g

Units should be chosen to suit the quantity being described. This can easily be
done by choosing a unit that gives an exponential term closest to 10°.

Length

The standard metric unit of length, the distance between two points, is the meter.
Large distances are measured in kilometers; smaller distances are measured in mil-
limeters or centimeters. Very small distances such as the distances between atoms
on a surface are measured in nanometers (nm):

Inm=10"7cm=10"m
Common conversions for length are as follows:

1 meter (m) = 10? centimeters (cm) = 3.94 X 10! inch (in)

Volume

The standard metric unit of volume, the space occupied by an object, is the liter. A
liter is the volume occupied by 1000 grams of water at 4 degrees Celsius (°C). The
volume, 1 liter, also corresponds to:

1 liter (L) = 10° milliliters (mL) = 1.06 quarts (qt)

The relationship between the liter and the milliliter is shown in Figure 1.7.
Typical laboratory glassware used for volume measurement is shown in Fig-

ure 1.8. The volumetric flask is designed to contain a specified volume, and the

graduated cylinder, pipet, and buret dispense a desired volume of liquid.
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Time

The standard metric unit of time is the second. The need for accurate measurement
of time by chemists may not be as apparent as that associated with mass, length,
and volume. It is necessary, however, in many applications. In fact, matter may be
characterized by measuring the time required for a certain process to occur. The
rate of a chemical reaction is a measure of change as a function of time.

Temperature

Temperature is the degree of “hotness” of an object. This may not sound like a
very “scientific” definition, and, in a sense, it is not. We know intuitively the dif-
ference between a “hot” and a “cold” object, but developing a precise definition to
explain this is not easy. We may think of the temperature of an object as a measure
of the amount of heat in the object. However, this is not strictly true. An object in-
creases in temperature because its heat content has increased and vice versa; how-
ever, the relationship between heat content and temperature depends on the
composition of the material.

Many substances, such as mercury, expand as their temperature increases, and
this expansion provides us with a way to measure temperature and temperature
changes. If the mercury is contained within a sealed tube, as it is in a thermometer,
the height of the mercury is proportional to the temperature. A mercury ther-
mometer may be calibrated, or scaled, in different units, just as a ruler can be.
Three common temperature scales are Fahrenheit (°F), Celsius (°C), and Kelvin (K).
Two convenient reference temperatures that are used to calibrate a thermometer
are the freezing and boiling temperatures of water. Figure 1.9 shows the relation-
ship between the scales and these reference temperatures.

Although Fahrenheit temperature is most familiar to us, Celsius and Kelvin
temperatures are used exclusively in scientific measurements. It is often necessary
to convert a temperature reading from one scale to another. To convert from
Fahrenheit to Celsius, we use the following formula:

o F—232
1.8
To convert from Celsius to Fahrenheit, we use the formula
°F = 1.8°C + 32
o Q) " .
~H873—| - --7 ~1{100°— |  ---=- 212°— | «<— Boiling point
] B E of water
353 - 80° E
3 f 152°]
333 60° E
100 K < - 100°C < 8 180°F < =
313 40° iz —
2931y  F---+ 2oy F--- 68°f| ~— Room
] i 3 temperature
“Ro7a | ---- ~ ol  rF---- 32°—{| <— Freezing point
6 6 6 of water

Kelvin Celsius Fahrenheit
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See Section 8.3, which discusses rates of
reactions.

Section 8.1 describes the distinction
between heat and temperature.

The Kelvin scale is of particular
importance because it is directly related
to molecular motion. As molecular
speed increases, the Kelvin temperature
proportionately increases.

See Appendix A for a review of the
mathematics involved.

Figure 1.9

The freezing point and boiling point of
water expressed in the three common
units of temperature.
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The Kelvin symbol does not have a To convert from Celsius to Kelvin, we use the formula

degree sign. The degree sign implies a K ="°C + 273.15
value that is relative to some standard.
Kelvin is an absolute scale.

m Converting from Fahrenheit to Celsius and Kelvin

Normal body temperature is 98.6°F. Calculate the corresponding
temperature in degrees Celsius:

Solution
Using the expression relating °C and °F,
°F-32
1.8

OC:

Substituting the information provided,
 986-32  66.6

1.8 1.
results in:

= 37.0°C
Calculate the corresponding temperature in Kelvin units:
Solution

Using the expression relating K and °C,

K="°C +273.15
substituting the value obtained in the first part,
=37.0 + 273.15
results in:
=310.2K

The freezing temperature of water is 32°F. Calculate the freezing temperature of
water in:

b. Kelvin units

a. Celsius units

When a patient is ill, his or her temperature may increase to 104°F. Calculate the
temperature of this patient in:

a. Celsius units
b. Kelvin units

Energy

Energy, the ability to do work, may be categorized as either kinetic energy, the en-
ergy of motion, or potential energy, the energy of position. Kinetic energy may be
considered as energy in process; potential energy is stored energy. All energy is ei-
ther kinetic or potential.
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Food Calories

The body gets its energy through the processes known collec-
tively as metabolism, which will be discussed in detail in sub-
sequent chapters on biochemistry and nutrition. The primary
energy sources for the body are carbohydrates, fats, and pro-
teins, which we obtain from the foods we eat. The amount of
energy available from a given foodstuff is related to the Calo-
ries (C) available in the food. Calories are a measure of the en-
ergy and heat content that can be derived from the food. One
(food) Calorie (symbolized by C) equals 1000 (metric) calories
(symbolized by c):

1 Calorie = 1000 calories = 1 kilocalorie

The energy available in food can be measured by totally
burning the food; in other words, we are using the food as a
fuel. The energy given off in the form of heat is directly related
to the amount of chemical energy, energy stored in chemical
bonds, that is available in the food and that the food could pro-
vide to the body through the various metabolic pathways.

The classes of food molecules are not equally energy rich. For
instance, when oxidized via metabolic pathways, carbohydrates
and proteins provide the cell with four Calories per gram,
whereas fats generate approximately nine Calories per gram.

In addition, as with all processes, not all the available en-
ergy can be efficiently extracted from the food; a certain per-
centage is always lost. The average person requires between
2000 and 3000 Calories per day to maintain normal body func-
tions such as the regulation of body temperature, muscle move-
ment, and so on. If a person takes in more Calories than the
body uses, the Calorie-containing substances will be stored as
fat, and the person will gain weight. Conversely, if a person
uses more Calories than are ingested, the individual will lose
weight.

Excess Calories are stored in the form of fat, the form that
provides the greatest amount of energy per gram. Too many

Calories lead to too much fat. Similarly, a lack of Calories (in
the form of food) forces the body to raid its storehouse, the fat.
Weight is lost in this process as the fat is consumed. Unfortu-
nately, it always seems easier to add fat to the storehouse than
to remove it.

The “rule of thumb” is that 3500 Calories are equivalent to
approximately 1 pound of body weight. You have to take in
3500 Calories more than you use to gain a pound, and you have
to expend 3500 Calories more than you normally use to lose a
pound. If you eat as little as 100 Calories a day above your
body’s needs, you could gain about 10-11 pounds per year:

100 ’
2 365dag  11b _1041b
d}& lyear 3500 yat year

A frequently recommended procedure for increasing the
rate of weight loss involves a combination of dieting (taking in
fewer Calories) and exercise. The numbers of Calories used in
several activities are:

Energy Output
Activity (C/min)
Running 19.4
Swimming 11.0
Jogging 10.0
Bicycling 8.0
Tennis 7.1
Walking B2
Golfing 5.0
Driving a car 2.8
Standing or sitting 1.9
Sleeping 1.0

Another useful way of classifying energy is by form. The principal forms of
energy include light, heat, electrical, mechanical, and chemical energy. All of these
forms of energy share the following set of characteristics:

¢ In chemical reactions, energy cannot be created or destroyed.

¢ Energy may be converted from one form to another.

¢ Energy conversion always occurs with less than 100% efficiency.

¢ All chemical reactions involve either a “gain” or a “loss” of energy.

Energy absorbed or liberated in chemical reactions is usually in the form of
heat energy. Heat energy may be represented in units of calories or joules, their re-
lationship being

1 calorie (cal) = 4.18 joules (J)

One calorie is defined as the amount of heat energy required to increase the
temperature of 1 gram of water 1°C.

The kilocalorie (kcal) is the familiar
nutritional calorie. It is also known as
the large Calorie; note that in this term
the C is uppercase to distinguish it from
the normal calorie. The large calorie is
1000 small calories. Refer to Section 8.2
and A Human Perspective: Food
Calories for more information.
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Water in the environment (lakes, oceans,
and streams) has a powerful effect on
the climate because of its ability to store
large quantities of energy. In summer,
water stores heat energy, moderating
temperatures of the surrounding area. In
winter, some of this stored energy is
released to the air as the water
temperature falls; this prevents the
surroundings from experiencing
extreme changes in temperature.

Figure 1.10

Density (mass/volume) is a unique
property of a material. A mixture of
wood, water, brass, and mercury is
shown, with the cork—the least
dense—floating on water. Additionally,
brass, with a density greater than water
but less than liquid mercury, floats on
the interface between these two liquids.

Learning Goal

-

Intensive and extensive properties are
described on page 7.

EXAMPLE 1.17
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Heat energy measurement is a quantitative measure of heat content. It is an ex-
tensive property, dependent upon the quantity of material. Temperature, as we
have mentioned, is an intensive property, independent of quantity.

Not all substances have the same capacity for holding heat; 1 gram of iron and
1 gram of water, even if they are at the same temperature, do not contain the same
amount of heat energy. One gram of iron will absorb and store 0.108 calorie of heat
energy when the temperature is raised 1°C. In contrast, 1 gram of water will absorb
almost ten times as much energy, 1.00 calorie, when the temperature is increased
an equivalent amount.

Units for other forms of energy will be introduced in later chapters.

Concentration

Concentration is a measure of the number of particles of a substance, or the mass of
those particles, that are contained in a specified volume. Concentration is a widely
used way of representing mixtures of different substances. Examples include:

® The concentration of oxygen in the air

e Pollen counts, given during the hay fever seasons, which are simply the
number of grains of pollen contained in a measured volume of air

¢ The amount of an illegal drug in a certain volume of blood, indicating the
extent of drug abuse

¢ The proper dose of an antibiotic, based on a patient’s weight.

We will describe many situations in which concentration is used to predict
useful information about chemical reactions (Sections 7.6 and 9.2, for example). In
Chapter 7 we calculate a numerical value for concentration from experimental
data.

Density and Specific Gravity

Both mass and volume are a function of the amount of material present (extensive
property). Density, the ratio of mass to volume,

mass _ m

d — =

~ volume V

is independent of the amount of material (intensive property). Density is a useful
way to characterize a substance because each substance has a unique density (Fig-
ure 1.10).

One milliliter of air and one milliliter of iron do not weigh the same amount.
There is much more mass in 1 milliliter of iron; its density is greater.

Density measurements were used to discriminate between real gold and
“fool’s gold” during the gold rush era. Today the measurement of the density of a
substance is still a valuable analytical technique. The densities of a number of com-
mon substances are shown in Table 1.4.

In density calculations the mass is usually represented in grams, and volume
is given in either milliliters (mL) or cubic centimeters (cm? or co):

ImL=1cm®=1cc

The unit of density would therefore be g/mL, g/cm?, or g/ cc.

Calculating the Density of a Solid

2.00 cm?® of aluminum are found to weigh 5.40 g. Calculate the density of
aluminum in units of g/cmd.
Continued—
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EXAMPLE 1.17 —Continued
Solution
The density expression is:
qg="__8
vV omd
Substituting the information given in the problem,
_ 540¢g
2.00 cm®
results in:
=270g/cm?
Calculating the Mass of a Gas from Its Density EXAMPLE 1.18

Air has a density of 0.0013 g/mL. What is the mass of a 6.0-L sample of air?

Solution

0.0013 g/mL = 1.3 X 1073 g/mL

(The decimal point is moved three positions to the right.) This problem can
be solved by using conversion factors:

10° mEair o 13 X107 gair
1 Lait mEair

6.0 Lait X =7.8gair

Densities of Some Common Materials
Substance Density (g/mL) Substance Density (g/mL)
Air 0.00129 (at 0°C) Methyl alcohol 0.792
Ammonia 0.00771 (at 0°C) Milk 1.028-1.035
Benzene 0.879 Oxygen 0.00143 (at 0°C)
Bone 1.7-2.0 Rubber 0.9-1.1
Carbon dioxide 0.01963 (at 0°C) Turpentine 0.87
Ethyl alcohol 0.789 Urine 1.010-1.030
Gasoline 0.66-0.69 Water 1.000 (at 4°C)
Gold 19.3 Water 0.998 (at 20°C)
Hydrogen 0.00090 (at 0°C) Wood 0.3-0.98
Kerosene 0.82 (balsa, least dense; ebony
Lead 11.3 and teak, most dense)
Mercury 13.6
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Using the Density to Calculate the Mass of a Liquid

Calculate the mass, in grams, of 10.0 mL of mercury (symbolized Hg) if the
density of mercury is 13.6 g/mL.

Solution

Using the density as a conversion factor from volume to mass, we have
g Hg
m= (10.0m—L/H/)(13.6 7)
& mEHg

Cancellation of units results in:

=136 g Hg

Using the Density to Calculate the Volume of a Liquid

Calculate the volume, in milliliters, of a liquid that has a density of
1.20 g/mL and a mass of 5.00 grams.

Solution

Using the density as a conversion factor from mass to volume, we have

1 mL liquid
V = (5.00 g ligui (7)
¢ g liquid) 1.20 g ligquid
Cancellation of units results in:
= 4.17 mL liquid

The density of ethyl alcohol (200 proof, or pure alcohol) is 0.789 g/mL at 20°C.
Calculate the mass of a 30.0-mL sample.

Specific gravity is frequently referenced
to water at 4°C, its temperature of
maximum density (1.000 g/mL). Other
reference temperatures may be used.
However, the temperature must be
specified.

Calculate the volume, in milliliters, of 10.0 g of a saline solution that has a den-
sity of 1.05 g/mL.

For convenience, values of density are often related to a standard, well-known
reference, the density of pure water at 4°C. This “referenced” density is called the
specific gravity, the ratio of the density of the object in question to the density of
pure water at 4°C.

density of object (g/mL)

specific gravity density of water (g/mL)
Specific gravity is a unitless term. Because the density of water at 4.0°C is 1.00 g/mL,
the numerical values for the density and specific gravity of a substance are equal.
That is, an object with a density of 2.00 g/mL has a specific gravity of 2.00 at 4°C.
Routine hospital tests involving the measurement of the specific gravity of
urine and blood samples are frequently used as diagnostic tools. For example, dis-
eases such as kidney disorders and diabetes change the composition of urine. This
compositional change results in a corresponding change in the specific gravity.
This change is easily measured and provides the basis for a quick preliminary di-
agnosis. This topic is discussed in greater detail in A Clinical Perspective: Diagno-
sis Based on Waste.
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Diagnosis Based on Waste

Any archaeologist would say that you can learn a great deal
about the activities and attitudes of a society by finding the re-
mains of their dump sites and studying their waste.

Similarly, urine, a waste product consisting of a wide vari-
ety of metabolites, may be analyzed to indicate abnormalities in
various metabolic processes or even unacceptable behavior (re-
call the steroid tests in Olympic competition).

Many of these tests must be performed by using sophisti-
cated and sensitive instrumentation. However, a very simple
test, the measurement of the specific gravity of urine, can be an
indicator of diabetes mellitus or Bright’s disease. The normal
range for human urine specific gravity is 1.010-1.030.

A hydrometer, a weighted glass bulb inserted in a liquid,
may be used to determine specific gravity. The higher it floats
in the liquid, the more dense the liquid. A hydrometer that
is calibrated to indicate the specific gravity of urine is called a
urinometer.

Although hydrometers have been replaced by more mod-
ern measuring devices that use smaller samples, these newer
instruments operate on the same principles as the hydrometer.

© The McGraw-Hill
Companies, 2003
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Normal
urine

Pathological
urine

A hydrometer, used in the measurement of the specific gravity of
urine.

1.1 The Discovery Process

Chemistry is the study of matter and the changes that matter
undergoes. Matter is anything that has mass and occupies
space. The changes that matter undergoes always involve
either gain or loss of energy. Energy is the ability to do work
(to accomplish some change). Thus a study of chemistry in-
volves matter, energy, and their interrelationship.

The major areas of chemistry include biochemistry, or-
ganic chemistry, inorganic chemistry, analytical chemistry, and
physical chemistry.

The scientific method consists of six distinct processes: ob-
servation, questioning, pattern recognition, development of
theories from hypotheses, experimentation, and summarizing
information. A lnw summarizes a large quantity of information.

The development of the scientific method has played a
major role in civilization’s rapid growth during the past
two centuries.

1.2 Matter and Properties

Properties (characteristics) of matter may be classified as ei-
ther physical or chemical. Physical properties can be ob-
served without changing the chemical composition of the

sample. Chemical properties result in a change in composi-
tion and can be observed only through chemical reactions.
Intensive properties are independent of the quantity of the
substance. Extensive properties depend on the quantity of a
substance.

Three states of matter exist (solid, liquid, and gas);
these states of matter are distinguishable by differences in
physical properties.

All matter is classified as either a pure substance or a
mixture. A pure substance is a substance that has only one
component. A mixture is a combination of two or more
pure substances in which the combined substances retain
their identity.

A homogeneous mixture has uniform composition. Its
particles are well mixed. A heterogeneous mixture has a
nonuniform composition.

An element is a pure substance that cannot be con-
verted into a simpler form of matter by any chemical reac-
tion. A compound is a substance produced from the
combination of two or more elements in a definite, repro-
ducible fashion.

1.3 Measurement in Chemistry

Science is the study of humans and their environment. Its
tool is experimentation. A scientific experiment produces
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data. Each piece of data is the individual result of a single
measurement. Mass, length, volume, time, temperature,
and energy are the most common types of data obtained
from chemical experiments.

Results are the outcome of an experiment. Usually, sev-
eral pieces of data are combined, using a mathematical
equation, to produce a result.

A unit defines the basic quantity of mass, volume, time,
and so on. A number that is not followed by the correct
unit usually conveys no useful information.

The metric system is a decimal-based system in contrast
to the English system. In the metric system, mass is repre-
sented as the gram, length as the meter, and volume as the
liter. Any subunit or multiple unit contains one of these
units preceded by a prefix indicating the power of ten by
which the base unit is to be multiplied to form the subunit
or multiple unit. Scientists favor this system over the not-
so-systematic English units of measurement.

To convert one unit to another, we must set up a con-
version factor or series of conversion factors that relate two
units. The proper use of these conversion factors is referred
to as the factor-label method. This method is used either to
convert from one unit to another within the same system or
to convert units from one system to another. It is a very
useful problem-solving tool.

1.4 Significant Figures and Scientific Notation

Significant figures are all digits in a number representing
data or results that are known with certainty plus the first
uncertain digit. The number of significant figures associ-
ated with a measurement is determined by the measuring
device. Results should be rounded off to the proper num-
ber of significant figures.

Very large and very small numbers may be repre-
sented with the proper number of significant figures by us-
ing scientific notation.

1.5 Experimental Quantities

Mass describes the quantity of matter in an object. The
terms weight and mass are often used interchangeably, but
they are not equivalent. Weight is the force of gravity on an
object. The fundamental unit of mass in the metric system
is the gram. One atomic mass unit (amu) is equal to 1.661 X
1072 g

The standard metric unit of length is the meter. Large
distances are measured in kilometers; smaller distances are
measured in millimeters or centimeters. Very small dis-
tances (on the atomic scale) are measured in nanometers
(nm). The standard metric unit of volume is the liter. A liter
is the volume occupied by 1000 grams of water at 4 degrees
Celsius. The standard metric unit of time is the second, a
unit that is used in the English system as well.

Temperature is the degree of “hotness” of an object.
Many substances, such as liquid mercury, expand as their
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temperature increases, and this expansion provides us
with a way to measure temperature and temperature
changes. Three common temperature scales are Fahrenheit
(°F), Celsius (°C), and Kelvin (K).

Energy, the ability to do work, may be categorized as
either kinetic energy, the energy of motion, or potential en-
ergy, the energy of position. The principal forms of energy
are light, heat, mechanical, electrical, nuclear, and chemical
energy.

Energy absorbed or liberated in chemical reactions is
most often in the form of heat energy. Heat energy may be
represented in units of calories or joules: 1 calorie (cal) =
4.18 joules (J). One calorie is defined as the amount of heat
energy required to change the temperature of 1 gram of
water 1°C.

Concentration is a measure of the number of particles of
a substance, or the mass of those particles, that are con-
tained in a specified volume. Concentration is a widely
used way of representing relative quantities of different
substances in a mixture of those substances.

Density is the ratio of mass to volume and is a useful
way of characterizing a substance. Values of density are of-
ten related to a standard reference, the density of pure wa-
ter at 4°C. This “referenced” density is the specific gravity,
the ratio of the density of the object in question to the den-
sity of pure water at 4°C.

chemical property (1.2) mass (1.5)
chemical reaction (1.2) matter (1.1)
chemistry (1.1) metric system (1.3)

compound (1.2)
concentration (1.5)
conversion factor (1.3)
data (1.3)
density (1.5)
element (1.2)
energy (1.1)
English system (1.3)
extensive property (1.2)
gaseous state (1.2)
heterogeneous

mixture (1.2)
homogeneous

mixture (1.2)
hypothesis (1.1)
intensive property (1.2)
kinetic energy (1.5)
law (1.1)
liquid state (1.2)

mixture (1.2)

physical change (1.2)
physical property (1.2)
potential energy (1.5)
product (1.2)
properties (1.2)

pure substance (1.2)
reactant (1.2)

results (1.3)

scientific method (1.1)
scientific notation (1.4)
significant figures (1.4)
solid state (1.2)
specific gravity (1.5)
states of matter (1.2)
temperature (1.5)
theory (1.1)

unit (1.3)
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Questions and Problems

The Discovery Process

1.23  Define each of the following terms:
a. chemistry
b. matter
c. energy
1.24 Define each of the following terms:
a. hypothesis
b. theory
c law
1.25 Define each of the following terms:
a. potential energy
b. kinetic energy
c. data
1.26 Define each of the following terms:
a. results
b. mass
c. weight
1.27 Give the base unit for each of the following in the metric
system:
a. mass
b. volume
c. length
1.28 Give the base unit for each of the following in the metric
system:
a. time
b. temperature
c. energy
1.29 Discuss the difference between the terms mass and weight.
1.30 Discuss the difference between the terms data and results.
1.31 Distinguish between specific gravity and density.
1.32 Distinguish between kinetic energy and potential energy.
1.33 Discuss the meaning of the term scientific method.
1.34 Describe an application of reasoning involving the scientific
method that has occurred in your day-to-day life.

Matter and Properties

1.35 Describe what is meant by a physical property.
1.36 Describe what is meant by a physical change.
1.37 Label each of the following as either a physical change or a
chemical reaction:
a. Aniron nail rusts.
b. Anice cube melts.
c. Alimb falls from a tree.
1.38 Label each of the following as either a physical change or a
chemical reaction:
a. A puddle of water evaporates.
b. Food is digested.
c. Wood is burned.
1.39 Label each of the following properties of sodium as either a
physical property or a chemical property:
a. Sodium is a soft metal (can be cut with a knife).
b. Sodium reacts violently with water to produce hydrogen
gas and sodium hydroxide.
1.40 Label each of the following properties of sodium as either a
physical property or a chemical property:
a. When exposed to air, sodium forms a white oxide.
b. Sodium melts at 98°C.
c. The density of sodium metal at 25°C is 0.97 g/cm?.
1.41 Describe several chemical properties of matter.
1.42 Describe what is meant by a chemical reaction.
1.43 Distinguish between a pure substance and a mixture.

Questions and Problems 31
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1.44 Label each of the following as either a pure substance or a
mixture:
a. water
b. table salt (sodium chloride)
c. blood
d. sucrose (table sugar)
e. orange juice
1.45 Distinguish between a homogeneous mixture and a
heterogeneous mixture.
1.46 Label each of the following as either a homogeneous mixture
or a heterogeneous mixture:
a. asoft drink
b. asaline solution
c. gelatin
d. gasoline
e. vegetable soup
1.47 Describe the general properties of the gaseous state.
1.48 Contrast the physical properties of the gaseous and solid
states.
1.49 Distinguish between an intensive property and an extensive
property.
1.50 Label each of the following as either an intensive property or
an extensive property.
a. mass
b. volume
c. density
d. specific gravity
1.51 Describe the difference between the terms atom and element.
1.52  Give at least one example of each of the following:
a. an element
b. a pure substance
c. a homogeneous mixture
d. a heterogeneous mixture

Measurement in Chemistry
1.53 Convert 2.0 pounds to:

a. ounces d. milligrams
b. tons e. dekagrams
c. grams

1.54 Convert 5.0 quarts to:
a. gallons d. milliliters
b. pints e. microliters
c. liters

1.55 Convert 3.0 grams to:
a. pounds d. centigrams
b. ounces e. milligrams

c. kilograms
1.56 Convert 3.0 meters to:
a. yards d. centimeters
b. inches e. millimeters
c. feet
1.57 Convert 50.0°F to:
a. °C
b. K
1.58 Convert —10.0°F to:
a. °C
b. K
1.59 Convert 20.0°C to:
a. K
b. °F
1.60 Convert 300.0 K to:
a. °C
b. °F
1.61 A 150-lb adult has approximately 9 pints of blood. How many
liters of blood does the individual have?
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If a drop of blood has a volume of 0.05 mL, how many drops
of blood are in the adult described in Problem 1.61?

A patient’s temperature is found to be 38.5°C. To what
Fahrenheit temperature does this correspond?

A newborn is 21 inches in length and weighs 6 1b 9 oz.
Describe the baby in metric units.

Significant Figures and Scientific Notation

1.65

1.70

1.71

1.72

1.73

1.74

How many significant figures are contained in each of the
following numbers?

a. 10.0 d. 2.062
b. 0.214 e. 10.50
c. 0.120 f. 1050

How many significant figures are contained in each of the
following numbers?

a. 3.8x10°3 d. 24
b. 5.20 X 10? e. 240
c. 0.00261 f. 2.40

Round the following numbers to three significant figures:

a. 3.873x1073 d. 24.3387

b. 5202 X 1072 e. 240.1

c. 0.002616 f. 2.407

Round the following numbers to three significant figures:
a. 123700 d. 53.2995

b. 0.00285792 e. 16.96

c 1421x1073 f. 507.5

Perform each of the following arithmetic operations, reporting
the answer with the proper number of significant figures:
a. (23)(657) d. 1157.23 — 17.812

b. 0.00521 + 0.236 e. (1.9872%8)
0.0821

c 18.3
" 3.0576
Perform each of the following arithmetic operations, reporting

the answer with the proper number of significant figures:
a (16.0)(0.1879)

d. 18 +52.1
45.3
b. (76.32)(1.53) e. 58.17 — 57.79
0.052

c. (0.0063)(57.8)
Express the following numbers in scientific notation (use the
proper number of significant figures):

a. 123 e. 92,000,000
b. 0.0569 f. 0.005280
c. —1527 g. 1.279

d. 0.000000789 h. —531.77

Using scientific notation, express the number two thousand in
terms of:

a. one significant figure
b. two significant figures
c. three significant figures
Express each of the following numbers in decimal notation:

d. four significant figures
e. five significant figures

a. 3.24 X 10° e. —8.21x1072
b. 1.50 X 10°* f. 2.9979 x 108
c 4579 x 107! g. 1.50 X 10°
d. —6.83 X 10° h. 6.02 X 10%

Which of the following numbers have two significant figures?
Three significant figures? Four significant figures?

a. 327 e. 7.8 X 10°
b. 1.049 X 10* f. 1507

c. 1.70 g. 4.8 X 10?

d. 0.000570 h. 7.389 x 10"

Experimental Quantities

1.75

1.76

1.77

1.78

1.79

1.80

1.81

1.82

1.83

1.84

Calculate the density of a 3.00 X 10>-g object that has a
volume of 50.0 mL.

What volume, in liters, will 8.00 X 102 g of air occupy if the
density of air is 1.29 g/L?

What is the mass, in grams, of a piece of iron that has a
volume of 1.50 X 10> mL and a density of 7.20 g/mL?

What is the mass of a femur (leg bone) having a volume of 118
cm?®? The density of bone is 1.8 g/cm®.

You are given a piece of wood that is maple, teak, or oak. The
piece of wood has a volume of 1.00 X 10> cm® and a mass of
98 g. The densities of maple, teak, and oak are as follows:

Wood Density (g/cm®)
Maple 0.70
Teak 0.98
Oak 0.85

What is the identity of the piece of wood?

The specific gravity of a patient’s urine sample was measured
to be 1.008. Given that the density of water is 1.000 g/mL at
4°C, what is the density of the urine sample?

The density of grain alcohol is 0.789 g/mL. Given that the
density of water at 4°C is 1.00 g/mL, what is the specific
gravity of grain alcohol?

The density of mercury is 13.6 g/mL. If a sample of mercury
weighs 272 g, what is the volume of the sample in milliliters?
You are given three bars of metal. Each is labeled with its
identity (lead, uranium, platinum). The lead bar has a mass of
5.0 X 10' g and a volume of 6.36 cm®. The uranium bar has a
mass of 75 g and a volume of 3.97 cm?®. The platinum bar has a
mass of 2140 g and a volume of 1.00 X 10> cm®. Which of these
metals has the lowest density? Which has the greatest density?
Refer to Problem 1.83. Suppose that each of the bars had the
same mass. How could you determine which bar had the
lowest density or highest density?

Critical Thinking Problems

1.

An instrument used to detect metals in drinking water can
detect as little as one microgram of mercury in one liter of
water. Mercury is a toxic metal; it accumulates in the body and
is responsible for the deterioration of brain cells. Calculate the
number of mercury atoms you would consume if you drank
one liter of water that contained only one microgram of
mercury. (The mass of one mercury atom is 3.3 X 1072 grams.)
Yesterday’s temperature was 40°F. Today it is 80°F. Bill tells Sue
that it is twice as hot today. Sue disagrees. Do you think Sue is
correct or incorrect? Why or why not?

Aspirin has been recommended to minimize the chance of heart
attacks in persons who have already had one or more
occurrences. If a patient takes one aspirin tablet per day for ten
years, how many pounds of aspirin will the patient consume?
(Assume that each tablet is approximately 325 mg.)

Design an experiment that will allow you to measure the
density of your favorite piece of jewelry.

The diameter of an aluminum atom is 250 picometers

(1 picometer = 102 meters). How many aluminum atoms
must be placed end to end to make a “chain” of aluminum
atoms one foot long?
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Recognize the interrelationship of the structure
of matter and its physical and chemical
properties.

Describe the important properties of protons,
neutrons, and electrons.

Calculate the number of protons, neutrons, and
electrons in any atom.

Distinguish among atoms, ions, and isotopes.

Trace the history of the development of atomic
theory, beginning with Dalton.

Summarize the experimental basis for the
discovery of charged particles and the nucleus.

Explain the critical role of spectroscopy in the
development of atomic theory and in our
everyday lives.

State the basic postulates of Bohr’s theory.

Compare and contrast Bohr's theory and the
more sophisticated “wave-mechanical”
approach.

33



Denniston: General,
Organic and Biochemistry,
Fourth Edition

2. The Composition and Text
Structure of the Atom

© The McGraw-Hill
Companies, 2003

Chapter 2 The Composition and Structure of the Atom

Curiosity, Science, and Medicine

Curiosity is one of the most important human traits. Small
children constantly ask “why?”. As we get older, our questions
become more complex, but the curiosity remains.

Curiosity is also the basis of the scientific method. A scien-
tist observes an event, wonders why it happens, and sets out to
answer the question. Dr. Michael Zasloff’s curiosity may lead
to the development of an entirely new class of antibiotics.
When he was a geneticist at the National Institutes of Health,
his experiments involved the surgical removal of the ovaries of
African clawed frogs. After surgery he sutured (sewed up) the
incision and put the frogs back in their tanks. These water-filled
tanks were teeming with bacteria, but the frogs healed quickly,
and the incisions did not become infected!

Of all the scientists to observe this remarkable healing, only
Zasloff was curious enough to ask whether there were chemi-
cals in the frogs” skin that defended the frogs against bacterial
infections—a new type of antibiotic. All currently used antibi-
otics are produced by fungi or are synthesized in the laboratory.
One big problem in medicine today is more and more patho-
genic (disease-causing) bacteria are becoming resistant to these
antibiotics. Zasloff hoped to find an antibiotic that worked in

an entirely new way so the current problems with antibiotic re-
sistance might be overcome.

Dr. Zasloff found two molecules in frog skin that can
kill bacteria. Both are small proteins. Zasloff named them
magainins, from the Hebrew word for shield. Most of the anti-
biotics that we now use enter bacteria and kill them by stop-
ping some biochemical process inside the cell. Magainins are
more direct; they simply punch holes in the bacterial mem-
brane, and the bacteria explode.

One of the magainins, now chemically synthesized in the
laboratory so that no frogs are harmed, may be available to the
public in the near future. This magainin can kill a wide variety
of bacteria (broad-spectrum antibiotic), and it has passed the
Phase I human trials. If this compound passes all the remaining
tests, it will be used in treating deep infected wounds and ul-
cers, providing an alternative to traditional therapy.

The curiosity that enabled Zasloff to advance the field of
medicine also catalyzed the development of atomic structure.
We will see the product of this fundamental human character-
istic in the work of Crookes, Bohr, and others throughout this
chapter.

Introduction

In Chapter 1 we described chemistry as the study of matter and the changes that
matter undergoes. In this chapter we will expand and enhance our understanding
of matter. We can deal with visible quantities of matter such as an ounce of silver
or a pint of blood. However, we can also describe matter at the level of individual
particles that make it up. For instance, one atom of silver is the smallest amount of
silver that retains the properties of the bulk material. This is important because the
description of matter at the atomic level can be used to explain the behavior of the
larger, visible quantities of the same material.

Why does ice float on water? Why don’t oil and water mix? Why does blood
transport oxygen to our cells, whereas carbon monoxide inhibits this process?
Questions such as these are best explained by understanding the behavior of sub-
stances at the atomic level.

2.1 Matter and Structure

An Overview

Chemists and physicists have used the observed properties of matter to develop
models of the individual units of matter. These models collectively make up what
we now know as the atomic theory of matter.

These models have developed from experimental observations over the past
two hundred years. Thus theory and experiment reinforce each other. We must
gain some insight into atomic structure to appreciate the behavior of the atoms
themselves as well as larger aggregates of atoms: compounds.

As we saw in Section 1.1, models allow us
to make ideas more clear and enable us to
predict behavior; this is their main value.

2-2
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The structure—properties concept has advanced so far that compounds are de-
signed and synthesized in the laboratory with the hope that they will perform very
specific functions, such as curing diseases that have been resistant to other forms
of treatment. Figure 2.1 shows some of the variety of modern technology that has
its roots in the understanding of the atom.

Atomic Structure

The theory of atomic structure has progressed rapidly, from a very primitive level
to its present point of sophistication, in a relatively short time. We briefly summa-
rize our present knowledge of the composition of the atom in Section 2.2. Then in
Section 2.3 we present an outline of the significant scientific discoveries that
spurred development of atomic theory. Before we proceed, let us insert a note of
caution. We must not think of the present picture of the atom as final. Scientific in-
quiry continues, and we should view the present theory as a step in an evolution-
ary process. Theories are subject to constant refinement, as was noted in our
discussion of the scientific method.

2.2 Composition of the Atom

The basic structural unit of an element is the atom, which is the smallest unit of an
element that retains the chemical properties of that element. A tiny sample of the
element copper, too small to be seen by the naked eye, is composed of billions of
copper atoms arranged in some orderly fashion. Each atom is incredibly small.
Only recently have we been able to “see” atoms using modern instruments such as
the scanning tunneling microscope (Figure 2.2).

© The McGraw-Hill
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Figure 2.1

Examples of technology originating from
scientific inquiry: (a) synthesis of a new
drug, (b) solar energy cells, (c) preparation
of solid-state electronics, (d) use of a
gypsy moth sex attractant for insect
control.

Learning Goal

Section 1.1 discusses the scientific method.

Figure 2.2

Sophisticated techniques, such as
scanning tunneling electron microscopy,
provide visual evidence for the structure
of atoms and molecules. The planar
nature of graphite, a commonly used
lubricant, is shown here; the peaks are
images of carbon atoms.
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Selected Properties of the Three Basic Subatomic
Particles

Name Charge Mass (amu) Mass (grams)
Electron (e) —1 54 X107 9.1095 X 10~
Proton (p) +1 1.00 1.6725 X 10~
Neutron (n) 0 1.00 1.6750 X 10~

Electrons, Protons, and Neutrons

Radioactivity and radioactive decay are We know from experience that certain kinds of atoms can “split” into smaller par-
discussed in Chapter 10. ticles and release large amounts of energy; this process is radioactive decay. We also
know that the atom is composed of three primary particles: the electron, the proton,
and the neutron. Although other subatomic fragments with unusual names (neu-
trinos, gluons, quarks, and so forth) have also been discovered, we shall concern
ourselves only with the primary particles: the protons, neutrons, and electrons.
We can consider the atom to be composed of two distinct regions:

Learning Goal 1. The nucleus is a small, dense, positively charged region in the center of the
atom. The nucleus is composed of positively charged protons and uncharged
u neutrons.

2. Surrounding the nucleus is a diffuse region of negative charge populated by
electrons, the source of the negative charge. Electrons are very low in mass in
contrast to the protons and neutrons.

The properties of these particles are summarized in Table 2.1.

Atoms of various types differ in their number of protons, neutrons, and elec-
trons. The number of protons determines the identity of the atom. As such, the
number of protons is characteristic of the element. When the number of protons is
equal to the number of electrons, the atom is neutral because the charges are bal-
anced and effectively cancel one another.

Mass
number Charge of
particle
a4~
X
V4 ]
Atomic / \\/Symbol of
number the atom

We may represent an element symbolically as follows:

Learning Goal The atomic number (Z) is equal to the number of protons in the atom, and the
mass number (A) is equal to the sum of the number of protons and neutrons (the
B mass of the electrons is so small as to be insignificant in comparison to that of the
nucleus).
If

number of protons + number of neutrons = mass number
then, if the number of protons is subtracted from each side,

number of neutrons = mass number — number of protons
or, because the number of protons equals the atomic number,

number of neutrons = mass number — atomic number
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For an atom, in which positive and negative charges cancel, the number of

protons and electrons must be equal and identical to the atomic number.

Determining the Composition of an Atom

Calculate the numbers of protons, neutrons, and electrons in an atom of
fluorine. The atomic symbol for the fluorine atom is §F.

Solution

The mass number 19 tells us that the total number of protons + neutrons is
19. The atomic number, 9, represents the number of protons. The difference,
19 — 9, or 10, is the number of neutrons. The number of electrons must be
the same as the number of protons, hence 9, for a neutral fluorine atom.

© The McGraw-Hill
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Calculate the number of protons, neutrons, and electrons in each of the following
atoms:

a. S
b. £Na

Calculate the number of protons, neutrons, and electrons in each of the following
atoms:

a. 1H
244
b. %;Pu

Isotopes

Isotopes are atoms of the same element having different masses because they con-
tain different numbers of neutrons. In other words, isotopes have different mass num-
bers. For example, all of the following are isotopes of hydrogen:

1H iH H
Hydrogen Deuterium Tritium
(Hydrogen-1) (Hydrogen-2) (Hydrogen-3)

Isotopes are often written with the name of the element followed by the mass
number. For example, the isotopes 2C and '¢C may be written as carbon-12 (or
C-12) and carbon-14 (or C-14), respectively.

Certain isotopes (radioactive isotopes) of elements emit particles and energy
that can be used to trace the behavior of biochemical systems. These isotopes oth-
erwise behave identically to any other isotope of the same element. Their chemical
behavior is identical; it is their nuclear behavior that is unique. As a result, a ra-
dioactive isotope can be substituted for the “nonradioactive” isotope, and its bio-
chemical activity can be followed by monitoring the particles or energy emitted by
the isotope as it passes through the body.

The existence of isotopes explains why the average masses, measured in
atomic mass units (amu), of the various elements are not whole numbers. This is
contrary to what we would expect from proton and neutron masses, which are
whole numbers to three significant figures.

Consider, for example, the mass of one chlorine atom, containing 17 protons
(atomic number) and 18 neutrons:

Learning Goal

A detailed discussion of the use of
radioactive isotopes in the diagnosis and
treatment of disease is found in Chapter 10.

See Section 1.5 for the definition of the
atomic mass unit.

2-5



Denniston: General, 2. The Composition and Text © The McGraw-Hill
Organic and Biochemistry, Structure of the Atom Companies, 2003

Fourth Edition

38

The weighted average is not a true
average but is corrected by the relative
amounts (the weighting factor) of each
isotope present in nature.

Chapter 2 The Composition and Structure of the Atom

1.00 amu
17 protonis X ————— = 17.00 amu
proton
1.00 amu
18 X —— = 18.00 amu
newtrons =

17.00 amu + 18.00 amu = 35.00 amu (mass of chlorine atom)

Inspection of the periodic table reveals that the mass number of chlorine is ac-
tually 35.45 amu, not 35.00 amu. The existence of isotopes accounts for this differ-
ence. A natural sample of chlorine is composed principally of two isotopes,
chlorine-35 and chlorine-37, in approximately a 3:1 ratio, and the tabulated mass is
the weighted average of the two isotopes. In our calculation the chlorine atom re-
ferred to was the isotope that has a mass number of 35 amu.

The weighted average of the masses of all of the isotopes of an element is the
atomic mass and should be distinguished from the mass number, which is the sum
of the number of protons and neutrons in a single isotope of the element.

Example 2.2 demonstrates the calculation of the atomic mass of chlorine.

2-6

Calculate the atomic mass of naturally occurring chlorine if 75.77% of
chlorine atoms are $3Cl (chlorine-35) and 24.23% of chlorine atoms are $7Cl
(chlorine-37).

Solution

Step 1. Convert each percentage to a decimal fraction.

= (0.7577 chlorine-35

75.77% chlorine-35 X 101

(Y

= (0.2423 chlorine-37

24.23% chlorine-37 X 101

(Y

Step 2. Multiply the decimal fraction of each isotope by the mass of that
isotope to determine the isotopic contribution to the average atomic

mass.
contribution to fraction of all mass of a
atomic mass = (I atoms that X chlorine-35
by chlorine-35 are chlorine-35 atom
= 0.7577 X 35.00 amu
= 26.52amu
contribution to fraction of all mass of a
atomic mass = Cl atoms that X chlorine-37
by chlorine-37 are chlorine-37 atom
= 0.2423 X 37.00 amu
= 8.965 amu
Continued—
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Step 3. The weighted average is:

atomic mass contribution contribution
of naturally = of + of
occurring Cl chlorine-35 chlorine-37
= 26.52 amu +  8.965 amu
= 3549 amu

which is very close to the tabulated value of 35.45 amu. An even more exact
value would be obtained by using a more exact value of the mass of the
proton and neutron (experimentally known to a greater number of
significant figures).

Whenever you do calculations such as those in Example 2.2, before even be-
ginning the calculation you should look for an approximation of the value sought.
Then do the calculation and see whether you obtain a reasonable number (similar
to your anticipated value). In the preceding problem, if the two isotopes have
masses of 35 and 37, the atomic mass must lie somewhere between the two
extremes. Furthermore, because the majority of a naturally occurring sample is
chlorine-35 (about 75%), the value should be closer to 35 than to 37. An analysis of
the results often avoids problems stemming from untimely events such as pushing
the wrong button on a calculator.

© The McGraw-Hill
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A hint for numerical problem solving:
Estimate (at least to an order of
magnitude) your answer before
beginning the calculation using your
calculator.

Calculate the atomic mass of naturally occurring carbon if 98.90% of carbon
atoms are '2C (carbon-12) with a mass of 12.00 amu and 1.11% are 3C
(carbon-13) with a mass of 13.00 amu. (Note that a small amount of ¢C is
also present but is small enough to ignore in a calculation involving three or
four significant figures.)

Solution

Step 1. Convert each percentage to a decimal fraction.

1
98.90% carbon-12 X 10 = 0.9890 carbon-12

(g

1.11% carbon-13 X = 0.0111 carbon-13

(g

Step 2.
contribution to fraction of all (mass of a
atomic mass = Catomsthat X carbon-12
by carbon-12 are carbon-12 atom)
= 0.9890 X 12.00 amu
= 11.87 amu

Continued—
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contribution to (fraction of all (mass of a
atomic mass = C atoms that X carbon-13
by carbon-13 are carbon-13) atom)
= 0.0111 X 13.00 amu
= 0.144 amu
Step 3. The weighted average is:
atomic mass (contribution (contribution
of naturally = of + of
occurring carbon carbon-12) carbon-13)
= 11.87 amu + 0.144 amu
= 12.01 amu

Helpful Hint: Because most of the carbon is carbon-12, with very little
carbon-13 present, the atomic mass should be very close to that of carbon-
12. Approximations, before performing the calculation, provide another
check on the accuracy of the final result.

The element neon has three naturally occurring isotopes. One of these has a mass
of 19.99 amu and a natural abundance of 90.48%. A second isotope has a mass of
20.99 amu and a natural abundance of 0.27%. A third has a mass of 21.99 amu
and a natural abundance of 9.25%. Calculate the atomic mass of neon.

m The element nitrogen has two naturally occurring isotopes. One of these has a
mass of 14.003 amu and a natural abundance of 99.63%; the other isotope has a

mass of 15.000 amu and a natural abundance of 0.37%. Calculate the atomic mass
of nitrogen.

lons

Ions are electrically charged particles that result from a gain of one or more elec-

trons by the parent atom (forming negative ions, or anions) or a loss of one or

more electrons from the parent atom (forming positive ions, or cations).
Formation of an anion may occur as follows:

BF +1le- ——>3F~
The neutral atom The fluorine anion
gains an electron is formed

Learning Goal

9 protons, 9 electrons 9 protons, 10 electrons

Alternatively, formation of a cation of sodium may proceed as follows:

BNa——>1e” + FNa*
The neutral atom  The sodium cation
loses an electron  is formed

11 protons, 11 electrons 11 protons, 10 electrons
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Note that the electrons gained are written to the left of the reaction arrow (they
are reactants), whereas the electrons lost are written as products to the right of the
reaction arrow. For simplification the atomic and mass numbers are often omitted,
because they do not change during ion formation. For example, the sodium cation
would be written as Na* and the anion of fluorine as F~.

2.3 Development of Atomic Theory

With this overview of our current understanding of the structure of the atom, we
now look at a few of the most important scientific discoveries that led to modern
atomic theory.

Dalton’s Theory

The first experimentally based theory of atomic structure was proposed by John
Dalton, an English schoolteacher, in the early 1800s. Dalton proposed the follow-
ing description of atoms:

1. All matter consists of tiny particles called atoms.

2. An atom cannot be created, divided, destroyed, or converted to any other
type of atom.

3. Atoms of a particular element have identical properties.

4. Atoms of different elements have different properties.

5. Atoms of different elements combine in simple whole-number ratios to
produce compounds (stable aggregates of atoms).

6. Chemical change involves joining, separating, or rearranging atoms.

Although Dalton’s theory was founded on meager and primitive experimental in-
formation, we regard much of it as correct today. Postulates 1, 4, 5, and 6 are cur-
rently regarded as true. The discovery of the processes of nuclear fusion, fission
(“splitting” of atoms), and radioactivity has disproved the postulate that atoms
cannot be created or destroyed. Postulate 3, that all the atoms of a particular ele-
ment are identical, was disproved by the discovery of isotopes.

Fusion, fission, radioactivity, and isotopes are discussed in some detail in
Chapter 10. Figure 2.3 uses a simple model to illustrate Dalton’s theory.

S

S

J

J

J
o

J
J O
J 9
) 9

v v

Atoms of element Y

Atoms of element X

(a)
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Figure 2.3

An illustration of John Dalton’s atomic
theory. (a) Atoms of the same element are
identical, but different from atoms of any
other element. (b) Atoms combine in
whole-number ratios to form compounds.

)( (/

Compound formed from
elements X and Y

(b)
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Figure 2.4

lllustration of Crookes's experiment.

(a) When a high voltage was applied
between two electrodes in a sealed,
evacuated tube, a cathode ray (an
electron track) was observed between the
electrodes, originating at the negative
electrode, the cathode. (b) When a
magnetic field is applied, the path of the
cathode ray shifts, indicating that the
cathode ray has magnetic properties.

Figure 2.5

lllustration of an experiment
demonstrating the charge of cathode
rays. The application of an external
electric field causes the electron beam to
deflect toward a positive charge,
implying that the cathode ray is negative.

Learning Goal

Crookes’s cathode ray tube was the
forerunner of the computer screen
(often called CRT) and the television.
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Cathode (—)

Air pumped out

Evidence for Subatomic Particles: Electrons, Protons, and Neutrons

The next major discoveries occurred almost a century later (1879-1897). Although
Dalton pictured atoms as indivisible, various experiments, particularly those of
William Crookes and Eugene Goldstein, indicated that the atom is composed of
charged (+ and —) particles.

Crookes connected two metal electrodes (metal discs connected to a source of
electricity) at opposite ends of a sealed glass vacuum tube. When the electricity
was turned on, rays of light were observed to travel between the two electrodes.
They were called cathode rays because they traveled from the cathode (the nega-
tive electrode) to the anode (the positive electrode). A diagram of the apparatus is
shown in Figure 2.4.

Later experiments by J. J. Thomson, an English scientist, demonstrated the
electrical and magnetic properties of cathode rays (Figure 2.5). The rays were de-
flected toward the positive electrode of an external electric field. Because opposite
charges attract, this indicates the negative character of the rays. Similar experi-
ments with an external magnetic field showed a deflection as well; hence these
cathode rays also have magnetic properties.

A change in the material used to fabricate the electrode discs brought about no
change in the experimental results. This suggested that the ability to produce cath-
ode rays is a characteristic of all materials.

In 1897, Thomson announced that cathode rays are streams of negative parti-
cles of energy. These particles are electrons. Similar experiments, conducted by
Goldstein, led to the discovery of particles that are equal in charge to the electron
but opposite in sign. These particles, much heavier than electrons (actually 1837
times as heavy), are called protons.
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As we have seen, the third fundamental atomic particle is the neutron. It has a
mass virtually identical (it is less than 1% heavier) to that of the proton and has
zero charge. The neutron was first postulated in the early 1920s, but it was not un-
til 1932 that James Chadwick demonstrated its existence with a series of experi-
ments involving the use of small particle bombardment of nuclei.

Evidence for the Nucleus

In the early 1900s it was believed that protons and electrons were uniformly dis-
tributed throughout the atom. However, an experiment by Hans Geiger led Ernest
Rutherford (in 1911) to propose that the majority of the mass and positive charge of
the atom was actually located in a small, dense region, the nucleus, with small, neg-
atively charged electrons occupying a much larger volume outside of the nucleus.

To understand how Rutherford’s theory resulted from the experimental ob-
servations of Geiger, let us examine this experiment in greater detail. Rutherford
and others had earlier demonstrated that some atoms spontaneously “decay” to
produce three types of radiation: alpha (), beta (8), and gamma () radiation. This
process is known as natural radioactivity (Figure 2.6). Geiger used radioactive ma-
terials, such as radium, as projectile sources, “firing” alpha particles at a thin metal
foil target (gold leaf). He then observed the interaction of the metal and alpha par-
ticles with a detection screen (Figure 2.7) and found that:

a. Most alpha particles pass through the foil without being deflected.
b. A small fraction of the particles were deflected, some even directly back to the
source.

Rutherford interpreted this to mean that most of the atom is empty space, because
most alpha particles were not deflected. Further, most of the mass and positive
charge must be located in a small, dense region; collision of the heavy and posi-
tively charged alpha particle with this small dense and positive region (the nu-
cleus) caused the great deflections. Rutherford summarized his astonishment at
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Figure 2.6

Types and characteristics of radioactive
emissions. The direction taken by the
radioactive emissions indicates the
presence of three types of emissions:
positive, negative, and neutral
components.

Figure 2.7

The alpha particle scattering experiment.

Learning Goal
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Figure 2.8

(a) A model of the atom (credited to
Thomson) prior to the work of Geiger and
Rutherford. This was termed the “plum
pudding” model. (b) A model of the atom
supported by the alpha-particle
scattering experiments of Geiger and
Rutherford.
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Figure 2.9

The visible spectrum of light. Light passes
through a prism, producing a continuous
spectrum.
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Positive charge spread
throughout the entire sphere

Dense, positively
charged nucleus

Electrons

- T A region of

- mostly empty
space where
electrons reside

(@) (b)

observing the deflected particles: “It was almost as incredible as if you fired a 15-
inch shell at a piece of tissue and it came back and hit you.”

The significance of Rutherford’s contribution cannot be overstated. It caused a
revolutionary change in the way that scientists pictured the atom (Figure 2.8). His
discovery of the nucleus is fundamental to our understanding of chemistry. Chap-
ter 10 will provide much more information on a special branch of chemistry: nu-
clear chemistry.

2.4 The Relationship between Light and
Atomic Structure

The Rutherford atom leaves us with a picture of a tiny, dense, positively charged
nucleus containing protons and surrounded by electrons. The electron arrange-
ment, or configuration, is not clearly detailed. More information is needed regard-
ing the relationship of the electrons to each other and to the nucleus. In dealing
with dimensions on the order of 1078 cm (the atomic level), conventional methods
for measurement of location and distance of separation become impossible. An al-
ternative approach involves the measurement of energy rather than the position of
the atomic particles to determine structure. For example, information obtained
from the absorption or emission of light by atoms (energy changes) can yield valu-
able insight into structure. Such studies are referred to as spectroscopy.

In a general sense we refer to light as electromagnetic radiation. Electromag-
netic radiation travels in waves from a source. The most recognizable source of this
radiation is the sun. We are aware of a rainbow, in which visible white light from
the sun is broken up into several characteristic bands of different colors. Similarly,
visible white light, when passed through a glass prism, is separated into its vari-
ous component colors (Figure 2.9). These various colors are simply light (electro-
magnetic radiation) of differing wavelengths.

All electromagnetic radiation travels at a speed of 3.0 X 10® m/s, the speed of
light. However, each wavelength of light, although traveling with identical veloc-
ity, has its own characteristic energy. A collection of all electromagnetic radiation,
including each of these wavelengths, is referred to as the electromagnetic spec-
trum. For convenience in discussing this type of radiation we subdivide electro-
magnetic radiation into various spectral regions, which are characterized by
physical properties of the radiation, such as its wavelength or its energy (Figure
2.10). Some of these regions are quite familiar to us from our everyday experiences;
the visible and microwave regions are two common examples.
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Light of shorter wavelength has higher energy; this means that the magni-
tude of the energy and wavelength is inversely proportional. The wavelength of
a particular type of light can be measured, and from this the energy may be
calculated.

If we take a sample of some element, such as hydrogen, in the gas phase, place
it in an evacuated glass tube containing a pair of electrodes, and pass an electrical
charge (cathode ray) through the hydrogen gas, light is emitted. Not all wave-
lengths (or energies) of light are emitted—only certain wavelengths that are char-
acteristic of the gas under study. This is referred to as an emission spectrum (Figure
2.11). If a different gas, such as helium, is used, a different spectrum (different
wavelengths of light) is observed. The reason for this phenomenon was explained
by Niels Bohr.
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Figure 2.10

The electromagnetic spectrum. Note that
the visible spectrum is only a small part
of the total electromagnetic spectrum.

Figure 2.11

(a) The emission spectrum of hydrogen.
Certain wavelengths of light,
characteristic of the atom, are emitted
upon electrical excitation. (b) The line
spectrum of hydrogen is compared with
the spectrum of visible light (c).
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Figure 2.12

(a) The Bohr atom. (b) Excitation involves

promotion of an electron to a higher 2'5 The BOhr Atom

energy level by absorption of energy. Niels Bohr hypothesized that surrounding each atomic nucleus were certain fixed

(c) Relaxation is the reverse process, energy levels that could be occupied by electrons. He also believed that each level

whereby an atom returns to the ground was defined by a spherical orbit around the nucleus, located at a specific distance

:?;fgilslter\‘/eele ;C(;':nne:g(;vi:sr;?ezslgsver from the nucleus. The concept of certain fixed energy levels is referred to as the

(Orbits are not drawn to scale.) ' quantization of energy. The implication is that only these orbits, or quantum
levels, as described by Max Planck, are allowed locations for electrons. If an atom
absorbs energy, an electron undergoes promotion from an orbit closer to the nu-

Learning Goal cleus (lower energy) to one farther from the nucleus (higher energy), creating an
excited state. Similarly, the release of energy by an atom, or relaxation, results
u from an electron falling into an orbit closer to the nucleus (lower energy level).

Promotion and relaxation processes are referred to as electronic transitions.
The amount of energy absorbed in jumping from one energy level to a higher en-
ergy level is a precise quantity (hence, quantum), and that energy corresponds ex-
actly to the energy differences between the orbits involved. Electron promotion
resulting from absorption of energy results in an excited state atom; the process of re-
laxation allows the atom to return to the ground state (Figure 2.12) with the simulta-
neous release of light energy. The ground state is the lowest possible energy state.
This emission process, such as the release of energy after excitation of hydrogen
atoms by an electric arc, produces the series of emission lines (emission spectrum).
Measurement of the wavelengths of these lines enables the calculation of energy lev-
els in the atom. These energy levels represent the location of the atom'’s electrons.

We may picture the Bohr atom as a series of concentric orbits surrounding the
nucleus. The orbits are identified by two different systems, one using numbers
(n=1,2,3,...,etc) and the other using letters (K, L, M, . . ., etc.). The number n
is referred to as a quantum number. The quantum number 1 = 1 corresponds to a
Kshell, n = 2is L, and so forth.

The hydrogen spectrum consists of four lines in the visible region of the spec-
trum. Electronic transitions, calculated from the Bohr theory, account for each of
these lines. Table 2.2 gives a summary of the hydrogen spectrum.

Electronic Transitions Responsible for the

Hydrogen Spectrum
Wavelength Electronic Transition
Line Color Emitted (nm) n= to n=
Red 656.4 3 2
Green 486.3 4 2
Blue 434.2 5 2
Violet 4103 6 2
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Atomic Spectra and the Fourth of July

At one time or another we have all marveled at the bright,
multicolored display of light and sound that is a fireworks dis-
play. These sights and sounds are produced by a chemical reac-
tion that generates the energy necessary to excite a variety of
elements to their higher-energy electronic states. Light emis-
sion results from relaxation of the excited atoms to the ground
state. Each atom releases light of specific wavelengths. The vis-
ible wavelengths are seen as colored light.

Fireworks need a chemical reaction to produce energy. We
know from common experience that oxygen and a fuel will re-
lease energy. The fuel in most fireworks preparations is sulfur
or aluminum. Each reacts slowly with oxygen; a more potent
solid-state source of oxygen is potassium perchlorate (KCIO,).
The potassium perchlorate reacts with the fuel (an oxidation—
reduction reaction), producing a bright white flash of light. The
heat produced excites the various elements packaged with the
fuel and oxidant.

Sodium salts, such as sodium chloride, furnish sodium ions,
which, when excited, produce yellow light (a wavelength of
589 nm). Red colors arise from salts of strontium, which emit
several shades of red corresponding to wavelengths in the 600-
to 700-nm region of the visible spectrum. Copper salts produce
blue radiation, because copper emits in the 400- to 500-nm
spectral region.

A fireworks display is a dramatic illustration of light emission by
excited atoms.

The beauty of fireworks is a direct result of the skill of the
manufacturer. Selection of the proper oxidant, fuel, and color-
producing elements is critical to the production of a spectacular
display. Packaging these chemicals in proper quantities so that
they can be stored and used safely is an equally important
consideration.

47

A summary of the major features of the Bohr theory is as follows:

® Atoms can absorb and emit energy via promotion of electrons to higher

energy levels and relaxation to lower levels.

e Energy that is emitted upon relaxation is observed as a single wavelength of

light.

e These spectral lines are a result of electron transitions between allowed levels in

the atom.

® The allowed levels are quantized energy levels, or orbits.

e Electrons are found only in these energy levels.

® The highest-energy orbits are located farthest from the nucleus.

* Atoms absorb energy by excitation of electrons to higher energy levels.

* Atoms release energy by relaxation of electrons to lower energy levels.

® Energy differences may be calculated from the wavelengths of light emitted.

2.6 Modern Atomic Theory

The Bohr model was an immensely important contribution to the understanding of

Learning Goal

atomic structure. The idea that electrons exist in specific energy states and that tran-

sitions between states involve quanta of energy provided the linkage between

atomic structure and atomic spectra. However, some limitations of this model
quickly became apparent. Although it explained the hydrogen spectrum, it provided
only a crude approximation of the spectra for more complex atoms. Subsequent
development of more sophisticated experimental techniques demonstrated that
there are problems with the Bohr theory even in the case of hydrogen.
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Electromagnetic Radiation and Its Effects on Our Everyday Lives

From the preceding discussion of the interaction of electro-
magnetic radiation with matter—spectroscopy—you might be
left with the impression that the utility of such radiation is lim-
ited to theoretical studies of atomic structure. Although this is a

these processes can be improved, such approaches may pro-
vide at least a partial solution to the problems of rising energy
costs and pollution associated with our fossil fuel-based en-
ergy economy.

useful application that has enabled us to learn a great deal
about the structure and properties of matter, it is by no means
the only application. Useful, everyday applications of the theo-
ries of light energy and transmission are all around us. Let’s
look at just a few examples.

Transmission of sound and pictures is conducted at radio
frequencies or radio wavelengths. We are immersed in radio
waves from the day we are born. A radio or television is our
“detector” of these waves. Radio waves are believed to cause
no physical harm because of their very low energy, although
some concern for people who live very close to transmission
towers has resulted from recent research.

X rays are electromagnetic radiation, and they travel at the
speed of light just like radio waves. However, because of their
higher energy, they can pass through the human body and
leave an image of the body’s interior on a photographic film.
X-ray photographs are invaluable for medical diagnosis. How-
ever, caution is advised in exposing oneself to X rays, because
the high energy can remove electrons from biological mole-
cules, causing subtle and potentially harmful changes in their
chemistry.

The sunlight that passes through our atmosphere provides
the basis for a potentially useful technology for providing heat
and electricity: solar energy. Light is captured by absorbers, re-

The intensity of infrared radiation from a solid or liquid is an

ferred to as solar collectors, which convert the light energy into
heat energy. This heat can be transferred to water circulating
beneath the collectors to provide heat and hot water for homes
or industry. Wafers of a silicon-based material can convert light

indicator of relative temperature. This has been used to advantage in
the design of infrared cameras, which can obtain images without the
benefit of the visible light that is necessary for conventional cameras.
The infrared photograph shows the coastline surrounding the city of

energy to electrical energy; many believe that if the efficiency of ~ San Francisco.

Max Planck noted that in certain situations, energy possessed particlelike
properties. A French physicist, Louis deBroglie, hypothesized that the reverse
could be true as well: Electrons could, at times, behave as waves rather than parti-
cles. This is known today as deBroglie’s wave—particle duality.

Werner Heisenberg, a German physicist, building on deBroglie’s hypothesis,
argued that it would be impossible to exactly specify the location of a particle
(such as the electron) because of its wavelike character (a wave travels indefinitely
in space in contrast to a particle that has fixed dimensions). This hypothesis in turn
led to the Heisenberg uncertainty principle (1927), which states that it is impossible to
specify both the location and the momentum (momentum is the product of mass
and velocity) of an electron in an atom at the same time.

The work of deBroglie and Heisenberg represents a departure from the Bohr
theory and paved the way for the development of modern atomic theory. Al-
though Bohr’s concept of principal energy levels is still valid, restriction of elec-
trons to fixed orbits is too rigorous in light of Heisenberg’s principle. All current
evidence shows that electrons do not, in fact, orbit the nucleus. We now speak of
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Microwave radiation for cooking, infrared lamps for heating
and remote sensing, ultraviolet lamps used to kill microorgan-
isms on environmental surfaces, gamma radiation from nuclear
waste, the visible light from the lamp you are using to read this
chapter—all are forms of the same type of energy that, for bet-
ter or worse, plays such a large part in our twenty-first century
technological society.

Electromagnetic radiation and spectroscopy also play a vi-
tal role in the field of diagnostic medicine. They are routinely
used as diagnostic and therapeutic tools in the detection and
treatment of disease.

The radiation therapy used in the treatment of many types
of cancer has been responsible for saving many lives and ex-
tending the span of many others. When radiation is used as a
treatment, it destroys cancer cells. This topic will be discussed
in detail in Chapter 10.

As a diagnostic tool, spectroscopy has the benefit of provid-
ing data quickly and reliably; it can also provide information

An image of a tumor detected by a CT scan.

that might not be available through any other means. Addi-
tionally, spectroscopic procedures are often nonsurgical, outpa-
tient procedures. Such procedures are safer, can be more
routinely performed, and are more acceptable to the general
public than surgical procedures. The potential cost savings be-
cause of the elimination of many unnecessary surgical proce-
dures is an added benefit.

The most commonly practiced technique uses the CT scan-
ner, an acronym for computer-accentuated tomography. In this tech-
nique, X rays are directed at the tissue of interest. As the X rays
pass through the tissue, detectors surrounding the tissue gather

- the signal, compare it to the original X-ray beam, and, using the
The CT scanner is a device used for diagnostic purposes. computer, produce a three-dimensional image of the tissue.

the probability of finding an electron in a region of space within the principal energy
level, referred to as an atomic orbital. The rapid movement of the electron spreads
the charge into a cloud of charge. This cloud is more dense in certain regions, the
electron density being proportional to the probability of finding the electron at
any point in time. Insofar as these atomic orbitals are part of the principal energy
levels, they are referred to as sublevels. In Chapter 3 we will see that the orbital
model of the atom can be used to predict how atoms can bond together to form
compounds. Furthermore, electron arrangement in orbitals enables us to predict
various chemical and physical properties of these compounds.

What was deBroglie’s new way of considering matter? m

Why is it not possible to know both the exact energy and the location of an
electron?

2-17
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2.1 Matter and Structure

Observation of properties has enabled scientists to design
models of matter that explain behavior. The sophistication
and predictive properties of such models has increased
markedly over the last two hundred years. This has en-
abled a technological revolution. We are reminded that this
evolutionary process continues today. Theories are contin-
ually undergoing modification and refinement.

2.2 Composition of the Atom

The basic structural unit of an element is the atom, which is
the smallest unit of an element that retains the chemical
properties of that element. The atom is composed of three
primary particles: the electron, the proton, and the neutron.

The atom has two distinct regions. The nucleus is a
small, dense, positively charged region in the center of the
atom composed of positively charged protons and un-
charged neutrons. Surrounding the nucleus is a diffuse re-
gion of negative charge occupied by electrons, the source of
the negative charge. Electrons are very low in mass in com-
parison to protons and neutrons.

The atomic number (Z) is equal to the number of pro-
tons in the atom. The mass number (A) is equal to the sum
of the protons and neutrons (the mass of the electrons is
insignificant).

Isotopes are atoms of the same element that have differ-
ent masses because they have different numbers of neutrons
(different mass numbers). Isotopes have chemical behavior
identical to that of any other isotope of the same element.

Ions are electrically charged particles that result from a
gain or loss of one or more electrons by the parent atom. An-
ions, negative ions, are formed by a gain of one or more elec-
trons by the parent atom. Cations, positive ions, are formed
by a loss of one or more electrons from the parent atom.

2.3 Development of Atomic Theory

The first experimentally based theory of atomic structure
was proposed by John Dalton. Although Dalton pictured
atoms as indivisible, the experiments of William Crookes,
Eugene Goldstein, and J. J. Thomson indicated that the atom
is composed of charged particles: protons and electrons. The
third fundamental atomic particle is the neutron. An experi-
ment conducted by Hans Geiger led Ernest Rutherford to
propose that the majority of the mass and positive charge of
the atom is located in a small, dense region, the nucleus, with
small, negatively charged electrons occupying a much
larger, diffuse space outside of the nucleus.

2-18

2.4 The Relationship between Light and
Atomic Structure

The study of the interaction of light and matter is termed
spectroscopy. Light, electromagnetic radiation, travels at a
speed of 3.0 X 108 m/s, the speed of light. Light is made
up of many wavelengths. Collectively, they comprise the
electromagnetic spectrum. Samples of elements emit certain
wavelengths of light when an electrical current is passed
through the sample. Different elements emit a different
pattern (different wavelengths) of light.

2.5 TheBohr Atom

Niels Bohr proposed an atomic model that described the
atom as a nucleus surrounded by fixed energy levels (or
quantum levels) that can be occupied by electrons. He be-
lieved that each level was defined by a spherical orbit lo-
cated at a specific distance from the nucleus.

Promotion and relaxation processes are referred to as
electronic transitions. Electron promotion resulting from ab-
sorption of energy results in an excited state atom; the
process of relaxation allows the atom to return to the
ground state by emitting a certain wavelength of light.

2.6 Modern Atomic Theory

The modern view of the atom describes the probability of
finding an electron in a region of space within the principal
energy level, referred to as an atomic orbital. The rapid
movement of the electrons spreads them into a cloud of
charge. This cloud is more dense in certain regions, the den-
sity being proportional to the probability of finding the elec-
tron at any point in time. The orbital is strikingly different
from Bohr’s orbit. The electron does not orbit the nucleus;
rather, its behavior is best described as that of a wave.

anion (2.2) electron (2.2)
anode (2.3) electron density (2.6)
atom (2.2) electronic transitions (2.5)

atomic mass (2.2)
atomic number (2.2)
atomic orbital (2.6)
cathode (2.3)
cathode rays (2.3)
cation (2.2)

energy level (2.5)
excited state (2.5)
ground state (2.5)
ion (2.2)

isotope (2.2)

mass number (2.2)

electromagnetic natural radioactivity (2.3)
radiation (2.4) neutron (2.2)
electromagnetic nucleus (2.2)

spectrum (2.4) orbit (2.5)



promotion (2.5)
proton (2.2)
quantization (2.5)
quantum levels (2.5)
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quantum number (2.5)
relaxation (2.5)
spectroscopy (2.4)
speed of light (2.4)

Matter and Structure

2.7

2.8

Make a list of everyday items that were developed (or
developed more rapidly) because of our understanding of
atomic structure and composition.

Make a list of technological developments in your major area
of study that were developed as a consequence of our
understanding of atomic structure and composition.

Composition of the Atom

2.9
2.10
2.11

212

2.13

2.14

2.15

2.16

217

2.18

2.19

2.20
2.21

2.22

2.23

2.24

In what way(s) are protons and neutrons similar?
In what way(s) are protons and neutrons different?
Calculate the number of protons, neutrons, and electrons in:
a. 80
b. P
Calculate the number of protons, neutrons, and electrons in:
a. '¥Ba
b. %iPo
Why are isotopes useful in medicine?
Describe the similarities and differences among carbon-12,
carbon-13, and carbon-14.
State the mass and charge of the:
a. electron
b. proton
c. neutron
Calculate the number of protons, neutrons, and electrons in:
#Cl
. ¥Na
$Kr
What is an ion?
. What process results in the formation of a cation?
What process results in the formation of an anion?
What are isotopes?
. What is the major difference among isotopes of an
element?
c. What is the major similarity among isotopes of an
element?
How many protons are in the nucleus of the isotope Rn-220?
How many neutrons are in the nucleus of the isotope Rn-220?
Selenium-80 is a naturally occurring isotope. It is found in
over-the-counter supplements.
a. How many protons are found in one atom of selenium-80?
b. How many neutrons are found in one atom of selenium-80?
Iodine-131 is an isotope used in thyroid therapy.
a. How many protons are found in one atom of iodine-131?
b. How many neutrons are found in one atom of iodine-131?
Write symbols for each isotope:
a. Each atom contains 1 proton and 0 neutrons.
b. Each atom contains 6 protons and 8 neutrons.
Write symbols for each isotope:
a. Each atom contains 1 proton and 2 neutrons.
b. Each atom contains 92 protons and 146 neutrons.

ISR SN CH = S
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2.25 In what way do isotopes of the same element differ?
2.26 In what way do atoms of different elements differ?
2.27 Fill in the blanks:
No. of No. of No. of
Symbol Protons Neutrons Electrons Charge
Example:
9Ca 20 20 20 0
%Na 11 11 0
2g2- 16 16 2—
8 8 8 0
HMg2* 12 2+
19 20 18
2.28 Fill in the blanks:
Atomic No. of No. of No. of
Symbol Protons Neutrons Electrons Charge
Example:
# Al 13 14 13 0
BK 19 19 0
3p3- 15 16
29 34 27 2+
$5Fe* 29 2+
8 8 10
2.29 Fill in the blanks:
a. Anisotope of an element differs in mass because the atom
has a different number of
b. The atomic number gives the number of in the
nucleus.
c. The mass number of an atom is due to the number of
and in the nucleus.
d. Acharged atomis called a(n)
e. Electrons surround the and have a charge.
2.30 Label each of the following statements as true or false:

a. An atom with an atomic number of 7 and a mass of 14 is
identical to an atom with an atomic number of 6 and a

mass of 14.
b. Neutral atoms have the same number of electrons as
protons.

c. The mass of an atom is due to the sum of the number of

protons, neutrons, and electrons.

Development of Atomic Theory

2.31
2.32
2.33

What are the major postulates of Dalton’s atomic theory?
What points of Dalton’s theory are no longer current?
Note the major accomplishment of each of the following:
a. Chadwick

b. deBroglie

Note the major accomplishment of each of the following;:
a. Geiger

b. Bohr

Note the major accomplishment of each of the following:
a. Dalton

b. Crookes

Note the major accomplishment of each of the following;:
a. Thomson

b. Rutherford

Describe the experiment that provided the basis for our
understanding of the nucleus.

2-19
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Describe the process that occurs when electrical energy is
applied to a sample of hydrogen gas.

Describe the series of experiments that characterized the
electron.

List at least three properties of the electron.

What is a cathode ray? Which subatomic particle is detected?
Pictured is a cathode ray tube. Show the path that an electron
would follow in the tube.

"

) |_| [
M

The Relationship between Light and Atomic Structure

2.43 Rank the various regions of the electromagnetic spectrum in
order of increasing wavelength.

2.44 Rank the various regions of the electromagnetic spectrum in
order of increasing energy.

2.45 Which form of radiation has greater energy, microwave or
infrared?

2.46 Which form of radiation has the longer wavelength,
ultraviolet or infrared?

2.47 What is meant by the term spectroscopy?

2.48 What is meant by the term electromagnetic spectrum?

The Bohr Atom

2.49 Critique this statement: Electrons can exist in any position
outside of the nucleus.

2.50 Critique this statement: Promotion of electrons is

accompanied by a release of energy.

2.51
2.52

2.53
2.54

What are the most important points of the Bohr theory?
Give two reasons why the Bohr theory did not stand the test
of time.

What was the major contribution of Bohr’s atomic model?
What was the major deficiency of Bohr’s atomic model?

Modern Atomic Theory

2.55
2.56
2.57
2.58

Describe the meaning of the deBroglie hypothesis.

Describe the meaning of Heisenberg’s Uncertainty Principle.
What is meant by the term electron density?

How do orbits and orbitals differ?

Critical Thinking Problems

1.

A natural sample of chromium, taken from the ground, will
contain four isotopes: Cr-50, Cr-52, Cr-53, and Cr-54. Predict
which isotope is in greatest abundance. Explain your reasoning.
Copper, silver, and gold are termed coinage metals; they are
often used to mint coins (see Figure 5.1). List all the chemical
and physical properties that you believe would make these
elements suitable for coins. Now, choose three metals that
would not be suitable for coinage, and explain why.
Rutherford’s theory of the nucleus was based on the
measurement of the results of a series of interactions. Explain
how the process of reading this page involves similar
principles.

Crookes’s cathode ray tube experiment inadvertently supplied
the basic science for a number of modern high-tech devices.
List a few of these devices and describe how they involve one
or more aspects of this historic experiment.

2-20
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Learning Goals

-
1

-
2

-
3

u Write electron configurations for atoms of the
most commonly occurring elements.

Know the meaning of the octet rule and its
predictive usefulness.

u Use the octet rule to predict the charge of
common cations and anions.

u Utilize the periodic table and its predictive
power to estimate the relative sizes of atoms
and ions, as well as relative magnitudes of
ionization energy and electron affinity.

u Use values of ionization energies and electron

affinities to predict ion formation.
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Managing Mountains of Information

Recall for a moment the first time that you sat down in front of
a computer. Perhaps it was connected to the Internet; somewhere
in its memory was a word processor program, a spreadsheet, a
few games, and many other features with strange-sounding
names. Your challenge, very simply, was to use this device to ac-
cess and organize information. Several manuals, all containing
hundreds of pages of bewilderment, were your only help. How
did you overcome this seemingly impossible task?

We are quite sure that you did not succeed without doing
some reading and talking to people who had experience with
computers. Also, you did not attempt to memorize every single
word in each manual.

Success with a computer or any other storehouse of infor-
mation results from developing an overall understanding of

the way in which the system is organized. Certain facts must be
memorized, but seeing patterns and using these relationships
allows us to accomplish a wide variety of tasks that involve
similar logic.

The study of chemistry is much like “real life.” Just as it is
impossible to memorize every single fact that will allow you to
run a computer or drive an automobile in traffic, it is equally
impossible to learn every fact in chemistry. Knowing the orga-
nization and logic of a process, along with a few key facts,
makes a task manageable.

One powerful organizational device in chemistry is the pe-
riodic table. Its use in organizing and predicting the behavior of
all of the known elements (and many of the compounds
formed from these elements) is the subject of this chapter.

Introduction

We discussed some of the early experiments that established the existence of
fundamental atomic particles (protons, neutrons, and electrons) and their relation-
ship within the atom in Chapter 2. Let us now consider the relationships among
the elements themselves. The unifying concept is called the periodic law, and it
gives rise to an organized “map” of the elements that relates their structure to their

chemical and physical properties. This “map” is the periodic table.

As we study the periodic law and periodic table, we shall see that the chemi-
cal and physical properties of elements follow directly from the electronic struc-
ture of the atoms that make up these elements. A thorough familiarity with the
arrangement of the periodic table is vital to the study of chemistry. It not only al-
lows us to predict the structure and properties of the various elements, but it also
serves as the basis for developing an understanding of chemical bonding, or the
process of forming molecules. Additionally, the properties and behavior of these
larger units on a macroscopic scale (bulk properties) are fundamentally related to

the properties of the atoms that comprise them.

3.1 The Periodic Law and the Periodic Table

Learning Goal

In 1869, Dmitri Mendeleev, a Russian, and Lothar Meyer, a German, working in-
dependently, found ways of arranging elements in order of increasing atomic mass
such that elements with similar properties were grouped together in a table of ele-
ments. The periodic law is embodied by Mendeleev’s statement, “the elements if
arranged according to their atomic weights (masses), show a distinct periodicity
(regular variation) of their properties.” The periodic table (Figure 3.1) is a visual rep-

resentation of the periodic law.

Chemical and physical properties of elements correlate with the electronic
structure of the atoms that make up these elements. In turn, the electronic struc-

ture correlates with position on the periodic table.
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MAIN-GROUP MAIN-GROUP
ELEMENTS ELEMENTS
( \ / Atomic number [ Metals (main group) r -
1A 1 [ Metals (transition) VIIIA
M H—— Symbol [ Metals (inner transition) (18)
1 1.008\ [ Metalloids 2
1| H 1A Atomic mass ] Nonmetals MA | IVA | vA | viA | viia | He
1.008 | (2) (13) | (14) | (15) | (16) | (17) |4.003
5 6 7 8 9 10
2 B C N o F Ne
10.81 | 12.01 | 14.01 | 16.00 | 19.00 | 20.18
— TRANSITION ELEMENTS —_— 14 15 16 17 18
3 B | VB | VB | VIB | VIB|——VIIB——/ B | B Si | P S | Cl | Ar
@ @ 6| 6| o6 © €] d)]|d 28.09 | 30.97 | 32.07 | 35.45 | 39.95
3 32 33 34 35 36
5|4 Ge | As | Se | Br | Kr
o 7261 | 74.92 | 78.96 | 79.90 | 83.80
51 52 53 54
5 Sb | Te | Xe
121.8 | 127.6 | 126.9 | 131.3
84 85 86
6 Po At Rn
(209) | (210) | (222)
116 117 118
7
(289)
/ T T -- - = - =
/ T - - = =
/ T - —
/ INNER TRANSITION ELEMENTS Tt
58 59 60 61 62 63 64 65 66 67 68 69 70 71
6| Lanthanides| Ce | Pr | Nd | Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu
140.1 | 140.9 | 144.2 | (145) | 150.4 [ 152.0 | 157.3 | 158.9 | 162.5 | 164.9 | 167.3 | 168.9 | 173.0 | 175.0
90 91 92 93 94 95 96 97 98 99 100 | 101 | 102 | 103
7| Actinides Th | Pa V) Np | Pu | Am | Cm | Bk | Cf Es | Fm | Md | No Lr
232.0 | (231) | 238.0 | (237) | (242) | (243) | (247) | (247) | (251) | (252) | (257) | (258) | (259) | (260)

A thorough familiarity with the arrangement of the periodic table allows us to
predict electronic structure and physical and chemical properties of the various el-

Figure 3.1

the periodic table.

ements. It also serves as the basis for understanding chemical bonding.

The concept of “periodicity” may be illustrated by examining a portion of the
modern periodic table (see Figure 3.1). The elements in the second row (beginning
with lithium, Li, and proceeding to the right) show a marked difference in proper-
ties. However, sodium (Na) has properties similar to those of lithium, and sodium
is therefore placed below lithium; once sodium is fixed in this position, the ele-
ments Mg through Ar have properties remarkably similar (though not identical) to
those of the elements just above them. The same is true throughout the complete

periodic table.

Mendeleev arranged the elements in his original periodic table in order of in-
creasing atomic mass. However, as our knowledge of atomic structure increased,
atomic numbers became the basis for the organization of the table.

The modern periodic law states that the physical and chemical properties of the el-
ements are periodic functions of their atomic numbers. If we arrange the elements in or-
der of increasing number of protons, the properties of the elements repeat at

regular intervals.

Not all of the elements are of equal importance to an introductory study of
chemistry. Table 3.1 lists twenty of the elements that are most important to biolog-
ical systems, along with their symbols and a brief description of their functions.

Classification of the elements:

55
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Table 3.1 Summary of the Most Important Elements
in Biological Systems

Element Symbol Significance
Hydrogen H
Carbon C
Oxygen o Cor_npor'lents. of
Ni major biological

itrogen N

molecules

Phosphorus P
Sulfur S
Potassium K Produce electrolytes
Sodium Na responsible for fluid balance
Chlorine Cl and nerve transmission
Calcium Ca B e
e Mg ones, nerve function
Zinc Zn
Strontium Sr
T Fe Essenti..al trace
C c metals in human

Opper u metabolism
Cobalt Co
Manganese Mn
Cadmium Cd “Heavy metals”
Mercury Hg toxic to living
Lead Pb systems

We will use the periodic table as our “map,” just as a traveler would use a road
map. A short time spent learning how to read the map (and remembering to carry
it along on your trip!) is much easier than memorizing every highway and inter-
section. The information learned about one element relates to an entire family of
elements grouped as a recognizable unit within the table.

Numbering Groups in the Periodic Table

The periodic table created by Mendeleev has undergone numerous changes over the
years. These modifications occurred as more was learned about the chemical and
physical properties of the elements. The labeling of groups with Roman numerals
followed by the letter A (representative elements) or B (transition elements) was
standard, until 1983, in North America and Russia. However, in other parts of the
world, the letters A and B were used in a different way. Consequently, two different
periodic tables were in widespread use. This certainly created some confusion.

The International Union of Pure and Applied Chemistry (IUPAC), in 1983, rec-
ommended that a third system, using numbers 1-18 to label the groups, replace
both of the older systems. Unfortunately, multiple systems now exist and this can
cause confusion for both students and experienced chemists.

The periodic tables in this textbook are “double labeled.” Both the old (Roman
numeral) and new (1-18) systems are used to label the groups. The label that you
use is simply a guide to reading the table; the real source of information is in the
structure of the table itself. The following sections will show you how to extract
useful information from this structure.
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Periods and Groups

A period is a horizontal row of elements in the periodic table. The periodic table
consists of seven periods containing 2, 8, 8, 18, 18, and 32 elements. The seventh
period is still incomplete but potentially holds 32 elements. Note that the
lanthanide series, a collection of 14 elements that are chemically and physically
similar to the element lanthanum, is a part of period six. It is written separately
for convenience of presentation and is inserted between lanthanum (La), atomic
number 57, and hafnium (Hf), atomic number 72. Similarly, the actinide series,
consisting of 14 elements similar to the element actinium, is inserted between
actinium, atomic number 89, and rutherfordium, atomic number 104.

Groups or families are columns of elements in the periodic table. The elements of
a particular group or family share many similarities, as in a human family. The sim-
ilarities extend to physical and chemical properties that are related to similarities in
electronic structure (that is, the way in which electrons are arranged in an atom).

Group A elements are called representative elements, and Group B elements
are transition elements. Certain families also have common names. For example,
Group IA (or 1) elements are also known as the alkali metals; Group IIA (or 2), the
alkaline earth metals; Group VIIA (or 17), the halogens; and Group VIIIA (or 18),
the noble gases.

A metal is a substance whose atoms tend to lose electrons during chemical
change, forming positive ions. A nonmetal, on the other hand, is a substance
whose atoms may gain electrons, forming negative ions.

Metals and Nonmetals

A closer inspection of the periodic table reveals a bold zigzag line running from
top to bottom, beginning to the left of boron (B) and ending between polonium
(Po) and astatine (At). This line acts as the boundary between metals, to the left,
and nonmetals, to the right. Elements straddling the boundary have properties in-
termediate between those of metals and nonmetals. These elements are referred to
as metalloids. The metalloids include boron (B), silicon (Si), germanium (Ge), ar-
senic (As), antimony (Sb), tellurium (Te), polonium (Po), and astatine (At).

Atomic Number and Atomic Mass

The atomic number is the number of protons in the nucleus of an atom of an ele-
ment. It also corresponds to the nuclear charge, the positive charge from the nu-
cleus. Both the atomic number and atomic mass of each element are readily
available from the periodic table. For example,

20 «<—— atomic number
Ca<—— symbol
calcium «<—— name
40.08 «<—— atomic mass

More detailed periodic tables may also include such information as the electron
arrangement, relative sizes of atoms and ions, and most probable ion charges.

© The McGraw-Hill
Companies, 2003

57

Learning Goal

Many metals, as positive ions, are
essential nutrients in biological
systems. A Medical Perspective: Copper
Deficiency and Wilson’s Disease gives
but one example.

Learning Goal

Note that aluminum (Al) is classified as
a metal, not a metalloid.

Learning Goal

Refer to the periodic table (Figure 3.1) and find the following information:

the symbol of the element with an atomic number of 40

the mass of the element sodium (Na)

the element whose atoms contain 24 protons

the known element that should most resemble the as-yet undiscovered
element with an atomic number of 117

an o
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Copper Deficiency and Wilson’s Disease

An old adage tells us that we should consume all things in
moderation. This is very true of many of the trace minerals,
such as copper. Too much copper in the diet causes toxicity and
too little copper results in a serious deficiency disease.

Copper is extremely important for the proper functioning of
the body. It aids in the absorption of iron from the intestine and
facilitates iron metabolism. It is critical for the formation of he-
moglobin and red blood cells in the bone marrow. Copper is also
necessary for the synthesis of collagen, a protein that is a major
component of the connective tissue. It is essential to the central
nervous system in two important ways. First, copper is needed
for the synthesis of norepinephrine and dopamine, two chemi-
cals that are necessary for the transmission of nerve signals. Sec-
ond, it is required for the deposition of the myelin sheath (a
layer of insulation) around nerve cells. Release of cholesterol
from the liver depends on copper, as does bone development
and proper function of the immune and blood clotting systems.

The estimated safe and adequate daily dietary intake
(ESADDI) for adults is 1.5-3.0 mg. Meats, cocoa, nuts, legumes,
and whole grains provide significant amounts of copper. The
accompanying table shows the amount of copper in some com-
mon foods.

Although getting enough copper in the diet would appear to
be relatively simple, it is estimated that Americans often ingest
only marginal levels of copper, and we absorb only 25-40% of
that dietary copper. Despite these facts, it appears that copper
deficiency is not a serious problem in the United States.

Individuals who are at risk for copper deficiency include
people who are recovering from abdominal surgery, which
causes decreased absorption of copper from the intestine. Oth-
ers at risk are premature babies and people who are sustained
solely by intravenous feedings that are deficient in copper. In
addition, people who ingest high doses of antacids or take ex-
cessive supplements of zinc, iron, or vitamin C can develop
copper deficiency because of reduced copper absorption. Be-
cause copper is involved in so many processes in the body, it is
not surprising that the symptoms of copper deficiency are
many and diverse. They include anemia; decreased red and
white blood cell counts; heart disease; increased levels of serum
cholesterol; loss of bone; defects in the nervous system, im-
mune system, and connective tissue; and abnormal hair.

Some of these symptoms are seen among people who suffer
from the rare genetic disease known as Menkes’ kinky hair syn-
drome. The symptoms of this disease, which is caused by a de-
fect in the ability to absorb copper from the intestine, include
very low copper levels in the serum, kinky white hair, slowed
growth, and degeneration of the brain.

Just as too little copper causes serious problems, so does an
excess of copper. At doses greater than about 15 mg, copper
causes toxicity that results in vomiting. The effects of extended
exposure to excess copper are apparent when we look at Wil-
son’s disease. This is a genetic disorder in which excess copper

Copper in One-Cup Portions of Food

Mass of
Food copper (mg)
Sesame seeds 5.88
Cashews 3.04
Oysters 2.88
Sunflower seeds 2.52
Peanuts, roasted 1.85
Crabmeat 1.71
Walnuts 1.28
Almonds 1.22
Cereal, All Bran 0.98
Tuna fish 0.93
Wheat germ 0.70
Prunes 0.69
Kidney beans 0.56
Dried apricots 0.56
Lentils, cooked 0.54
Sweet potato, cooked 0.53
Dates 0.51
Whole milk 0.50
Raisins 0.45
Cereal, C. W. Post, Raisins 0.40
Grape Nuts 0.38
Whole-wheat bread 0.34
Cooked cereal, Roman Meal 0.32

Source: From David C. Nieman, Diane E. Butterworth, and Catherine N. Nieman,
Nutrition, Revised First Edition. Copyright 1992 Wm. C. Brown Communica-
tions, Inc., Dubuque, Iowa. All Rights Reserved. Reprinted by permission.

cannot be removed from the body and accumulates in the
cornea of the eye, liver, kidneys, and brain. The symptoms in-
clude a greenish ring around the cornea, cirrhosis of the liver,
copper in the urine, dementia and paranoia, drooling, and pro-
gressive tremors. As a result of the condition, the victim gener-
ally dies in early adolescence. Wilson’s disease can be treated
with moderate success if it is recognized early, before perma-
nent damage has occurred to any tissues. The diet is modified
to reduce the intake of copper; for instance, such foods as
chocolate are avoided. In addition, the drug penicillamine is
administered. This compound is related to the antibiotic peni-
cillin but has no antibacterial properties; rather it has the ability
to bind to copper in the blood and enhance its excretion by the
kidneys into the urine. In this way the brain degeneration and
tissue damage that are normally seen with the disease can be
lessened.
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Refer to the periodic table (Figure 3.1) and find the following information:

the symbol of the noble gas in period 3

the lightest element in Group IVA

the only metalloid in Group IIIA

the element whose atoms contain 18 protons

n op

For each of the following element symbols, give the name of the element, its
atomic number, and its atomic mass:

a. He
b. F
c. Mn

For each of the following element symbols, give the name of the element, its
atomic number, and its atomic mass:

a. Mg
b. Ne
c. Se

3.2 Electron Arrangement and the Periodic Table

A primary objective of studying chemistry is to understand the way in which
atoms join together to form chemical compounds. The most important factor in
this bonding process is the arrangement of the electrons in the atoms that are com-
bining. The electronic configuration describes the arrangement of electrons in
atoms. The periodic table is helpful because it provides us with a great deal of in-
formation about the electron arrangement or electronic configuration of atoms.

Valence Electrons

If we picture two spherical objects that we wish to join together, perhaps with glue,
the glue can be applied to the surface, and the two objects can then be brought into
contact. We can extend this analogy to two atoms that are modeled as spherical ob-
jects. Although this is not a perfect analogy, it is apparent that the surface interac-
tion is of primary importance. Although the positively charged nucleus and
“interior” electrons certainly play a role in bonding, we can most easily under-
stand the process by considering only the outermost electrons. We refer to these as
valance electrons. Valence electrons are the outermost electrons in an atom, which
are involved, or have the potential to become involved in the bonding process.

For representative elements the number of valence electrons in an atom corre-
sponds to the number of the group or family in which the atom is found. For exam-
ple, elements such as hydrogen and sodium (in fact, all alkali metals, Group IA
or 1) have a valence of 1 (or one valence electron). From left to right in period 2,
beryllium, Be (Group IIA or 2), has two valence electrons; boron, B (Group IIIA
or 3), has three; carbon, C (Group IVA or 4), has four; and so forth.

We have seen that an atom may have several energy levels, or regions where
electrons are located. These energy levels are symbolized by n, the lowest energy
level being assigned a value of n = 1. Each energy level may contain up to a fixed
maximum number of electrons. For example, the n = 1 energy level may contain a
maximum of two electrons. Thus hydrogen (atomic number = 1) has one electron
and helium (atomic number = 2) has two electrons in the n = 1 level. Only these
elements have electrons exclusively in the first energy level:

©

Learning Goal

Metals tend to have fewer valence
electrons, and nonmetals tend to have
more valence electrons.

3-7
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n=1 n=1
Hydrogen: one-electron atom Helium: two-electron atom

These two elements make up the first period of the periodic table. Period 1 con-
tains all elements whose maximum energy level is n = 1. In other words, then =1
level is the outermost electron region for hydrogen and helium. Hydrogen has one
electron and helium has two electrons in the n = 1 level.

The valence electrons of elements in the second period are in the n = 2 energy
level. (Remember that you must fill the n = 1 level with two electrons before
adding electrons to the next level.) The third electron of lithium (Li) and the re-
maining electrons of the second period elements must be in the n = 2 level and are
considered the valence electrons for lithium and the remaining second period
elements.

n=1 n=2 n=1 n=2

n=1 n=2
Lithium: Three-electron atom, Beryllium: Four-electron atom, Boron: Five-electron atom,
one valence electron two valence electrons three valence electrons

n=1 n=2 n=1 n=2 n=1 n=2
Carbon: Six-electron atom, Nitrogen: Seven-electron atom, Oxygen: Eight-electron atom,
four valence electrons five valence electrons six valence electrons

n=1 n=2 n=1 n=2"
Fluorine: Nine-electron atom, Neon: Ten-electron atom,
seven valence electrons eight valence electrons

The electron distribution (arrangement) of the first twenty elements of the periodic
table is given in Table 3.2.

Two general rules of electron distribution are based on the periodic law:

RULE 1: The number of valence electrons in an atom equals the group number
for all representative (A group) elements. W

RULE 2: The energy level (n = 1, 2, etc.) in which the valence electrons are
located corresponds to the period in which the element may be found. W



Denniston: General, 3. Elements, Atoms, lons Text © The McGraw-Hill
Organic and Biochemistry, and the Periodic Table Companies, 2003
Fourth Edition

3.2 Electron Arrangement and the Periodic Table 61
Table 3.2 The Electron Distribution for the First Twenty Elements
of the Periodic Table
Element Total Number
Symbol of Electrons
and (Valence Electrons Electrons Electrons Electrons
Name Electrons) inn=1 inn=2 inn=3 inn=4
H, hydrogen 1(1) 1 0 0 0
He, helium 2(2) 2 0 0 0
Li, lithium 3 (1) 2 1 0 0
Be, beryllium 4(2) 2 2 0 0
B, boron 5(@3) 2 3 0 0
C, carbon 6 (4) 2 4 0 0
N, nitrogen 7 (5) 2 B 0 0
O, oxygen 8 (6) 2 6 0 0
F fluorine 9(7) 2 7 0 0
Ne, neon 10 (8) 2 8 0 0
Na, sodium 11 (1) 2 8 1 0
Mg, magnesium 12 (2) 2 8 2 0
Al, aluminum 13 (3) 2 8 3 0
Si, silicon 14 (4) 2 8 4 0
P, phosphorus 15 (5) 2 8 5 0
S, sulfur 16 (6) 2 8 6 0
Cl, chlorine 17 (7) 2 8 7 0
Ar, argon 18 (8) 2 8 8 0
K, potassium 19 (1) 2 8 8 1
Ca, calcium 20 (2) 2 8 8 2
For example,
Group IA Group IIA Group IIIA Group VIIA
Li Ca Al Br
one valence two valence  three valence seven valence
electron electrons electrons electrons
in in in in
n=2 n=4 n=3 n=4

energy level;  energylevel; energylevel, energy level;

period 2 period 4 period 3 period 4

Determining Electron Arrangement W

Provide the total number of electrons, total number of valence electrons, and
energy level in which the valence electrons are found for the silicon (Si) atom.

Solution

Step 1. Determine the position of silicon in the periodic table. Silicon is
found in Group IVA and period 3 of the table. Silicon has an atomic
number of 14.

Continued—

3-9
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EXAMPLE 3.1 —Continued

Step 2. The atomic number provides the number of electrons in an atom.
Silicon therefore has 14 electrons.

Step 3. Because silicon is in Group IV, only 4 of the 14 electrons are valence
electrons.

Step 4. Silicon has 2 electrons in n = 1, 8 electrons in n = 2, and 4 electrons
in the n = 3 level.

For each of the following elements, provide the tofal number of electrons and
valence electrons in its atom:

a. Na d. Cl
b. Mg e. Ar
c. S

3-10

For each of the following elements, provide the total number of electrons and
valence electrons in its atom:

d. O
e. Ca

n o
=R

The Quantum Mechanical Atom

As we noted at the end of Chapter 2, the success of Bohr’s theory was short-lived.
Emission spectra of multi-electron atoms (recall that the hydrogen atom has only
one electron) could not be explained by Bohr’s theory. DeBroglie’s statement that
electrons have wave properties served to intensify the problem. Bohr stated that
electrons in atoms had very specific locations. The very nature of waves, spread
out in space, defies such an exact model of electrons in atoms. Furthermore, the ex-
act model is contradictory to Heisenberg’s Uncertainty Principle.

The basic concept of the Bohr theory, that the energy of an electron in an atom is
quantized, was refined and expanded by an Austrian physicist, Erwin Schréedinger.
He described electrons in atoms in probability terms, developing equations that em-
phasize the wavelike character of electrons. Although Schréedinger’s approach was
founded on complex mathematics, we can readily use models of electron probabil-
ity regions that enable us to gain a reasonable insight into atomic structure without
the need to understand the underlying mathematics.

Schroedinger’s theory, often described as quantum mechanics, incorporates
Bohr’s principal energy levels (1 = 1, 2, and so forth); however, it is proposed that
each of these levels is made up of one or more sublevels. Each sublevel, in turn,
contains one or more atomic orbitals. In the following section we shall look at each
of these regions in more detail and learn how to predict the way that electrons are
arranged in stable atoms.

Energy Levels and Sublevels

Principal Energy Levels

The principal energy levels are designated n = 1, 2, 3, and so forth. The number of
possible sublevels in a principal energy level is also equal to n. When n = 1, there
can be only one sublevel; n = 2 allows two sublevels, and so forth.
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The total electron capacity of a principal level is 2(1)*. For example:

n=1 2(1) Capacity = 2e~

n=2 2(2 Capacity = 8e”~

n=3 2(3)? Capacity = 18e~
Sublevels

The sublevels, or subshells, are symbolized as s, p, d, f, and so forth; they increase
in energy in the following order:

s<p<d<f

We specify both the principal energy level and type of sublevel when describing
the location of an electron—for example, 1s, 2s, 2p. Energy level designations for
the first four principal energy levels follow:

e The first principal energy level (n = 1) has one possible sublevel: 1s.

¢ The second principal energy level (n = 2) has two possible sublevels: 2s and
2p.

e The third principal energy level (n = 3) has three possible sublevels: 3s, 3p,
and 3d.

e The fourth principal energy level (n = 4) has four possible sublevels: 4s, 4p, Figure 3.2
4d, and 4f. Representation of an s orbital.

s orbital

Orbitals
An orbital is a specific region of a sublevel containing a maximum of two electrons. The shape and orientation of atomic

Figure 3.2 depicts a model of an s orbital. It is spherically symmetrical, much like orbitals strongly influence the structure
a Ping-Pong ball. Its volume represents a region where there is a high probability of and properties of compounds.
finding electrons of similar energy. A close inspection of Figure 3.2 shows that this
probability decreases as we approach the outer region of the atom (the decreasing
color density in the model represents a decrease in the electron density). The nucleus
is at the center of the s orbital. At that point the probability of finding the electron is
zero; electrons cannot reside in the nucleus. Only one s orbital can be found in any n
level. Atoms with many electrons, occupying a number of 1 levels, have an s orbital
in each n level. Consequently 1s, 2s, 3s, and so forth are possible orbitals.

Figure 3.3 describes the shapes of the three possible p orbitals within a given
level. Each has the same shape, and that shape appears much like a dumbbell;
these three orbitals differ only in the direction they extend into space. Imaginary
coordinates x, y, and z are superimposed on these models to emphasize this fact.
These three orbitals, termed p,, p,, and p., may coexist in a single atom. Their
arrangement is shown in Figure 3.4.

In a similar fashion, five possible d orbitals and seven possible f orbitals exist.
The d orbitals exist only in n = 3 and higher principal energy levels; f orbitals exist
only in n = 4 and higher principal energy levels. Because of their complexity, we
will not consider the shapes of d and f orbitals.

Figure 3.3
Px by Pz Representation of the three p orbitals, p,,
p orbital p,,and p,.

3-11
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Figure 3.4
The orientation of three p orbitals in
space.

Section 2.3 discusses the properties of
electrons demonstrated by Thomson.

Learning Goal

Figure 3.5
A useful way to remember the filling
order for electrons in atoms.
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Electrons in Sublevels
We can deduce the maximum electron capacity of each sublevel based on the in-
formation just given.

For the s sublevel:

2e” it
1orbital x 22 CPATY _ 5o~ capacity
orbital
For the p sublevel:

3 orbitals X 2e” capacity

a

= 6e” capacity

For the d sublevel:

5 orbita]s X 2e” caPacity

= 10e™ capacity
a

For the f sublevel:

7 orbitals X 2e” caPacity

= 14e™ capacity
a

Electron Spin

As we have noted, each atomic orbital has a maximum capacity of two electrons.
The electrons are perceived to spin on an imaginary axis, and the two electrons in
the same orbital must have opposite spins: clockwise and counterclockwise. Their
behavior is analogous to two ends of a magnet. Remember, electrons have mag-
netic properties. The electrons exhibit sufficient magnetic attraction to hold them-
selves together despite the natural repulsion that they “feel” for each other, owing
to their similar charge (remember, like charges repel). Electrons must therefore
have opposite spins to coexist in an orbital. A pair of electrons in one orbital that
possess opposite spins are referred to as paired electrons.

Electron Configuration and the Aufbau Principle

The arrangement of electrons in atomic orbitals is referred to as the atom’s electron
configuration. The aufbau, or building up, principle helps us to represent the elec-
tron configuration of atoms of various elements. According to this principle, elec-
trons fill the lowest-energy orbital that is available first. We should also recall that
the maximum capacity of an s level is two, that of a p level is six, that of a d level is
ten, and that of an f level is fourteen electrons. Consider the following guidelines
for writing electron configurations:

Rules for Writing Electron Configurations

e Obtain the total number of electrons in the atoms from the atomic number
found on the periodic table.

e Electrons in atoms occupy the lowest energy orbitals that are available,
beginning with 1s.

e Each principal energy level, 11, can contain only n subshells.

e Each sublevel is composed of one (s) or more (three p, five d, seven f) orbitals.

* No more than two electrons can be placed in any orbital.

e The maximum number of electrons in any principal energy level is 2(1)2.

* The theoretical order of orbital filling is depicted in Figure 3.5.

Now let us look at several elements:
Hydrogen: Hydrogen is the simplest atom; it has only one electron. That electron

must be in the lowest principal energy level (n = 1) and the lowest orbital (s). We
indicate the number of electrons in a region with a superscript, so we write 1s'.
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Helium: Helium has two electrons, which will fill the lowest energy level. The
ground state (lowest energy) electron configuration for helium is 1s%

Lithium: Lithium has three electrons. The first two are configured as helium. The
third must go into the orbital of the lowest energy in the second principal energy
level; therefore the configuration is 152 2s.

Beryllium Through Neon: The second principal energy level can contain eight
electrons [2(2)?], two in the s level and six in the p level. The “building up” process
results in

Be 152 252

1s% 252 2p!
152 252 2p?
1s2 252 2p3
152 252 2p*
1s2 252 2p°
Ne 152 252 2p°

m O Z 0O =

Sodium Through Argon: Electrons in these elements retain the basic 1s? 2s? 2p°
arrangement of the preceding element, neon; new electrons enter the third princi-
pal energy level:

Na 152 252 2p° 3s!
Mg 1s% 252 2p° 352
Al 152 25% 2p° 352 3p!
Si 152 252 2p® 352 3p?
152 252 2p° 352 3p°
S 152 252 2p® 352 3pt
Cl 152 252 2p° 32 3p°
Ar 152 252 2p® 352 3p®

By knowing the order of filling of atomic orbitals, lowest to highest energy,
you may write the electron configuration for any element. The order of orbital fill-
ing can be represented by the diagram in Figure 3.5. Such a diagram provides an
easy way of predicting the electron configuration of the elements. Remember that
the diagram is based on an energy scale, with the lowest energy orbital at the be-
ginning of the “path” and the highest energy orbital at the end of the “path.” An
alternative way of representing orbital energies is through the use of an energy
level diagram, such as the one in Figure 3.6.

Writing the Electron Configuration of Tin

Tin, Sn, has an atomic number of 50; thus we must place fifty electrons in
atomic orbitals. We must also remember the total electron capacities of orbital
types:s, 2; p, 6; d, 10; and f, 14. The electron configuration is as follows:

15% 252 2p° 352 3p° 4s? 3d'0 4p° 552 4410 5p?

As a check, count electrons in the electron configuration to see that we have
accounted for all fifty electrons of the Sn atom.

© The McGraw-Hill
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Figure 3.6

An orbital energy-level diagram.
Electrons fill orbitals in the order of
increasing energy.

Chapter 3 Elements, Atoms, Ions, and the Periodic Table

Subshell electron capacity

A 2 6 10 14
6d6d6d6d6d
5f5f5f5f5f5f5f—
—7s
6p 6p 6p
5d5d5d5d5d
AfAfAfAfAfAfAf-
_Ga
> 5p 5p 5p
S 4d 4d 4d 4d 4d
S —5s
D
% 4p 4p 4p
5 3d3d3d3d3d
E —4s
3p 3p 3p
_Sa
2p 2p 2p
—25
_1 S

Give the electron configuration for an atom of:
a. sulfur
b. calcium

Give the electron configuration for an atom of:
a. potassium
b. phosphorus

Abbreviated Electron Configurations

As we noted earlier the electron configuration for the sodium atom (Na, atomic
number 11) is

1s% 25% 2p° 3s?

The electron configuration for the preceding noble gas, neon (Ne, atomic num-
ber 10), is

1s% 252 2p°

The electron configuration for sodium is really the electron configuration of Ne,
with 3s! added to represent one additional electron. So it is permissible to write

[Ne] 3s! as equivalent to 12 2s% 2p° 3s!

[Ne] 3s! is the abbreviated electron configuration for sodium.
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Similarly,
[Ne] 3s2 representing Mg

[Ne] 3s2 3p° representing Cl

[Ar] 4s' representing K

are valid electron configurations.

The use of abbreviated electron configurations, in addition to being faster and
easier to write, serves to highlight the valence electrons, those electrons involved
in bonding. The symbol of the noble gas represents the core, nonvalence electrons
and the valence electron configuration follows the noble gas symbol.

© The McGraw-Hill
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Give the abbreviated electron configuration for each atom in Question 3.7.

Give the abbreviated electron configuration for each atom in Question 3.8.

3.3 The Octet Rule

Elements in the last family, the noble gases, have either two valence electrons (he-
lium) or eight valence electrons (neon, argon, krypton, xenon, and radon). These
elements are extremely stable and were often termed inert gases because they do
not readily bond to other elements, although they can be made to do so under ex-
treme experimental conditions. A full 7 = 1 energy level (as in helium) or an outer
octet of electrons (eight valence electrons, as in all of the other noble gases) is re-
sponsible for this unique stability.

Atoms of elements in other groups are more reactive than the noble gases be-
cause in the process of chemical reaction they are trying to achieve a more stable
“noble gas” configuration by gaining or losing electrons. This is the basis of the
octet rule. Elements usually react in such a way as to attain the electron configu-
ration of the noble gas closest to them in the periodic table (a stable octet of elec-
trons). In chemical reactions they will gain, lose, or share the minimum number of
electrons necessary to attain this more stable energy state. The octet rule, although
simple in concept, is a remarkably reliable predictor of chemical change, especially
for representative elements.

lon Formation and the Octet Rule

Metals and nonmetals differ in the way in which they form ions. Metallic elements
(located at the left of the periodic table) tend to form positively charged ions called
cations. Positive ions are formed when an atom loses one or more electrons, for
example,

Na E— Na*® + e~
Sodium atom Sodium ion
(11e-, 1 valance ™) (10e7)
Mg — Mg + 2e”
Magnesium atom Magnesium ion
(12e~, 2 valance e™) (10e7)
Al —> AP + 3e”
Aluminum atom Aluminum ion
(13e~, 3 valance e™) (10e7)

Learning Goal

We may think of stability as a type of
contentment; a noble gas atom does not
need to rearrange its electrons or lose or
gain any electrons to get to a more
stable, lower energy, or more
“contented” configuration.

Learning Goal
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Recall that the prefix iso (Greek isos)
means equal.

Section 4.2 discusses the naming of ions.

The ion of fluorine is the fluoride ion;
the ion of oxygen is the oxide ion; and
the ion of nitrogen is the nitride ion.

3. Elements, Atoms, lons Text
and the Periodic Table
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In each of these cases the atom has lost all of its valence electrons. The result-
ing ion has the same number of electrons as the nearest noble gas atom:

Na* (10e”) and Mg?* (10e”) and AI** (10e”) are all isoelectronic with Ne
(10e7).

These ions are particularly stable. Each ion is isoelectronic (that is, it has the
same number of electrons) with its nearest noble gas neighbor and has an octet of
electrons in its outermost energy level.

Sodium is typical of each element in its group. Knowing that sodium forms a
1+ ion leads to the prediction that H, Li, K, Rb, Cs, and Fr also will form 1+ ions.
Furthermore, magnesium, which forms a 2+ ion, is typical of each element in its
group; Be?*, Ca%*, Sr2*, and so forth are the resulting ions.

Nonmetallic elements, located at the right of the periodic table, tend to gain
electrons to become isoelectronic with the nearest noble gas element, forming neg-
ative ions called anions.

Consider:

F+ le”

—> F- (isoelectronic with Ne, 10e™)

Fluorine atom Fluoride ion

(9e~, 7 valence e”) (10e7)
O+ 2e” E—— 02 (isoelectronic with Ne, 10e™)
Oxygen atom Oxide ion
(8e~, 6 valence e”) (10e7)
N + 3e- E—— N3- (isoelectronic with Ne, 10e™)

Nitride ion
(10e7)

Nitrogen atom
(7e, 5 valence ")

As in the case of positive ion formation, each of these negative ions has an octet of
electrons in its outermost energy level.

The element fluorine, forming F~, indicates that the other halogens, CI, Br, and
I, behave as a true family and form Cl~, Br~, and I" ions. Also, oxygen and the
other nonmetals in its group form 2~ ions; nitrogen and phosphorus form 3~ ions.

Give the charge of the most probable ion resulting from each of the following
elements. With what element is the ion isoelectronic?

a. Ca d. Mg
b. Sr e. P
c. S

Which of the following pairs of atoms and ions are isoelectronic?

a. Cl-, Ar d. Li*, Ne
b. Na*, Ne e. O, F
c. Mg?*, Na*

The transition metals tend to form positive ions by losing electrons, just like
the representative metals. Metals, whether representative or transition, share this
characteristic. However, the transition elements are characterized as “variable va-
lence” elements; depending on the type of substance with which they react, they
may form more than one stable ion. For example, iron has two stable ionic forms:

Fe?" and Fe®"
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Dietary Calcium

u

Drink your milk!” “Eat all of your vegetables!” These im-
peratives are almost universal memories from our childhood.
Our parents knew that calcium, present in abundance in these
foods, was an essential element for the development of strong
bones and healthy teeth.

Recent studies, spanning the fields of biology, chemistry,
and nutrition science indicate that the benefits of calcium go far
beyond bones and teeth. This element has been found to play a
role in the prevention of disease throughout our bodies.

Calcium is the most abundant mineral (metal) in the body.
It is ingested as the calcium ion (Ca?") either in its “free” state
or “combined,” as a part of a larger compound; calcium dietary
supplements often contain ions in the form of calcium carbon-
ate. The acid naturally present in the stomach produces the cal-
cium ion:

© The McGraw-Hill
Companies, 2003

3.3 The Octet Rule

ing an understanding of the role of calcium in premenstrual
syndrome, cancer, and blood pressure regulation is the goal of
three current research areas.

Calcium and premenstrual syndrome (PMS). Dr. Susan Thys-
Jacobs, a gynecologist at St. Luke’s-Roosevelt Hospital Center
in New York City, and colleagues at eleven other medical cen-
ters are conducting a study of calcium’s ability to relieve the
discomfort of PMS. They believe that women with chronic PMS
have calcium blood levels that are normal only because calcium
is continually being removed from the bone to maintain an ad-
equate supply in the blood. To complicate the situation, vitamin
D levels in many young women are very low (as much as 80%
of a person’s vitamin D is made in the skin, upon exposure to
sunlight; many of us now minimize our exposure to the sun be-
cause of concerns about ultraviolet radiation and skin cancer).
Because vitamin D plays an essential role in calcium metabo-

CaCO; + 2H" ——> Ca** + H,O + CO, . . . . . .
; X lism, even if sufficient calcium is consumed, it may not be used
calcium stomach calcium water carbon . .
. . . efficiently in the body.
carbonate acid ion dioxide

Vitamin D serves as the body’s regulator of calcium ion up-
take, release, and transport in the body (see Appendix E.3).

Calcium is responsible for a variety of body functions in-
cluding:

e transmission of nerve impulses

e release of “messenger compounds” that enable
communication among nerves

* blood clotting

* hormone secretion

e growth of living cells throughout the body

The body’s storehouse of calcium is bone tissue. When the
supply of calcium from external sources, the diet, is insufficient,
the body uses a mechanism to compensate for this shortage.
With vitamin D in a critical role, this mechanism removes cal-
cium from bone to enable other functions to continue to take
place. It is evident then that prolonged dietary calcium defi-
ciency can weaken the bone structure. Unfortunately, current
studies show that as many as 75% of the American population
may not be consuming sufficient amounts of calcium. Develop-

Colon cancer. The colon is lined with a type of cell (epithelial
cell) that is similar to those that form the outer layers of skin.
Various studies have indicated that by-products of a high-fat
diet are irritants to these epithelial cells and produce abnormal
cell growth in the colon. Dr. Martin Lipkin, Rockefeller Univer-
sity in New York, and his colleagues have shown that calcium
ions may bind with these irritants, reducing their undesirable
effects. It is believed that a calcium-rich diet, low in fat, and
perhaps use of a calcium supplement can prevent or reverse
this abnormal colon cell growth, delaying or preventing the on-
set of colon cancer.

Blood pressure regulation. Dr. David McCarron, a blood pres-
sure specialist at the Oregon Health Sciences University, be-
lieves that dietary calcium levels may have a significant
influence on hypertension (high blood pressure). Preliminary
studies show that a diet rich in low-fat dairy products, fruits,
and vegetables, all high in calcium, may produce a significant
lowering of blood pressure in adults with mild hypertension.

The take-home lesson appears clear: a high calcium, low fat
diet promotes good health in many ways. Once again, our par-
ents were right!

69

Copper can exist as
Cu" and Cu?*

and elements such as vanadium, V, and manganese, Mn, each can form four dif-
ferent stable ions.

Predicting the charge of an ion or the various possible ions for a given transi-
tion metal is not an easy task. Energy differences between valence electrons of
transition metals are small and not easily predicted from the position of the ele-
ment in the periodic table. In fact, in contrast to representative metals, the transi-
tion metals show great similarities within a period as well as within a group.
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Figure 3.7

Variation in the size of atoms as a
function of their position in the periodic
table. Note particularly the decrease in
size from left to right in the periodic table
and the increase in size as we proceed
down the table, although some
exceptions do exist. (Lanthanide and
actinide elements are not included here.)

The radius of an atom is traditionally
defined as one-half of the distance between
atoms in a covalent bond. The covalent
bond is discussed in Section 4.1.
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3.4 Trends in the Periodic Table

If our model of the atom is a tiny sphere whose radius is determined by the dis-
tance between the center of the nucleus and the boundary of the region where the
valence electrons have a probability of being located, the size of the atom will be
determined principally by two factors.

Atomic Size

1. The energy level (n level) in which the outermost electron(s) is (are) found
increases as we go down a group. (Recall that the outermost # level correlates
with period number.) Thus the size of atoms should increase from top to
bottom of the periodic table as we fill successive energy levels of the atoms
with electrons (Figure 3.7).

2. As the magnitude of the positive charge of the nucleus increases, its “pull”
on all of the electrons increases, and the electrons are drawn closer to the
nucleus. This results in a contraction of the atomic radius and therefore a
decrease in atomic size. This effect is apparent as we go across the periodic
table within a period. Atomic size decreases from left to right in the periodic
table (see Figure 3.7). See how many exceptions you can find in Figure 3.7.

lon Size

Positive ions (cations) are smaller than the parent atom. The cation has more pro-
tons than electrons (an increased nuclear charge). The excess nuclear charge pulls
the remaining electrons closer to the nucleus. Also, cation formation often results
in the loss of all outer-shell electrons, resulting in a significant decrease in radius.

Negative ions (anions) are larger than the parent atom. The anion has more
electrons than protons. Owing to the excess negative charge, the nuclear “pull” on
each individual electron is reduced. The electrons are held less tightly, resulting in
a larger anion radius in contrast to the neutral atom.

Ions with multiple positive charge (such as Cu?") are even smaller than their
corresponding monopositive ion (Cu*); ions with multiple negative charge (such
as O?7) are larger than their corresponding less negative ion.

Figure 3.8 depicts the relative sizes of several atoms and their corresponding
ions.

lonization Energy

The energy required to remove an electron from an isolated atom is the ionization
energy. The process for sodium is represented as follows:

ionization energy + Na——>Na* + e~
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The magnitude of the ionization energy should correlate with the strength of the
attractive force between the nucleus and the outermost electron.

¢ Reading down a group, note that the ionization energy decreases, because the
atom’s size is increasing. The outermost electron is progressively farther from
the nuclear charge, hence easier to remove.

® Reading across a period, note that atomic size decreases, because the outer-
most electrons are closer to the nucleus, more tightly held, and more difficult
to remove. Therefore the ionization energy generally increases.

A correlation does indeed exist between trends in atomic size and ionization
energy. Atomic size generally decreases from the bottom to top of a group and from
left to right in a period. Ionization energies generally increase in the same periodic
way. Note also that ionization energies are highest for the noble gases (Figure 3.9).
A high value for ionization energy means that it is difficult to remove electrons
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Figure 3.8

Relative size of ions and their parent
atoms. Atomic radii are provided in units
of picometers.

Remember: ionization energy and
electron affinity (below) are predictable
from trends in the periodic table. As
with most trends, exceptions occur.

Figure 3.9

The ionization energies of the first forty
elements versus their atomic numbers.
Note the very high values for elements
located on the right in the periodic table,
and low values for those on the left.
Some exceptions to the trends are
evident.
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Figure 3.10

The periodic variation of electron affinity.
Note the very low values for the noble
gases and the elements on the far left of
the periodic table. These elements do not
form negative ions. In contrast, F, Cl, and
Br readily form negative ions.
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from the atom, and this, in part, accounts for the extreme stability and nonreactiv-
ity of the noble gases.

Electron Affinity

The energy released when a single electron is added to an isolated atom is the
electron affinity. If we consider ionization energy in relation to positive ion forma-
tion (remember that the magnitude of the ionization energy tells us the ease of re-
moval of an electron, hence the ease of forming positive ions), then electron affinity
provides a measure of the ease of forming negative ions. A large electron affinity
(energy released) indicates that the atom becomes more stable as it becomes a nega-
tive ion (through gaining an electron). Consider the gain of an electron by a bromine
atom:

Br + e- —>Br~ + energy
Electron affinity
Periodic trends for electron affinity are as follows:

¢ Electron affinities generally decrease down a group.
e Electron affinities generally increase across a period.

Remember these trends are not absolute. Exceptions exist, as seen in the irreg-
ularities in Figure 3.10.

Rank Be, N, and F in order of increasing

a. atomic size
b. ionization energy
c. electron affinity

Rank C, Br, I, and F in order of increasing

a. atomic size
b. ionization energy
c. electron affinity
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3.1 The Periodic Law and the Periodic Table

The periodic law is an organized “map” of the elements that
relates their structure to their chemical and physical prop-
erties. It states that the elements, when arranged according
to their atomic numbers, show a distinct periodicity (regu-
lar variation) of their properties. The periodic table is the
result of the periodic law.

The modern periodic table exists in several forms. The
most important variation is in group numbering. The ta-
bles in this text use the two most commonly accepted num-
bering systems.

Ahorizontal row of elements in the periodic table is re-
ferred to as a period. The periodic table consists of seven pe-
riods. The lanthanide series is a part of period 6; the actinide
series is a part of period 7.

The columns of elements in the periodic table are
called groups or families. The elements of a particular family
share many similarities in physical and chemical properties
because of the similarities in electronic structure. Some of
the most important groups are named; for example, the al-
kali metals (IA or 1), alkaline earth metals (IIA or 2), the halo-
gens (VIIA or 17), and the noble gases (VIII or 18).

Group A elements are called representative elements;
Group B elements are transition elements. A bold zigzag line
runs from top to bottom of the table, beginning to the left
of boron (B) and ending between polonium (Po) and asta-
tine (At). This line acts as the boundary between metals to
the left and nonmetals to the right. Elements straddling the
boundary, metalloids, have properties intermediate between
those of metals and nonmetals.

3.2 Electron Arrangement and the
Periodic Table

The outermost electrons in an atom are valence electrons. For
representative elements the number of valence electrons in
an atom corresponds to the group or family number (old
numbering system using Roman numerals). Metals tend to
have fewer valence electrons than nonmetals.

Electron configuration of the elements is predictable,
using the aufbau principle. Knowing the electron configu-
ration, we can identify valence electrons and begin to pre-
dict the kinds of reactions that the elements will undergo.

Elements in the last family, the noble gases, have either
two valence electrons (helium) or eight valence electrons
(neon, argon, krypton, xenon, and radon). Their most impor-
tant properties are their extreme stability and lack of reactiv-
ity. A full valence level is responsible for this unique stability.

3.3 The Octet Rule

The octet rule tells us that in chemical reactions, elements
will gain, lose, or share the minimum number of electrons

necessary to achieve the electron configuration of the near-
est noble gas.

Metallic elements tend to form cations. The ion is isoelec-
tronic with its nearest noble gas neighbor and has a stable
octet of electrons in its outermost energy level. Nonmetallic
elements tend to gain electrons to become isoelectronic with
the nearest noble gas element, forming anions.

3.4 Trends in the Periodic Table

Atomic size decreases from left to right and from bottom to
top in the periodic table. Cations are smaller than the parent
atom. Anions are larger than the parent atom. Ions with
multiple positive charge are even smaller than their corre-
sponding monopositive ion; ions with multiple negative
charge are larger than their corresponding less negative ion.

The energy required to remove an electron from the
atom is the ionization energy. Down a group, the ionization
energy generally decreases. Across a period, the ionization
energy generally increases.

The energy released when a single electron is added to
a neutral atom in the gaseous state is known as the electron
affinity. Electron affinities generally decrease proceeding
down a group and increase proceeding across a period.

metal (3.1)
metalloid (3.1)
noble gas (3.1)

actinide series (3.1)
alkali metal (3.1)
alkaline earth metal (3.1)

anion (3.3) nonmetal (3.1)
cation (3.3) octet rule (3.3)
electron affinity (3.4) orbital (3.2)
electronic period (3.1)
configuration (3.2) periodic law (3.1)
group (3.1) representative
halogen (3.1) element (3.1)

transition element (3.1)
valence electron (3.2)

ionization energy (3.4)
isoelectronic (3.3)
lanthanide series (3.1)

Questions and Problems

The Periodic Law and the Periodic Table

3.15 Define each of the following terms:
a. periodic law
b. period
c. group
d. ion

3.16 Define each of the following terms:
a. electron configuration

b. octet rule

c. ionization energy

d. isoelectronic
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Label each of the following statements as true or false:

a. Elements of the same group have similar properties.

b. Atomic size decreases from left to right across a period.

Label each of the following statements as true or false:

a. Jonization energy increases from top to bottom within a
group.

b. Representative metals are located on the left in the
periodic table.

For each of the elements Na, Ni, Al, P, Cl, and Ar, provide the

following information:

a. Which are metals?

b. Which are representative metals?

c. Which tend to form positive ions?

d. Which are inert or noble gases?

For each of the elements Ca, K, Cu, Zn, Br, and Kr provide the

following information:

a. Which are metals?

b. Which are representative metals?

c. Which tend to form positive ions?

d. Which are inert or noble gases?

Provide the name of the element represented by each of the

following symbols:

a. Na

b. K

c. Mg

Provide the name of the element represented by each of the

following symbols:

a. Ca

b. Cu

c. Co

Which group of the periodic table is known as the alkali

metals? List them.

Which group of the periodic table is known as the alkaline

earth metals? List them.

Which group of the periodic table is known as the halogens?

List them.

Which group of the periodic table is known as the noble

gases? List them.

What are the major differences between the early and modern

periodic tables?

Provide the name of the element represented by each of the

following symbols:

a. B

b. Si

c. As

What is meant by the term metalloid?

Give three examples of elements that are:

a. metals

b. metalloids

c. nonmetals

Electron Arrangement and the Periodic Table

3.31

3-22

How many valence electrons are found in an atom of each of
the following elements?

a. H d. F
b. Na e. Ne
c¢ B f. He

How many valence electrons are found in an atom of each of
the following elements?

a. Mg d. Br
b. K e. Ar
c. C f. Xe

What is the common feature of the electron configurations of
elements in Group IA (1)?

What is the common feature of the electron configurations of
elements in Group VIIIA (18)?

3.35

3.36

3.37
3.38
3.39

3.40
3.41

3.42

3.43
3.44

3.45

3.46

3.47

3.48

3.49

3.50

How do we calculate the electron capacity of a principal
energy level?

What sublevels would be found in each of the following
principal energy levels?

a. n=1 cn=3

b.n=2 d.n=4

Distinguish between a principal energy level and a sublevel.
Distinguish between a sublevel and an orbital.

Sketch a diagram and describe our current model of an s
orbital.

How is a 2s orbital different from a 1s orbital?

How many p orbitals can exist in a given principal energy
level?

Sketch diagrams of a set of p orbitals. How does a p, orbital
differ from a p, orbital? From a p, orbital?

How does a 3p orbital differ from a 2p orbital?

What is the maximum number of electrons that an orbital can
hold?

What is the maximum number of electrons in each of the
following energy levels?

a. n=1
b.n=2
c n=3

a. What is the maximum number of s electrons that can exist
in any one principal energy level?

b. How many p electrons?

c¢. How many d electrons?

d. How many f electrons?

In which orbital is the highest-energy electron located in each
of the following elements?

a. Al d. Ca
b. Na e. Fe
c. Sc f. Cl

Using only the periodic table or list of elements, write the
electron configuration of each of the following atoms:

a. B d. Vv

b. S e. Cd

c. Ar f. Te

Which of the following electron configurations are not
possible? Why?

a. 1s21p?

b. 15?252 2p*

c. 1s% 252, 2p°, 24!

d. 1s% 253

For each incorrect electron configuration in Question 3.49,
assume that the number of electrons is correct, identify the
element, and write the correct electron configuration.

The Octet Rule

3.51

3.52

3.53

3.54

Give the most probable ion formed from each of the following
elements:

a. Li d. Br
b. O e. S
c. Ca f. Al

Using only the periodic table or list of elements, write the
electron configuration of each of the following ions:

a. I”

b. Ba?*

c. Se’”

d. AP+

Which of the following pairs of atoms and/or ions are
isoelectronic with one another?

a. O, Ne

b. $*,ClI~

Which of the following pairs of atoms and/or ions are
isoelectronic with one another?
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a. F,ClI

b. K*, Ar

Why do Group IA (1) metals form only one ion (1+)? Does the
same hold true for Group IIA (2): Can they form only a 2+
ion?

Why are noble gases so nonreactive?

Which species in each of the following groups would you
expect to find in nature?

a. Na,Na*,Na~

b. $7,57,5%

c CLCl,

Which atom or ion in each of the following groups would you
expect to find in nature?

a. K, K*, K~

b. 0>, 0,0

c. Br,Br ,Br*

Wrrite the electron configuration of each of the following
biologically important ions:

a. Ca>*

b. Mg?*

Wrrite the electron configuration of each of the following
biologically important ions:

a. K*

b. CI~

Trends in the Periodic Table

3.61

3.62

3.63
3.64
3.65

3.66

3.67

3.68

3.69

Arrange each of the following lists of elements in order of
increasing atomic size:

a. N, OF

b. Li, K, Cs

c. ClBrI

Arrange each of the following lists of elements in order of
increasing atomic size:

a. AL Si, P ClLS

b. In, Ga, Al, B, Tl

c. Sr,Ca, Ba, Mg, Be

d. PN, Sb, Bi, As

Which of the elements has the highest electron affinity?
Which of the elements has the highest ionization energy?
Arrange each of the following lists of elements in order of
increasing ionization energy:

a. N,O,F

b. Li, K, Cs

c. Cl,BrI

Arrange each of the following lists of elements in order of
decreasing electron affinity:

a. Na, Li, K

b. Br, E Cl

c. S,0,Se

Explain why a positive ion is always smaller than its parent
atom.

Explain why a negative ion is always larger than its parent
atom.

Explain why a fluoride ion is commonly found in nature but a
fluorine atom is not.

Critical Thinking Problems
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3.70 Explain why a sodium ion is commonly found in nature but a

sodium atom is not.

Critical Thinking Problems

1.

Name five elements that you came in contact with today. Were
they in combined form or did they exist in the form of atoms?
Were they present in pure form or in mixtures? If mixtures,
were they heterogeneous or homogeneous? Locate each in the
periodic table by providing the group and period designation,
for example: Group IIA (2), period 3.

The periodic table is incomplete. It is possible that new
elements will be discovered from experiments using high-
energy particle accelerators. Predict as many properties as you
can that might characterize the element that would have an
atomic number of 118. Can you suggest an appropriate name
for this element?

The element titanium is now being used as a structural material
for bone and socket replacement (shoulders, knees). Predict
properties that you would expect for such applications; go to
the library or internet and look up the properties of titanium
and evaluate your answer.

Imagine that you have undertaken a voyage to an alternate
universe. Using your chemical skills, you find a collection of
elements quite different than those found here on earth. After
measuring their properties and assigning symbols for each, you
wish to organize them as Mendeleev did for our elements.
Design a periodic table using the information you have
gathered:

Electrical

Symbol Mass (amu) Reactivity Conductivity
A 2.0 High High

B 40 High High

C 6.0 Moderate Trace

D 8.0 Low 0

E 10.0 Low 0

F 12.0 High High

G 14.0 High High

H 16.0 Moderate Trace

1 18.0 Low 0

J 20.0 None 0

K 220 High High

L 24.0 High High

Predict the reactivity and conductivity of an element with a
mass of 30.0 amu. What element in our universe does this
element most closely resemble?

Why does the octet rule not work well for compounds of
lanthanide and actinide elements? Suggest a number other than
eight that may be more suitable.

3-23



Denniston: General,
Organic and Biochemistry,
Fourth Edition

4. Structure and Properties | Text
of lonic and Covalent
Compounds

The pattern formed depends on the courage and skill of the individuals.

Outline

CHEMISTRY CONNECTION:
Magnets and Migration
4.1 Chemical Bonding
Lewis Symbols
Principal Types of
Chemical Bonds: lonic
and Covalent
Polar Covalent Bonding
and Electronegativity
4.2 Naming Compounds
and Writing Formulas of
Compounds
lonic Compounds
Covalent Compounds
A HuMAN PERSPECTIVE:
Origin of the Elements
4.3 Properties of lonic and
Covalent Compounds
Physical State
Melting and Boiling Points
Structure of Compounds
in the Solid State
Solutions of lonic and
Covalent Compounds
4.4 Drawing Lewis
Structures of Molecules
and Polyatomic lons
Lewis Structures of
Molecules

A CLINICAL PERSPECTIVE:

Blood Pressure and the Sodium

lon/Potassium lon Ratio
Lewis Structures of
Polyatomic lons

Lewis Structure, Stability,

Multiple Bonds, and
Bond Energies
Lewis Structures and
Resonance
Lewis Structures and

Exceptions to the Octet

Rule
Lewis Structures and
Molecular Geometry;
VSEPR Theory
Lewis Structures and
Polarity
4.5 Properties Based on

Electronic Structure and

Molecular Geometry
Solubility
Boiling Points of Liquids
and Melting Points of
Solids
Summary
Key Terms
Questions and Problems
Critical Thinking Problems

© The McGraw-Hill
Companies, 2003

Structure and
Properties of lonic
and Covalent
Compounds

Learning Goals

1

Describe the relationship between stability and
bond energy.

0 Predict the geometry of molecules and ions
using the octet rule and Lewis structure.

Understand the role that molecular geometry
plays in determining the solubility and melting
and boiling points of compounds.

a Use the principles of VSEPR theory and
molecular geometry to predict relative melting
points, boiling points, and solubilities of
compounds.
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Magnets and Migration

All of us, at one time or another, have wondered at the mag-
nificent sight of thousands of migrating birds, flying in forma-
tion, heading south for the winter and returning each spring.

Less visible, but no less impressive, are the schools of fish
that travel thousands of miles, returning to the same location
year after year. Almost instantly, when faced with some exter-
nal stimulus such as a predator, they snap into a formation that
rivals an army drill team for precision.

The questions of how these life-forms know when and
where they are going and how they establish their formations
have perplexed scientists for many years. The explanations so
far are really just hypotheses.

Some clues to the mystery may be hidden in very tiny par-
ticles of magnetite, Fe;O,. Magnetite contains iron that is natu-
rally magnetic, and collections of these particles behave like a
compass needle; they line up in formation aligned with the
earth’s magnetic field.

Magnetotactic bacteria contain magnetite in the form of
magnetosomes, small particles of Fe;O,. Fe;O, is a compound
whose atoms are joined by chemical bonds. The electrons in

the iron atoms are present in an electron configuration that
results in single electrons (not pairs of electrons) occupying or-
bitals. These single electrons impart magnetic properties to the
compound.

The normal habitat of magnetotactic bacteria is either fresh
water or the ocean; the bacteria orient themselves to the
earth’s magnetic field and swim to the nearest pole (north or
south). This causes them to swim into regions of nutrient-rich
sediment.

Could the directional device, the simple F;O, unit, also be
responsible for direction finding in higher organisms in much
the same way that an explorer uses a compass? Perhaps so! Re-
cent studies have shown evidence of magnetosomes in the
brains of birds, tuna, green turtles, and dolphins.

Most remarkably, at least one study has shown evidence
that magnetite is present in the human brain.

These preliminary studies offer hope of unraveling some of
the myth and mystery of guidance and communication in liv-
ing systems. The answers may involve a very basic compound
that is like those we will study in this chapter.

In

troduction

A chemical compound is formed when two or more atoms of different elements

are joined by attractive forces called chemical bonds. These bonds result from ei-
ther a transfer of electrons from one atom to another (the ionic bond) or a sharing
of electrons between two atoms (the covalent bond). The elements, once converted
to a compound, cannot be recovered by any physical process. A chemical reaction
must take place to regenerate the individual elements. The chemical and physical
properties of a compound are related to the structure of the compound, and this
structure is, in turn, determined by the arrangement of electrons in the atoms that
produced the compounds. Properties such as solubility, boiling point, and melting
point correlate well with the shape and charge distribution in the individual units

of the compound.

We need to learn how to properly name and write formulas for ionic and co-
valent compounds. We should become familiar with some of their properties and

be able to relate these properties to the structure and bonding of the compounds.

4.1 Chemical Bonding

When two or more atoms form a chemical compound, the atoms are held together
in a characteristic arrangement by attractive forces. The chemical bond is the force
of attraction between any two atoms in a compound. The attraction is the force

that overcomes the repulsion of the positively charged nuclei of the two atoms.

Interactions involving valence electrons are responsible for the chemical bond.
We shall focus our attention on these electrons and the electron arrangement of

atoms both before and after bond formation.
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Lewis Symbols

The Lewis symbol, or Lewis structure, developed by G. N. Lewis early in this cen-
tury, is a convenient way of representing atoms singly or in combination. Its prin-
cipal advantage is that only valence electrons (those that may participate in
bonding) are shown.

To draw Lewis structures, we first write the chemical symbol of the atom; this
symbol represents the nucleus and all of the lower energy nonvalence electrons.
The valence electrons are indicated by dots arranged around the atomic symbol.
For example:

H- He:
Hydrogen Helium
Li- -Be-
Lithium Beryllium
Boron Carbon
Nitrogen Oxygen
- Ne:
Fluorine Neon

Note particularly that the number of dots corresponds to the number of valence
electrons in the outermost shell of the atoms of the element. Each unpaired dot
(representing an unpaired electron) is available to form a chemical bond with an-
other element, producing a compound. Figure 4.1 depicts the Lewis dot structures
for the representative elements.

Principal Types of Chemical Bonds: lonic and Covalent

Two principal classes of chemical bonds exist: ionic and covalent. Both involve va-
lence electrons.

Ionic bonding involves a transfer of one or more electrons from one atom to
another, leading to the formation of an ionic bond. Covalent bonding involves a
sharing of electrons resulting in the covalent bond.

© The McGraw-Hill
Companies, 2003
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VIITIA

IVA VA VIA VIIA
(14) (15 16y (A7)

Figure 4.1

Lewis dot symbols for representative
elements. Each unpaired electron is a
potential bond.

Recall that the number of valence electrons
can be determined from the position of the
element in the periodic table (see

Figure 3.1).
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Learning Goal

Refer to Section 3.4 for a discussion of
ionization energy and electron affinity.

Learning Goal
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Before discussing each type, we should recognize that the distinction between
ionic and covalent bonding is not always clear-cut. Some compounds are clearly
ionic, and some are clearly covalent, but many others possess both ionic and cova-
lent characteristics.

lonic Bonding

Consider the reaction of a sodium atom and a chlorine atom to produce sodium
chloride:

Na + C1——> NaCl
Recall that the sodium atom has

* a low ionization energy (it readily loses an electron) and
e a low electron affinity (it does not want more electrons).

If sodium loses its valence electron, it will become isoelectronic (same number
of electrons) with neon, a very stable noble gas atom. This tells us that the sodium
atom would be a good electron donor, forming the sodium ion:

Na- —>Na" + e~
Recall that the chlorine atom has

e a high ionization energy (it will not easily give up an electron) and
e a high electron affinity (it readily accepts another electron).

Chlorine will gain one more electron. By doing so, it will complete an octet (eight
outermost electrons) and be isoelectronic with argon, a stable noble gas. Therefore
chlorine behaves as a willing electron acceptor, forming a chloride ion:

1Cl + e —>[:Cl ]

The electron released by sodium (electron donor) is the electron received by chlorine
(electron acceptor):

Na- ——>Na" + e~
e + Cl %[:C.:l: 1~
The resulting ions of opposite charge, Na* and Cl~, are attracted to each other (op-
posite charges attract) and held together by this electrostatic force as an ion pair:
Na*CI".
This electrostatic force, the attraction of opposite charges, is quite strong and

holds the ions together. It is the ionic bond.
The essential features of ionic bonding are the following:

e Atoms of elements with low ionization energy and low electron affinity tend
to form positive ions.

¢ Atoms of elements with high ionization energy and high electron affinity
tend to form negative ions.

e Jon formation takes place by an electron transfer process.

e The positive and negative ions are held together by the electrostatic force
between ions of opposite charge in an ionic bond.

¢ Reactions between representative metals and nonmetals (elements far to the
left and right, respectively, in the periodic table) tend to result in ionic bonds.

Covalent Bonding

Consider the bond formed between two hydrogen atoms, producing the diatomic
form of hydrogen: H,. Individual hydrogen atoms are not stable, and two hydro-
gen atoms readily combine to produce diatomic hydrogen:

H+H—>H,
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If a hydrogen atom were to gain a second electron, it would be isoelectronic
with the stable electron configuration of helium. However, because two identical
hydrogen atoms have an equal tendency to gain or lose electrons, an electron
transfer from one atom to the other is unlikely to occur under normal conditions.
Each atom may attain a noble gas structure only by sharing its electron with the
other, as shown with Lewis symbols:

H + H——H:H

When electrons are shared rather than transferred, the shared electron pair is re-
ferred to as a covalent bond. Compounds characterized by covalent bonding are
called covalent compounds. Covalent bonds tend to form between atoms with simi-
lar tendencies to gain or lose electrons. The most obvious examples are the di-
atomic molecules H,, N,, O,, F,, Cl,, Br,, and I,. Bonding in these molecules is
totally covalent because there can be no net tendency for electron transfer between
identical atoms. The formation of F,, for example, may be represented as

F + F%FF

As in H,, a single covalent bond is formed. The bonding electron pair is said to be
localized, or largely confined to the region between the two fluorine nuclei.

Two atoms do not have to be identical to form a covalent bond. Consider com-
pounds such as the following:

) . H H
H:E: H:Q:H H:C:H H:N:H

H
Hydrogen
fluoride Water Methane Ammonia
7e” from F 6e~ from O 4e~ from C 5e” from N
le™ from H 2¢e~ from 2H 4e~ from 4H 3e” from 3H
8e” for F 8e” for O 8e~ for C 8e” for N
2e” for H 2¢” for H 2e” for H 2¢” for H

In each of these cases, bond formation satisfies the octet rule. A total of eight elec-
trons surround each atom other than hydrogen. Hydrogen has only two electrons
(corresponding to the electronic structure of helium).

Polar Covalent Bonding and Electronegativity

The Polar Covalent Bond
Covalent bonding is the sharing of an electron pair by two atoms. However, just as
we may observe in our day-to-day activities, sharing is not always equal. In a mol-
ecule like H, (or N,, or any other diatomic molecule composed of only one ele-
ment), the electrons, on average, spend the same amount of time in the vicinity of
each atom; the electrons have no preference because both atoms are identical.
Now consider a diatomic molecule composed of two different elements; HF is
a common example. It has been experimentally shown that the electrons in the
H—F bond are not equally shared; the electrons spend more time in the vicinity of
the fluorine atom. This unequal sharing can be described in various ways:

Partial electron transfer: This describes the bond as having both covalent and
ionic properties.

Unequal electron density: The density of electrons around F is greater than the
density of electrons around H.

© The McGraw-Hill
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A diatomic compound is one that is
composed of two atoms joined by a
covalent bond.

Fourteen valence electrons are arranged
in such a way that each fluorine atom is
surrounded by eight electrons. The
octet rule is satisfied for each fluorine
atom.
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4-5



Denniston: General, 4. Structure and Properties | Text © The McGraw-Hill

Organic and Biochemistry, of lonic and Covalent Companies, 2003
Fourth Edition Compounds
82 Chapter 4 Structure and Properties of Ionic and Covalent Compounds
1A
(1)
H . Below 1.0
51 A IMA  IVA VA VIA VIIA
) 2 13 14 15 16 17
@ 1030 (13) (14 (15 (16 (17)
B|C|N|O|F
l:, Above 3.0 20 | 25 | 80 | 35 | 4.0
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= 13 | 15 | 1.6 1.6 15 | 1.8 1.9 1.9 19| 16 | 1.6 18 | 20 | 24 | 238
=
< Y Zr | Nb| Mo| Tc | Ru| Rh| Pd| Ag| Cd| In | Sn | Sb | Te |
1.2 1.4 1.6 1.8 1.9 2.2 2.2 2.2 149 1.7 1.7 1.8 1.8 2.1 2.5
La*| Hf | Ta| W | Re| Os | Ir Pt | Au|l Hg| TI | Pb | Bi | Po | At
1.1 1.3 15 | 1.7 19 | 22 | 22 22 | 24 19 | 1.8 19 | 19 | 20 | 22
AcT | *Lathanides: 1.1 -1.3
1.1 | tActinides: 1.1 -1.5
Figure 4.2

Electronegativities of the elements.

Polar covalent bond is the preferred term for a bond made up of unequally shared
electron pairs. One end of the bond (in this case, the F atom) is more electron rich
(higher electron density), hence, more negative. The other end of the bond (in this
case, the H atom) is less electron rich (lower electron density), hence, more posi-
tive. These two ends, one somewhat positive and the other somewhat negative
may be described as electronic poles, hence the term polar covalent bonds.

Once again, we can use the predictive power of the periodic table to help us
Linus Pauling is the only person to determine whether a particular bond is polar or nonpolar covalent. We already
receive two Nobel Prizes in very . know that elements that tend to form negative ions (by gaining electrons) are
unrelated fields; the chemistry award in found to the right of the table whereas positive ion formers (that may lose elec-
1954 and eight years later, the Nobel trons) are located on the left side of the table. Elements whose atoms strongly at-

Peace Prize. His career is a model of tract elect d bed lect t ) ts. Li Pauli hemist
interdisciplinary science, with ract electrons are described as electronegative elements. Linus Pauling, a chemis

important contributions ranging from noted for his theories on chemical bonding, developed a scale of relative elec-
chemical physics to molecular biology. tronegativities that correlates reasonably well with the positions of the elements in
the periodic table.

Electronegativity

Electronegativity (E,) is a measure of the ability of an atom to attract electrons in
a chemical bond. Elements with high electronegativity have a greater ability to at-
tract electrons than do elements with low electronegativity. Pauling developed a
method to assign values of electronegativity to many of the elements in the peri-
odic table. These values range from a low of 0.7 to a high of 4.0, 4.0 being the most
electronegative element.

Figure 4.2 shows that the most electronegative elements (excluding the nonre-
active noble gas elements) are located in the upper right corner of the periodic table,
whereas the least electronegative elements are found in the lower left corner of the
table. In general, electronegativity values increase as we proceed left to right and
bottom to top of the table. Like other periodic trends, numerous exceptions occur.

If we picture the covalent bond as a competition for electrons between two
positive centers, it is the difference in electronegativity, AE,, that determines the
extent of polarity. Consider: H, or H—H

4-6
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_ Electronegativity] [Electronegativity
AE, = |of hydrogen " lof hydrogen

AE,=21-21=0

The bond in H, is nonpolar covalent. Bonds between identical atoms are always
nonpolar covalent. Also, Cl, or CI—Cl

B [Electronegativity] lectronegativity]
AE, = of chlorine " lof chlorine

AE,=3.0-3.0=0
The bond in Cl, is nonpolar covalent. Now consider HCI or H—CI

_ [Electronegativity] [Electronegativity
AEq = of chlorine " lof hydrogen

AE, =3.0 - 2.1 =09
The bond in HCl is polar covalent.

4.2 Naming Compounds and Writing Formulas
of Compounds

Nomenclature is the assignment of a correct and unambiguous name to each and
every chemical compound. Assignment of a name to a structure or deducing the
structure from a name is a necessary first step in any discussion of these
compounds.

lonic Compounds
The “shorthand” symbol for a compound is its formula—for example,

NaCl and  MgBr,

The formula identifies the number and type of the various atoms that make up the
compound unit. The number of like atoms in the unit is shown by the use of a sub-
script. The presence of only one atom is understood when no subscript is present.
The formula NaCl indicates that each ion pair consists of one sodium cation
(Na*) and one chloride anion (C17). Similarly, the formula MgBr, indicates that one
magnesium ion and two bromide ions combine to form the compound.
In Chapter 3 we learned that positive ions are formed from elements that

e are located at the left of the periodic table,

e are referred to as metals, and

¢ have low ionization energies, low electron affinities, and hence easily lose
electrons.

Elements that form negative ions, on the other hand,

e are located at the right of the periodic table (but exclude the noble gases),

e are referred to as nonmetals, and

¢ have high ionization energies, high electron affinities, and hence easily gain
electrons.

In short, metals and nonmetals usually react to produce ionic compounds re-
sulting from the transfer of one or more electrons from the metal to the nonmetal.
Although ionic compounds are sometimes referred to as ion pairs, in the solid
state these ion pairs do not actually exist as individual units. The positive ions ex-
ert attractive forces on several negative ions, and the negative ions are attracted to

© The McGraw-Hill
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By convention, the electronegativity
difference is calculated by subtracting
the less electronegative element’s value
from the value for the more
electronegative element. In this way,
negative numbers are avoided.

A AE, value of 1.9 is generally accepted
as the boundary between a polar
covalent and an ionic compound.

47
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Figure 4.3

The arrangement of ions in a crystal of
NaCl (sodium chloride, table salt).

(a) Microscopic arrangement of ions as
point charges. (b) Microscopic
arrangement of the spherical ions in
crystal lattice.
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(a) (b)

several positive centers. Positive and negative ions arrange themselves in a regu-
lar three-dimensional repeating array to produce a stable arrangement known as a
crystal lattice. The lattice structure for sodium chloride is shown from two differ-
ent perspectives in Figure 4.3. The formula of an ionic compound is the smallest
whole-number ratio of ions in the crystal.

Writing Formulas of lonic Compounds from the Identities of the
Component lons
It is important to be able to write the formula of an ionic compound when pro-
vided with the identities of the ions that make up the compound. The charge of
each ion can usually be determined from the group (family) of the periodic table in
which the parent element is found. The cations and anions must combine in such
a way that the resulting formula unit has a net charge of zero.

Consider the following examples.

Predicting the Formula of an lonic Compound

Predict the formula of the ionic compound formed from the reaction of
sodium and oxygen atoms.

Solution

Sodium is in group IA (or 1); it has one valence electron. Loss of this electron
produces Na*. Oxygen is in group VIA (or 16); it has six valence electrons. A
gain of two electrons (to create a stable octet) produces O*~. Two positive
charges are necessary to counterbalance two negative charges on the oxygen
anion. Because each sodium ion carries a 1+ charge, two sodium ions are
needed for each O?". The subscript 2 is used to indicate that the formula unit
contains two sodium ions. Thus the formula of the compound is Na,O.

Predicting the Formula of an lonic Compound

Predict the formula of the compound formed by the reaction of aluminum
and oxygen atoms.
Continued—
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EXAMPLE 4.2 —Continued

Solution

Aluminum is in group IIIA (or 13) of the periodic table; we predict that it has
three valence electrons. Loss of these electrons produces AI**. Oxygen is in
group VIA (or 16) of the periodic table and has six valence electrons. A gain
of two electrons (to create a stable octet) produces O?~. How can we combine
AI¥* and O?” to yield a unit of zero charge? It is necessary that both the
cation and anion be multiplied by factors that will result in a zero net charge:

2 X (+3) = +6 and 3X(—-2)=—-6
2 X AP = +6 and 3X0O* =-6

Hence the formula is AL,O;.

© The McGraw-Hill
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Predict the formulas of the compounds formed from the combination of ions of
the following elements:

a. lithium and bromine
b. calcium and bromine
c. calcium and nitrogen

Predict the formulas of the compounds formed from the combination of ions of
the following elements:

a. potassium and chlorine
b. magnesium and bromine
c. magnesium and nitrogen

Writing Names of lonic Compounds from the Formula of the Compound
Nomenclature, the way in which compounds are named, is based on their formu-
las. The name of the cation appears first, followed by the name of the anion. The
positive ion has the name of the element; the negative ion is named by using the
stem of the name of the element joined to the suffix -ide. Some examples follow.

Formula  cation and anionstem + ide = Compoundname
NaCl sodium chlor + ide sodium chloride
Na,O sodium 0Xx + ide sodium oxide

Li,S lithium sulf + ide lithium sulfide
AlBr, aluminum brom + ide aluminum bromide
CaO calcium 0x + ide calcium oxide

If the cation and anion exist in only one common charged form, there is no am-
biguity between formula and name. Sodium chloride must be NaCl, and lithium
sulfide must be Li,S, so that the sum of positive and negative charges is zero. With
many elements, such as the transition metals, several ions of different charge may
exist. Fe?*, Fe3" and Cu*, Cu®" are two common examples. Clearly, an ambiguity
exists if we use the name iron for both Fe?* and Fe®* or copper for both Cu* and
Cu?*. Two systems have been developed to avoid this problem: the Stock system
and the common nomenclature system.

Learning Goal
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Table 4.1 Systematic (Stock) and Common Names for Iron and
Copper lons

For systematic name:

Formula + Ion Charge Cation Name Compound Name
FeCl, 2p Tron(II) Iron(IT) chloride
FeCl, 3+ Tron(III) Iron(III) chloride
Cu,0O fl=r Copper() Copper(I) oxide
CuO 2AF Copper(II) Copper(l) oxide

For common nomenclature:

Formula + Ion Charge Cation Name Common -ous/ic Name
FeCl, 2+ Ferrous Ferrous chloride
FeCl, Bat Ferric Ferric chloride
Cu,O 1+ Cuprous Cuprous oxide
CuO 2+ Cupric Cupric oxide
Table 4.2 Common Monatomic Cations and Anions

Cation Name Anion Name

H* Hydrogen ion H- Hydride ion
Li* Lithium ion F- Fluoride ion
Na* Sodium ion Cl- Chloride ion
K* Potassium ion Br Bromide ion
Cs* Cesium ion I Todide ion
Be?* Beryllium ion 02" Oxide ion
Mg?* Magnesium ion - Sulfide ion
Ca?* Calcium ion N3 Nitride ion
Ba%* Barium ion I8= Phosphide ion
AT Aluminum ion

Ag* Silver ion

Note: The ions of principal importance are highlighted in blue.

In the Stock system (systematic name), a Roman numeral indicates the magni-
tude of the cation’s charge. In the older common nomenclature system, the suffix -ous
indicates the lower ionic charge, and the suffix -ic indicates the higher ionic charge.
Consider the examples in Table 4.1.

Systematic names are easier and less ambiguous than common names. When-
ever possible, we will use this system of nomenclature. The older, common names
(-ous, -ic) are less specific; furthermore, they often use the Latin names of the ele-
ments (for example, iron compounds use ferr-, from ferrum, the Latin word for iron).

Monatomic ions are ions consisting of a single atom. Common monatomic
ions are listed in Table 4.2. The ions that are particularly important in biological
systems are highlighted in blue.

Polyatomic ions, such as the hydroxide ion, OH", are composed of two or
more atoms bonded together. These ions, although bonded to other ions with ionic
bonds, are themselves held together by covalent bonds.

The polyatomic ion has an overall positive or negative charge. Some common
polyatomic ions are listed in Table 4.3. The formulas, charges, and names of these
polyatomic ions, especially those highlighted in blue, should be memorized.
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Common Polyatomic Cations and Anions
Ion Name
NH,* Ammonium
NO,~ Nitrite
NO;~ Nitrate
S0O;2~ Sulfite
SO2 Sulfate
HSO,~ Hydrogen sulfate
OH~ Hydroxide
CN- Cyanide
PO~ Phosphate
HPO,2~ Hydrogen phosphate
H,PO,~ Dihydrogen phosphate
CO;% Carbonate
HCO;~ Bicarbonate
ClO~ Hypochlorite
ClO,~ Chlorite
ClO;~ Chlorate
ClO,~ Perchlorate
CH;COO™ (or C,H;0,7) Acetate
MnO,~ Permanganate
Cr,07 Dichromate
CrO2~ Chromate
@ Peroxide

Note: The most commonly encountered ions are highlighted in blue.

The following examples are formulas of several compounds containing poly- Sodium bicarbonate may also be named

atomic ions. sodium hydrogen carbonate, a preferred
. A and less ambiguous name. Likewise,
Formula Cation Anion Name Na,HPO, is named sodium hydrogen
NH,Cl NH,* Cl- ammonium chloride phosphate, a'nc% other ionic compounds
are named similarly.

Ca(OH), Ca** OH~ calcium hydroxide

Na,S0, Na* SO~ sodium sulfate

NaHCO;, Na* HCO;~ sodium bicarbonate

Name each of the following compounds:

a. KCN
b. MgS

Name each of the following compounds:

a. Li,CO,
b. FeBrZ
C. CuSO4
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Writing Formulas of lonic Compounds from the Name of the Compound

It is also important to be able to write the correct formula when given the compound
name. To do this, we must be able to predict the charge of monatomic ions and re-
member the charge and formula of polyatomic ions. Equally important, the relative
number of positive and negative ions in the unit must result in a net (compound)
charge of zero. The compounds are electrically neutral. Two examples follow.

m Writing a Formula When Given the Name of the Compound

Write the formula of sodium sulfate.
Solution

Step 1. The sodium ion is Na™, a group I (or 1) element. The sulfate ion is
SO, (from Table 4.3).

Step 2. Two positive charges, two sodium ions, are needed to cancel the
charge on one sulfate ion (two negative charges).

Hence the formula is Na,SO,.

EXAMPLE 4.4 Writing a Formula When Given the Name of the Compound

Write the formula of ammonium sulfide.
Solution

Step 1. The ammonium ion is NH,* (from Table 4.3). The sulfide ion is S*~
(from its position on the periodic table).

Step 2. Two positive charges are necessary to cancel the charge on one
sulfide ion (two negative charges).

Hence the formula is (NH,),S.
Note that parentheses must be used whenever a subscript accompanies
a polyatomic ion.

Write the formula for each of the following compounds:

a. calcium carbonate
b. sodium bicarbonate
c. copper(D) sulfate

Learning Goal

Write the formula for each of the following compounds:

a. sodium phosphate
b. potassium bromide
c. iron(I) nitrate

Covalent Compounds

Naming Covalent Compounds
Most covalent compounds are formed by the reaction of nonmetals. Molecules
are compounds characterized by covalent bonding. We saw earlier that ionic
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Table 4.4 Prefixes Used to Denote Numbers of Atoms in a Compound

Prefix Number of Atoms

Mono-
Di-
Tri-
Tetra-
Penta-
Hexa-
Hepta-
Octa-
Nona-

O 0 N O U = W N =

—_
o

Deca-

compounds are not composed of single units but are a part of a massive three-
dimensional crystal structure in the solid state. Covalent compounds exist as dis-
crete molecules in the solid, liquid, and gas states. This is a distinctive feature of
covalently bonded substances.

The conventions for naming covalent compounds follow:

1. The names of the elements are written in the order in which they appear in
the formula.

2. A prefix (Table 4.4) indicating the number of each kind of atom found in the
unit is placed before the name of the element.

3. If only one atom of a particular kind is present in the molecule, the prefix
mono- is usually omitted from the first element.

4. The stem of the name of the last element is used with the suffix -ide.

5. The final vowel in a prefix is often dropped before a vowel in the stem name.

© The McGraw-Hill
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By convention the prefix mono- is often
omitted from the second element as
well (dinitrogen oxide, not dinitrogen
monoxide). In other cases, common
usage retains the prefix (carbon
monoxide, not carbon oxide).

Name the covalent compound N,O,.

Solution

Step 1. two nitrogen atoms four oxygen atoms
Step 2. di- tetra-

Step 3. dinitrogen tetr(a)oxide

The name is dinitrogen tetroxide.

The following are examples of other covalent compounds.

Formula Name

N,O dinitrogen monoxide
NO, nitrogen dioxide
SiO, silicon dioxide

CO, carbon dioxide

CO carbon monoxide

4-13
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Name each of the following compounds:

a. B203 c. IC1
b. NO d. PCl,

Learning Goal

EXAMPLE 4.6

EXAMPLE 4.7

Name each of the following compounds:

a. st C. PCIS
b. CS, d. P,O.

Writing Formulas of Covalent Compounds

Many compounds are so familiar to us that their common names are generally used.
For example, H,O is water, NH; is ammonia, C,H;OH (ethanol) is alcohol, and
C¢H;,04 is glucose. It is useful to be able to correlate both systematic and common
names with the corresponding molecular formula and vice versa.

When common names are used, formulas of covalent compounds can be writ-
ten only from memory. You must remember that water is H,O, ammonia is NH;,
and so forth. This is the major disadvantage of common names. Because of their
widespread use, however, they cannot be avoided and must be memorized.

Compounds named by using Greek prefixes are easily converted to formulas.
Consider the following examples.

Writing the Formula of a Covalent Compound
Write the formula of nitrogen monoxide.
Solution

Nitrogen has no prefix; one is understood. Oxide has the prefix mono—one
oxygen. Hence the formula is NO.

Writing the Formula of a Covalent Compound
Write the formula of dinitrogen tetroxide.
Solution

Nitrogen has the prefix di—two nitrogen atoms. Oxygen has the prefix
tetr(a)—four oxygen atoms. Hence the formula is N,O,.

Write the formula of each of the following compounds:

a. diphosphorus pentoxide
b. silicon dioxide

4-14

Write the formula of each of the following compounds:

a. nitrogen trifluoride
b. carbon monoxide
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Origin of the Elements

The current, most widely held theory of the origin of the uni-
verse is the “big bang” theory. An explosion of very dense mat-
ter was followed by expansion into space of the fragments
resulting from this explosion. This is one of the scenarios that
have been created by scientists fascinated by the origins of mat-
ter, the stars and planets, and life as we know it today.

The first fragments, or particles, were protons and neutrons
moving with tremendous velocity and possessing large
amounts of energy. Collisions involving these high-energy pro-
tons and neutrons formed deuterium atoms (:H), which are iso-
topes of hydrogen. As the universe expanded and cooled,
tritium (H), another hydrogen isotope, formed as a result of
collisions of neutrons with deuterium atoms. Subsequent cap-
ture of a proton produced helium (He). Scientists theorize that
a universe that was principally composed of hydrogen and he-
lium persisted for perhaps 100,000 years until the temperature
decreased sufficiently to allow the formation of a simple mole-
cule, hydrogen, two atoms of hydrogen bonded together (H,).

Many millions of years later, the effect of gravity caused
these small units to coalesce, first into clouds and eventually
into stars, with temperatures of millions of degrees. In this set-
ting, these small collections of protons and neutrons combined

to form larger atoms such as carbon (C) and oxygen (O), then
sodium (Na), neon (Ne), magnesium (Mg), silicon (Si), and so
forth. Subsequent explosions of stars provided the conditions
that formed many larger atoms. These fragments, gathered to-
gether by the force of gravity, are the most probable origin of
the planets in our own solar system.

The reactions that formed the elements as we know them
today were a result of a series of fusion reactions, the joining of
nuclei to produce larger atoms at very high temperatures (mil-
lions of degrees Celsius). These fusion reactions are similar to
processes that are currently being studied as a possible alterna-
tive source of nuclear power. We shall study such nuclear
processes in more detail in Chapter 10.

Nuclear reactions of this type do not naturally occur on the
earth today. The temperature is simply too low. As a result we
have, for the most part, a collection of stable elements existing
as chemical compounds, atoms joined together by chemical
bonds while retaining their identity even in the combined state.
Silicon exists all around us as sand and soil in a combined form,
silicon dioxide; most metals exist as a part of a chemical com-
pound, such as iron ore. We are learning more about the struc-
ture and properties of these compounds in this chapter.

91

4.3 Properties of lonic and Covalent Compounds

The differences in ionic and covalent bonding result in markedly different proper-
ties for ionic and covalent compounds. Because covalent molecules are distinct
units, they have less tendency to form an extended structure in the solid state.
Ionic compounds, with ions joined by electrostatic attraction, do not have defin-
able units but form a crystal lattice composed of enormous numbers of positive
and negative ions in an extended three-dimensional network. The effects of this
basic structural difference are summarized in this section.

Physical State

All ionic compounds (for example, NaCl, KCl, and NaNOj) are solids at room tem-
perature; covalent compounds may be solids (sugar), liquids (H,O, ethanol), or
gases (carbon monoxide, carbon dioxide). The three-dimensional crystal structure
that is characteristic of ionic compounds holds them in a rigid, solid arrangement,
whereas molecules of covalent compounds may be fixed, as in a solid, or more mo-
bile, a characteristic of liquids and gases.

Melting and Boiling Points

The melting point is the temperature at which a solid is converted to a liquid and
the boiling point is the temperature at which a liquid is converted to a gas at a
specified pressure. Considerable energy is required to break apart an ionic crystal
lattice with uncountable numbers of ionic interactions and convert the ionic sub-
stance to a liquid or a gas. As a result, the melting and boiling temperatures for
ionic compounds are generally higher than those of covalent compounds, whose

Learning Goal
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The role of the solvent in the dissolution of
solids is discussed in Section 4.5.

Learning Goal

The skeletal structure indicates only the
relative positions of atoms in the
molecule or ion. Bonding information
results from the Lewis structure.

The central atom is often the element
farthest to the left and/or lowest in the
periodic table.

The central atom is often the element in
the compound for which there is only
one atom.

Hydrogen is never the central atom.
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molecules interact less strongly in the solid state. A typical ionic compound,
sodium chloride, has a melting point of 801°C; methane, a covalent compound,
melts at —182°C. Exceptions to this general rule do exist; diamond, a covalent solid
with an extremely high melting point, is a well-known example.

Structure of Compounds in the Solid State

Ionic solids are crystalline, characterized by a regular structure, whereas covalent
solids may either be crystalline or have no regular structure. In the latter case they
are said to be amorphous.

Solutions of lonic and Covalent Compounds

In Chapter 2 we saw that mixtures are either heterogeneous or homogeneous. A
homogeneous mixture is a solution. Many ionic solids dissolve in solvents, such as
water. An ionic solid, if soluble, will form positive and negative ions in solution by
dissociation.

Because ions in water are capable of carrying (conducting) a current of elec-
tricity, we refer to these compounds as electrolytes, and the solution is termed an
electrolytic solution. Covalent solids dissolved in solution usually retain their
neutral (molecular) character and are nonelectrolytes. The solution is not an elec-
trical conductor.

4.4 Drawing Lewis Structures of Molecules
and Polyatomic lons

Lewis Structures of Molecules

In Section 4.1, we used Lewis structures of individual atoms to help us understand
the bonding process. To begin to explain the relationship between molecular struc-
ture and molecular properties, we will first need a set of guidelines to help us
write Lewis structures for more complex molecules.

1. Use chemical symbols for the various elements to write the skeletal structure of the
compound. To accomplish this, place the bonded atoms next to one another.
This is relatively easy for simple compounds; however, as the number of atoms
in the compound increases, the possible number of arrangements increases
dramatically. We may be told the pattern of arrangement of the atoms in
advance; if not, we can make an intelligent guess and see if a reasonable Lewis
structure can be constructed. Three considerations are very important here:

e the least electronegative atom will be placed in the central position (the
central atom),

® hydrogen and fluorine (and the other halogens) often occupy terminal
positions,

e carbon often forms chains of carbon-carbon covalent bonds.

2. Determine the number of valence electrons associated with each atom; combine them
to determine the total number of valence electrons in the compound. However, if we
are representing polyatomic cations or anions, we must account for the
charge on the ion. Specifically:

e for polyatomic cations, subtract one electron for each unit of positive charge.
This accounts for the fact that the positive charge arises from electron loss.

e for polyatomic anions, add one electron for each unit of negative charge.
This accounts for excess negative charge resulting from electron gain.

3. Connect the central atom to each of the surrounding atoms using electron pairs.
Then complete the octets of all of the atoms bonded to the central atom.
Recall that hydrogen needs only two electrons to complete its valence shell.
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ACLINICAL PERSPECTIVE

Blood Pressure and the Sodium Ion/Potassium Ion Ratio

When you have a physical exam, the physician measures
your blood pressure. This indicates the pressure of blood
against the walls of the blood vessels each time the heart
pumps. A blood pressure reading is always characterized by
two numbers. With every heartbeat there is an increase in pres-
sure; this is the systolic blood pressure. When the heart relaxes
between contractions, the pressure drops; this is the diastolic
pressure. Thus the blood pressure is expressed as two values—
for instance, 117 /72—measured in millimeters of mercury. Hy-
pertension is simply defined as high blood pressure. To the
body it means that the heart must work too hard to pump
blood, and this can lead to heart failure or heart disease.

Heart disease accounts for 50% of all deaths in the United
States. Epidemiological studies correlate the following major
risk factors with heart disease: heredity, sex, race, age, diabetes,
cigarette smoking, high blood cholesterol, and hypertension.
Obviously, we can do little about our age, sex, and genetic her-
itage, but we can stop smoking, limit dietary cholesterol, and
maintain a normal blood pressure.

The number of Americans with hypertension is alarmingly
high: 60 million adults and children. More than 10 million of
these individuals take medication to control blood pressure, at
a cost of nearly $2.5 billion each year. In many cases, blood
pressure can be controlled without medication by increasing
physical activity, losing weight, decreasing consumption of al-
cohol, and limiting intake of sodium.

It has been estimated that the average American ingests
7.5-10 g of salt (NaCl) each day. Because NaCl is about 40% (by
mass) sodium ions, this amounts to 34 g of sodium daily. Un-
til 1989 the Food and Nutrition Board of the National Academy
of Sciences National Research Council’s defined estimated safe
and adequate daily dietary intake (ESADDI) of sodium ion was
1.1-3.3 g. Clearly, Americans exceed this recommendation.

Recently, studies have shown that excess sodium is not the
sole consideration in the control of blood pressure. More im-
portant is the sodium ion/potassium ion (Na*/K*) ratio. That
ratio should be about 0.6; in other words, our diet should con-
tain about 67% more potassium than sodium. Does the typical
American diet fall within this limit? Definitely not! Young
American males (25-30 years old) consume a diet with a
Na*/K* = 1.07, and the diet of females of the same age range
has a Na*/K* = 1.04. It is little wonder that so many Ameri-
cans suffer from hypertension.

How can we restrict sodium in the diet, while increasing the
potassium? The following table lists a variety of foods that are
low in sodium and high in potassium. These include fresh
fruits and vegetables and fruit juices, a variety of cereals, un-
salted nuts, and cooked dried beans (legumes). The table also
notes some high-sodium, low-potassium foods. Notice that
most of these are processed or prepared foods. This points out
how difficult it can be to control sodium in the diet. The major-
ity of the sodium that we ingest comes from commercially pre-
pared foods. The consumer must read the nutritional
information printed on cans and packages to determine
whether the sodium levels are within acceptable limits.

Low Sodium Ion, High Potassium Ion Foods

Food Category Examples

Fruit and fruit juices  Pineapple, grapefruit, pears, straw-
berries, watermelon, raisins, bananas,
apricots, oranges

Oatmeal (unsalted), Roman Meal Hot

Cereal, shredded wheat

Hazelnuts, macadamia nuts, almonds,
peanuts, cashews, coconut

Low-sodium cereals
Nuts (unsalted)
Vegetables Summer squash, zucchini, eggplant,
cucumber, onions, lettuce, green
beans, broccoli

Great Northern beans, lentils, lima
beans, red kidney beans

Beans (dry, cooked)

High Sodium Ion, Low Potassium Ion Foods

Food Category Examples
Fats Butter, margarine, salad dressings
Soups Onion, mushroom, chicken noodle,

tomato, split pea
Many varieties; consult the label for
specific nutritional information.

Breakfast cereals

Breads Most varieties
Processed meats Most varieties
Cheese Most varieties

Electrons not involved in bonding must be represented as lone pairs and the
total number of electrons in the structure must equal the number of valence

electrons computed in our second step.

4. If the octet rule is not satisfied for the central atom, move one or more electron pairs
from the surrounding atoms to create double or triple bonds until all atoms

have an octet.
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5. After you are satisfied with the Lewis structure that you have constructed, perform a

final electron count verifying that the total number of electrons and the
number around each atom are correct.

Now, let us see how these guidelines are applied in the examples that follow.

Drawing Lewis Structures of Covalent Compounds

Draw the Lewis structure of carbon dioxide, CO..
Solution

Draw a skeletal structure of the molecule, arranging the atoms in their most
probable order.
For CO,, two possibilities exist:

c—0—-0 and o0—C-0O

Referring to Figure 4.2, we find that the electronegativity of oxygen is 3.5
whereas that of carbon is 2.5. Our strategy dictates that the least
electronegative atom, in this case carbon, is the central atom. Hence the
skeletal structure O—C—O may be presumed correct.

Next, we want to determine the number of valence electrons on each
atom and add them to arrive at the total for the compound.

For CO,,

1 C atom X 4 valence electrons = 4 e~
2 O atoms X 6 valence electrons = 12 e~
16 e~ total

Now, use electron pairs to connect the central atom, C, to each oxygen with
a single bond.

0:C:0

Distribute the electrons around the atoms (in pairs if possible) in an attempt
to satisfy the octet rule, eight electrons around each element.

: O :C: O :
This structure satisfies the octet rule for each oxygen atom, but not the
carbon atom (only four electrons surround the carbon).
However, when this structure is modified by moving two electrons
from each oxygen atom to a position between C and O, each oxygen and

carbon atom is surrounded by eight electrons. The octet rule is satisfied,
and the structure below is the most probable Lewis structure for CO,.

é::C::Q

In this structure, four electrons (two electron pairs) are located between C
and each O, and these electrons are shared in covalent bonds. Because a
single bond is composed of two electrons (one electron pair) and because
four electrons “bond” the carbon atom to each oxygen atom in this structure,
there must be two bonds between each oxygen atom and the carbon atom, a
double bond:

The notation for a single bond : is equivalent to — (one pair of
electrons).

The notation for a double bond : : is equivalent to = (two pairs of
electrons).
Continued—
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EXAMPLE 4.8 —Continued

We may write CO, as shown above or, replacing dots with dashes to
indicate bonding electron pairs,

0=C=Q
As a final step, let us do some “electron accounting.” There are eight
electron pairs, and they correspond to sixteen valence electrons (8 pair X
2e” /pair). Furthermore, there are eight electrons around each atom and the
octet rule is satisfied. Therefore

0=C=Q

is a satisfactory way to depict the structure of CO,.

Drawing Lewis Structures of Covalent Compounds EXAMPLE 4.9

Draw the Lewis structure of ammonia, NHj.
Solution

When trying to implement the first step in our strategy we may be tempted
to make H our central atom because it is less electronegative than N. But,
remember the margin note in this section:

“Hydrogen is never the central atom”
Hence:

0
H—N—H

is our skeletal structure.

Applying our strategy to determine the total valence electrons for the
molecule, we find that there are five valence electrons in nitrogen and one
in each of the three hydrogens, for a total of eight valence electrons.

Applying our strategy for distribution of valence electrons results in the
following Lewis diagram:

H
H:N:H
This satisfies the octet rule for nitrogen (eight electrons around N) and

hydrogen (two electrons around each H) and is an acceptable structure for
ammonia. Ammonia may also be written:

0
H—N—H

Note the pair of nonbonding electrons on the nitrogen atom. These are often
called a lone pair, or unshared pair, of electrons. As we will see later in this
section, lone pair electrons have a profound effect on molecular geometry.
The geometry, in turn, affects the reactivity of the molecule.

Draw a Lewis structure for each of the following covalent compounds: m

a. H,O (water)
b. CH, (methane)
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m Draw a Lewis structure for each of the following covalent compounds:

a. C,H, (ethane)
b. N, (nitrogen gas)

Lewis Structures of Polyatomic lons

Learning Goal The strategies for writing the Lewis structures of polyatomic ions are similar to

those for neutral compounds. There is, however, one major difference: The charge

a on the ion must be accounted for when computing the total number of valence
electrons.

EXAMPLE 4.10 Drawing Lewis Structures of Polyatomic Cations

Draw the Lewis structure of the ammonium ion, NH, .
Solution

The ammonium ion has the following skeletal structure and charge:

H +
|
H—ITI—H
H

The total number of valence electrons is determined by subtracting one
electron for each unit of positive charge.

1 N atom X 5 valence electrons = 5e”

4 H atoms X 1 valence electron = 4e~

— 1 electron for +1 charge =—le"
8 e total

Distribute these eight electrons around our skeletal structure:

+ H ]+
H |
H:N:H or H—N—H
H |
H

A final check shows eight total electrons, eight around the central atom,
nitrogen, and two electrons associated with each hydrogen. Hence the
structure is satisfactory.

m Drawing Lewis Structures of Polyatomic Anions

Draw the Lewis structure of the sulfate ion, SO,2".
Solution

Sulfur is less electronegative than oxygen. Therefore sulfur is the central
atom. The sulfate ion has the following skeletal structure and charge:
Continued—
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EXAMPLE 4.1 1 —cContinued

? I
O—?—O
O]

The total number of valence electrons is determined by adding one electron
for each unit of negative charge:

1Satom X 6 valence electrons = 6e~
4 O atoms X 6 valence electrons = 24 e~

+ 2 negative charges = 2e
32 e total

Distributing the electron dots around the central sulfur atom (forming
four bonds) and around the surrounding oxygen atoms in an attempt to
satisfy the octet rule results in the final structure:

:6: 2-
20: |27 L
0:5:Q or  [:0—5—0:
HOR |
o :Q:

A final check shows thirty-two electrons and eight electrons around
each atom. Hence the structure is satisfactory.

Drawing Lewis Structures of Polyatomic Anions EXAMPLE 4.12

Draw the Lewis structure of the acetate ion, CH;COO™.
Solution

A commonly encountered anion, the acetate ion has a skeletal structure that
is more complex than any of the examples that we have studied thus far.
Which element should we choose as the central atom? We have three
choices H, O, and C. H is eliminated because hydrogen can never be the
central atom. Oxygen is more electronegative than carbon, so carbon must
be the central atom. There are two carbon atoms; often they are joined.
Further clues are obtained from the formula itself; CH;COO™ implies three
hydrogen atoms attached to the first carbon atom and two oxygen atoms
joined to the second carbon. A plausible skeletal structure is:

H O -
(.
H—C—C—-O
|
H

The pool of valence electrons for anions is determined by adding one
electron for each unit of negative charge:
Continued—
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EXAMPLE 4.12 —Continued

2 C atoms X 4 valence electrons = 8e~

3e”

3 H atoms X 1 valence electron
2 O atoms X 6 valence electrons = 12 e~

le”
24 e~ total

+ 1 negative charge

Distributing these twenty-four electrons around our skeletal structure gives

o H 10
e L
H:C:C:0O: or H—C—C—Ol
H I
H

This Lewis structure satisfies the octet rule for carbon and oxygen and
surrounds each hydrogen with two electrons. All twenty-four electrons are
used in this process.

Draw the Lewis structure for each of the following ions:

a. H;O" (the hydronium ion)
b. OH" (the hydroxide ion)

Draw the Lewis structure for each of the following ions:

a. CN~ (the cyanide ion)
b. CO;2~ (the carbonate ion)

Write a Lewis structure describing the bonding in each of the following
polyatomic ions:

a. the bicarbonate ion, HCO;~
b. the phosphate ion, PO~

Learning Goal

4-22

Write a Lewis structure describing the bonding in each of the following
polyatomic ions:

a. the hydrogen sulfide ion, HS~
b. the peroxide ion, O,*~

Lewis Structure, Stability, Multiple Bonds, and Bond Energies

Hydrogen, oxygen, and nitrogen are present in the atmosphere as diatomic gases,
H,, O,, and N,. All are covalent molecules. Their stability and reactivity, however,
are quite different. Hydrogen is an explosive material, sometimes used as a fuel.
Oxygen, although more stable than hydrogen, reacts with fuels in combustion.
The explosion of the space shuttle Challenger resulted from the reaction of mas-
sive amounts of hydrogen and oxygen. Nitrogen, on the other hand, is extremely
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nonreactive. Because nitrogen makes up about 80% of the atmosphere, it dilutes
the oxygen, which accounts for only about 20% of the atmosphere.

Breathing pure oxygen for long periods, although necessary in some medical
situations, causes the breakdown of nasal and lung tissue over time. Oxygen di-
luted with nonreactive nitrogen is an ideal mixture for humans and animals to
breathe.

Why is there such a great difference in reactivity among these three gases? We
can explain this, in part, in terms of their bonding characteristics. The Lewis struc-
ture for H, (two valence electrons) is

H, or H:H or H—H
For oxygen (twelve valence electrons, six on each atom), the only Lewis structure
that satisfies the octet rule is
O, or O Dl O or O=O
The Lewis structure of N, (ten total valence electrons) must be
N, or :N:::N: or ‘N=N:
Therefore
N, has a triple bond (six bonding electrons).
O, has a double bond (four bonding electrons).
H, has a single bond (two bonding electrons).

A triple bond, in which three pairs of electrons are shared by two atoms, is
very stable. More energy is required to break a triple bond than a double bond,
and a double bond is stronger than a single bond. Stability is related to the bond
energy. The bond energy is the amount of energy, in units of kilocalories or kilo-
joules, required to break a bond holding two atoms together. Bond energy is there-
fore a measure of stability. The values of bond energies decrease in the order triple
bond > double bond > single bond.

The bond length is related to the presence or absence of multiple bonding. The
distance of separation of two nuclei is greatest for a single bond, less for a double
bond, and still less for a triple bond. The bond length decreases in the order single
bond > double bond > triple bond.

© The McGraw-Hill
Companies, 2003
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The term bond order is sometimes used
to distinguish among single, double,
and triple bonds. A bond order of 1
corresponds to a single bond, 2
corresponds to a double bond, and 3
corresponds to a triple bond.

Contrast a single and double bond with regard to:

a. distance of separation of the bonded nuclei
b. strength of the bond

How are these two properties related?

Two nitrogen atoms in a nitrogen molecule are held together more strongly than
the two chlorine atoms in a chlorine molecule. Explain this fact by comparing
their respective Lewis structures.

Lewis Structures and Resonance

In some cases we find that it is possible to write more than one Lewis structure that
satisfies the octet rule for a particular compound. Consider sulfur dioxide, SO,. Its
skeletal structure is

0—-5—-0

Total valence electrons may be calculated as follows:
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1 sulfur atom X 6 valence e” /atom = 6e~

+ 2 oxygen atoms X 6 valence e /atom = 12 e~
18 e total

The resulting Lewis structures are
OSO and OSO

Both satisfy the octet rule. However, experimental evidence shows no double bond
in SO,. The two sulfur-oxygen bonds are equivalent. Apparently, neither structure
accurately represents the structure of SO,, and neither actually exists. The actual
structure is said to be an average or hybrid of these two Lewis structures. When a
compound has two or more Lewis structures that contribute to the real structure,
we say that the compound displays the property of resonance. The contributing

Lewis structures are resonance forms. The true structure, a hybrid of the reso-
nance forms, is known as a resonance hybrid and may be represented as:
0::5:0: > :0:5::0

A common analogy might help to clarify this concept. A horse and a donkey
may be crossbred to produce a hybrid, the mule. The mule doesn’t look or behave
exactly like either parent, yet it has attributes of both. The resonance hybrid of a
molecule has properties of each resonance form but is not identical to any one
form. Unlike the mule, resonance hybrids do not actually exist. Rather, they com-
prise a model that results from the failure of any one Lewis structure to agree with
experimentally obtained structural information.

The presence of resonance enhances molecular stability. The more resonance
forms that exist, the greater is the stability of the molecule they represent. This con-
cept is important in understanding the chemical reactions of many complex or-
ganic molecules and is used extensively in organic chemistry.

W Drawing Resonance Hybrids of Covalently Bonded Compounds

Draw the possible resonance structures of the nitrate ion, NO;~, and
represent them as a resonance hybrid.

Solution
Nitrogen is less electronegative than oxygen; therefore, nitrogen is the
central atom and the skeletal structure is:

7
O—N—0O

The pool of valence electrons for anions is determined by adding one
electron for each unit of negative charge:

1 N atom X 5 valence electrons 5e”
3 O atoms X 6 valence electrons = 18 e~
le™

24 e~ total

+ 1 negative charge

Distributing the electrons throughout the structure results in the legitimate
Lewis structures:
Continued—
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EXAMPLE 4.13 —Continued

:0: - HOR N HOR N
.. e e and et e and e e ..
Q::N:Q: :Q:N:Q: :Q:N::Q
All contribute to the true structure of the nitrate ion, represented as a
resonance hybrid.

oNa o lofsl © lomel
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Se0,, like SO,, has two resonance forms. Draw their Lewis structures.

Explain any similarities between the structures for SeO, and SO, (in Question
4.19) in light of periodic relationships.

Lewis Structures and Exceptions to the Octet Rule

The octet rule is remarkable in its ability to realistically model bonding and struc-
ture in covalent compounds. But, like any model, it does not adequately describe
all systems. Beryllium, boron, and aluminum, in particular, tend to form com-
pounds in which they are surrounded by fewer than eight electrons. This situation
is termed an incomplete octet. Other molecules, such as nitric oxide:

K= 0
are termed odd electron molecules. Note that it is impossible to pair all electrons to
achieve an octet simply because the compound contains an odd number of valence
electrons. Elements in the third period and beyond may involve d orbitals and

form an expanded octet, with ten or even twelve electrons surrounding the central
atom. Examples 4.14 and 4.15 illustrate common exceptions to the octet rule.

Drawing Lewis Structures of Covalently Bonded Compounds That Are
Exceptions to the Octet Rule

Draw the Lewis structure of beryllium hydride, BeH,.
Solution
A reasonable skeletal structure of BeH, is:
H—Be—H
The total number of valence electrons in BeH, is:
1 beryllium atom X 2 valence e”/atom =2 e~

2 hydrogen atoms X 1 valence e /atom =2 e~

4 e total
Continued—
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EXAMPLE 4.14 —Continued

The resulting Lewis structure must be:
H:Be:H or H—Be—H
It is apparent that there is no way to satisfy the octet rule for Be in this

compound. Consequently, BeH, is an exception to the octet rule. It contains
an incomplete octet.

W Drawing Lewis Structures of Covalently Bonded Compounds That Are

Exceptions to the Octet Rule

Draw the Lewis structure of phosphorus pentafluoride.
Solution
A reasonable skeletal structure of PF; is:

F
F\ | /F
/ I)\
F F
Phosphorus is a third-period element; it may have an expanded octet.

The total number of valence electrons is:
1 phosphorus atom X 5 valence e” /atom = 5e”

5 fluorine atoms X 7 valence e” /atom = 35 e~
40 e~ total

Distributing the electrons around each F in the skeletal structure results in
the Lewis structure:

PF; is an example of a compound with an expanded octet.

Lewis Structures and Molecular Geometry; VSEPR Theory

Learning Goal The shape of a molecule plays a large part in determining its properties and reac-
tivity. We may predict the shapes of various molecules by inspecting their Lewis
u structures for the orientation of their electron pairs. The covalent bond, for instance,

in which bonding electrons are localized between the nuclear centers of the atoms,
is directional; the bond has a specific orientation in space between the bonded atoms.
Electrostatic forces in ionic bonds, in contrast, are nondirectional; they have no spe-
cific orientation in space. The specific orientation of electron pairs in covalent mol-
ecules imparts a characteristic shape to the molecules. Consider the following series
of molecules whose Lewis structures are shown.
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BeH, H:Be:H
BF; :E:B:E:
H
CH, H:C:H
H
NH; HNH
H
H,0 H:0:H

The electron pairs around the central atom of the molecule arrange themselves
to minimize electronic repulsion. This means that the electron pairs arrange them-
selves so that they can be as far as possible from each other. We may use this fact
to predict molecular shape. This approach is termed the valence shell electron pair
repulsion (VSEPR) theory.

Let’s see how the VSEPR theory can be used to 