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This textbook and its related digital resources provide students in the allied health sci-
ences with a needed background in chemistry and biochemistry while offering a gen-
eral context for chemical concepts to ensure that students in other disciplines gain an
appreciation of the importance of chemistry in everyday life.

To teach chemistry all the way from “What is an atom?” to “How do we get energy
from glucose?” is a challenge. Throughout our general chemistry and organic chemistry
coverage, the focus is on concepts fundamental to the chemistry of living things and
everyday life. In our biochemistry coverage, we strive to meet the further challenge of
providing a context for the application of those concepts in biological systems. Our goal
is to provide enough detail for thorough understanding while avoiding so much detail
that students are overwhelmed. Many practical and relevant examples are included to
illustrate the concepts and enhance student learning.

The material covered is ample for a two-term introduction to general, organic, and
biological chemistry. While the general and early organic chapters contain concepts
that are fundamental to understanding the material in biochemistry, the later chapters
can be covered individually and in an order that can be adjusted to meet the needs of the
students and the duration of the course.

The writing style is clear and concise and punctuated with practical and familiar
examples from students’ personal experience. Art work, diagrams, and molecular mod-
els are used extensively to provide graphical illustration of concepts to enhance student
understanding. Since the true test of knowledge is the ability to apply that knowledge
appropriately, we include numerous worked examples that incorporate consistent
problem-solving strategies.

Regardless of their career paths, all students will be citizens in an increasingly tech-
nological society. When they recognize the principles of chemistry at work not just in
their careers but in their daily lives, they are prepared to make informed decisions on
scientific issues based on a firm understanding of the underlying concepts.

New to This Edition

The major themes of this revision are active learning, an increased focus on clinical
examples, updates based on current teaching and research findings, and digital innova-
tions designed to engage and personalize the experience for students, all of which are
accomplished in a variety of ways:

*  NEW! Chapter opening photos and vignettes with an increased clinical focus have
been added to provide a theme for each chapter and to strengthen connections be-
tween the concepts and applications in Chemistry in Action features in the chapter.

*  NEW! Chapters now have a more focused roadmap that begins with specific
learning objectives and ends with a summary study guide that addresses these ini-
tial goals and offers students targeted problems designed to help them assess their
ability to understand those topics.

*  NEW! Hands-On Chemistry boxes offer students an opportunity to solidify their
understanding of chemistry through elementary experiments that can be safely
done in their living spaces with household items. Many students strongly benefit
from kinesthetic activities, and regardless of whether this is their “preferred” style,
the evidence suggests that variety in exposure to concepts is by itself tremendously
valuable.

*  NEW! Interactive Worked Examples have been developed and are identified in
the text with special icons.

e NEW! In-chapter questions have been added to the Chemistry in Action and
Mastering Reactions features to reinforce the connection between the chapter
content and practical applications.



*  NEW! Concept Maps have been added to most chapters, and others have been
modified to draw connections between general, organic, and biological chemistry.

* Updated Concept Links offer visual reminders for students that indicate when
new material builds on concepts from previous chapters or foreshadow
related material that will be explained in more detail in future chapters.

* Updated questions in the end-of-chapter section build on Concept Links and
require students to recall information learned in previous chapters.

*  Chemistry in Action features (many with a clinical focus) extend the discussion of
major chapter topics in new ways, providing students with enhanced perspective on
core concepts relevant to their future careers.

* All Learning Objectives tied to EOC problem sets: Chapter summaries include
a list of EOC problems that correspond to the learning objectives for a greater con-
nection between problems and concepts.

*  NEW! Group Problems at the end of every chapter are ideally used in class to get
students to carefully think about higher level problems, such as how concepts fit
together, or to put the concepts they have learned to use in a clinical application.

* Chapters 1 and 2 have been restructured: Chapter 1 focuses on building math
skills, while Chapter 2 focuses on matter, atomic structure, and the periodic table.

* An expanded discussion of stereochemistry and chirality has been moved to
Chapter 14 to allow instructors and students more time to get used to this challeng-
ing topic before coming across it again in biochemistry. The concept of symmetry
has also been introduced in this section.

* Chapter 16 is now the chapter on amines, allowing the discussion of organic
bases and acids (Chapter 17) to flow together, whereas in the seventh edition, they
were separated by the ketone and aldehyde chapter, which is now Chapter 15.

* Chapter 20 is now the chapter on carbohydrates, preceding the discussion of
energy generation (now Chapter 21) and carbohydrate metabolism.

* Chapter 25 is now the chapter on protein metabolism, completing the discussions
of metabolism before addressing DNA (Chapter 26) and Genomics (Chapter 27).

e The Use of SI Units: All the units in this edition have been converted to SI units,
except where a non-SI unit is commonly used in scientific, technical, and commer-
cial literature in most regions.

Organization

General Chemistry: Chapters 1-11 The introduction to elements, atoms, the periodic
table, and the quantitative nature of chemistry (Chapters 1 and 2) is followed by chapters
that individually highlight the nature of ionic and molecular compounds (Chapters 3 and 4).
The next three chapters discuss chemical reactions and their stoichiometry, energies,
rates, and equilibria (Chapters 5, 6, and 7). Topics relevant to the chemistry of life fol-
low: Gases, Liquids, and Solids (Chapter 8); Solutions (Chapter 9); and Acids and Bases
(Chapter 10). Nuclear Chemistry (Chapter 11) closes the general chemistry sequence.

Organic Chemistry: Chapters 12—-17 These chapters concisely focus on what students
must know in order to understand biochemistry. The introduction to hydrocarbons (Chapters
12 and 13) includes the basics of nomenclature. Discussion of functional groups with single
bonds to oxygen, sulfur, or a halogen (Chapter 14) is followed by introducing aldehydes
and ketones (Chapter 15), where a double bond between carbon and oxygen plays a key
role in their chemistry. A short chapter on organic bases, the amines, which are so important
to the chemistry of living things and drugs (Chapter 16) follows. Finally, the chemistry of
carboxylic acids and their derivatives (esters and amides) is covered (Chapter 17), with a
focus on similarities among the derivatives. Attention to the mechanisms by which organic
reactions occur and the vernacular used to describe them has been retained in this edition.
Stereochemistry, which is key to the understanding of how biological molecules function as
they do, has been moved to Chapter 14 in this edition, allowing students more exposure to
this complicated topic before reaching the biological chemistry section of this text.

Biological Chemistry: Chapters 18-29 Rather than proceeding through the complexi-
ties of protein, carbohydrate, lipid, and nucleic acid structure before getting to the roles
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of these compounds in the body, structure and function are integrated in this text. Protein
structure (Chapter 18) is followed by enzyme and coenzyme chemistry (Chapter 19).
Next, the structure and functions of common carbohydrates are introduced (Chapter 20).
With enzymes and carbohydrates introduced, the central pathways and themes of bio-
chemical energy production can be described (Chapter 21). If the time you have avail-
able to cover biochemistry is limited, stop with Chapter 21 and your students will have
an excellent preparation in the essentials of metabolism. The following chapters cover
more carbohydrate chemistry (Chapter 22), then lipid chemistry (Chapters 23 and 24),
followed by protein and amino acid metabolism (Chapter 25). Next, we discuss nucleic
acids and protein synthesis (Chapter 26) and genomics (Chapter 27). The last two
chapters cover the function of hormones and neurotransmitters and the action of drugs
(Chapter 28) and provide an overview of the chemistry of body fluids (Chapter 29).

Chapter-by-Chapter Changes
Coverage of General Chemistry

The major revisions in this section involve reorganization or revision of content to
strengthen the connections between concepts and to provide a more focused coverage
of specific concepts. Concept Maps, included in all general chemistry chapters, rein-
force the relationship between topics.

Specific changes to chapters are provided below:

Chapter 1

* Content related to elements and the periodic table was moved to Chapter 2.

* Information on shape-memory alloys was added to the Chemistry in Action
“Temperature Sensitive Materials” and the clinical information in the Chemistry
in Action “Aspirin” and “A Measurement Example: Obesity and Body Fat” was
updated.

Chapter 2

* Content from Chapter 1 on matter and the periodic table was moved to Chapter 2 to
provide a more comprehensive and concentrated focus in the chapter.

» Information on the periodic table has been updated to reflect recent discoveries.

* A new Chemistry in Action, “Essential Elements and Group Chemistry,” has been
added. One Chemistry in Action was eliminated and “Are Atoms Real?” and “At-
oms and Light” were revised to strengthen the connections between chapter content
and clinical applications.

Chapter 3

* Sections have been reorganized to provide a more logical progression from ions
and ion formation to the naming of ions and ionic compounds and finishing with
the properties of ionic compounds. Coverage on the octet rule was also expanded
and moved to earlier in the chapter.

e The Chemistry in Action “Salt” was streamlined to enhance clarity and relevancy
to the student, and clinical information added.

Chapter 4

* Additional tables and text have been added, including a new Worked Example on
coordinate covalent bonds, and some figures have been modified to enhance
student learning of molecular models and molecular shape.

* Both the Chemistry in Action “VERY Big Molecules” and “Damascenone by Any
Other Name Would Smell as Sweet” were updated with new clinical applications
and photos.
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Chapter 5

Content from Section 5.3 from the seventh edition (Classes of Chemical Reactions)
has been distributed to the individual sections dealing with the types of reactions:
5.3 (Precipitation Reactions), 5.4 (Neutralization Reactions), and 5.5 (Redox
Reactions).

Both Chemistry in Action were streamlined, and the Chemistry in Action “Batter-
ies” was updated with relevant, new clinical applications.

Chapter 6

The limiting reactant and percent yield discussion was expanded and clarified with
new, specific examples to enhance student understanding.

One Chemistry in Action was eliminated, and others were revised to strengthen the
connections between chapter content and practical applications.

Chapter 7

The quantitative aspects of spontaneity, entropy, enthalpy discussions (including
the Worked Example) were revised to enhance clarity, and the Worked Example on
drawing energy diagrams was simplified.

One Chemistry in Action was eliminated, and the Chemistry in Action “Regulation
of Body Temperature” was updated with new, practical applications.

Chapter 8

The qualitative discussions on enthalpy and entropy in Section 8.1 were signifi-
cantly streamlined.

Section 8.13 from the seventh edition (Water: A Unique Liquid) has been deleted,
and the content has been distributed to other sections to provide relevant examples
for key concepts.

The title to the last section (Section 8.14) was changed to “Change of State
Calculations” to more clearly identify the focus for this section and to distinguish
the content from the more general discussion on the changes of state of matter in
Section 8.1.

The Chemistry in Action “CO, as an Environmentally Friendly Solvent” was
updated with new, cutting-edge information on supercritical fluids as they relate to
allied health.

Chapter 9

Section 9.3 (Solid Hydrates) was modified and converted into a new Chemistry in
Action, “Solid Hydrates—Salt + Water.”

Section 9.10 from the seventh edition (Electrolytes in Body Fluids) has been modi-
fied in the eighth edition and combined with Section 9.9 (Ions in Solution: Electro-
lytes). References to gram-equivalents have been removed.

The Chemistry in Action “Time-Release Drug Delivery Systems” was updated with
new, clinical content.

Chapter 10

Sections 10.1 (Acids and Bases in Aqueous Solution) and 10.3 (The Bronsted-
Lowry Definition of Acids and Bases) have been combined to highlight the
relationship between the various definitions of acids and bases.

The information in Section 10.2 (Some Common Acids and Bases) has been
condensed into Table 10.1.

Section 10.7 (Measuring Acidity in Aqueous Solution: pH) and Section 10.9
(Laboratory Determinations of Acidity) have been combined to strengthen the
connection between these concepts.

Section 10.12 (Some Common Acid-Base Reactions) has been moved forward in
the chapter, and Sections 10.10 (Buffer Solutions), 10.14 (Acidity and Basicity of
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Salt Solutions), and 10.13 (Titrations) have been rearranged to improve the logical
progression of these concepts.

* The Chemistry in Action “Acid Rain” was updated with new statistics, maps, and
bar graphs.

Chapter 11

* Section 11.6 (Radioactive Decay Series) was abbreviated and combined with
Section 11.5 (Radioactive Half-Life). A new, additional Worked Example on
half-lives was added as metadata indicated students struggled with this concept.

e Sections 11.8 (Detecting Radiation) and 11.9 (Measuring Radiation) were
condensed and combined.

Coverage of Organic Chemistry

Since organic and biological chemistry are so tightly allied with one another, a major em-
phasis has been placed on the introduction of biologically significant molecules throughout
the organic chapters in this edition. Emphasis on making the fundamental reactions that or-
ganic molecules undergo much clearer to the reader, with particular attention on those reac-
tions encountered again in biochemical transformations has been retained in the Mastering
Reactions feature boxes. This boxed feature discusses in relative depth the “how” behind a
number of organic reactions. Mastering Reactions has been designed so that they may be
integrated into an instructor’s lecture or simply left out with no detriment to the material in
the text itself, to accommodate those that do not wish to discuss the mechanisms of organic
reactions. More emphasis on the use and evaluation of line-angle structure for organic mol-
ecules has been added, as this is incredibly important when discussing biomolecules. New
to this edition is the inclusion of a more detailed examination of stereochemistry and chiral-
ity; its new placement at the end of Chapter 14 will allow students more time to grasp these
concepts, but will also allow instructors who do not wish to discuss it to easily omit them.
New and updated application features (Chemistry in Action) have been included in almost
all the organic chapters, stressing the clinical aspects of the different classes of organic
molecules and reflecting current understanding and research into the topics covered. Ad-
ditionally, each chapter includes a new supplementary feature known as Integrated Worked
Examples, which will provide students with tutor-like walkthroughs of topics and reactions
they need to be familiar with before heading into the biological chemistry sections of this
text.
Other specific changes to chapters are provided below:

Chapter 12

» Several figures were revised and/or simplified for clarity and to enhance under-
standing. Art was added to help students synthesize complex topics where visuals
were previously lacking.

* Table 12.1 has been reworked to highlight the atoms responsible for each func-
tional group.

e Table 12.2 (Common Abbreviations in Organic Chemistry) has been added.

* A three-step mechanism (initiation, propagation, and termination) was added to the
halogenation section along with a new Worked Example on drawing halogenated
isomers; this Worked Example will be useful throughout the organic chapters in
learning to draw isomers of other organic molecules.

* A new Chemistry in Action discussing biological methylation, “How Important
Can a Methyl Group Really Be?,” has been added, and the Chemistry in Action
“Surprising Uses of Petroleum” was updated with new clinical information.

* There is an expanded functional group concept map that will aid in classifying
functional groups; this will be included at the end of each of the organic chapters,
with coloring added as each functional group family is discussed.
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Chapter 13

» Expanded use and discussion of line structures has been added throughout.
* A new Chemistry in Action discussing biologically active alkynes, “Enediyne
Antibiotics: A Newly Emerging Class of Antitumor Agents,” has been added.

Chapter 14

e Table 14.1 (Common Alcohols and Their Uses) has been added, replacing and ex-
panding on what was previously Section 14.3, making it easier for students to digest.

* A new and expanded discussion of stereochemistry and chirality has been added
(Section 14.10), moving the introduction of these topics from Chapter 18 to a more
appropriate location in the text.

*  Two new Worked Examples, one on drawing alcohols, have been added.

* A new Chemistry in Action discussing the harm ethanol has on fetuses, “Fetal Al-
cohol Syndrome: Ethanol as a Toxin,” has been added.

Chapter 15

* Chapter 15, known previously as the amine chapter, now covers aldehydes and
ketones.

* The section on common aldehydes and ketones has been shortened by the inclusion
of Table15.2 (Common Aldehydes and Ketones and Their Uses) making it easier
for students to read.

* The Addition of Alcohols to Aldehydes and Ketones section was revised to clarify
the distinction between hemiketals and hemiacetals.

*  Worked Examples and problems have been modified to include the early introduc-
tion of carbohydrates.

* A new Chemistry in Action discussing anticancer drugs, “When Is Toxicity Benefi-
cial?,” has been added.

Chapter 16

* This is now the amine chapter, which was Chapter 15 in the seventh edition.

* The section on alkaloids has been simplified by the inclusion of Table16.2 (Some
Alkaloids and Their Properties) making it easier for students to digest the material.

* A new Worked Example on ammonium ions as acids has been included.

* A new Chemistry in Action discussing antidepressants, “Calming a Stormy Mind:
Amines as Anti-Anxiety Medications,” has been added.

Chapter 17

* The concept of pKa is discussed in Section 17.2; in addition, Table 17.2 now con-
tains pKa values for the acids listed.

e Section 17.3 in the seventh edition has been expanded and converted into a new
Chemistry in Action, “Medicinally Important Carboxylic Acids and Derivatives.”

* The Worked Example on acid anhydrides has been removed and their coverage is
limited in this edition.

e The Chemistry in Action “Medications, Body Fluids, and the ‘Solubility Switch’”
that was in Chapter 15 in the seventh edition has been updated and moved to the
end of this chapter.

Coverage of Biological Chemistry

Biological chemistry, or biochemistry as professionals refer to the subject, is the chem-
istry of organisms and particularly chemistry at the cellular level—both inside and out-
side the cell. The foundations of biological chemistry are found in inorganic and organic
chemistry, the first two major topics of this textbook. Biological chemistry integrates
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inorganic and organic chemistry in the study of biological molecules, many of which are
large organic molecules with specific cellular roles. As you will see in the following chap-
ters, biological molecules undergo the same reactions studied in the organic chemistry
part of this book, and the fundamentals of inorganic chemistry are also important in cells.

Chapter 18

The chapter was reorganized for a smoother flow that is more pedagogically sound.
We now present an overview of proteins first, then discuss amino acids, peptides
and peptide bonds, followed by protein structure and chemical properties. The one
letter code for each amino acid was added to Table 18.3.

The chirality discussion is limited to amino acids (the rest of this discussion moved
to Chapter 14).

Diagrams of the specific examples of the forces involved in tertiary protein struc-
ture were added.

Chapter 19

Two new tables and a revised discussion enhance the “Enzyme Cofactors” section.
The enzyme classification section has a new table describing each classification.
The vitamins, minerals, and antioxidants section was streamlined for clarity.

A Mastering Reactions on how to read biochemical reactions has been added.

The Chemistry in Action “Enzymes in Medical Diagnosis” was updated to reflect
current blood chemistry tests used in diagnosis of a heart attack.

Chapter 20

This is now the carbohydrates chapter.

Two new tables, one on important monosaccharides and another on disaccharides,
make this content easy for students to digest. Both polysaccharides sections were
streamlined and combined into one section.

Chapter 21

This is now the generation of biological energy chapter.

The first two sections were streamlined by reducing much of the review material
from Chapter 7 (a Concept to Review link was added in place of lengthy narrative,
directing students back to where they can review the material if necessary) and
combined into one section.

The citric acid cycle is now explained equation by equation with the description of
each step directly above the equation for better student understanding.

The section on reactive oxygen species has been converted into a new Chemistry in
Action, “Reactive Oxygen Species and Antioxidant Vitamins.”

The discussion of “uncouplers” has been integrated into a new Chemistry in
Action, “Metabolic Poisons.”

Chapter 22

The discussion of the steps in glycolysis was improved by explicitly splitting the
descriptions of the reactions into individual steps.

Most of the discussion of glucose metabolism in diabetes has been moved to a re-
vised and now comprehensive Chemistry in Action “Diagnosis and Monitoring of
Diabetes.”

Chapter 23

The Phospholipids and Glycolipids section was reorganized to ensure a smoother,
more logical presentation of concepts.

The Chemistry in Action “Lipids in the Diet” was updated to include some infor-
mation from the deleted Chemistry in Action “Butter and Its Substitutes” as well as
updated dietary and obesity statistics.
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* The text discussion of eicosanoids was converted into a new Chemistry in Action,
“Eicosanoids: Prostaglandins and Leucotrienes.”

Chapter 24

* A clearer explanation of fatty acid activation and beta-oxidation is presented
step-by-step with the appropriate biochemical reaction shown with each step’s
description.

* The discussion of energy yields from fat metabolism was converted into two
sequential Worked Examples.

e The Chemistry in Action “Lipids and Atherosclerosis” was combined with in-
formation from the deleted Chemistry in Action “Fat Storage: A Good Thing or
Not?” and updated to give a new Chemistry in Action, “Fat Storage, Lipids, and
Atherosclerosis.”

Chapter 25

* This chapter, Protein and Amino Acid Metabolism, was Chapter 27 in the seventh
edition.

e The Chemistry in Action “The Importance of Essential Amino Acids and Effects of
Deficiencies” on essential amino acids has been updated with new clinical informa-
tion and streamlined.

Chapter 26

* Changes were made to the figure showing DNA replication to clarify copying of
the opposite strands.

e The Chemistry in Action “Influenza: Variations on a Theme” now focuses on the
nature of the common influenza viruses, primarily type A, and zoonotic pools for
the mutating virus.

Chapter 27

* This chapter, “Genomics,” was Chapter 26 in the seventh edition.
e The Chemistry in Action on the polymerase chain reaction has been shortened and

streamlined.

* The Chemistry in Action “DNA Fingerprinting” has been updated to include PCR
fingerprinting.

Chapter 28

* This chapter is now focused only on the messenger aspect of these peptides, amino
acid derivatives, and steroids.

* Table 28.2, “Acetylcholine Drug Family” (therapeutic or poisonous), has been
added to clarify this section for students.

* The steroid-abuse section was condensed to increase relevance for the student.

Chapter 29

* A new Chemistry in Action on common blood tests, “What’s in Your Blood Test?,”
has been added and the Chemistry in Action “Blood—Brain Barrier” was updated
with new clinical information.
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Increased Focus on Clinical Relevanc

v

Active learning, an increased focus on clinical examples, updates based on current teaching and research findings, and
digital innovations designed to engage and personalize students’ experiences make the eighth edition of Fundamentals

of General, Organic, and Biological Chemistry simply the best choice for students with a future in allied health.

NEW! Chapter-opening stories and
visuals throughout the text have a
greater clinical focus, providing even
more relevance to allied health majors.
Throughout the chapters, Learning
Objectives follow each section head,
and each chapter ends with a summary
study guide offering students targeted
problems designed to help them assess
their ability to understand those topics.

CHEMISTRY IN ACTION boxes (many
with a clinical focus) extend the
discussion of major chapter topics in
new ways, providing students with an
enhanced perspective on core concepts
relevant to their future careers. The
final Chemistry in Action box in
each chapter ties back to the chapter-
opening topic, ensuring the clinical
relevancy is woven throughout the
chapter from beginning to end.

13

Alkenes,
Alkynes, and
Aromatic
Compounds

CONTENTS

13.1  Alkenes and Alkynes

132 NamingAlkenes and Alkynes

13.3  The Structure of Alkenes:
Cis—Trans Isomerism

13.4  Properties of Alkenes and Alkynes

13.5 Types of Organic Reactions

13.6  Addition Reactions of Alkenes

13.7  Alkene Polymers

13.8  Aromatic Compounds and the
Structure of Benzene

13.9 Naming Aromatic Compounds

13.10 Reactions of Aromatic Compounds

<</ CONCEPTS TO REVIEW

A. VSEPR and Molecular Shapes
(Section 4.8)

@

. Families of Organic Molecules:
Functional Groups
(Section 12.2)

i

Drawing Organic Structures
(Section 12.4)

o

The Shapes of Organic Molecules
(Section 12.5)

m

Naming Alkanes
(Section 12.6)
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A Inthe war on cancer, potent new drugs containing carbon—carbon triple bonds
are providing hope for the treatment of diseases such as cervical cancer.

chemical, and biological properties. In Chapter 12, we examined the sim-

plest hydrocarbons, alkanes, which provide the scaffolding upon which the
complicated molecules responsible for life are built. Now we will look at the chem-
istry of molecules that contain carbon—carbon multiple bonds, or unsaturated
hydrocarbons. While alkenes and aromatic systems are found in many naturally
occurring biomolecules, alkynes are not as commonly observed. However, when

F unctional groups give organic molecules their characteristic physical,

chapter. Initially discovered in a fermentation broth derived
from the bacteria Micromonospora, they represent a new
chemical structure class for antibiotics.

H OH
Hﬁ%& b
H ©

Iehthyotherol

“f~ Enediyne Antibiotics: A Newly Emerging
Class of Antitumor Agents

While we discuss alkynes only briefly in this chapter and this
text as a whole, it is not because alkynes are not important
in organic chemistry. Alkynes are not usually found in nature;
however, when they are isolated from natural sources, such
as plants and bacteria, they have unexpected physiological
properties, including toxicity. For example, ichthyothereol,
a trialkyne, isolated from the leaves of a small herb found
in the Amazon and Central America, inhibits energy produc-
tion in mitochondria, and while being toxic to fish, mice, and
dogs, has no effect on humans. This has caused chemists to
investigate what might happen if the alkyne function were in-
troduced into other biologically active molecules, which has
led to the discovery of pharmaceuticals such as Rasagiline, a
monoamine oxidase inhibitor effective in treating Parkinson's
disease. This compound, due to its neuroprotective nature,
is also offering a novel approach to Alzheimer's drug therapy,
Rasagiline seems to enhance memory and learning, while also
improving mood, motivation, and lated memory decline

o

i
\

e

Rasagline

familly of the most potent

and provides a great lead for the discovery of new medicines to
treat this debilitating disease. Due to successes such as Rasa-
giline, chemists and biochemists have intensified the hunt for
naturally occurring alkynes. This expanding pursuit for new
alkyne-containing natural products has led to the discovery
of avery unlikely class of antitumor antibiotics known as the
enediynes, which we first learned about at the beginning of the

antitumor agents known. The toxic nature of these compounds
arises from their ability to cause scission of DNA strands in
their target. The enediyne antibiotics fall into three basic fami-
lies: the calicheamicins, the dynemicins (shown next), and the
most complex of the group, the chromoproteins. All members
have three distinct regions within them: (1) an anthraguinone-
like portion; (2) a chemical “warhead” comprised of two triple

“Warhead”

trigger

OH O OH
[l

anthraquinone-like portion

Dynemicin A

bonds, conjugated through a double bond, within a 9~10-mem-
bered ring; and (3) a “trigger.” In Dynemicin A (shown above),
that trigger is the three-membered epoxide ring (highlighted
in red). The anthraquinone portion intercalates into the major
groove of DNA; the trigger is then activated by some nucleo-
philic species (such as an oxygen, nitrogen, or sulfur atom)
that attacks and then opens the epoxide ring. Once opened, the
warhead undergoes a rearrangement reaction, producing an
extremely reactive diradical aromatic species, which then in-
duces the breakage of the DNA strands.

All of the enediynes are very toxic, as are all antitumor
agents. One way to utilize them in the war on cancer would be to
attach them to an antibody specifically prepared to target the
tumor cells the doctor wishes to destroy. This method, known as

“immunotargeting,” would allow the
preparation of a ‘magic bullet,” which
would attack only the tumor cells
and nothing else. One of the reasons
that the enediyne antibiotics are so
attractive is that they have activity
against drug-resistant tumors. Many
cancer cells have natural resistance
toa number of the drugs usually used
10 treat them or will develop resis-
tance over the course of a treatment.
This, coupled with a lack of selectivity
o antitumor agents (antitumor drugs
affect all cells, not just cancer] is one
of the major causes of the ineffectiveness of anticancer thera-
pies. Compounds such as Dyneicin A and others discovered
through studies of the enediynes could represent a new weapon
in our assault on an old and deadly foe: cancer.

> The meaning of the wedged and dashed bonds will be clarified
in Section 14.10 when we discuss stereochemistry.

NEW! These
boxes now include
questions at

the end of the
narrative, designed
specifically

CIA Problem 13.4 What beneficial properties of Rasagiline

make it useful for the treatment of Alzheimer's disease?

CIAProblem 13.5 Why would attaching an enediyne-containing
molecule to an antibody be an attractive way to treat cancer
cells?

CIAProblem 13.6 What are the major causes of the ineffec-
tiveness of anticancer therapies?
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as engaging
checkpoints to help
students asses their
understanding.



Active Learning Leads to Conceptual Understanding

. 4

Fundamentals of General, Organic, and Biological Chemistry has always provided a remarkably clear introduction
to the broad subject of allied health chemistry in an appealing, applied, and precise manner. In the eighth edition, the
authors make learning chemistry more active through features designed to get students doing chemistry.

HANDS-ON CHEMISTRY 3.1

NEW! HANDS-ON CHEMISTRY boxes

Obtain a set of Lego building blocks and separate them
into groups that are one, two, and three units long (if you do not
have access to a physical set of blocks, visit www.buildwithchrome
.com/builder). The blocks will represent anions and cations that have
charges of 1, 2, and 3, respectively. If possible, try to have multiple
colors within each group. Label the blocks in each group as follows:

block, connect an anion on top of it. If the anion layer is not long,
enough for the two layers to match up exactly, add another
anion of the same type beside it on top of the cation layer. If
the anion layer extends over the end of the cation layer, add
another cation to the bottom layer. When the cation and anion
layers match exactly in length, count how many of the cation

offer students an opportunity to solidify
their understanding of chemistry through
elementary experiments that can be safely
done in their home with household items.

Many students strongly benefit from
kinesthetic activities, and regardless of
whether this is their preferred style, evidence
suggests that variety in exposure to concepts

and anion blocks were necessary to determine the formula of
the ionic compound.

Try building the compounds suggested next, or make up
your own combinations. Just be sure that each compound has
acation and an anion!

—0ne unit long: Label as Na*, K, CI~, and NO,™.
—Two units long: Label as Mg?*, Ca?*, Fe?*, 0%~, and S0,
—Three units long: Label as AI**, Fe**,N3~, and PO,

Try to have at least three blocks for each ion in a given

group and, if possible, keep the colors consistent for a given a) Cation = Na* Anion = 5042’ .
ion;ggr.example, let all Na* ions be black, all CI” ions be yellow, b) Cation = Fe?* Anion = NO,~ 1S tremendously valuable.
all 0% ions be blue, and so on. &) Eitem = Mg“ e = PDAa’

Using the blocks, assemble the following compound
matching anion and cation blocks. Starting with the ca

HANDS-ON CHEMISTRY 19.1

Do food items contain active catalase? You can test this
athome with samples of raw meat and vegetables. You will need
clear (not colored), transparent glasses, 3% (v/v) hydrogen per-
oxide (from a drugstore or grocery store), and a few 1 cm cubes
of raw meat such as chicken liver or a bit of hamburger. Also cube
some raw potato. Drop some of the raw meat in a glass with a few
centimeters of hydrogen peroxide in it. Using a different glass of
hydrogen peroxide, do the same thing with potato cubes. What
happened with the meat? With the potato? Does the amount

of meat or potato used matter? Repeat your experiment with
cooked meat and cooked potato. What happened?

Evolution of bubbles means catalase present in the sam-
ple was converting hydrogen peroxide to water and oxygen;
the enzyme was active, in its native state and not denatured.
If no significant amount of bubbles appeared, catalase was
either absent or inactive. Based on the results of the trials with
raw and cooked samples, was catalase present, absent, or
inactive? Ifinactive, why?

GROUP PROBLEMS

2.95 Look up one of the experiments by the scientists discussed
in the Chemistry in Action on page 78, and explain how it

contributed to our understanding of atomic structure.

2.96 Do a web search to identify each of the following
elements /isotopes and indicate the number of neutrons,
protons, and electrons in an atom of the element/isotope: NEW! GROUP PROBLEMS at the end of
every chapter are ideally used in class to get
students to carefully think about higher level
problems, such as how concepts fit together,
or to put the concepts they have learned to use

in a clinical application.

(a) A radioactive isotope used in cancer treatments. (There
may be more than one answer!) y

(b) The element having the greatest density.
(¢) An element with Z <90 that is not found in nature.

2.97 Tellurium (Z = 52) has a lower atomic number than
iodine (Z = 53), yet it has a higher atomic mass

(127.60 amu for Te vs. 126.90 amu for I). How is this pos-
sible? Can you find any other instances in the periodic table
where two adjacent elements exhibit a similar behavior, that
is, the element with the lower atomic number has a higher

atomic mass?

2.98 Look again at the trends illustrated in Figures 2.3 and 2.4.

(@) How do the peaks/valleys correlate with locations in
the periodic table?

(b) Are there other chemical properties that also exhibit
periodic trends? What are they?
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Integrated Learning Pathway

. 4

Chapters now have a more integrated narrative where Learning Objectives provide a starting point
and are later revisited as capstones to the chapter in summary and question form.

Measurable LEARNING
OBJECTIVES are listed
as bullet points
underneath each
chapter section within
the text.

18.2 Proteins and Their Functions: An Overview

Learning Objective:

* Describe the different functions of proteins and give an example for each function.

The word protein is a familiar one. Taken from the Greek proteios, meaning “pri-

”

mary,” “protein” is an apt description for the biological molecules that are of primary
importance to all living organisms. Approximately 50% of your body’s dry mass is

protein.

What roles do proteins play in living things? No doubt you are aware that a ham-
burger is produced from animal muscle protein and that we depend on our own mus-
cle proteins for every move we make. But this is only one of many essential roles of
proteins. They provide structure (keratin) and support (actin filaments) to tissues and
organs throughout our bodies. As hormones (oxytocin) and enzymes (catalase), they
control all aspects of metabolism. In body fluids, water-soluble proteins pick up other
molecules for storage (casein) or transport (transferrin, Fe'). And the proteins of
the immune system provide protection (Immunoglobulin G) against invaders such as
bacteria and viruses. To accomplish their biological functions, which are summarized in
Table 18.2, some proteins must be tough and fibrous, whereas others must be globular

SUMMARY REVISITING THE LEARNING OBJECTIVES

© Describe the different functions of proteins and give an example
for each function. Proteins can be grouped by function such as
structural, transport, etc. See Table 18.2 (see Problems 40 and 41).

* Describe and recognize the 20 alpha amino acid structures and
their side chains. Amino acids in body fluids have anionized carbox-
ylic acid group (—C00™ ), an ionized amino group (—NH;"),and a
side-chain R group bonded to a central carbon atom (the a-carbon).
Twenty different amino acids occur in proteins (Table 18.3) (see
Problems 38 and 42—45).

* Categorize amino acids by the polarity or neutrality of the side
chain and predict which are hydrophilic and which are hydrophobic.
Amino acid side chains have acidic or basic functional groups or neu-
tral groups that are either polar or nonpolar. Side chains that form
hydrogen bonds with water are hydrophilic; nonpolar side chains
that do not form hydrogen bonds with water are hydrophobic [see
Problems 50-51, 110, and 111).

© Explain chirality and identify which amino acids are chiral.

All @-amino acids except glycine are chiral (see Problems 39 and
42-51).

* Drawallionic structures for an amino acid under acidic and basic
conditions, and identify the zwitterion. The dipolarion in which an
amino group and a carboxylic acid group are both ionized is known
as a zwitterion and the electrical charge on the molecule is zero. For

molecule, as you will see
t protein in our metabolism.

equal. At a more acidic pH, all carboxylic acid groups are protonated; at
amore basic pH, all NH,* groups are deprotonated (see Problems 34
and 52-59).

© Identify a peptide bond, and explain how it is formed. The amide
bond formed between the carboxyl group of one amino acid with the
amino group of a second amino acid is called a peptide bond (see
Problems 36 and 60—65).

* Draw and name a simple protein structure given its amino acid
sequence. Peptides are named by combining the names of the amino
acids. Amino acid sequences are often represented by using the
three-letter or one-letter abbreviations for the amino acids in a left to
right order (see Problems 36 and 60—65).

* ldentify the amino-terminal end and the carboxyl-terminal end of
a simple protein (peptide) structure given its amino acid sequence.
Amino acid sequences are written with the amino group of the end
amino acid on the left and the carboxyl group of the amino acid

on the other end of the chain on the right (see Problems 36 and
60-65).

© Define primary protein structure and explain how primary
structures are represented. Protein primary structure is the
sequence in which the amino acids are connected by peptide

bonds. Using formulas or amino acid abbreviations, the primary
structures are written with the amino-terminal end on the left and

each amino acid, there is a distinctive isoelectric point—th

which the numbers of positive and negative chargesinasq ADDITIONAL PROBLEMS
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18.40
End-of-chapter problems tie back
to chapter Learning Objectives,
allowing students to test their
knowledge of emphasized topics.
Metadata, drawn from Pearson
Mastering Chemistry usage,
on which problems students ’
struggled with most was used
to revise both in-chapter

and end-of-chapter problems.
Further revisions were made 18.44
to end-of-chapter problems,
where applicable, to increase
clinical relevancy.

18.41

18.42

18.43

18.45

AMINO ACIDS (SECTION 18.3)

4

PROTEINS AND THEIR FUNCTIONS: AN OVERVIEW (SECTION 18.2) '

Name four biological functions of proteins in the human
body, and give an example of a protein for each function.

‘What kind of biological function would each of the follow-
ing proteins perform?

(a) Human growth hormone (b) Myosin

(¢) Protease (d) Myoglobin

‘What amino acids do the following abbreviations stand
for? Draw the structure of each.
(a) Val (b) Ser (¢) Glu

‘What amino acids do the following abbreviations stand
for? Draw the structure of each.

(a) Tle (b) Thr (¢) GIn

Name and draw the structures of the amino acids that fit
the following descriptions:

(a) Contains a thiol group  (b) Contains a phenol group

Name and draw the structures of the amino acids that fit
the following descriptions:

(a) Contains an isopropyl group

(b) Contains a secondary alcohol group

Each chapter concludes
with a summary study
guide section that restates
the Learning Objectives

for each section and lists
problems students can do to
practice the skills learned
for each objective.
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Personalize Learning with Pearson Mastering Chemistry

. 4

NEW! A strengthened relationship with Pearson Mastering Chemistry helps students

develop conceptual understanding before, during, and after class.
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NEW! DYNAMIC STUDY MODULES help students
study effectively on their own by continuously
assessing their activity and performance in real
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DURING

CLASS @ |

NEW! LEARNING CATALYTICS™ generates
class discussion, guides your lecture, and
promotes peer-to-peer learning with real-time
analytics. Pearson Mastering Chemistry with
eText now provides Learning Catalytics—an
interactive student response tool that uses
students’ smartphones, tablets, or laptops to
engage them in more sophisticated tasks

and thinking.
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End-of-chapter problems within
the textbook are available within
Pearson Mastering Chemistry
and can be automatically graded
and assigned for homework

or practice. New to this

edition, 300 problems contain

enhanced, wrong answer
Jfeedback.
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CONCEPT MAP ACTIVITIES

use interactive concept maps
and related multiple-choice
quiz questions to help students
make connections between
important concepts within
each chapter.




Instructor Resources

Name of Supplement

Instructor Resource Manual

TestGen Test Bank

Instructor’s Resource Materials

Available Online

Description

v

The IRM features lecture outlines with presentation suggestions, teaching
tips, suggested in-class demonstrations, topics for classroom discussion, and
answers to group problems.

The test bank has been updated to reflect revisions in this text, and contains
more than 2,000 multiple choice, true/false, matching, and short answer
questions.

The Instructor Resource area provides the following downloadable
resources: All illustrations, tables and photos from the text in JPEG format,
and pre-built PowerPoint® Presentations (lecture—including Worked
Examples, images).
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A The percentage of body fat can be determined by underwater immersion, which
takes advantage of the differences in density of fat as compared to muscle and bone.

is suffering from a fat epidemic, with more than one-third (34.9% or 78.6 million) of

U.S. adults characterized as obese. But how do we define obesity, and how is it mea-
sured? Obesity is defined as an excessive amount of body fat. But some body fat is impor-
tant for good health, so how much body fat is healthy and how much is too much? What
is fat, and how do we measure it? Body fat can be estimated using a Body Mass Index
(BMI) as discussed later in the chapter, or can be measured directly using underwater im-
mersion, or buoyancy testing, as illustrated in the photo above. The immersion tank uses
buoyancy—a property related to the differences in density—to determine the percentage

ﬁ ccording to the U.S. Centers for Disease Control and Prevention, the U.S. population



of body fat. Checking the observed buoyancy on a standard table then gives an estimation of body
fat. Density is just one of the concepts we will explore in this chapter, as we learn about the proper-
ties of matter and the various forms that matter can take.

substances—earth, air, fire, and water. We now know that matter is much more

complex, made up of 91 naturally occurring fundamental substances, or elements,
in millions of unique combinations. Everything you see, touch, taste, and smell is made
of chemicals formed from these elements. Many chemicals occur naturally, but others
are synthetic, including the plastics, fibers, and medicines that are so critical to modern
life. Just as everything you see is made of chemicals, many of the natural changes you
observe taking place around you are the result of chemical reactions—the change of
one chemical into another. The crackling fire of a log burning in the fireplace, the color
change of a leaf in the fall, and the changes that a human body undergoes as it grows
and ages are all results of chemical reactions. To understand these and other natural
processes, you must have a basic understanding of chemistry.

As you might expect, the chemistry of living organisms is complex, and it is not
possible to understand all concepts without a proper foundation. Thus, we will gradually
learn to connect the basic concepts, beginning in the first 11 chapters with a ground-
ing in the scientific fundamentals that govern all of chemistry. Next, in the follow-
ing six chapters, we look at the nature of the carbon-containing substances, or organic
chemicals, that compose all living things. In the final 12 chapters, we apply what we
have learned in the first part of the book to the study of biological chemistry.

We begin in Chapter 1 with an examination of the states and properties of
matter. Since our knowledge of chemistry is based on observations and measurements,
we include an introduction to the systems of measurement that are essential to our
understanding of matter and its behavior.

The ancient philosophers believed that all matter was composed of four fundamental

1.1 Chemistry: The Central Science

Learning Objective:

e Identify properties of matter and differentiate between chemical and physical changes.

Chemistry is often referred to as “the central science” because it is essential to nearly
all other sciences. In fact, as more and more is learned, the historical dividing lines
between chemistry, biology, and physics are fading, and current research is more inter-
disciplinary. Figure 1.1 diagrams the relationship of chemistry and biological chemistry
to other fields of scientific study.

Chemistry is the study of matter—its nature, properties, and transformations.
Matter, in turn, is an all-encompassing word used to describe anything physically
real—anything you can see, touch, taste, or smell. In more scientific terms, mat-
ter is anything that has mass and volume. Like all the other sciences, our knowledge
of chemistry has developed by application of a process called the scientific method.
The discovery of aspirin, for example, is a combination of serendipity and the scientific
method: observation, evaluation of data, formulation of a hypothesis, and the design of
experiments to test the hypothesis and further our understanding (see the Chemistry in
Action on p. 41). Advances in scientific knowledge are typically the result of this sys-
tematic approach; hypotheses can be tested by carefully designed experiments, modified
based on the results of those experiments, and further tested to refine our understanding.

All of chemistry is based on the study of matter and the changes that matter un-
dergoes. How might we describe different kinds of matter more specifically? Any
characteristic used to describe or identify something is called a property; size, color,

Chemistry The study of the nature,
properties, and transformations of
matter.

Matter The physical material that
makes up the universe; anything that
has mass and occupies space.

Scientific method The systematic
process of observation, hypothesis, and
experimentation used to expand and
refine a body of knowledge.

Property A characteristic useful for
identifying a substance or object.
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AFigure1.1
Some relationships between chemistry—the central science—and other scientific and health-related disciplines.

and temperature are all familiar examples. Less familiar properties include chemical
composition, which describes what matter is made of, and chemical reactivity, which
describes how matter behaves. Rather than focusing on the properties themselves, it is
often more useful to think about changes in properties. There are two types of changes:

Physical change A change that does physical and chemical. A physical change is one that does not alter the identity of a
not affect the chemical makeup of a substance, whereas a chemical change does alter a substance’s identity. For example,
substance or object. the melting of solid ice to give liquid water is a physical change because the water
Chemical change A change in the changes only in form but not in chemical makeup. However, the rusting of an iron bi-
chemical makeup of a substance. cycle left in the rain is a chemical change because iron combines with oxygen and mois-

ture from the air to give a new substance, rust.

Table 1.1 lists some chemical and physical properties of several familiar
substances—water, table sugar (sucrose, a carbohydrate), and baking soda (sodium
hydrogen carbonate). Note in Table 1.1 that changes occurring when sugar and baking
soda are heated are chemical changes because new substances are produced.

Worked Example 1.1 Chemical vs. Physical Change

Identify each of the following as a chemical change or a physical change:

a) Sugar dissolving in water.

b) Sugar heated in a saucepan to make caramel.

ANALYSIS A physical change does not result in a change in the identity of the substance, whereas a chemical
i change results in the creation of a new substance with properties that are different than the original substance.



: SOLUTION

SECTION 1.1 Chemistry: The Central Science

a) Physical change: When sugar dissolves in water, the sugar and the water retain their identity. The water
can be removed by evaporation, and the sugar can be recovered in its original form.

b) Chemical change: When sugar is heated in a saucepan, it melts and darkens and thickens into caramel.
When cooled, the caramel clearly has significantly different properties (color, consistency) than the origi-
nal sugar, indicating that a chemical change has occurred and a new substance has been formed.
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Table 1.1 Some Properties of Water, Sugar, and Baking Soda

Water
Physical properties
Colorless liquid

Odorless

Melting point: 0 °C

Boiling point: 100 °C

Sugar (Sucrose)

White crystals

Odorless

Begins to decompose at 160 °C,
turning black and giving off water.

Baking Soda
(Sodium Hydrogen Carbonate)

White powder

Odorless

Decomposes at 270 °C, giving
off waterand carbon dioxide.

Chemical properties
Composition:*

11.2% hydrogen
88.8% oxygen

Does notburn.

Composition:*
6.4% hydrogen
42.1% carbon

51.5% oxygen

Burns in air.

Composition:*
27.4% sodium
1.2% hydrogen
14.3% carbon
57.1% oxygen

Does notburn.

*Compositions are given by mass percent.

HANDS-ON CHEMISTRY 1.1

Look in the refrigerator or on the counter top in your home,
apartment, or work place. If there is a bowl of fruit, onions,
potatoes, etc., take a look at these items and compare what
they would look like in the grocery store versus in their current
location. Do you see mold? Is the flesh of the food soft, etc.? If
so, would this be a physical change or a chemical change? What

evidence can you cite to support your answer?

A Burning of potassium in water is an
example of a chemical change.
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Solid (s) A substance that has a
definite shape and volume.

Liquid (/) A substance that has a
definite volume but assumes the shape
of its container.

Gas (g) A substance that has neither a
definite volume nor a definite shape.

» Figure 1.2

The three states of matter—solid,
liquid, and gas.

State of matter The physical state of
a substance as a solid (s), liquid (/), or
gas (g).

Change of state The conversion of a
substance from one state to another—
for example, from liquid (/) to gas (g).

Matter and Measurements

1.2 States of Matter

Learning Objective:
e Identify the three states of matter and describe their properties.

Matter exists in three forms: solid, liquid, and gas. A solid has a definite volume and
a definite shape that does not change regardless of the container in which it is placed;
for example, a wooden block, marbles, or a cube of ice all keep their volume and shape
whether they are placed on a table or in a box. A liquid, by contrast, has a definite vol-
ume but an indefinite shape. The volume of a liquid, such as water, remains the same
when it is poured into a different container, but its shape changes as it takes the shape
of the container. A gas is different still, having neither a definite volume nor a definite
shape. A gas expands to fill the volume and take the shape of any container it is placed
in, such as the helium in a balloon or steam formed by boiling water (Figure 1.2).

(a) Ice: A solid has a
definite volume and a

(b) Water: A liquid has a
definite volume but a

(c) Steam: A gas has both
variable volume and

definite shape variable shape that shape that depend on
independent of its depends on its its container.
container. container.

Many substances, such as water, can exist in all three phases, or states of matter—the
solid state (s), the liquid state (1), and the gaseous state (g)—depending on the temperature.
In general, a substance that is a solid can be converted to the liquid state if the temperature
is increased sufficiently. Likewise, many liquids can be converted to the gaseous state by
increasing the temperature even further. The conversion of a substance from one state to
another is known as a change of state. The melting of a solid, the freezing or boiling of a
liquid, and the condensing of a gas to a liquid are physical changes familiar to everyone.

Worked Example 1.2 Identifying States of Matter

Formaldehyde is a disinfectant, a preservative, and a raw material for the manufacturing of plastics. Its
i melting point is —92 °C, and its boiling point is —19.5 °C. Is formaldehyde a gas, a liquid, or a solid at room

: temperature (25 °C)?

ANALYSIS The state of matter of any substance depends on its temperature. How do the melting point and
i boiling point of formaldehyde compare with room temperature?

| SOLUTION

: Room temperature (25 °C) is above the boiling point of formaldehyde (—19.5 °C), and so the formaldehyde

! is a gas.

PROBLEM 1.1

Pure acetic acid, which gives the sour taste to vinegar, has a melting point of 16.7 °C
and a boiling point of 118 °C. Predict the physical state of acetic acid when the
ambient temperature is 10 °C.
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1.3 Classification of Matter

Learning Objective:

e Distinguish between mixtures and pure substances and classify pure substances as
elements or compounds

The first question a chemist asks about an unknown substance is whether it is a pure
substance or a mixture. Every sample of matter is one or the other. Separately, water and
sugar are pure substances, but stirring some sugar into a glass of water creates a mixture.

What is the difference between a pure substance and a mixture? One difference
is that a pure substance is uniform in its chemical composition and its properties all
the way down to the microscopic level. Every sample of water, sugar, or baking soda,
regardless of source, has the composition and properties listed in Table 1.1. A mixture,
however, can vary in both composition and properties, depending on how it is made.
A homogeneous mixture is a blend of two or more pure substances having a uniform
composition at the microscopic level. Sugar dissolved in water is one example. You can-
not always distinguish between a pure substance and a homogeneous mixture just by
looking. The sugar—water mixture looks just like pure water but differs on a molecular
level. The amount of sugar dissolved in a glass of water will determine the sweetness,
boiling point, and other properties of the mixture. A heterogeneous mixture, by con-
trast, is a blend of two or more pure substances having nonuniform composition, such
as a vegetable stew in which each spoonful is different. It is relatively easy to distin-
guish heterogeneous mixtures from pure substances.

Another difference between a pure substance and a mixture is that the components of a
mixture can be separated without changing their chemical identities. For example, water can
be separated from a sugar—water mixture by boiling the mixture to drive off the steam and
then condensing the steam to recover the pure water. Pure sugar is left behind in the container.

Pure substances are classified into two groups: those that can undergo a chemical
breakdown to yield simpler substances and those that cannot. A pure substance that
cannot be broken down chemically into simpler substances is called an element. Exam-
ples include hydrogen, oxygen, aluminum, gold, and sulfur. At the time this book was
printed, 118 elements had been identified, although only 91 of these occur naturally.

Any pure material that can be broken down into simpler substances by a chemical
change is called a chemical compound. The term compound implies “more than one”
(think “compound fracture”). A chemical compound, therefore, is formed by combin-
ing two or more elements to make a new substance. Water, for example, is a chemical
compound consisting of hydrogen and oxygen; it can be chemically changed by passing
an electric current through it to produce the elements hydrogen and oxygen). In Section 1.5,
we will discuss chemical changes in more detail. Figure 1.3 summarizes the classifica-
tion of matter into mixtures, pure compounds, and elements.

Classification of Matter 39

Pure substance A substance that
has a uniform chemical composition
throughout.

Mixture A blend of two or more sub-
stances, each of which retains its chemi-
cal identity.

Homogeneous mixture A uniform
mixture that has the same composition
throughout.

Heterogeneous mixture A nonuniform
mixture that has regions of different
composition.

LOOKING AHEAD 2P we'll revisit

the properties of mixtures in

Section 9.1 when we discuss solutions.
In Problem 1.2, that sour tasting vinegar
is a 5% solution of acetic acid. Another
state of matter that will be discussed is
solutions in water, which are given the
symbol (aq).

Element A fundamental substance
that cannot be broken down chemically
into any simpler substance.

2» Elements make up all the millions
of other substances in the universe and
are explored in the next section of this
chapter (Section 1.4).

Chemical compound A pure sub-
stance that can be broken down into
simpler substances by chemical
reactions.

@ Worked Example 1.3 Classifying Matter

: Classify each of the following as a mixture or a pure substance. If a mixture, classify it as heterogeneous or

i homogeneous. If a pure substance, identify it as an element or a compound.
¢ (a) Vanilla ice cream (b) Sugar

: ANALYSIS Refer to the definitions of pure substances and mixtures. Is the substance composed of more than

one kind of matter? Is the composition uniform?

SOLUTION

i (a) Vanilla ice cream is composed of more than one substance—cream, sugar, and vanilla flavoring. The

composition appears to be uniform throughout, so this is a homogeneous mixture.

(b) Sugar is composed of only one kind of matter—pure sugar. This is a pure substance. It can be converted
: to some other substance by a chemical change (see Table 1.1), so it is not an element. It must be a

compound.
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» Figure 1.3
A map for the classification
of matter.

No Yes
Physical change
Mixture: Pure substance:
Seawater Water
Mayonnaise Gold
Concrete Sugar
Is separation by
chemical reaction
into simpler
Is the mixture uniform? substances possible?
Yes No Yes No
. Chemical change
Homogeneous Heterogeneous Chemical [ Element:
mixtures: mixtures: compound: -~ Oxygen
Salt water Chocolate chip Water Gold
Coffee cookies Sugar Sulfur
Air Pot pie Table salt
2» In fact, in Chapter 20, we will PROBLEM 1.2

see that common table sugar is called
sucrose; two other sugars, glucose and

Are properties and
composition constant?

Classify each of the following as a mixture or a pure substance. If a mixture, classify it as

heterogeneous or homogeneous. If a pure substance, identify it as an element or a compound.
(b) The helium in a balloon
(d) Wood

fructose, are chemically bonded to

make one compound. (a) Concrete

(c) A lead weight

PROBLEM 1.3
Classify each of the following as a physical change or a chemical change:
(a) Dissolving sugar in water
(b) Producing carbon dioxide gas and solid lime by heating limestone
(c) Frying an egg
(d) The conversion of salicylic acid to acetylsalicylic acid (see the Chemistry in
Action feature on the next page)

(<=3 KEY CONCEPT PROBLEM 1.4

In the next image, red spheres represent element A and blue spheres represent

element B. Identify the process illustrated in the image as a chemical change or a phys-
ical change. Also, identify the substance(s) on the left and the substance(s) on the right
as pure substances or mixtures. Explain your answer.
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“I Aspirin—A Case Study

Acetylsalicylic acid (ASA), more commonly known as aspirin,
is perhaps the first true wonder drug. It is a common staple in
today’s medicine chest, but its discovery can be traced back
to 400 B.C. The ancient Greek physician Hippocrates pre-
scribed the bark and leaves of the willow tree to relieve pain
and fever. His knowledge of the therapeutic properties of these
substances was derived through trial and error. In 1828, sci-
entists isolated a bitter-tasting yellow extract, called salicin,
from willow bark and identified salicin as the active ingredi-
entresponsible for the observed medical effects. Salicin could
be easily converted to salicylic acid (SA). SA, however, had an
unpleasant taste and often caused stomach irritation and in-
digestion. Further experiments were performed to convert SA
to a substance that retained the therapeutic activity of SA but
without the unpleasant side effects. Bayer marketed the new
drug, now called aspirin, in water-soluble tablets.

But how does aspirin work? Once again, experimental data
provided insights into the therapeutic activity of aspirin. In
1971, the British pharmacologist John Vane discovered that
aspirin suppresses the body’s production of prostaglandins,
which are responsible for the pain and swelling that accom-
pany inflammation. The discovery of this mechanism led to the
development of new analgesic drugs.

Aspirin is classified as a non-steroidal anti-inflammatory
drug (NSAID), but its therapeutic value goes well beyond reliev-
ing aches and pains. Because aspirin also has anticoagulant
activity, a daily, low-dose aspirin regimen (~100 mg] is recom-
mended by many physicians to reduce the risks associated
with cardiovascular disease—heart attacks and strokes. Its
anti-inflammatory activity is also believed to reduce the risk of
developing certain types of cancer, especially in patients who

1.4 Chemical Elements and Symbols

SECTION 1.4  Chemical Elements and Symbols 41

A Hippocrates, the ancient Greek physician, prescribed a
precursor of aspirin extracted from willow bark (above] to
relieve pain.

suffer from chronic or persistent inflammation. For example,
in a study of almost 20,000 women, the risk of ovarian cancer
decreased by over 20% for women who followed a daily low-
dose aspirin regimen, and that these benefits increased with
long-term use. Individuals who followed the low-dose regimen
for 5 years or more experienced lower incidence of colorectal
cancers, and the 20-year risk of cancer death remained lower
for a wide variety of other cancers, including stomach and
esophageal cancers and adenocarcinomas—common malig-
nant cancers that develop in the lungs, colon, and prostate.

CIAProblem 1.1 The active ingredient in aspirin, ASA, melts at
140°C. Is it a solid or a liquid at room temperature?

CIAProblem 1.2 Do you think the conversion of SA to aspirin is
a chemical change or a physical change? Give evidence to
supportyour answer.

2» Prostaglandins can be synthesized
from arachidonic acid and have many
biological effects, which are discussed

Learning Objective:
e Identify the symbols and names of the common elements.

As of the date this book was printed, 118 chemical elements have been identified. Some
are certainly familiar to you—for example, oxygen, helium, iron, aluminum, copper,
and gold—but many others are probably unfamiliar—rhenium, niobium, thulium, and
promethium. Rather than writing out the full names of elements, chemists use a short-
hand notation in which elements are referred to by one- or two-letter symbols. The
names and symbols of some common elements are listed in Table 1.2, and a complete
alphabetical list is given inside the front cover of this book.

Note that all two-letter symbols have only their first letter capitalized, whereas the
second letter is always lowercase. The symbols of most common elements are the first
one or two letters of the elements’ commonly used names, such as H (hydrogen) and Al
(aluminum). Pay special attention, however, to the elements grouped in the last column
to the right in Table 1.2. The symbols for these elements are derived from their original
Latin names, such as Na for sodium, once known as natrium. The only way to learn
these symbols is to memorize them; fortunately, they are few in number.

in the Chemistry in Action feature in
Chapter 23, p. 769. Aspirin can inhibit
the formation of prostaglandins.

2» We will discuss the creation of new
elements by nuclear bombardment in
Chapter 11. Many of these new sub-
stances are used as medical diagnostic
tracers or therapeutic agents.
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Table 1.2 Names and Symbols for Some Common Elements

Elements with Symbols

Elements with Symbols Based on Modern Names Based on Latin Names

Al Aluminum Co Cobalt N Nitrogen Cu Copper [cuprum)

Ar Argon F Fluorine 0 Oxygen Au Gold (aurum]

Ba Barium He Helium P Phosphorus Fe Iron (ferrum)

Bi Bismuth H Hydrogen Pt Platinum Pb Lead (plumbum]

B Boron | lodine Rn Radon Hg Mercury (hydrargyrum]
Br Bromine Li Lithium Si Silicon K Potassium (kalium]

Ca Calcium Mg Magnesium S Sulfur Ag Silver (argentum]

(o Carbon Mn Manganese Ti Titanium Na Sodium (natrium]

cl Chlorine Ni Nickel In Zinc Sn Tin (stannum]

2 In Chapter 29, elements found in
the human body will be discussed in
greater detail along with body fluids.

Chemical formula A notation for
a chemical compound using element
symbols and subscripts to show how
many atoms of each element are
present.

2» We'll learn more about the
structure of atoms and how they form
compounds in Chapter 2.

Only 91 elements occur naturally; the remaining elements have been produced artifi-
cially by chemists and physicists. Each element has its own distinctive properties, and just
about all of the first 95 elements have been put to use in some way that takes advantage of
those properties. As indicated in Table 1.3, which shows the approximate elemental com-
position of the earth’s crust and the human body, the naturally occurring elements are not
equally abundant. Oxygen and silicon together account for nearly 75% of the mass in the
earth’s crust; oxygen, carbon, and hydrogen account for nearly all the mass of a human body.

Table 1.3 Elemental Composition of the Earth’s Crust and the Human Body*

Earth’s Crust Human Body

Oxygen 46.1% Oxygen 61%
Silicon 28.2% Carbon 23%
Aluminum 8.2% Hydrogen 10%
Iron 5.6% Nitrogen 2.6%
Calcium 4.1% Calcium 1.4%
Sodium 2.4% Phosphorus 1.1%
Magnesium 2.3% Sulfur 0.20%
Potassium 2.1% Potassium 0.20%
Titanium 0.57% Sodium 0.14%
Hydrogen 0.14% Chlorine 0.12%

*Mass percent values are given.

Just as elements combine to form chemical compounds, symbols are combined to
produce chemical formulas, which use subscripts to identify how many atoms (the
smallest fundamental units) of each element are in a given chemical compound. For
example, the formula H,O represents water, which contains two hydrogen atoms com-
bined with one oxygen atom. Similarly, the formula CH, represents methane (natural
gas), and the formula C;,H,,0O; represents table sugar (sucrose). When no subscript is
given for an element, as for carbon in the formula CHy, a subscript of “1” is understood.

H,O CH, C12H2,01
— — —
2 H atoms 1 C atom 12 C atoms
1 O atom 4 H atoms 22 H atoms

11 O atoms

Those elements essential for human life are listed in Table 1.4. In addition to the
well-known elements such as carbon, hydrogen, oxygen, and nitrogen, less familiar ele-
ments such as molybdenum and selenium are also important.
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Table 1.4 Elements Essential for Human Life*

Element

Carbon
Hydrogen
Oxygen
Nitrogen

Boron
Calcium*
Chlorine*
Chromium
Cobalt
Copper
lodine

Iron
Magnesium*
Manganese
Molybdenum
Phosphorus*
Potassium™*
Selenium

Sodium*

Sulfur*

Zinc

Symbol

w ZoxTo

Se
Na

S
Zn

Function

These four elements are presentin all living organisms (Ch. 12-29).

Aids in the use of Ca, P, and Mg.

Necessary for growth of teeth and bones.

Necessary for maintaining salt balance in body fluids (Ch. 29).

Aids in carbohydrate metabolism (Ch. 22).

Component of vitamin By, (Ch. 19).

Necessary to maintain blood chemistry (Ch. 29).

Necessary for thyroid function (Ch. 28).

Necessary for oxygen-carrying ability of blood (Ch. 29).

Necessary for bones, teeth, and muscle and nerve action (Ch. 28).
Necessary for carbohydrate metabolism and bone formation (Ch. 22).

Component of enzymes necessary for metabolism (Ch. 19).

Necessary for growth of bones and teeth; presentin DNA/RNA (Ch. 26).

Component of body fluids; necessary for nerve action (Ch. 28—29).
Aids vitamin E action and fat metabolism (Ch. 24).

Component of body fluids; necessary for nerve and muscle action
(Ch.28-29).

Component of proteins; necessary for blood clotting (Ch. 25 and 29).

Necessary for growth, healing, and overall health.

*C, H, 0, and N are present in most foods. Other elements listed vary in their distribution in different foods. Those marked
with an asterisk are macronutrients, essential in the diet at more than 100 mg/day; the rest, otherthan C, H, 0, and N, are

micronutrients, essential at 15 mg or less per day.

PROBLEM 1.5

Match the names of the elements described below (a—f) with their elemental
symbols (1-6).
(a) Sodium, a major component in table salt

(b) Tungsten, a metal used in light bulb filaments

(¢) Strontium, used to produce brilliant red colors in fireworks

(d) Titanium, used in artificial hips and knee-replacement joints

(e) Fluorine, added to municipal water supplies to strengthen tooth enamel
(f) Tin, a metal used in solder

1w

PROBLEM 1.6
Identify the elements represented in each of the following chemical formulas and tell

(2) Na

(3) Sn 4F 5 Ti (6) Sr

the number of atoms of each element:

(a) NH;3 (ammonia)

(b) NaHCOj; (sodium hydrogen carbonate)
(¢) CgH;g (octane, a component of gasoline)
(d) C¢HgOg (vitamin C)

2» The elements listed in Table 1.4
are not present in our bodies in their
free forms. Instead, they are combined
into many thousands of different
chemical compounds. We will talk
about some compounds formed by
metals in Chapter 3 and compounds
formed by nonmetals in Chapter 4. The
role that many of these elements play in
biochemical functions will also be
discussed in Chapters 19, 21, 25, 28,
and 29.
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Chemical reaction A process in
which the identity and composition of
one or more substances are changed.

Reactant A starting substance that
undergoes change during a chemical
reaction.

Product A substance formed as the
result of a chemical reaction.

2» We will discuss how reactions are
classified in Chapter 5.

1.5 Chemical Reactions: Examples of Chemical Change

Learning Objective:

e Identify a chemical change as a chemical reaction.

Chemists represent chemical changes using a symbolic shorthand notation called
a chemical reaction. In writing this chemical change, the initial substances, or
reactants, are written on the left; the new substances, or products, are written on the
right. An arrow connects the two parts to indicate the chemical change or the chemical
reaction. The conditions necessary to bring about the reaction are written above and be-
low the arrow. Consider again the example of a chemical change discussed previously,
in which electric current was passed through the reactant water (H,O) to break it down
into the products, the elements hydrogen (H,) and oxygen (O,). This chemical reaction
can be expressed in words as shown next.

Products
Reactant \ f
A chemical Electric _ 7 A N
reaction Water current Hydrogen + Oxygen

Chemists, however, find it more convenient to use chemical symbols to represent the
elements and compounds involved in the reaction. This chemical reaction would more
commonly be expressed as

H0() —ofs Hy(g) + Ox(g
Note that the reactants and products are represented using their chemical formulas, but
that the physical states of the reactants and products are also indicated as a liquid ()
or gas (g). The formation of gas bubbles is an indication that a chemical reaction has
occurred.

If we take a quick look at another example of a chemical reaction in Figure 1.4, we
can reinforce these ideas. The element nickel is a hard, shiny metal, and the compound
hydrogen chloride is a colorless gas that dissolves in water to give a solution called
hydrochloric acid. When pieces of nickel are added to hydrochloric acid in a test tube,
the nickel slowly dissolves, the colorless solution turns green, and a gas bubbles out of
the test tube. The change in color, the dissolving of the nickel, and the appearance of
gas bubbles are indications that a chemical reaction is taking place.

Again, the overall reaction of nickel with hydrochloric acid can be written in
words or represented in a shorthand notation using symbols to represent the elements
or compounds involved as reactants and products, as shown below. The physical states
of the reactants are indicated as solid (s) for Ni and the HCI as (ag), which means
“aqueous,” or “dissolved in water.” The physical states of the products are (ag) for
the nickel(II) chloride dissolved in water and (g) for the H, gas. If the water is evapo-
rated away, the nickel(II) chloride product can be collected as a solid, also shown in
Figure 1.4.

Reactants \v f Products

Nickel + Hydrochloric acid —— Nickel (II) chloride + Hydrogen
Ni + 2HCI NiCl, + H,
(&) (aq) () ©
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(a) (b) (c)

AFigure 1.4

Reactants and products of a chemical reaction.

(a) The reactants: Nickel (shown on the flat dish), an element that is a typical lustrous metal, and hydrochloric acid (in the bottle), a
solution of the chemical compound hydrogen chloride in water. (b) The reaction: As the chemical reaction occurs, the colorless
solution turns green when water-insoluble nickel metal slowly changes into the water-soluble chemical compound nickel(1I) chloride.
Hydrogen gas bubbles are produced and rise slowly through the green solution. (c) The product: Hydrogen gas can be collected as it
bubbles from the solution and removal of water from the solution leaves behind the other product, a solid, green chemical

compound known as nickel(II) chloride.

1.6 Physical Quantities: Units and Scientific Notation

Learning Objective:

* Write very large and very small numbers using scientific notation or units with appropri-
ate numerical prefixes.

Our understanding of matter depends on our ability to measure the changes in physi-

cal properties associated with physical and chemical change. Mass, volume, tempera-

ture, density, and other physical properties that can be measured are called physical ~ Physical quantity A physical property

quantities and are described by both a number and a unit that defines the nature and  that can be measured.

magnitude of the number. Unit A defined quantity used as a
standard of measurement.

Number Unit

61.2 kilograms

Units of Measurement

The number alone is not much good without a unit. If you ask how much blood an accident
victim has lost, the answer “three” would not tell you much. Three drops? Three millili-
ters? Three pints? Three liters? By the way, an adult human has only 5-6 liters of blood.

Any physical quantity can be measured in many different units. For example, a
person’s height might be measured in inches, feet, yards, centimeters, or many other gy units Units of measurement
units. To avoid confusion, scientists from around the world have agreed on a system  defined by the International System
of standard units, called by the French name Systeme International d’Unites (Interna-  of Units. Examples include kilograms,
tional System of Units), abbreviated SI. SI units for some common physical quantities ~ meters, and kelvins.
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“ Mercury and Mercury Poisoning

Mercury, the only metallic element that is liquid at room temper-
ature, has fascinated people for millennia. Much of the recent
interest in mercury has concerned its toxicity, but mercury, in
nontoxic forms, has a wide array of clinical uses. For example,
the mercury compound Hg,Cl, (called calomel) has a long his-
tory of medical use as a laxative, yetitis also used as a fungi-
cide and rat poison. Dental amalgam, a solid alloy of elemental
mercury, silver, tin, copper, and zinc, was used by dentists for
many years to fill tooth cavities, with little or no adverse effects
except in individuals with a hypersensitivity to mercury. Yet,
exposure to elemental mercury vapor for long periods leads to
mood swings, headaches, tremors, and loss of hair and teeth.
The widespread use of mercuric nitrate, a mercury compound
used to make the felt used in hats, exposed many hatters of the
eighteenth and nineteenth centuries to toxic levels of mercury.
The eccentric behavior displayed by hatters suffering from
mercury poisoning led to the phrase “mad as a hatter.”

Why is mercury more toxic in some forms than in others?
It turns out that the toxicity of mercury and its compounds is
related to solubility. Only soluble mercury compounds are
highly toxic because they can be transported through the
bloodstream to all parts of the body, where they react with dif-
ferentenzymesandinterfere with various biological processes.
Elemental mercury and insoluble mercury compounds become
toxic only when converted into soluble compounds, reactions
that are extremely slow in the body. Calomel, for example, is
an insoluble mercury compound that passes through the body
long before it is converted into any soluble compounds. Mer-
cury alloys were considered safe for dental use because mer-
cury does not evaporate readily from the alloys and it neither
reacts with nor dissolves in saliva. Mercury vapor, however,
remains in the lungs when breathed, untilitis slowly converted
into soluble compounds. Soluble organic forms of mercury can
be particularly toxic. Trace amounts are found in nearly all

A Cinnabar, the dark red crystals in this photo, is a mineral
comprised of mercury (Hg) and sulfur (S), and is one of the
major commercial sources of elemental mercury.

seafood, but some larger species such as king mackerel and
swordfish contain higher levels of mercury. Because mercury
can affect the developing brain and nervous system of a fetus,
pregnant women are often advised to avoid consuming them.

Recent events have raised new concerns regarding the
safe use of mercury in some other applications. Perhaps
the most controversial example is the use of thimerosal, an
organic mercury compound, as a preservative in flu vac-
cines. Concerns about possible links between thimerosal and
autism in children resulted in elimination of its use in 1999,
although most scientific data seem to refute any connection.
In response to these concerns, preservative-free versions of
the influenza vaccine are available for use in infants, children,
and pregnant women.

CIAProblem 1.3 Calomel (Hg,Cl,) is not toxic but methyl mer-
cury chloride (CH;HgCl) is highly toxic. What physical prop-
erty explains this difference in toxicity?

2» The symbol °C means degrees
Celsius, one of three temperature scales
in common use, and will be discussed in
Section 1.11.

are given in Table 1.5. Mass is measured in kilograms (kg), length is measured in
meters (m), volume is measured in cubic meters (m?), temperature is measured in
kelvins (K), and time is measured in seconds (s).

SI units are closely related to the more familiar metric units used in all industrial-
ized nations of the world except the United States, which uses the English system of
units (inches, feet, ounces, pounds, etc.). One advantage of the SI system is that units
are related by powers of 10. If you compare the SI and metric units shown in Table 1.5,
you will find that the basic metric unit of mass is the gram (g) rather than the kilogram
(1 g = 1/1000kg), the metric unit of volume is the /iter (L) rather than the cubic me-
ter (1L = 1/1000 m?), and the metric unit of temperature is the Celsius degree (°C)
rather than the kelvin. The meter is the unit of length, and the second is the unit of time
in both systems. Although SI units are now preferred in scientific research, metric units
are still used in some fields. You will probably find yourself working with both.

In addition to the units listed in Table 1.5, many other widely used units are derived
from them. For instance, units of meters per second (m/s) are often used for speed—the
distance covered in a given time. Similarly, units of grams per cubic centimeter (g/cm?)



SECTION 1.6 Physical Quantities: Units and Scientific Notation

Table 1.5 Some Sland Metric Units and Their Equivalents

Quantity Sl Unit (Symbol) Metric Unit (Symbol) Equivalents
Mass Kilogram (kg) Gram (g) 1kg = 1000¢g
Length Meter (m) Meter (m) —

Volume Cubic meter (m?) Liter (L) 1m® = 1000L
Temperature Kelvin (K) Celsius degree (°C) See Section 1.11
Time Second (s) Second (s) —

are often used for density—the mass of substance in a given volume. We will see other
such derived units in future chapters.

One problem with any system of measurement is that the sizes of the units often
turn out to be inconveniently large or small for the problem at hand. A biologist
describing the diameter of a red blood cell (0.000 006 m) would find the meter to be
an inconveniently large unit, but an astronomer measuring the average distance from
the earth to the sun (150,000,000,000 m) would find the meter to be inconveniently
small. For this reason, metric and SI units can be modified by prefixes to refer to
either smaller or larger quantities. For instance, the SI unit for mass—the kilogram—
differs by the prefix kilo- from the metric unit gram. Kilo- indicates that a kilogram is
1000 times as large as a gram:

1kg = (1000)(1g) = 1000 g

Small quantities of active ingredients in medications are often reported in milli-
grams (mg). The prefix milli- shows that the unit gram has been divided by 1000, which
is the same as multiplying by 0.001:

1
1 mg <1000>(1g) (0.001)(1g) = 0.001 g

A list of prefixes is given in Table 1.6, with the most common ones displayed in
color. Centi- is seen most often in the length unit centimeter (1 cm =0.01 m), and
deci- is used most often in clinical chemistry, where the concentrations of blood com-
ponents are given in milligrams per deciliter (1 dL = 0.1 L). These prefixes allow us
to compare the magnitudes of different numbers by noting how the prefixes modify a
common unit.

Table 1.6 Some Prefixes for Multiples of Metric and S| Units

Prefix Symbol Base Unit Multiplied By Example

mega M 1,000,000 = 10° 1 megameter (Mm) = 10°m
kilo k 1000 = 10° 1 kilogram (kg) = 10°g
hecto h 100 = 102 1 hectogram (hg) = 100¢g
deka da 10 = 10! 1 dekaliter (daL) = 10L
deci d 01 = 10! 1 deciliter (dL) = 0.1 L
centi c 001 = 102 1 centimeter (cm) = 0.01m
milli m 0.001 = 1073 1 milligram (mg) = 0.001 g
micro M 0.000001 = 10°°® 1 micrometer (um) = 10°m
nano n 0.000 000 001 = 10°° 1 nanogram (ng) = 10 °g
pico P 0.000 000 000 001 = 107 * 1 picogram (pg) = 10 *?g
femto f 0.000 000 000 000 001 = 107 *° 1 femtogram (fg) = 107 ¢

47
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A The HIV-1 virus particles (in green)
budding from the surface of a lympho-
cyte have an approximate diameter of
0.000 000 120 m.

2» One approach for deactivating the
HIV-1 virus is called inhibition and will
be discussed in Chapter 19. How small
would the inhibition agent have to be
to fit in a specific location on the sur-
face of the virus particle?

Scientific notation A number
expressed as the product of a number
between 1 and 10, times the number 10
raised to a power.

Matter and Measurements

For example,
1 meter = 10dm = 100 cm = 1000 mm = 1,000,000 wm

Such comparisons will be useful when we start performing calculations involving
units. It is worth noting that, as mentioned before, all the metric units displayed above
are related by factors of 10. Note also in Table 1.6 that numbers having five or more
digits to the right of the decimal point are shown with thin spaces every three digits for
convenience—0.000 001, for example. This manner of writing numbers is becoming
more common and will be used throughout this book.

Scientific Notation

Another way to solve the problem of representing very large or very small numbers is
to use scientific notation. Rather than write very large or very small numbers in their
entirety, it is more convenient to express them using scientific notation. A number is
written in scientific notation as the product of a number between 1 and 10, times the num-
ber 10 raised to a power. Thus, 215 is written in scientific notation as 2.15 X 10%

215 = 2.15 X 100 = 2.15(10 X 10) = 2.15 X 10?

Notice that in this case, where the number is larger than 1, the decimal point has
been moved to the left until it follows the first digit. The exponent on the 10 is positive
and tells how many places we had to move the decimal point to position it just after the
first digit:

215. = 2.15 X 107?
WA/

Decimal point is moved two places to the left, so exponent is 2.

To express a number smaller than one in scientific notation, we have to move the
decimal point fo the right until it follows the first digit. The number of places moved
is the negative exponent of 10. For example, the number 0.002 15 can be rewritten as
2.15 X 107

000215 = 215 x —L- =215 x — L _ 915 x L — 215 x 103

1000 10 X 10 X 10 103

— -3
0.002,15 = 2.15 X 10

Decimal point is moved three places to the right, so exponent is —3.

To convert a number written in scientific notation to standard notation, the process
is reversed. For a number with a positive exponent, the decimal point is moved to the
right a number of places equal to the exponent:

3.7962 X 10* = 37,962
\AAAA

Positive exponent of 4, so decimal point is moved to the right four places.

For a number with a negative exponent, the decimal point is moved to the left a
number of places equal to the exponent:

1.56 X 1078 = 0.000 000 015 6
WANAAAAANT

Negative exponent of —8, so decimal point is moved to the left eight places.
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Worked Example 1.4 Units and Scientific Notation

49

The HIV-1 virus particles seen in the margin photo on p. 48 are very small, on the order of 0.000 000 120 m
! in diameter. Express this value using scientific notation and using an appropriate numerical prefix to modify
: the basic unit.

: ANALYSIS The number is significantly less than one, so when we convert to scientific notation we should have
i a number with a negative exponent. We can use the value of that exponent to identify the appropriate numeri-
i cal prefix.

: SOLUTION

i To convert to scientific notation we have to move the decimal place to the right by seven places, so

0.000 000 120 m = 1.20 X 1077 m. From Table 1.6, the closest numerical prefixes are micro (1079)

i or nano (107). If we moved the decimal place six places to the right we would obtain:

0.000 000 120 m = 0.120 X 10~®m = 0.120 micrometers (um)
If we move the decimal place nine places to the right we obtain:

0.000 000 120 m = 120 X 10~ m = 120 nanometers (nm).

PROBLEM 1.7

Give the full name of the following units and express the quantities in terms of the
basic unit (e.g., | mL = 1 milliliter = 0.001 L):
(a) I cm (b) 1dg (¢) 1 km d1 us (e) 1 ng

1.7 Measuring Mass, Length, and Volume

Learning Objective:

* Name and correctly use the metric and Sl units of measurement for mass, length, vol-
ume, and temperature and convert units appropriately.

The terms mass and weight, though often used interchangeably, really have quite differ-

ent meanings. Mass is a measure of the amount of matter in an object, whereas weight =~ Mass A measure of the amount of

is a measure of the gravitational pull that the earth, moon, or other large body exerts matter in an object.

on an object. Clearly, the amount of matter in an object does not depend on location. Weight A measure of the gravitational
Whether you are standing on the earth or standing on the moon, the mass of your body  force that the earth or other large body

is the same. On the other hand, the weight of an object does depend on location. Your  exerts on an object.
weight on earth might be 64 kg, but it would only be 10 kg on the moon because the
pull of gravity there is only about one-sixth as great.

At the same location, two objects with identical masses have identical weights; that
is, gravity pulls equally on both. Thus, the mass of an object can be determined by com-
paring the weight of the object to the weight of a known reference standard. Much of the
confusion between mass and weight is simply due to a language problem: We speak of
“weighing” when we really mean that we are measuring mass by comparing two weights.
Figure 1.5 shows a two-pan balance in which the mass of objects are measured by com-
parison with the known masses of standard materials, such as brass weights.

One kilogram, the SI unit for mass, is too large a quantity for many purposes in
chemistry and medicine. Thus, smaller units of mass such as the gram, milligram (mg),
and microgram (ug), are more commonly used. Table 1.7 shows the relationships be-
tween metric and common units for mass.

The meter is the standard measure of length, or distance, in both the SI and metric
systems. One meter is much too large for most measurements in chemistry and medi-
cine. Other, more commonly used measures of length are the centimeter (cm; 1/100 m)
and the millimeter (mm; 1/1000 m). Table 1.8 lists the relationships of these units.

Volume is the amount of space occupied by an object. The SI unit for volume—the
cubic meter, m®*—is so large that the liter (1L = 0.001 m*> = 1dm?) is much more
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A Figure 1.5
The two-pan balance is used to measure the mass of objects, such as the coins on the left pan, by
comparing them with the mass of standard objects, such as the brass weights on the right pan.

Table 1.7 Units of Mass

Unit Equivalent Unit Equivalent

1 kilogram (kg) = 1000 grams 1ton = 1000 kilograms
= 2.205 pounds*

1 gram (g) = 0.001 kilogram 1 pound (Ib)* = 16 ounces*
= 1000 milligrams = 0.454 kilogram
= 0.035 27 ounce* = 454 grams

1 milligram (mg) = 0.001 gram 1 ounce (oz)* = 0.028 35 kilogram

1000 micrograms 28.35 grams

28,350 milligrams

1 microgram (ug) 0.000 001 gram

0.001 milligram

Table 1.8 Units of Length

Unit Equivalent

1000 meters
0.6214 mile*

1 kilometer (km)

100 centimeters
1000 millimeters
1.0936 yards™
39.37 inches*

1 meter (m)

1 centimeter (cm) = 0.01 meter
= 10 millimeters
= 0.3937 inch*
1 millimeter (mm) = 0.001 meter

0.1 centimeter

1.609 kilometers
1609 meters

0.9144 meter
91.44 centimeters

1 mile (mi)*

1 yard (yd)*

1 foot (ft)* = 0.3048 meter
= 30.48 centimeters
linch (in)* = 2.54 centimeters

= 25.4 millimeters

*indicates non-Sl units that are used in non-scientific contexts and in everyday life (especially in the U.S.).

commonly used in chemistry and medicine. One liter has the volume of a cube 10 cm
(1 dm) on edge. Each liter is further divided into 1000 milliliters (mL), with 1 mL being the
size of a cube 1 cm on edge, or 1 cm?’. In fact, the milliliter is often called a cubic centime-
ter (cm® or cc) in medical work. Figure 1.6 shows the divisions of a cubic meter, and Table
1.9 shows the relationships among units of volume.
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<Figure 1.6

A cubic meter is the volume of a cube 1 m

on edge. Each cubic meter contains 1000

cubic decimeters (liters), and each cubic

decimeter contains 1000 cubic centimeters

(milliliters). Thus, there are 1000 mL in a
1em liter and 1000 L in a cubic meter.

Lemf g

1cm?
(1 mL)

1m3 = 1000 dm?
1dm?®=1000cm®=1L
1em®=1mL

1m3 1dm?3
(1L
Table 1.9 Units of Volume
Unit Equivalent
1 cubic meter (m?) = 1000 liters
1 liter (L) = 0.001 cubic meter
= 1000 milliliters
1 deciliter (dL) = 0.1 liter
= 100 milliliters
1 milliliter (mL) = 0.001 liter

1000 microliters

1 microliter (uL) = 0.001 milliliter

Collect two identical glasses or jars. Take the

10 pre-2007 coins and drop them in the glass jar and

listen to them as they hit the glass sides. Then, take

the 10 post-2007 coins and drop them in the glass jar
and listen to them as they hit the glass sides. Do they
sound different? (Note: If glasses or jars are not readily
available, you can use a hard surface, like the kitchen
counter.)

b. Ifafoodscaleis available, weigh 10 pre-2007 coins and
weigh 10 post-2007 coins. Are their masses different?
Which has more mass?

c. Finda pair of heavy duty metal shears. Carefully cut a

The mass of an object provides us with important a.
information about its composition, that is, what ele-
ments it contains. But mass is not the only property that
can be used to distinguish between objects. Consider the
U.S. penny—its composition has changed significantly over
time. For example, the penny was pure copper from 1793 to
1837, and then incorporated varying amounts of other met-
als (mainly zinc, nickel, and tin) from 1837 to 1982. Interest-
ingly, in 1943, the penny was made mainly of zinc-coated steel
because copper and zinc were needed for the war effort. From
1962 to 1982, the penny contained 95% copper and 5% zinc;

after 1982, the composition changed to 2.5% copper and 97.5%
zinc. The significant difference in composition can be seen in
the different properties of pre-and post-1982 pennies.

Similarly, to explore such differences, sort through your
spare change jar and collect 10 pre-2007 and 10 post-2007
coins and perform the following activities:

coin from each group in half. Is one coin easier to cut
than the other? Which one is easier? Now look at the
inside of the coins. How are they different?
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A The tennis ball weighs 54.07 g on this
common laboratory balance, which is
capable of determining mass to about
0.01¢g.

Significant figures The number of
meaningful digits used to express a
value.
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17. 2 mL

A Figure 1.7
What is the volume of liquid in this
graduated cylinder?

1.8 Measurement and Significant Figures

Learning Objective:

e Use significant figures and scientific notation to represent the precision of a
measurement.

How much does a tennis ball weigh? If you put a tennis ball on an ordinary bathroom
scale, the scale would probably register 0 kg. If you placed the same tennis ball on a
common laboratory balance, however, you might get a reading of 54.07 g. On an expen-
sive analytical balance like those found in clinical and research laboratories, you might
find the ball has a mass of 54.071 38 g. Clearly, the precision of your answer depends
on the equipment used for the measurement.

Every experimental measurement, no matter how precise, has a degree of uncer-
tainty to it because there is always a limit to the number of digits that can be deter-
mined. An analytical balance, for example, might reach its limit in measuring mass
to the fifth decimal place, and weighing the tennis ball several times might produce
slightly different readings, such as 54.071 39 g, 54.071 38 g, and 54.071 37 g. Also,
different people making the same measurement might come up with slightly differ-
ent answers. How, for instance, would you record the volume of the liquid shown in
Figure 1.7? It is clear that the volume of liquid lies between 17.0 and 18.0 mL, but the
exact value of the last digit must be estimated.

To indicate the precision of a measurement, the value recorded should use all the
digits known with certainty, plus one additional estimated digit that is usually consid-
ered uncertain by plus or minus 1 (written as & 1). The total number of digits used
to express such a measurement is called the number of significant figures. Thus, the
quantity 54.07 g has four significant figures (5, 4, 0, and 7), and the quantity 54.071 38
g has seven significant figures. Remember: All but one of the significant figures are
known with certainty; the last significant figure is only an estimate accurate to + 1.

v/ Uncertain digit

54.07 g A mass between 54.06 g and 54.08 g (=0.01 g)

/ Uncertain digit

54.07138 g  Amass between 54.071 37 g and 54.071 39 g (+0.000 01 g)

Deciding the number of significant figures in a given measurement is usually sim-
ple, but it can be troublesome when zeroes are involved. Depending on the circum-
stances, a zero might be significant or might be just a space filler to locate the decimal
point. For example, how many significant figures does each of the following measure-
ments have?

94.072 g Five significant figures (9, 4, 0, 7, 2)

0.0834 cm Three significant figures (8, 3, 4)

0.029 07 mL Four significant figures (2, 9, 0, 7)

138.200 m Six significant figures (1, 3, 8, 2, 0, 0)

23,000 kg Anywhere from two (2, 3) to five (2, 3, 0, 0, 0) significant figures

The following rules are helpful for determining the number of significant figures
when zeroes are present:

RULE 1: Zeroes in the middle of a number are like any other digit; they are always
significant. Thus, 94.072 g has five significant figures.
RULE 2: Zeroes at the beginning of a number are not significant; they act only to

locate the decimal point. Thus, 0.0834 cm has three significant figures, and
0.029 07 mL has four.
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RULE 3: Zeroes at the end of a number and after the decimal point are significant.
It is assumed that these zeroes would not be shown unless they were
significant. Thus, 138.200 m has six significant figures. If the value were
known to only four significant figures, we would write 138.2 m.

RULE 4: Zeroes at the end of a number and before an implied decimal point may or may
not be significant. We cannot tell whether they are part of the measurement or
whether they act only to locate the unwritten but implied decimal point. Thus,
23,000 kg may have two, three, four, or five significant figures. Adding a deci-
mal point at the end would indicate that all five numbers are significant.

Often, however, a little common sense is useful. A temperature reading of
20 °C probably has two significant figures rather than one, because one significant
figure would imply a temperature anywhere from 10 °C to 30 °C and would be
of little use. Similarly, a volume given as 300 mL probably has three significant
figures. On the other hand, a figure of 150,000,000 km for the distance between
the earth and the sun has only two or three significant figures because the distance
is variable. We will see a better way to deal with this problem in the next section.

One final point about significant figures: some numbers, such as those obtained when
counting objects and those that are part of a definition, are exact and effectively have an
unlimited number of significant figures. Exact numbers are not measured and do not affect

N . : . A The number of seats in this auditorium
the number of significant figures in a calculated answer. Thus, a class might have exactly  is an exact number with an unlimited

32 students (not 31.9, 32.0, or 32.1), and 1 kilometer is defined to have exactly 1000 meters. number of significant figures.

Worked Example 1.5 Significant Figures of Measurements

How many significant figures do the following measurements have?
(a) 2730.78 m (b) 0.0076 mL (c) 3400 kg (d) 3400.0 m?

ANALYSIS All nonzero numbers are significant; the number of significant figures will then depend on the
i status of the zeroes in each case. (Hint: Which rule applies in each case?)

: SOLUTION

(a) Six (rule 1; Zeroes in the middle of a number are significant.)

(b) Two (rule 2; Leading zeroes after a decimal point are not significant.)

(¢) Two, three, or four (rule 4; Trailing zeroes with no decimal point may or may not be significant.)
(d) Five (rule 3; Trailing zeroes are significant if a decimal point is included.)

PROBLEM 1.8
How many significant figures do the following measurements have?
(a) 3.45m (b) 0.1400 kg (c) 10.003 L (d) 35 cents

(<=3 KEY CONCEPT PROBLEM 1.9

How would you record the temperature reading on the following Celsius thermometer?
How many significant figures do you have in your answer?
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Scientific Notation and Significant Figures

Scientific notation is particularly helpful for indicating how many significant figures

are present in a number that has zeroes at the end but to the left of a decimal point. If

we read, for instance, that the distance from the earth to the sun is 150,000,000 km,

we do not really know how many significant figures are indicated. Some of the zeroes

might be significant, or they might merely act to locate the decimal point. Using scien-

tific notation, however, we can indicate how many of the zeroes are significant. Rewrit-

ing 150,000,000 as 1.5 X 10% indicates two significant figures, whereas writing it as

> Rules for doi . - 1.500 X 10® indicates four significant figures. Scientific notation is not ordinarily used

b ules for doing arithmetic with A . . |

numbers written in scientific notation for numbers that are easily written, such as 10 or 175, although it is sometimes helpful

are reviewed in Appendix A. in doing arithmetic.

Worked Example 1.6 Significant Figures and Scientific Notation

There are 1,760,000,000,000,000,000,000 molecules of sucrose (table sugar) in 1 g. Use
scientific notation to express this number with four significant figures.

ANALYSIS Because the number is larger than 1, the exponent will be positive. You will have to
move the decimal point 21 places to the left.

{ SOLUTION

The first four digits—1, 7, 6, and O—are significant, meaning that only the first of the

i 19 zeroes is significant. Because we have to move the decimal point 21 places to the left to
: put it after the first significant digit, the answer is 1.760 X 10*!. A How many molecules are

H in this 1 g pile of table sugar?

Worked Example 1.7 Scientific Notation

The rhinovirus responsible for the common cold has a diameter of 20 nm or 0.000 000 020 m. Express this
{ number in scientific notation.

ANALYSIS The number is smaller than 1, and so the exponent will be negative. You will have to move the

i decimal point eight places to the right.

: SOLUTION

i There are only two significant figures because zeroes at the beginning of a number are not significant.
We have to move the decimal point eight places to the right to place it after the first digit, so the answer is
£2.0 X 10 % m.

Worked Example 1.8 Scientific Notation and Unit Conversions

A clinical laboratory found that a blood sample contained 0.0026 g of phosphorus and 0.000 101 g of iron.
(a) Give these quantities in scientific notation.
(b) Give these quantities in the units normally used to report them—milligrams for phosphorus and

micrograms for iron.
ANALYSIS Is the number larger or smaller than 17 How many places do you have to move the decimal point?
: SOLUTION
(a) 0.0026 g phosphorus = 2.6 X 1072 g phosphorus
: 1.01 x 10~*giron

0.000 101 g iron
\AAAA
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(b) We know from Table 1.6 that 1 mg = 1 X 1073 g, where the exponent is —3. Expressing the amount of
: phosphorus in milligrams is straightforward because the amount in grams (2.6 X 1073 g) already has an
exponent of —3. Thus, 2.6 X 1073 g = 2.6 mg of phosphorus.

mg
1 X1073¢
We know from Table 1.6 that 1 ug = 1 X 10~ ° g where the exponent is —6. Expressing the amount of

iron in micrograms thus requires that we restate the amount in grams so that the exponent is —6. We can
do this by moving the decimal point six places to the right:

(2.6 X 1o3g)< ) = 2.6mg

0.000 101 giron = 101 X 107®giron = 101 pg iron

PROBLEM 1.10
Convert the following values to scientific notation:
(a) 0.058 ¢ (b) 46,792 m (c) 0.006 072 cm (d) 3453 kg

PROBLEM 1.11
Convert the following values from scientific notation to standard notation:
(a) 4.885 X 10" mg ()83 X 10°m (¢) 4.00 X 10*m

PROBLEM 1.12

Rewrite the following numbers in scientific notation as indicated:
(a) 630,000 with five significant figures
(b) 1300 with three significant figures
(¢) 794,200,000,000 with four significant figures

1.9 Rounding Off Numbers

Learning Objective:

e Determine the appropriate number of significant figures in a calculated result and round
off numbers in calculations involving measurements.

It often happens, particularly when doing arithmetic on a pocket calculator, that a quan-
tity appears to have more significant figures than are really justified. For example, you
might calculate the fuel consumption of your motorcycle by finding that it takes 11.70
liters of gasoline to ride 278 kilometers:

Kilometers 278 km

Fuel tion = = = 23.7 4 km/L (kmpl
uel consumption Liters 0L 3.760 684 km /L (kmpl)

Although the answer on a calculator has eight digits, your calculated result is really

not as precise as it appears. In fact, as we will see next, your answer is good to only

three significant figures and should be rounded off to 23.8 km /L. Rounding off A procedure used for
How do you decide how many digits to keep? The full answer to this question is a  deleting nonsignificant figures.

bit complex and involves a mathematical treatment called error analysis, but for our

purposes, a simplified procedure using just two rules is sufficient:

RULE 1: In carrying out a multiplication or division, the answer cannot have more sig-
nificant figures than either of the original numbers. After all, if you do not
know the number of kilometers you drove better than to three significant figures
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D T I

A Calculators often display more
digits than are justified by the
precision of the data.

(278 could mean 277, 278, or 279), you certainly cannot calculate your fuel
consumption to more than the same number of significant figures.

Three significant

figures Three significant figures
~ /
2B~ 238km/L
— '
Four significant
figures

RULE 2: In carrying out an addition or subtraction, the answer cannot have more digits
after the decimal point than either of the original numbers. For example, if you
have 3.18 L of water and you add 0.013 15 L more, you now have 3.19 L.

If you do not know the volume you started with past the second decimal place (it could
be 3.17, 3.18, or 3.19), you cannot know the total of the combined volumes past the
same decimal place.

Volume of water at start —__ Two digits after decimal point

3182 2L
Volume of water added —— + (0.013 15 . < Five digits after decimal point

— 319? ?L ~——

Total volume of water Two digits after decimal point

If a calculation has several steps, it is generally best to round off at the end after all
the steps have been carried out, keeping the number of significant figures determined
by the least precise number in your calculations. Once you decide how many digits to
retain for your answer, the rules for rounding off numbers are straightforward:

RULE 1: If the first digit you remove is four or less, drop it and all following digits.
Thus, 2.4271 becomes 2.4 when rounded off to two significant figures because
the first of the dropped digits (2) is four or less.

RULE 2: If the first digit you remove is five or greater, round the number up by adding
a 1 to the digit to the left of the one you drop. Thus, 4.5832 becomes 4.6 when
rounded off to two significant figures because the first of the dropped digits
(8) is five or greater.

Worked Example 1.9 Significant Figures and Calculations: Addition /Subtraction

Suppose that you weigh 55.8 kg before dinner. How much will you weigh after dinner if you eat 0.850 kg

of food?

ANALYSIS When performing addition or subtraction, the number of significant figures you report in the final
i answer is determined by the number of digits in the least precise number in the calculation.

| SOLUTION

{ Your after-dinner weight is found by adding your original weight to the weight of the food consumed:

55.8 kg
0.850 kg
56.650 kg (Unrounded)

Because the value of your original weight has no significant figures after the decimal point, your after-dinner
i weight also must have no significant figures after the decimal point. Thus, 56.650 kg must be rounded off

i 0 56.7 kg.
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Worked Example 1.10 Significant Figures and Calculations: Multiplication /Division

To make currant jelly, 13.75 cups of sugar was added to 18 cups of currant juice. How much sugar was added
 per cup of juice?

ANALYSIS For calculations involving multiplication or division, the final answer cannot have more significant
: figures than either of the original numbers.

| SOLUTION
The quantity of sugar must be divided by the quantity of juice:
: 13.75 cups sugar cup sugar
— 2 SIPR ST 0,763 888 89 S (Unrounded)
cup juice
The number of significant figures in the answer is limited to two by the quantity 18 cups in the calculation
i and must be rounded to 0.76 cup of sugar per cup of juice.

18 cups juice

PROBLEM 1.13
Round off the following quantities to the indicated number of significant figures:
(a) 2.304 g (three significant figures)
(b) 188.3784 mL (five significant figures)
(¢) 0.008 87 L (one significant figure)
(d) 1.000 39 kg (four significant figures)

PROBLEM 1.14

Carry out the following calculations, rounding each result to the correct number of
significant figures:
(a) 4.87 mL + 46.0 mL (b)3.4 X 0.023 g
() 19333 m — 74m (d) 55 mg — 4.671 mg + 0.894 mg
(e) 62911 + 611

1.10 Problem Solving: Unit Conversions
and Estimating Answers

Learning Objective:

* Use the factor-label method (conversion factors) to solve a problem and check the re-
sult to ensure that it makes sense chemically and physically.

Many activities in the laboratory and in medicine—measuring, weighing, prepar-
ing solutions, and so forth—require converting a quantity from one unit to another.
For example: “These pills contain 1.3 grains of aspirin, but I need 200 mg. Is one pill
enough?” Converting between units is not mysterious; we all do it every day. If you run A Currency exchange between the

nine laps around a 400 m track, for instance, you have to convert between the distance US$ and euros is another activity that

unit “lap” and the distance unit “meter” to find that you have run 3600 m (9 laps times ~ 'cd"'f¢?@ unitconversion.

400 m / lap). Factor-label method A problem-
solving procedure in which equations
are set up so that unwanted units can-
cel and only the desired units remain.

The simplest way to carry out calculations involving different units is to use the
factor-label method. In this method, a quantity in one unit is converted into an equiva-
lent quantity in a different unit by using a conversion factor that expresses the relation-

ship between units: Conversion factor An expression of

the numerical relationship between two
Starting quantity X Conversion factor = Equivalent quantity units.
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As an example, we know that 1 km = 0.6214 mi. Writing this relationship as a
fraction restates it in the form of a conversion factor, either kilometers per mile or miles
per kilometer.

Since 1 km = 0.6214 mi, then:

Conversiotl factors 1 km B 0.6214mi _
between kilometers — =1 or _— =
and miles 0.6214 mi 1 km

Note that this and all other conversion factors are numerically equal to 1 because
the value of the quantity above the division line (the numerator) is equal in value to the
quantity below the division line (the denominator). Thus, multiplying by a conversion
factor is equivalent to multiplying by 1 and so does not change the value of the quantity
being multiplied.

These two quantities These two quantities
are the same. are the same.
S lkm o 06214mi
0.6214 mi 1 km

The key to the factor-label method of problem solving is that units are treated like
numbers and can thus be multiplied and divided (though not added or subtracted) just
as numbers can. When solving a problem, the idea is to set up an equation so that all
unwanted units cancel, leaving only the desired units. Usually, it is best to start by writ-
ing what you know and then manipulating that known quantity. For example, if you
know there are 26.22 mi in a marathon and want to find how many kilometers that is,
you could write the distance in miles and multiply by the conversion factor in kilome-
ters per mile. The unit “mi” cancels because it appears both above and below the divi-
sion line, leaving “km” as the only remaining unit.

1 km

26221 X ———— = 4220 km
0.6214 mii
! f !
Starting Conversion Equivalent
quantity factor quantity

The factor-label method gives the right answer only if the equation is set up so that
the unwanted unit (or units) cancels. If the equation is set up in any other way, the units
will not cancel and you will not get the right answer. Thus, if you selected the incorrect
conversion factor (miles per kilometer) for the above problem, you would end up with
an incorrect answer expressed in meaningless units:

. _ 0.6214 mi mi’
Incorrect 26.22 mi X ———— = 16.29 — Incorrect
1 km km

The main drawback to using the factor-label method is that it is possible to get an
answer without really understanding what you are doing. It is therefore best when solv-
ing a problem to first think through a rough estimate, or ballpark estimate, as a check
on your work. If your ballpark estimate is not close to the final calculated solution, there
is a misunderstanding somewhere and you should think the problem through again. If,
for example, you came up with the answer 5.3 cm® when calculating the volume of a
human cell, you should realize that such an answer could not possibly be right. Cells
are too tiny to be distinguished with the naked eye, but a volume of 5.3 cm? is about the
size of a walnut. The Worked Examples 1.11, 1.12, and 1.13 at the end of this section
show how to estimate the answers to simple unit-conversion problems.

The factor-label method and the use of ballpark estimates are techniques that will
help you solve problems of many kinds, not just unit conversions. Problems sometimes
seem complicated, but you can usually sort out the complications by analyzing the
problem properly:

STEP 1: Identify the information given, including units.
STEP 2: Identify the information needed in the answer, including units.



SECTION 1.10  Problem Solving: Unit Conversions and Estimating Answers 59

STEP 3: Find the relationships between the known information and unknown answer, and
plan a series of steps, including conversion factors, for getting from one to the other.

STEP 4: Solve the problem.

BALLPARK CHECK Make a ballpark estimate at the beginning and check it against your
final answer to be sure the value and the units of your calculated answer are reasonable.

Worked Example 1.11 Factor Labels: Unit Conversions

Write conversion factors for the following pairs of units (use Tables 1.7-1.9):
i (a) Deciliters and milliliters
i (b) Pounds and grams

ANALYSIS Start with the appropriate equivalency relationship and rearrange to form conversion factors.

: SOLUTION

H I mL

i (a) Since 1dL = 0.1 Land 1 mL = 0.001 L, then 1dL = (0.1L) (0 Ogll L) = 100 mL. The conversion
' factors are

1dL 100 mL
an
100 mLL 1dL
11b 454
()<~ and —— £
454 ¢ 11b

Worked Example 1.12 Factor Labels: Unit Conversions

(a) Convert 0.75 1b to grams.
(b) Convert 0.50 gt to deciliters.

ANALYSIS Start with conversion factors and set up equations so that units cancel appropriately.
: SOLUTION
i (a) Select the conversion factor from Worked Example 1.9(b) so that the “Ib” units cancel and “g” remains:

0751 x 248 _ 340
: 1w o8

(b) In this, as in many problems, it is convenient to use more than one conversion factor. As long as the unwant-
i ed units cancel correctly, two or more conversion factors can be strung together in the same calculation.
In this case, we can convert first between quarts and milliliters and then between milliliters and deciliters:
946.4 mL 1dL

0.50 gt X X = 47dL
at 1 gt 100 k.

Worked Example 1.13 Factor Labels: Unit Conversions

A child is 21.5 inches long at birth. How long is this in centimeters?

ANALYSIS This problem calls for converting from inches to centimeters, so we will need to know how many
i centimeters are in an inch and how to use this information as a conversion factor.

—continued on next page
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BALLPARK ESTIMATE It takes about 2.5 cm to make 1 in., and so it should take two and a half times as many
i centimeters to make a distance equal to approximately 20 in., or about 20 in. X 2.5 = 50 cm.

| SOLUTION

 STEP 1: Identify given information. Length = 21.5in.

STEP 2: Identify answer and units. Length = 7?7 cm

2.54

i STEP 3: Identify conversion factor. lin. = 2.54cm — ——; m
: in.

2.54 cm
1an.

STEP 4: Solve. Multiply the known length (in inches) by the | 21.5 1. X
i conversion factor so that units cancel, providing the answer
i (in centimeters)

= 54.6 cm (Rounded off from 54.61)

BALLPARK CHECK How does this value compare with the ballpark estimate we made at the beginning? Are the
i final units correct? 54.6 cm is close to our original estimate of 50 cm.

Worked Example 1.14 Factor Labels: Concentration to Mass

A patient requires an injection of 0.012 g of a pain killer available as a 15 mg/mL
i solution. How many milliliters of solution should be administered?

ANALYSIS Knowing the amount of pain killer in 1 mL allows us to use the concen-
! tration as a conversion factor to determine the volume of solution that would contain
! the desired amount.

BALLPARK ESTIMATE One milliliter contains 15 mg of the pain killer, or 0.015 g.
i Since only 0.012 g is needed, a little less than 1.0 mL should be administered.

| SOLUTION

STEP 1: Identify known information. Dosage = 0.012 g
i Concentration = 15 mg/mL

A - 7R

A How many milliliters should be injected?

STEP 2: Identify answer and units. Volume to administer = ?? mL.
H mg
0.001 g

STEP 3: Identify conversion factors. Two conversion factors Img = .00l g=
i are needed. First, g must be converted to mg. Once we have the

i mass in mg, we can calculate mL using the conversion factor of 15 mg/mL = 1 mL

i mL/mg. 15 mg

. . 1 mg 1 mL

i STEP 4: Solve. Starting from the desired dosage, we use the (0.012 ¢) 0.001 T = 0.80 mL
conversion factors to cancel units, obtaining the final answer : g g

i inmL.

BALLPARK CHECK Consistent with our initial estimate of a little less than 1 mL.

Worked Example 1.15 Factor Labels: Multiple Conversion Calculations

i Administration of digitalis to control atrial fibrillation in heart patients must be carefully regulated because

i even a modest overdose can be fatal. To take differences between patients into account, dosages are some-

i times prescribed in micrograms per kilogram of body weight (ng/kg). Thus, two people may differ greatly in
i weight, but both will receive the proper dosage. At a dosage of 20 ug/kg body weight, how many milligrams
i of digitalis should a 72.6 kg patient receive?

ANALYSIS Knowing the patient’s body weight (in kg) and the recommended dosage (in ug/kg), we can cal-
culate the appropriate amount of digitalis.

BALLPARK ESTIMATE At a dosage of 20 wg/kg, an 80 kg patient should receive 80 X 20 ug, or about 1600 ug
! of digitalis, or 1.6 mg.
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i SOLUTION

STEP 1: Identify known information. Patient weight = 72.6 kg

: Prescribed dosage = 20 ug digitalis /kg body weight
STEP 2: Identify answer and units. Delivered dosage = ?? mg digitalis

STEP 3: Identify conversion factors. The correct dose can be I mg = (0.001 g )< ! ig > = 1000 ug

i determined based on ug digitalis / kg of body weight. Then, the 107°¢

dosage in ug is converted to mg.
20 pg digitalis » I mg

STEP 4: Solve. Use the known information and the conversion factors | 72.6 kg X
i so that units cancel, obtaining the answer in mg. kg 1000 pg
: = 1.5 mg digitalis (Rounded off)

| BALLPARK CHECK Close to our estimate of 1.6 mg.

PROBLEM 1.15
Write appropriate conversion factors and carry out the following conversions:
(a) 16.00z = ?¢ (b) 2500 mL = ?L () 99.0L = 7qt

PROBLEM 1.16

Convert 0.840 qt to milliliters in a single calculation using more than one conversion
factor.

PROBLEM 1.17

A patient is to receive 20 mg of methimazole, a drug used to treat hyperthyroid condi-
tions. The drug is dissolved in solution containing 8 mg/ mL. What volume of solution
should be administered?

PROBLEM 1.18

Calculate the dosage in milligrams per kilogram body weight for a 61 kg adult who
takes two aspirin tablets containing 0.324 g of aspirin each. Calculate the dosage for a
18 kg child who also takes two aspirin tablets.

1.11 Temperature, Heat, and Energy

Learning Objectives: A Figure 1.8

* Define the relationship between temperature and heat energy and convert tempera- L ne reaction of aluminum with
bromine releases energy in the form

tures between various temperature scales. of heat.
* Use temperature and specific heat to evaluate the flow of heat / energy in matter. When the reaction is complete, the
products undergo no further change.
All chemical reactions are accompanied by a change in energy, which is defined in sci-
entific terms as the capacity to do work or supply heat (Figure 1.8). Detailed discussion
of the various kinds of energy will be included in Chapter 7, but for now we will look at
the various units used to describe energy and heat, and how heat energy can be gained or
lost by matter.
Temperature, the measure of the amount of heat energy in an object, is commonly ~ Temperature The measure of the
reported either in Fahrenheit (°F) or Celsius (°C) units. The SI unit for reporting tem- ~ amount of heat energy in an object.
perature, however, is the kelvin (K). (Note that we say only “kelvin,” not “degrees

kelvin.”)

Energy The capacity to do work or
supply heat.
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The kelvin and the Celsius degree are the same size—both are 1/100 of the inter-
val between the freezing point of water and the boiling point of water at atmospheric
pressure. Thus, a change in temperature of 1 °C is equal to a change of 1 K. The only
difference between the Kelvin and Celsius temperature scales is that they have different
zero points. The Celsius scale assigns a value of 0 °C to the freezing point of water, but
the Kelvin scale assigns a value of 0 K to the coldest possible temperature, sometimes
called absolute zero, which is equal to —273.15 °C. Thus, 0 K = —273.15 °C, and
+273.15 K = 0 °C. For example, a warm spring day with a temperature of 25 °C has a
Kelvin temperature of 298 K (for most purposes, rounding off to 273 is sufficient).

Temperature in K = Temperature in °C + 273.15

Temperature in °C = Temperature in K — 273.15

For practical applications in medicine and clinical chemistry, the Fahrenheit and
Celsius scales are used almost exclusively. The Fahrenheit scale defines the freezing
point of water as 32 °F and the boiling point of water as 212 °F, whereas 0 °C and
100 °C are the freezing and boiling points of water on the Celsius scale. Thus, it takes
180 °F to cover the same range encompassed by only 100 °C, and a Celsius degree is
therefore exactly 180/100 = 9/5 = 1.8 times as large as a Fahrenheit degree. In other
words, a change in temperature of 1.0 °C is equal to a change of 1.8 °F. Figure 1.9 gives
a comparison of all three scales.

Converting between the Fahrenheit and Celsius scales is similar to converting be-
tween different units of length or volume, but is a bit more complex because two cor-
rections need to be made—one to adjust for the difference in degree size and one to
adjust for the different zero points. The degree-size correction is made by using the
relationship 1 °C = 1.8 °F and 1 °F = (1/1.8) °C. The zero-point correction is made by

g e
Boiling water ~  ----- 212 | |=-=-- 00 0 --=-- 373.15
Body temperature ----- ~ 1986 SR E/Z—— - 1310
Room temperature ----- 68 —---- 20 ----- 293
Freezing water ~ ----- 32 0 - o  ----- 273.15
Acoldday = ----- -4 - -20 ----- 253
“Crossover point” —---- -40 - -40 === 233
4 4 —~
“Absolute zero”  ----- —459.67  ----- 27315  ----- 0
Fahrenheit (°F) Celsius (°C) Kelvin (K)
A Figure 1.9

A comparison of the Fahrenheit, Celsius, and Kelvin temperature scales.
One Celsius degree is 1.8 times the size of one Fahrenheit degree.
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“¥ Temperature-Sensitive Materials

The physical properties of many materials change with the
ambient temperature. Substances known as thermochromic
materials change color as their temperature increases, and
they change from the liquid phase to a semicrystalline-ordered
state. These “liquid crystals” can be incorporated into plastics
or paints and can be used to monitor temperature. For exam-
ple, some meat packaging now includes a temperature strip
that darkens when the meat is stored above a certain tempera-
ture, which makes the meat unsafe to eat. Hospitals and other
medical facilities now routinely use strips that, when placed
under the tongue or applied to the forehead, change color toin-
dicate the patient’s body temperature.

Other temperature-sensitive materials, called shape-
memory alloys (SMAs), can be bent out of shape and will
recover their original shape when heated above a certain tem-
perature. These materials have many practical and clinical
applications, including orthodontic wires that do not need to
be tightened. The SMA is bent to fit into the orthodontic form,
but once in the mouth its temperature increases and it con-
tracts back to its original shape, applying constant force to
align the teeth. SMAs are also used in stents. A collapsed stent

Temperature, Heat, and Energy

A This stent, made from shape memory alloy, can be
} X i collapsed for insertion into an artery. Once in position, it
can be inserted into an artery or vein; at body temperature the is expanded by application of heat to maintain the arterial

stent expands to its original shape and provides support for opening.
the artery or vein, improving blood flow.

63

CIA Problem 1.4 Athermochromic plastic chip included in a CIAProblem 1.5 Atemperature-sensitive bath toy undergoes

shipping container for beef undergoes an irreversible color several color changes in the temperature range from 37 °C
change if the storage temperature exceeds 28 °F. What is to 47 °C. What is the corresponding temperature range on
this temperature on the Celsius and Kelvin scales? the Kelvin scale?

remembering that the freezing point is higher by 32 on the Fahrenheit scale than on the
Celsius scale. These corrections are incorporated into the following formulas, which
show the conversion methods:

1.8 °F
Celsiusto Fahrenheit: °F = ( °C X °C> + 32°F

Fahrenheit to Celsius: °C = (1 8C°F> X (°F — 32°F)

Energy is represented in SI units by the unit joule (J; pronounced “jool”), but the
metric unit calorie (cal) is still widely used in medicine. In this text we will present
energy values in both units. One calorie is the amount of heat necessary to raise the
temperature of 1 g of water by 1 °C. A kilocalorie (kcal), often called a large calorie
(Cal) or food calorie by nutritionists, equals 1000 cal:

1000 cal = 1 kcal 1000J = 1kJ
lcal = 4.184] 1kcal = 4.184kJ

Not all substances have their temperatures raised to the same extent when equal
amounts of heat energy are added. One calorie raises the temperature of 1 g of water
by 1 °C but raises the temperature of 1 g of iron by 10 °C. The amount of heat needed
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Specific heat The amount of heat that

will raise the temperature of 1 g of a

substance by 1 °C.

Table 1.10 Specific Heats of Some
Common Substances

Specific Heat

Substance [cal /g°Cl; [J/g°C]
Ethanol 0.59 2.5
Gold 0.031 0.13
Iron 0.106 0.444
Mercury 0.033 0.14
Sodium 0.293 1.23
Water 1.00 4.18

to raise the temperature of 1 g of a substance by 1 °C is called the specific heat of the
substance. It is measured in units of cal /(g - °C).
Specific heat = ercso

grams X °C

Specific heats vary greatly from one substance to another, as shown in Table 1.10.
The specific heat of water, 1.00 cal/(g-°C) or 4.184 J/g °C, is higher than that of
most other substances, which means that a large transfer of heat is required to change
the temperature of a given amount of water by a given number of degrees. One conse-
quence is that the human body, which is about 60% water, is able to withstand changing
outside conditions.

Knowing the mass and specific heat of a substance makes it possible to calculate
how much heat must be added or removed to accomplish a given temperature change,
as shown in Worked Example 1.17.

1
Heat (cal) = Mass (¢) X Temperature change (A °€) X Specific heat (gc.i€>

Worked Example 1.16 Temperature Conversions: Fahrenheit to Celsius

A body temperature above 107 °F can be fatal. What does 107 °F correspond to on the Celsius scale?

ANALYSIS Using the temperature (in °F) and the appropriate temperature conversion equation, we can convert
i from the Fahrenheit scale to the Celsius scale.

BALLPARK ESTIMATE Note that in Figure 1.9 the normal body temperature is 98.6 °F or 37 °C. A temperature of
: 107 °F is approximately 8 °F above normal; since 1 °C is nearly 2 °F then 8 °F is about 4 °C. Thus, the

: 107 °F body temperature is 41 °C.

. SOLUTION

STEP 1: Identify known information. Temperature = 107 °F

STEP 2: Identify answer and units.

Temperature = ?? °C

| STEP3: Identify conversion factors. We can convert from °Fto | °C = < > (°F — 32°F)

°C using this equation.

1.8°F

°C #
: STEP 4: Solve. Substitute the known temperature (in °F) into the | °C = < )(107 °F — 32°F) = 42°C

i equation.

1.8°F

(Rounded off from 41.666 667 °C)

BALLPARK CHECK Close to our estimate of 41 °C.

i It is worth noting that the 1.8 conversion factor in the equation is an exact conversion, and so it does not impact the number of significant

i figures in the final answer.

Worked Example 1.17 Specific Heat: Mass, Temperature, and Energy

Taking a bath might use about 95 kg of water. How much energy (in calories and Joules) is needed to heat the
i water from a cold 15 °C to a warm 40 °C?

ANALYSIS From the amount of water being heated (95 kg) and the amount of the temperature change
i (40°C — 15°C = 25°C), the total amount of energy needed can be calculated by using specific heat
i [1.00cal/(g-°C)] as a conversion factor.

BALLPARK ESTIMATE The water is being heated by 25 °C (from 15 °C to 40 °C), and it therefore takes
i 25 cal to heat each gram. The tub contains nearly 100,000 g (95 kg is 95,000 g), and so it takes about
i 25 X 100,000 cal, or 2,500,000 cal, to heat all the water in the tub.
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: SOLUTION

STEP 1: Identify known information. Mass of water = 95 kg

: Temperature change = 40°C — 15°C = 25°C
STEP 2: Identify answer and units. Heat = 77 cal

1.0 cal

: STEP 3: Identify conversion factors. The amount of energy Specific heat = — °C

i (in cal) can be calculated using the specific heat of water &

: (cal/g-°C), and it will depend on both the mass of water (in g) ke = 1000 o —> 1000 g

: to be heated and the total temperature change (in °C). In order &€~ & 1 kg

: for the units in specific heat to cancel correctly, the mass of water

: must first be converted from kg to g.

) ) ) . 1000 ¢  1.00 cal R

i STEP 4: Solve. Starting with the known information, use the con- | 95 kg X X X 25°¢ = 2,400,000 cal

version factors to cancel unwanted units. kg g-°c
= 2.4 X 10°cal (or 1.0 X 1077J)

BALLPARK CHECK Close to our estimate of 2.5 X 10° cal.

PROBLEM 1.19

The highest land temperature ever recorded was 136 °F in Al Aziziyah, Libya, on
September 13, 1922. What is this temperature on the Kelvin scale?

PROBLEM 1.20

A patient exhibits a temperature of 39 °C. What is the body temperature of the patient
in K?

PROBLEM 1.21

Assuming that Coca-Cola has the same specific heat as water, how much energy in
calories is removed when 350 g of Coca-Cola (about the contents of one 33 cL can) is
cooled from room temperature (25 °C) to refrigerator temperature (3 °C)?

PROBLEM 1.22

What is the specific heat of aluminum if it takes 674 J (161 cal) to raise the tempera-
ture of a 75 g aluminum bar by 10.0 °C? Express this specific heat in J/(K - mol).

1.12 Density and Specific Gravity

Learning Objective:

 Define density and specific gravity and use these quantities in mass / volume
calculations.

One further physical quantity that we will take up in this chapter is density, which Density The physical property that
relates the mass of an object to its volume. Density is usually expressed in units of  relates the mass of an object to its
grams per cubic centimeter (g/cm®) for solids and grams per milliliter (g/mL) for ~ volume; mass per unit volume.
liquids. Thus, if we know the density of a substance, we know both the mass of a given

volume and the volume of a given mass. The densities of some common materials are

listed in Table 1.11.

Mass (g)

Volume (mL or cm?)

Density =

Although most substances contract when cooled and expand when heated, water
behaves differently. Water contracts when cooled from 100 °C to 3.98 °C but below this
temperature it begins to expand again. The density of liquid water is at its maximum
of 1.0000 g/mL at 3.98 °C but decreases to 0.999 87 g/mL at 0 °C. When freezing
occurs, the density drops still further to a value of 0.917 g /cm? for ice at 0 °C. Since a
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A The Galileo thermometer contains
several weighted bulbs thatrise or fall
as the density of the liquid changes
with temperature.

Specific gravity The density of a sub-
stance divided by the density of water
at the same temperature.

= 11.020
; 1.030
A Figure 1.10
A hydrometer for measuring specific
gravity.

The instrument has a weighted bulb at the
end of a calibrated glass tube. The depth
to which the hydrometer sinks in a liquid
indicates the liquid’s specific gravity.

Matter and Measurements

less dense substance will float on top of a more dense fluid, ice and any other substance
with a density less than that of water will float in water. Conversely, any substance with
a density greater than that of water will sink in water.

Table 1.11 Densities of Some Common Materials at 25 °C

Substance Density* Substance Density*
Gases Solids
Helium 0.000 194 Ice (0°C) 0.917
Air 0.001 185 Gold 193
o Human fat 0.94
Liquids Cork 0.22-0.26
Water [398 “C] 1.0000 Table sugar 1.59
Urine 1.003-1.030 Balsa wood 0.12
Blood plasma 1.027

*Densities are in g /cm? for solids and g/ mL for liquids and gases. As noted in Section 1.7, 1 mL = 1cm®.

Knowing the density of a liquid is useful because it is often easier to measure a
liquid’s volume rather than its mass. Suppose, for example, that you need 1.50 g of
ethanol. Rather than use a dropper to weigh out exactly the right amount, it would be
much easier to look up the density of ethanol (0.7893 g/mL at 20 °C) and measure the
correct volume (1.90 mL) with a syringe or graduated cylinder. Thus, density acts as a
conversion factor between mass (g) and volume (mL).

1 mL ethanol
0.7893 g ethanol

For many purposes, ranging from winemaking to medicine, it is more convenient to
use specific gravity than density. The specific gravity (sp gr) of a substance (usually a
liquid) is simply the density of the substance divided by the density of water at the same
temperature. Because all units cancel, specific gravity is unitless:

Density of substance (g/AmL)
Density of water at the same temperature (g/nil)

1.50 g ethamnol X = 1.90 mL ethanol

Specific gravity =

At typical temperatures, the density of water is very close to 1 g/mL. Thus, the spe-
cific gravity of a substance is numerically equal to its density and is used in the same
way.

The specific gravity of a liquid can be measured using an instrument called a
hydrometer, which consists of a weighted bulb on the end of a calibrated glass tube, as
shown in Figure 1.10. The depth to which the hydrometer sinks when placed in a fluid
indicates the fluid’s specific gravity: the lower the bulb sinks, the lower the specific
gravity of the fluid.

In medicine, a hydrometer called a urinometer is used to indicate the amount of
solids dissolved in urine. Although the specific gravity of normal urine is about 1.003—
1.030, conditions such as diabetes mellitus or a high fever cause an abnormally high
urine specific gravity, indicating either excessive elimination of solids or decreased
elimination of water. Abnormally low specific gravity is found in individuals using
diuretics—drugs that increase water elimination.

Worked Example 1.18 Density: Mass-to-Volume Conversion

What volume of isopropanol (rubbing alcohol) would you use if you needed 25.0 g? The density of
isopropanol is 0.7855 g /mL at 20 °C.

ANALYSIS The known information is the mass of isopropanol needed (25.0 g). The density
i (0.7855 g/mL) acts as a conversion factor between mass and the unknown volume of isopropanol.
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i BALLPARKESTIMATE Because 1 mL of isopropanol contains only 0.7885 g of the alcohol, obtaining
i 1 g of alcohol requires almost 20% more than 1 mL, or about 1.2 mL. Therefore, a volume of about
i 25 X 1.2 mL = 30 mL is needed to obtain 25 g of alcohol.

| SOLUTION

STEP 1: Identify known information. Mass of rubbing alcohol = 25.0 g

{ Density of rubbing alcohol = 0.7855 g/mL
STEP 2: Identify answer and units. Volume of rubbing alcohol = ?? mL

STEP 3: Identify conversion factors. Starting with the mass of Density = g/mL — 1/density = mL/g
i isopropanol (in g), the corresponding volume (in mL) can be cal-
 culated using density (g/mL) as the conversion factor.

1 mL alcohol

STEP 4: Solve. Starting with the known information, set up the 25.0 g-aleohol X = 31.8 mL alcohol

i equation with conversion factors so that unwanted units cancel. 0.7855 g-ateohol

BALLPARK CHECK Our estimate was 30 mL.

PROBLEM 1.23

A sample of pumice, a porous volcanic rock, weighs 17.4 grams and has a volume of
27.3 cm’. If this sample is placed in a container of water, will it sink or will it float?
Explain.

PROBLEM 1.24

Chloroform, once used as an anesthetic agent, has a density of 1.474 g/mL. What
volume would you use if you needed 12.37 g?

PROBLEM 1.25

The sulfuric acid solution in an automobile battery typically has a specific gravity of
about 1.27. Is battery acid more dense or less dense than pure water?

A The specific gravity of urine,
measured by a urinometer, is used
to diagnose conditions such as
diabetes.

“I~ AMeasurement Example: Obesity and
Body Fat

At the beginning of the chapter, we mentioned that some fat
is good, but how much is too much and what are the health
risks of too much body fat? The impacts of obesity include
significant adverse health effects like heart disease, stroke,
type 2 diabetes, and certain types of cancer. Worldwide
obesity has more than doubled since 1980. In 2014, more
than 1.9 billion adults, 18 years and older, were overweight.
Among them, over 600 million were obese and 41 million chil-
dren under the age of 5 were overweight or obese. Most of the
world's population live in countries where obesity kills more
than being underweight does.

At the beginning of the chapter, we learned that obesity is an
excessive amount of body fat and one way to measure body fat is

A A person’s percentage body fat can be estimated by
measuring the thickness of the fat layer under the skin.
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through buoyancy testing. But obesity is also defined by refer-
ence to body mass index (BMI), which is equal to a person’s mass
in kilograms divided by the square of his or her height in meters.
BMI can also be calculated by dividing a person’s weight in pounds
by the square of her or his height in inches multiplied by 703.
For instance, someone 1.70 m tall weighing 66.7 kg has a BMI
of 23:

weight (kg)

M= Theight (m) ]2

A BMI of 25 or above is considered overweight, and a BMI
of 30 or above is obese. By these standards, approximately
61% of the U.S. population is overweight. Health professionals
are concerned by the rapid rise in obesity in the United States
because of the link between BMI and health problems. Many
reports have documented the correlation between health and
BMI, including a recent study on more than 1 million adults. The

lowest death risk from any cause, including cancer and heart
disease, is associated with a BMI between 22 and 24. Risk in-
creases steadily as BMl increases, more than doubling for a BMI
above 29.

Anindividual’s percentage of body fat is most easily mea-
sured by the skinfold-thickness method. The skin at several
locations on the arm, shoulder, and waist is pinched, and the
thickness of the fat layer beneath the skin is measured with
calipers. Comparing the measured results to those in a stan-
dard table gives an estimation of percentage body fat. As an
alternative to skinfold measurement, a more accurate assess-
ment of body fat can be made by underwater immersion, or
buoyancy testing as we learned at the beginning of the chapter.

There is good news—obesity can be prevented by making
healthier food choices and ensuring regular physical activity
(60 minutes a day for children and 150 minutes spread through
the week for adults).

Weight (kg)

50.0 | 52.3 | 54.5 [ 56.8 | 59.1 | 61.4 | 63.6 | 65.9 | 68.2 | 70.5 | 72.7 | 75.0 | 77.3 | 79.5 | 81.8 | 84.1 | 86.4 | 88.6 | 90.9

1524 | 21 22 23 24 25 26 27 28 29 30 31 32 &3 34 35 36 37 38 89
1574 | 20 21 22 22 23 24 25 26 27 28 29 30 31 32 B8 B8] 34 85 36
'g 162.5 18 19 20 21 22 23 24 24 25 26 27 28 29 30 31 31 32 313 34
E [ 167.6 17 18 19 20 21 21 22 23 24 25 25 26 27 28 29 29 30 31 32
:E:D 172.7 16 17 18 19 19 20 21 22 22 23 24 25 25 26 27 28 28 29 30
‘s | 177.8 15 16 17 18 18 19 20 20 21 22 23 23 24 25 25 26 27 28 28
T | 182.8 15 15 16 17 17 18 19 19 20 21 21 22 23 23 24 25 25 26 27
187.9 14 14 15 16 16 17 18 18 19 19 20 21 21 22 23 23 24 25 25
193.0 13 14 14 15 15 16 17 17 18 18 19 20 20 21 22 22 23 23 24

Body Mass Index (numbers in boxes)

CIAProblem 1.6 Calculate the BMI for an individual who is

(a) 155cm tall and weighs 70 kg
(b) 180 cm tall and weighs 77 kg
(c) 190 cm tall and weighs 88 kg

Which of these individuals is likely to have increased health
risks?

SUMMARY

e Identify properties of matter and differentiate between chemical
and physical changes. Matter is anything that has mass and occupies
volume—that is, anything physically real. A property is any characteris-
tic that can be used to describe or identify something: physical proper-
ties can be seen or measured without changing the chemical identity of
the substance (i.e., color, melting point), while chemical properties can
only be seen or measured when the substance undergoes a chemical
change, such as a chemical reaction (see Problems 33-35].

e Identify the three states of matter and describe their properties.
Matter can be classified by its physical state as solid, liquid, or gas. A
solid has a definite volume and shape, a liquid has a definite volume but
indefinite shape, and a gas has neither a definite volume nor a definite
shape (see Problems 26, 36—39, and 41).

CIAProblem 1.7 Liposuction is a technique for removing fat
deposits from various areas of the body. How many liters
of fat would have to be removed to resultin a 2.3 kg weight
loss? The density of human fatis 0.94 g/mL

e Distinguish between mixtures and pure substances and classify
pure substances as elements or compounds. Matter can also be
classified by composition as being either pure or a mixture. Every pure
substance is either an element or a chemical compound. Elements are
fundamental substances that cannot be chemically changed into any-
thing simpler. A chemical compound, by contrast, can be broken down
by chemical change into simpler substances. Mixtures are composed
of two or more pure substances and can be separated into component
parts by physical means (see Problems 40—43, 53, and 92].

¢ Identify the symbols and names of the common elements.
Elements are represented by one- or two-letter symbols, such as H for
hydrogen, Ca for calcium, Al for aluminum, and so on. Most symbols are
the first one or two letters of the element name, but some symbols are



derived from Latin names—Na (sodium]), for example (see Problems 26,
27, 44-52,and 114).

* |dentify achemical change as a chemical reaction. A chemical reaction
is a symbolic representation of a chemical change. The starting materials
(reactants) are on the left, the final materials (products) are on the right.

An arrow is used to indicate a chemical change as reactants are converted
to products, with reaction conditions written above/ below the arrow. The
reactants and products are identified using chemical symbols to represent
the elements or compounds, and their physical states are indicated using
appropriate abbreviations (s, |, g, ag) (see Problems 34, 35,42, 43, and 92).

® Write very large or very small numbers using scientific notation
or units with appropriate numerical prefixes. Measurements of small
and large quantities are usually written in scientific notation as the
product of a number between 1 and 10, times a power of 10. Numbers
greater than 10 have a positive exponent, and numbers less than 1
have a negative exponent. For example, 3562 = 3.562 X 10%, and
0.00391 = 3.91 X 1073 [see Problems 55-58 and 67).

* Name and correctly use the metric and Sl units of measurement
for mass, length, volume, and temperature, and convert units appro-
priately. A property that can be measured is called a physical quantity
and is described by both a number and a label, or unit. The preferred
units are either those of the International System of Units (S! units) or
the metric system. Mass, the amount of matter an object contains, is
measured in kilograms (kg) or grams (g). Length is measured in meters
(m). Volume is measured in cubic meters (m?) in the Sl system and in
liters (L) or milliliters (mL) in the metric system. Temperature is meas-
ured in kelvins (K) in the Sl system and in degrees Celsius (°C) in the
metric system. A measurement in one unit can be converted to another
unit by multiplying by a conversion factor that expresses the exact rela-
tionship between the units. The conversion factor should be arranged so
that the starting unit is canceled and the desired unit is carried over to
the answer [see Problems 5456, 58, 67—77, 93, 94, 96—98, 103, 106,
110, and 115).

e Use significant figures and scientific notation to represent the
precision of a measurement. When measuring physical quantities or
using them in calculations, it is important to indicate the exactness of
the measurement by using significant figures or numbers to represent
those decimal places that are known with certainty, plus one additional
decimal place indicating the point at which the measured value is
uncertain. For example, a mass that was recorded as 15.34 g has an
uncertainty in the last decimal place of = 0.01 g (see Problems 29-31,
59,60, and 97).

KEY WORDS
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e Determine the appropriate number of significant figuresin a
calculated result and round off numbers in calculations involving
measurements. For multiplication and division, the number of signifi-
cant figures in the calculated result is the same as the number with the
fewest significant figures involved in the calculation. For addition and
subtraction, the number of significant figures in the calculated result is
determined by the least precise decimal place for the numbers involved
in the calculation. If necessary, the calculated result is rounded off to
obtain the final answer to the correct number of significant figures (see
Problems 42, 43, 59-66, 101, and 105].

e Use the factor-label method (conversion factors) to solve a prob-
lem and check the result to ensure that it makes sense chemically
and physically. Problems are best solved by applying the factor-label
method in which units can be multiplied and divided just as numbers
can. The idea is to set up an equation so that all unwanted units cancel,
leaving only the desired units. Usually it is best to start by identifying
the known and needed information, then decide how to convert the
known information to the answer, and finally check to make sure the
answer is reasonable both chemically and physically (see Problems
6777 96-101, 103-107, 112, and 113).

* Define the relationship between temperature and heat energy
and be able to convert temperatures between various temperature
scales. Temperature is a measure of the amount of heat energy in an
object. The Sl unit of temperature is Kelvin and non-Sl units such as
Celsius and Fahrenheit are also very common, with conversions between
scales as shown on pages 62—63 (see Problems 78, 91, 102, and 111).

e Use temperature and specific heat to evaluate the flow of heat /
energy in matter. Heat flows from a hot object to a cold object. The
specific heat of a substance is the amount of heat necessary to raise
the temperature of 1 g of the substance by 1 °C (1 cal/ g °C or

4.184 J/ g °C). Water has an unusually high specific heat, which helps
our bodies to maintain an even temperature (see Problems 79-84, 95,
104, 107 and 108).

¢ Define density and specific gravity and to use these quantities in
mass /volume calculations. Density, the physical property that relates
mass to volume, is expressed in units of grams per milliliter [g/ mL]) for
a liquid or grams per cubic centimeter [g/ cm?] for a solid. The specific
gravity of a liquid is the density of the liquid divided by the density of
water at the same temperature. Because the density of water is approxi-
mately 1 g/ mL, specific gravity and density have the same numerical
value [see Problems 28, 32, 85-90, 102, 107, 109, 110, 115, and 116).
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CONCEPT MAP: MATTER

Matter and Measurements

Are properties and
composition constant?

No Yes
Physical change
Mixture: Pure substance:
Seawater Water
Mayonnaise Gold
Concrete Sugar
Is separation by
chemical reaction
into simpler
Is the mixture uniform? substances possible?
Yes No Yes No
. Chemical change
Homogeneous Heterogeneous Chemical _ Element:
mixtures: mixtures: compound: ~ Oxygen
Salt water Chocolate chip Water Gold
Coffee cookies Sugar Sulfur
Air Pot pie Table salt

A Figure 1.11 Concept Map. Chemistry, like most subjects, makes more sense when presented in context. When we
understand the connections between concepts, or how one idea leads to another, it becomes easier to see the “big picture”
and to appreciate why a certain concept is important. A concept map is one way of illustrating those connections and pro-
viding a context for what we have learned and what we will be learning in later chapters. This concept map illustrates how
we distinguish between the different types of matter and the types of changes that matter can undergo. As we continue
exploring new topics, we will expand certain areas of this concept map or add new branches as needed.

(¢=3 UNDERSTANDING KEY CONCEPTS

The problems in this section are intended as a bridge between the Chapter Summary and the Additional Problems that follow. Primar-
ily visual in nature, they are designed to help you test your grasp of the chapter’s most important principles before attempting to solve
quantitative problems. Answers to all Key Concept Problems are at the end of the book following the appendixes.

1.26 The six elements in blue at the far right of the periodic N ]

table are gases at room temperature. The red elements in the mid- —— o |

dle of the table are the so-called coinage metals. Identify each of | t

these elements using the periodic table inside the front cover of this

book.
1.28 The radioactive element indicated on the following
periodic table is used in smoke detectors. Identify it.

1.27 Identify the three elements indicated on the follow-

ing periodic table. Do an Internet search to identify the common

sources of these elements and some of their common uses or
applications. I I I I I H




1.29 (a) What is the specific gravity of the following solution?
(b) How many significant figures does your answer have?

(¢) Is the solution more dense or less dense than water?

~——0.980

1.30 Assume that you have two graduated cylinders, one with
a capacity of 5 mL (a) and the other with a capacity of 50 mL (b).
Draw a line in each showing how much liquid you would add if you
needed to measure 2.64 mL of water. Which cylinder do you think
is more precise? Explain.

]
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(b)

ADDITIONAL SECTION PROBLEMS

Additional Section Problems 71

1.31 State the length of the pencil depicted in the accompany-
ing figure in both inches and centimeters using appropriate numbers
of significant figures.

1.32 Assume that you are delivering a solution sample from a
pipette. Figures (a) and (b) show the volume level before and after
dispensing the sample, respectively. State the liquid level (in mL)
before and after dispensing the sample, and calculate the volume of
the sample.

stop

=

[ — =)

»
=
. . =
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(a) (b)

1.33 Assume that identical hydrometers are placed in ethanol
(sp gr 0.7893) and in chloroform (sp gr 1.4832). In which liquid
will the hydrometer float higher? Explain.

These exercises are divided into sections by topic. Each section begins with review and conceptual questions, followed by numerical
problems of varying levels of difficulty. Many of the problems dealing with more difficult concepts or skills are presented in pairs, with
each even-numbered problem followed by an odd-numbered one requiring similar skills. The final section consists of unpaired Con-
ceptual Problems that draw on various parts of the chapter and, in future chapters, may even require the use of concepts from previous
chapters. An additional feature in this edition is the incorporation of Group Questions that may sometimes require using resources other
than the textbook and are suitable as small group activities. Answers to all even-numbered problems are given at the end of the book fol-

lowing the appendixes.

CHEMISTRY AND THE PROPERTIES OF MATTER (SECTION 1.1)

1.34  What is the difference between a physical change and a
chemical change?

1.35  Which of the following is a physical change and which is a

chemical change?
(a) Boiling water

(b) Decomposing water by passing an electric current
through it

(c¢) Exploding of potassium metal when placed in water

(d) Breaking of glass

1.36  Which of the following is a physical change and which is a

chemical change?

(@) Making lemonade (lemons + water + sugar)
(b) Frying eggs

(c¢) Burning a candle

(d) Whipping cream

(e) Leaves changing color



72

CHAPTER 1 Matter and Measurements

STATES AND CLASSIFICATION OF MATTER
(SECTIONS 1.2, 1.3,AND 1.5)

1.37
1.38

1.39

1.40

141

142

1.43

1.44

Name and describe the three states of matter.

Name two changes of state and describe what causes each
to occur.

Sulfur dioxide is a compound produced when sulfur burns
in air. It has a melting point of —72.7 °C and a boiling point
of —10 °C. In what state does it exist at room temperature
(298 K)? (Refer to Figure 1.9.)

Butane (C,H,) is an easily compressible gas used in ciga-
rette lighters. It has a melting point of —138.4 °C and a
boiling point of —0.5 °C. Would you expect a butane lighter
to work in winter when the temperature outdoors is 269 K?
Why or why not? (Refer to Figure 1.9.)

Classify each of the following as a mixture or a pure
substance:
(@) Pea soup (b) Seawater
(c¢) The contents of a propane tank

(d) Urine (e) Lead

(f) A multivitamin tablet

Which of these terms, (i) mixture, (ii) solid, (iii) liquid,
(iv) gas, (v) chemical element, (vi) chemical compound,
applies to the following substances at room temperature?

(a) Gasoline (b) Iodine
(¢) Water d) Air
(e) Blood (f) Sodium hydrogen carbonate

(h) Silicon

Hydrogen peroxide, often used in solutions to cleanse cuts
and scrapes, breaks down to yield water and oxygen:

(g) Gaseous ammonia

Hydrogen peroxide, H,0, (aq) —
Hydrogen, H, (g) + Oxygen, O,(g)
(@) Identify the reactants and products.
(b) Which of the substances are chemical compounds, and
which are elements?
When sodium metal is placed in water, the following
change occurs:
Sodium, Na (s) + Water, H,O (/) —
Hydrogen, H, (g) + Sodium hydroxide, NaOH (aq)
(a) Identify the reactants and products and their physical
states

(b) Which of the substances are elements, and which are
chemical compounds?

ELEMENTS AND THEIR SYMBOLS (SECTION 1.4)

1.45

1.46

‘What is the most abundant element in the earth’s crust? In
the human body? List the name and symbol for each.

What are the symbols for the following elements? Perform
a web search to identify some of the common uses of the
elements listed.

(a) Iodine

(¢) Technetium

(b) Chromium
(d) Arsenic

(e) Barium

1.47

148

1.49

1.50

1.51

1.52

1.53

Supply the missing names or symbols for the elements in
the spaces provided:

@ N_____ (b) K_____
© Cl_____ (d) _____ Calcium
(¢) _____ Phosphorus (f) _____ Manganese

Correct the following statements.

(@ The symbol for bromine is BR.

(b) The symbol for manganese is Mg.

(¢) The symbol for carbon is Ca.

(d) The symbol for potassium is Po.

Correct the following statements.

(a) Carbon dioxide has the formula CO2.

(b) Carbon dioxide has the formula Co,.

(c) Table salt, NaCl, is composed of nitrogen and chlorine.

The amino acid, glycine, has the formula C,HsNO,. Which
elements are present in glycine? What is the total number
of atoms represented by the formula?

Glucose, a form of sugar, has the formula C¢H,,04. Which
elements are included in this compound, and how many
atoms of each are present?

Write the formula for ibuprofen: 13 carbons, 18 hydrogens,
and 2 oxygens. What are the common uses of ibuprofen?

The atmosphere consists of a number of permanent gases:
oxygen (O,), nitrogen (N,), carbon dioxide (CO,), water
vapor (H,0), and argon (Ar). Identify each substance as an
element or a compound. Would you consider the atmos-
phere to be a heterogeneous or a homogeneous mixture?

PHYSICAL QUANTITIES: DEFINITIONS AND UNITS
(SECTIONS 1.6 AND 1.7)

1.54

1.55

1.56

1.57

1.58
1.59

What is the difference between a physical quantity and a
number?

What are the units used in the SI system to measure mass,
volume, length, and temperature? In the metric system?

Give the full name of the following units:
(@) cc (b) dm
(d) nL (e) mg
Write the symbol for the following units:

(¢) mm
® m’
(a) nanogram (b) centimeter
(¢) microliter (d) micrometer
(e) milligram

How many picograms are in 1 mg? In 35 ng?

How many microliters are in 1 L? In 20 mL?

SCIENTIFIC NOTATION, SIGNIFICANT FIGURES, AND ROUNDING OFF
(SECTIONS 1.6, 1.8,AND 1.9)

1.60

Express the following numbers in scientific notation with
the correct number of significant figures:

(a) 9457 (b) 0.000 07
(c¢) 20,000,000,000 (four significant figures)
(d) 0.012 345 (e) 652.38



1.61

1.62

1.63

1.64

1.65

1.66

1.67

Convert the following numbers from scientific notation to
standard notation:

(@ 5.28 X 10° (b) 8.205 X 1072
(©) 1.84 X 107 d) 6.37 x 10*

How many significant figures does each of the following
numbers have?

(a) 237,401 (b) 0.300
(¢) 3.01 d) 2444
(e) 50,000 & 660

How many significant figures are there in each of the fol-
lowing quantities?

(a) Distance from New York City to Wellington, New
Zealand, 14,397 km

(b) Average body temperature of a crocodile, 299 K

(¢) Melting point of gold, 1337 K

(d) Diameter of an influenza virus, 0.000 01 mm

(e) Radius of a phosphorus atom, 0.110 nm

The diameter of the earth at the equator is 12,756.27 km.

(@) Round off the earth’s diameter to four significant fig-
ures, to two significant figures, and to six significant
figures.

(b) Express the earth’s diameter in scientific notation.

Round off each of the numbers in Problem 1.63 to two
significant figures and express them in scientific notation.

Carry out the following calculations, express each answer
to the correct number of significant figures, and include
units in the answers.

(@ 9.02g +3.1¢g

(b) 88.80cm + 7.391 cm

(¢) 362mL — 99.5 mL

(d) 12.4mg + 6.378 mg + 2.089 mg

Carry out the following calculations, express the answers to
the correct numbers of significant figures, and include units
in the answers.

(@) 5280 > X 6.2km
km
(b) 45m X 325m
, g
© 250g + 83—
cm

(d) 4.70cm X 6.8 cm X 2.54 cm

UNIT CONVERSIONS AND PROBLEM SOLVING (SECTION 1.10)

1.68

Carry out the following conversions:
(a) 3.614 mg to centigrams

(b) 12.0 kL to megaliters

(¢) 14.4 pm to millimeters

d) 6.03 X 10°° cg to nanograms
(e) 174.5 mL to deciliters

(f) 1.5 X 1072 km to centimeters

1.69

1.70
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1.75

1.76

1.77

1.78
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Carry out the following conversions. Consult Tables 1.7-1.9
as needed.
(@) 56.4 mi to kilometers and to megameters
(b) 2.0 L to quarts and to fluid ounces
(¢) 7 ft 2.0 in. to centimeters and to meters
(d) 1.351b to kilograms and to decigrams

Express the following quantities in more convenient units
by using SI unit prefixes:

(@ 9.78 X 10*g (b) 1.33 X 107*L
(©) 0.000 000 000 46 g (d) 2.99 X 10%cm

Fill in the blanks to complete the equivalencies either with
appropriate unit prefixes or with the appropriate scientific
notation. The first blank is filled in as an example.

(@ 125km = 1.25 X 10°m

(b) 6285 X 10°mg = ____ ?_____ kg
(¢) 4735dL=4735 X 7 mL
@@ 674ecm =67 X 10*____ 2

The speed limit in Canada is 100 km/h.
(@) How many miles per hour is this?
(b) How many meters per second?

The muzzle velocity of a projectile fired from a 9 mm hand-
gun is 1200 ft/s.

(@) How many miles per hour is this?

(b) How many meters per second?

The diameter of a red blood cell is 6 X 107% m.
(@) How many centimeters is this?

(b) How many red blood cells are needed to make a line
1 cm long? 1 in. long?

The Willis Tower in Chicago has an approximate floor area
of 418,000 m?. How many square feet of floor space is this?

A normal value for blood cholesterol is 200 mg/ dL of
blood. If a normal adult has a total blood volume of 5 L,
how much total cholesterol is present?

The recommended daily dose of calcium for an 18-year-old
male is 1200 mg. If 1.0 cup of whole milk contains 290 mg
of calcium and milk is his only calcium source, how much
milk should an 18-year-old male drink each day?

The white blood cell concentration in normal blood is ap-
proximately 12,000 cells/ mm? of blood. How many white
blood cells does a normal adult with 5 L of blood have?
Express the answer in scientific notation.

ENERGY, HEAT, AND TEMPERATURE (SECTION 1.11)

1.79
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The boiling point of liquid nitrogen, used in the removal of
warts and in other surgical applications, is —195.8 °C. What
is this temperature in kelvins and in degrees Fahrenheit?

Diethyl ether, a substance once used as a general anesthetic,
has a specific heat of 3.74 J/(g °C). How many joules and
how many kilojoules of heat are needed to raise the tem-
perature of 30.0 g of diethyl ether from 283 K to

303 K? How many calories and kilocalories?
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1.81

1.82

1.83

1.84

1.85
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Aluminum has a specific heat of 0.898 J/ (g °C). When
108.5 J of heat is added to 18.4 g of aluminum at 20.0 °C,
what is the final temperature of the aluminum?

Calculate the specific heat of copper if it takes 96 J to heat a
5.0 g sample from 25 °C to 75 °C.

The specific heat of fatis 1.9 J / g °C and the density of fat
is 0.94 g/ cm?. How much energy (in joules) is needed to
heat 10 cm? of fat from room temperature (25 °C) to its
melting point (35 °C)?

A 150 g sample of mercury and a 150 g sample of iron are
at an initial temperature of 25.0 °C. If 1050 J of heat is ap-
plied to each sample, what is the final temperature of each?
(See Table 1.10.)

When 418 J of heat is applied to a 125 g sample, the tem-
perature increases by 28 °C. Calculate the specific heat of
the sample and compare your answer to the values in Table
1.10. What is the identity of the sample?

DENSITY AND SPECIFIC GRAVITY (SECTION 1.12)

1.86
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Aspirin has a density of 1.40 g/cm?’. What is the volume in
cubic centimeters of a tablet weighing 250 mg?

Gaseous hydrogen has a density of 0.0899 g/L at 0 °C.
How many liters would you need if you wanted 1.0078 g of
hydrogen?

What is the density of lead (in g/cm?) if a rectangular bar
measuring 0.500 cm in height, 1.55 cm in width, and

25.00 cm in length has a mass of 220.9 g?

What is the density of lithium metal (in g/cm?) if a cube meas-
uring 0.82 cm X 1.45 cm X 1.25 cm has a mass of 0.794 g?

Ethanol produced by fermentation has a specific gravity of
0.787 at 25 °C. What is the volume of 125 g of ethanol

at this temperature? (The density of water at 25 °C is
0.997 g¢/mL.)

Ethane-1,2-diol, commonly used as automobile antifreeze,
has a specific gravity of 1.1088 at room temperature

(25 °C). What is the mass of 1.00 L of ethane-1,2-diol at
this temperature?

CONCEPTUAL PROBLEMS

1.92

1.93

Another temperature scale is the Rankine scale. It repre-
sents an absolute temperature scale similar to the Kelvin
scale, with a common absolute zero (i.e., 0.0 K= 0.0 °R).
However, whereas a change of 1.0 K is the same as a
change of 1.0 °C, a change of 1.0 °R is the same as 1.0 °F.
Absolute zero on the Rankine scale equals —459.67 °F.
Water freezes at 32 °F (or 0.0 °C) and boils at 212 °F
(100.0 °C). Convert these temperatures to their equivalent
temperatures on the Rankine scale.

A white solid with a melting point of 730 °C is melted.
When electricity is passed through the resultant liquid, a
brown gas and a molten metal are produced. Neither the
metal nor the gas can be broken down into anything simpler
by chemical means. Classify each—the white solid, the
molten metal, and the brown gas—as a mixture, a com-
pound, or an element.

1.94

1.95

1.96

1.97

1.98

1.99

1.100

1.101

1.102

1.103

Refer to the pencil in Problem 1.31. Using the equivalent
values in Table 1.8 as conversion factors, convert the length
measured in inches to centimeters. Compare the calculated
length in centimeters to the length in centimeters measured
using the metric ruler. How do the two values compare?
Explain any differences.

Gemstones are weighed in carats, where 1 carat =200 mg
exactly. What is the mass in grams of the Hope diamond,
the world’s largest blue diamond, at 44.4 carats?

The relationship between the nutritional unit for energy and
the metric unit is 1 Calorie = 1 kcal.

(a) One donut contains 350 Calories. Convert this to calo-
ries and joules.

(b) If the energy in one donut was used to heat 35.5 kg of
water, calculate the increase in temperature of the
water (in °C).

Drug dosages are typically prescribed in units of milligrams

per kilogram of body weight. A new drug has a recom-

mended dosage of 9 mg/kg.

(@ How many milligrams would a 55 kg woman have to
take to obtain this dosage?

(b) How many 125 mg tablets should a 18 kg child take to
receive the recommended dosage?

A clinical report gave the following data from a blood
analysis: iron, 39 mg/dL; calcium, 8.3 mg/dL; cholesterol,
224 mg/dL. Express each of these quantities in grams per
deciliter, writing the answers in scientific notation.

A weather balloon has a volume of 2.027 X 10° ft’.
(a) Convert this volume to L.

(b) When in operation it is filled with helium gas. If the
density of helium at room temperature is 0.179 g /L,
calculate the mass of helium in the blimp.

(¢) What is the mass of air occupying the same volume?
The density of air at room temperature is 1.20 g /L.

Approximately 75 mL of blood is pumped by a normal hu-
man heart at each beat. Assuming an average pulse of

72 beats per minute, how many milliliters of blood are
pumped in one day?

A doctor has ordered that a patient be given 15 g of
glucose, which is available in a concentration of 50.00 g
glucose/1000.0 mL of solution. What volume of solution
should be given to the patient?

Reconsider the volume of the sample dispensed by pipette
in Problem 1.32. Assuming that the solution in the pipette
has a density of 0.963 g/ mL, calculate the mass of solution
dispensed in the problem to the correct number of signifi-
cant figures.

Today, thermometers containing mercury are used less fre-
quently than in the past because of concerns regarding the
toxicity of mercury and because of its relatively high melt-
ing point (—39 °C). This means that mercury thermom-
eters cannot be used in very cold environments because
the mercury is a solid under such conditions. Alcohol
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thermometers, however, can be used over a temperature
range from —115 °C (the melting point of alcohol) to
78.5 °C (the boiling point of alcohol).

(@) What is the effective temperature range of the alcohol
thermometer in Kelvin?

(b) The densities of alcohol and mercury are 0.79 g /mL
and 13.6 g/ mL, respectively. If the volume of liquid in
a typical laboratory thermometer is 1.0 mL, what mass
of alcohol is contained in the thermometer? What mass
of mercury?

In a typical person, the level of blood glucose (also known
as blood sugar) is about 85 mg/100 mL of blood. If an
average body contains about 11 U.S. pints of blood, how
many grams and how many pounds of glucose are present
in the blood?

A patient is receiving 3000 mL/day of a solution that
contains 5 g of dextrose (glucose) per 100 mL of solution.
If glucose provides 16 kJ/ g of energy, how many kilojoules
per day is the patient receiving from the glucose?

A rough guide to fluid requirements based on body weight
is 100 mL/ kg for the first 10 kg of body weight, 50 mL/kg
for the next 10 kg, and 20 mL/ kg for weight over 20 kg.
What volume of fluid per day is needed by a 55 kg woman?
Give the answer with two significant figures.

Chloral hydrate, a sedative and sleep-inducing drug,
is available as a solution labeled 10.0 gr/ fluidram.
What volume in milliliters should be administered
to a patient who is meant to receive 7.5 gr per dose?
(1 gr = 64.8 mg; 1 fluidram = 3.72 mL)

When 1.0 tablespoon of butter is burned or used by our
body, it releases 418. 4 kJ of energy. If we could use all the
energy provided, how many tablespoons of butter would
have to be burned to raise the temperature of 3.00 L of
water from 18.0 °C to 90.0 °C?

An archeologist finds a 1.62 kg goblet that she believes to
be made of pure gold. When 5650 J of heat is added to the
goblet, its temperature increases by 7.8 °C. Calculate the
specific heat of the goblet. Is it made of gold? Explain.

1.110
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Group Problems

In another test, the archeologist in Problem 1.109 deter-
mines that the volume of the goblet is 205 mL. Calculate
the density of the goblet and compare it with the density
of gold (19.3 g/mL), lead (11.4 g¢/mL), and iron

(7.86 g/ mL). What is the goblet probably made of?

Imagine that you place a piece of cork measuring

1.30 cm X 5.50 cm X 3.00 cm in a pan of water and that
on top of the cork you place a small cube of lead measuring
1.15 cm on each edge. The density of cork is 0.235 g/cm?
and the density of lead is 11.35 g/cm?. Will the combina-
tion of cork plus lead float or sink?

At a certain point, the Celsius and Fahrenheit scales “cross”
and the numerical value of the Celsius temperature is the
same as the numerical value of the Fahrenheit temperature.
At what temperature does this crossover occur?

GROUP PROBLEMS
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In the chapter, the conversion of currency was used as an
example for unit conversion. Find out what the current
monetary conversion rates are and convert US$500 into
(a) euros, (b) British pounds, (c) rupees, and (d) Canadian
dollars.

Look up the chemical formula for chloral hydrate men-
tioned in Problem 1.107. How many different elements are
included in the compound, and how many atoms of each
element?

The specific gravity of ethanol is 0.787, while the specific
gravity of water is 1.0. Alcoholic beverages are a mixture
of water and alcohol and have a specific gravity somewhere
between 0.787 and 1.0 density of ethanol, Look up the
average alcohol content, typically reported as % by volume,
and the specific gravity of each of the following: 80 proof
whiskey; red table wine; domestic beer.

Sulfuric acid (H,SO,, density 1.83 g/mL) is produced in
larger amounts than any other chemical: Global production
exceeded 230 million metric tonnes in 2012 and is pro-
jected to exceed 267 million tonnes by 2016. What volume
(in liters) of sulphuric acid was produced in 2012? What are
the most common applications of sulfuric acid?
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8OO
Wavelength (nm)

A The portable blood oximeter uses infrared light to measure the amount of oxygen dissolved in
blood that is bound to hemoglobin, Hb (red line = oxygenated Hb; blue line = unoxygenated Hb),
asindicated in the inserted graph. Results are reported as percent of saturation. This and related
instruments, called spectrometers, take advantage of the ability of elements and compounds to
interact with light of different wavelengths.

patient visits his or her local clinic complaining of headaches and lethargy. A blood

sample is taken and analyzed to determine the relative amounts of certain ele-

ments, including many metals identified as micronutrients or trace nutrients. Not
enough iron, for example, could indicate anemia, while elevated levels of heavy metals,
such as lead or cadmium, could be indicators of toxicity effects, such as headache or a
feeling of fatigue. Knowing atomic structure and how elemental properties are related
to the arrangement of electrons in a given atom allow us to identify and detect sub-
stances in the blood, including oxygen and essential nutrients, even at very low levels.
Spectrometers, such as the portable blood oximeter featured above, measure the inter-
action of atoms or molecules with energy (such as a flame or light source) to determine
the identity and concentrations of these substances, which should be in a certain range
to ensure good health. As we will see in more detail in the Chemistry in Action feature on
page 100, atoms will absorb or emit light of a specific wavelength based on the electron
configuration and excitation in the atom. The color of the light can be used to determine
the identity of certain elements, which can be used to determine the cause of the pa-
tient’'s symptoms.

Chemistry is studied on two levels. In the previous chapter, we learned about
chemistry on the large-scale, or macroscopic, level, looking at the properties and trans-
formations of matter that we can see and measure. We also introduced the elements
that make up all matter and how we can use symbols to represent the many different
elements and compounds of which matter is made. But what makes one element dif-
ferent from another? To answer that question, we need to look at the submicroscopic
or atomic level, studying the behavior and properties of individual atoms. Although sci-
entists have long been convinced of their existence, only within the past 20 years have
powerful new instruments made it possible to see individual atoms. In this chapter,
we will learn about modern atomic theory and how the structure of atoms influences
macroscopic properties.

Infrared



2.1 Atomic Theory and the Structure of Atoms

Learning Objective:

* Explain the major assumptions of atomic theory, and name and identify the properties
of the subatomic particles that make up an atom.

Take a piece of aluminum foil, and cut it in two. Then, take one of the pieces and cut it in
two, and so on. Assuming that you have extremely small scissors and extraordinary dexter-
ity, how long can you keep dividing the foil? Is there a limit, or is matter infinitely divisible
into ever smaller and smaller pieces? Historically, this argument dates as far back as the
ancient Greek philosophers. Aristotle believed that matter could be divided infinitely,
while Democritus argued (correctly) that there is a limit. The smallest and simplest bit that
aluminum (or any other element) can be divided and still be identifiable as aluminum is
called an atom, a word derived from the Greek atomos, meaning “indivisible.”

Chemistry is built on four fundamental assumptions about atoms and matter, pro-
posed by English scientist John Dalton in 1808, which together make up modern atomic
theory:

e All matter is composed of atoms.

* Atoms of any given element share the same chemical properties while atoms of
different elements have different properties.

* Chemical compounds consist of atoms combined in specific ratios. That is, only
whole atoms can combine—one A atom with one B atom, or one A atom with two
B atoms, and so on. The vast number of ways that atoms can combine with one
another results in the enormous diversity in the substances around us.

* Chemical reactions change only the way that atoms are combined in compounds.
The atoms themselves are unchanged and do not disappear.

Atoms are extremely small, ranging from about 7.4 X 10~'' m in diameter for
a hydrogen atom to 5.24 X 107" m for a cesium atom. In mass, atoms vary from
1.67 X 10~** g for hydrogen to 3.95 X 10?2 g for uranium, one of the heaviest natu-
rally occurring atoms. It is difficult to appreciate just how small atoms are, although it
might help if you realize that a fine pencil line is about 3 million atoms across and that
even the smallest speck of dust contains about 10'® atoms. Our current understanding
of atomic structure is the result of many experiments performed in the late 1800s and
early 1900s (see Chemistry in Action on p. 78).

Atoms are composed of tiny subatomic particles called protons, neutrons, and
electrons. A proton has a mass of 1.672622 X 107 >* g and carries a positive (+)
electrical charge, a neutron has a mass similar to that of a proton (1.674 927 X 107 g)
but is electrically neutral, and an electron has a mass that is only 1/1836 that of a pro-
ton (9.109 328 X 10 %% g) and carries a negative (—) electrical charge. In fact, elec-
trons are so much lighter than protons and neutrons that their mass is usually ignored.
Table 2.1 compares the properties of the three fundamental subatomic particles.

Table 2.1 A Comparison of Subatomic Particles

Mass
Name Symbol (Grams) (amu) Charge (Charge Units)
Proton p 1672622 X 1072 1.007 276 +1
Neutron n 1.674 927 X 1072 1.008665 0
Electron e 9.109 328 X 10°%8 5.485 799 X 107* -1

The masses of atoms and their constituent subatomic particles are so small when mea-
sured in grams that it is more convenient to express them on a relative mass scale. The
basis for the relative atomic mass scale is an atom of carbon that contains six protons and
six neutrons. Such an atom is assigned a mass of exactly 12 atomic mass units (amu;
also called a dalton in honor of John Dalton), where 1 amu = 1.660 539 X 107**g.

Atom The smallest and simplest par-
ticle of an element.

Atomic theory A set of assumptions
proposed by the English scientist John
Dalton to explain the chemical behav-
ior of matter.

LOOKING AHEAD >» We will further
explore the topics of chemical
compounds in Chapters 3 and 4 and
chemical reactions in Chapters 5 and 6.

Subatomic particles Three kinds of
fundamental particles from which
atoms are made—protons, neutrons,
and electrons.

Proton A positively charged sub-
atomic particle.

Neutron An electrically neutral sub-
atomic particle.

Electron A negatively charged sub-
atomic particle.

Atomic mass unit (amu) The unit
for describing the mass of an atom;
lamu = % the mass of a carbon-12
atom.

’
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Thus, for all practical purposes, both a proton and a neutron have a mass of 1 amu
(Table 2.1). Hydrogen atoms are only about one-twelfth as heavy as carbon atoms and
have a mass close to 1 amu, magnesium atoms are about twice as heavy as carbon atoms
and have a mass close to 24 amu, and so forth.

Subatomic particles are not distributed at random throughout an atom. Rather, the
protons and neutrons are packed closely together in a dense core called the nucleus.
Surrounding the nucleus, the electrons move about rapidly through a large, mostly
empty volume of space (Figure 2.1). Measurements show that the diameter of a nucleus

is only about 10> m, whereas that of the atom itself is about 10~'° m. For comparison,

A The relative size of anucleusin an

atom is the same as that of a peain
the middle of this stadium.

Nucleus The dense, central core of
an atom that contains protons and
neutrons.

AFigure2.1

The structure of an atom.

if an atom were the size of a large domed stadium, the nucleus would be approximately
the size of a small pea in the center of the playing field.

Volume occupied by negatively
charged electrons
[<— Approximately 10710 m >

Proton
(positive charge)

Neutron

\
(nO Charge) \ '

Approximately 1071° m

Protons and neutrons are packed together in the nucleus, whereas electrons move about in the large
surrounding volume. Virtually all the mass of an atom is concentrated in the nucleus.

The structure of the atom is determined by an interplay of different attractive and
repulsive forces. Because unlike charges attract one another, the negatively charged
electrons are held near the positively charged nucleus. But because like charges repel
one another, the electrons also try to get as far away from one another as possible,
accounting for the relatively large volume they occupy.

» The positively charged protons
in the nucleus also repel one another
but are nevertheless held together by
a unique attraction called the nuclear

— o— 4—6 e-» °—><—:*

Electrons repel
one another

Protons and electrons
attract one another

Protons repel
one another

strong force, which we will discuss
further in Chapter 11.

“I* Are Atoms Real?

Chemistry rests on the premise that matter is composed of the
tiny particles we call atoms. Every chemical reaction and every
physical law that governs the behavior of matter is explained
by chemists in terms of atomic theory. But how do we know
that atoms are real and not just an imaginary concept? And
how do we know the structure of the atom?

The development of our understanding of atomic struc-
ture is another example of the scientific method at work, with
several scientists contributing to our understanding of atomic

Like cha;ges repel Opposite charges attract

structure. J. J. Thomson demonstrated that matter contained
negatively charged particles that were 1000 times lighter
than H™, the lightest positively charged particles found in
aqueous solution, and that the mass-to-charge ratio of these
particles was the same regardless of the material used to pro-
duce the particles (Section 5.5 and Chapter 10]. Ernest Ruth-
erford deduced that an atom consists mostly of empty space
(occupied by the negatively charged electrons) and that most
of the mass and all of the positive charges are contained in a
relatively small, dense region that he called the “nucleus.”
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(b)

A (a) STM image of the Kanji characters for “atom” formed by iron atoms (radius = 126 pm)
deposited on a copper metal surface. (b) STM image of DNA strand deposited on a graphite

surface.

We can now actually “see” and manipulate individual
atoms through the use of a device called a scanning tunnel-
ing microscope, or STM. With the STM, invented in 1981 by a
research team at the IBM Corporation, magnifications of up
to 10 million have been achieved, allowing chemists to look
directly at atoms. The accompanying photograph shows a
computer-enhanced representation of iron atoms that have
been deposited on a copper surface.

Most early uses of the STM involved studies of surface chem-
istry, such as the events accompanying the corrosion of metals
and the ordering of large molecules in polymers. More recently,
however, the STM has been used to determine the structures
of complex biological molecules, such as immunoglobulin G,

2.2 Elements and Atomic Number

Learning Objective:

streptavidin, proteins and enzymes, and DNA, providing vital
information about the structures and functions of these biomol-
ecules. Modifications to the STM instrumentation have allowed
imaging of these materials in situ (i.e., in their natural state] and
also allowed scientists to manipulate individual molecules.

CIAProblem 2.1 Whatis the advantage of using an STM rather
than a normal light microscope?

CIAProblem 2.2 For the Kanji character in the lower portion of
figure (a):
(1) How wide is the character in terms of iron atoms?

(2) Given the radius of aniron atom is 126 pm, calculate the
width of this character in centimeters.

¢ |dentify atoms of an element based on the number of protons in the nucleus.

All atoms contain proton, neutrons, and electrons, but how do we distinguish an atom
of carbon from an atom of oxygen, or sodium? Each atom has a specific number of
protons, neutrons, and electrons, and the identity of the element is determined by the
number of protons within the nucleus, also called the element’s atomic number (Z).
Every element has a different number of protons within its nucleus, thus every element
has a different atomic number. If we know the number of protons in an atom, we can
identify the element. Any atom with six protons, for example, is a carbon atom because
the atomic number for carbon is 6 (Z = 6).

Atoms are neutral and have no net charge because the number of positively charged
protons in an atom is the same as the number of negatively charged electrons. Thus,
the atomic number also equals the number of electrons in every atom of a given ele-
ment. Hydrogen, Z = 1, has only 1 proton and 1 electron; carbon, Z = 6, has 6 pro-
tons and 6 electrons; sodium, Z = 11, has 11 protons and 11 electrons; and so on, up

Atomic number (Z) The number of
protons in the nucleus of an atom of a
given element.

LOOKING AHEAD “» In a neutral
atom, the number of electrons is

equal to the number of protons.
However, most elements can gain or
lose electrons to form charged particles,
called ions, which will be discussed in
Chapter 3.
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Mass number (A) The total number of
protons and neutrons in an atom.

to the element with the largest known atomic number (Z = 118). In a periodic table,
elements are listed in order of increasing atomic number, beginning at the upper left
and ending at the lower right.

The sum of the protons and neutrons in an atom is called the atom’s mass number
(A). For example, hydrogen atoms with 1 proton and no neutrons have mass number 1,
carbon atoms with 6 protons and 6 neutrons have mass number 12, sodium atoms with
11 protons and 12 neutrons have mass number 23. Atomic number and mass number
can be written using chemical symbols by showing the element’s mass number (A) as
a superscript and its atomic number (Z) as a subscript in front of the atomic symbol.
For example, 4X, where X represents the symbol for the element, A represents the mass
number, and Z represents the atomic number.

Worked Example 2.1 Atomic Structure: Protons, Neutrons, and Electrons

Phosphorus has the atomic number Z = 15. How many protons, electrons, and neutrons are there in phospho-
i rus atoms, which have mass number A = 317

ANALYSIS The atomic number gives the number of protons, which is the same as the number of electrons, and the
: mass number gives the total number of protons plus neutrons.

: SOLUTION

Phosphorus atoms, with Z = 15, have 15 protons and 15 electrons. To find the number of neutrons, subtract
i the atomic number from the mass number.

Mass number Atomic number
(sum of protons and neut@ /(;umber of protons)

31 — 15 = 16 neutrons

Worked Example 2.2 Atomic Structure: Atomic Number and Atomic Mass

An atom contains 28 protons and has A = 60. Give the number of electrons and neutrons in the atom, and

i identify the element.

ANALYSIS The number of protons and the number of electrons are the same and are equal to the atomic
i number Z, 28 in this case. Subtracting the number of protons (28) from the total number of protons plus
: neutrons (60) gives the number of neutrons.

| SOLUTION

i The atom has 28 electrons and 60 — 28 = 32 neutrons. The list of elements inside the front cover shows that
the element with atomic number 28 is nickel (Ni).

Isotopes Atoms with identical atomic
numbers but different mass numbers.

PROBLEM 2.1

Use the list inside the front cover to identify the following elements:
(a) A = 186, with 111 neutrons
(b) A = 59, with 21 neutrons
(¢) A = 127, with 75 neutrons

2.3 Isotopes and Atomic Mass

Learning Objective:

e Write the symbols for differentisotopes of an element, and use relative abundances and
atomic masses of isotopes to calculate the average atomic mass of an element.

All atoms of a given element have the same number of protons, equal to the atomic
number (Z) of that element; however, different atoms of an element can have differ-
ent numbers of neutrons and, therefore, different mass numbers. Atoms with identi-
cal atomic numbers but different mass numbers are called isotopes. Hydrogen, for
example, has three isotopes. The most abundant hydrogen isotope, called protium, has
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one proton but no neutrons and thus has a mass number of 1. A second hydrogen iso-
tope, called deuterium, also has one proton, but has one neutron and a mass number
of 2; and a third isotope, called tritium, has two neutrons and a mass number of 3.

¢

+) ¢ e - S -

Protium—one proton Deuterium—one proton Tritium—one proton
(@) and no neutrons; (@) and one neutron (@); (@) and two neutrons (@);
mass number = 1 mass number = 2 mass number = 3

A specific isotope is represented by showing its mass number (A) as a superscript
and its atomic number (Z) as a subscript in front of the atomic symbol, for example, 2X.
Thus, protium is {H, deuterium is %H, and tritium is ?H.

Mass number
(sum of protons and neutrons)

%H"\ Symbol of element

Atomic number
(number of protons)

Unlike the three isotopes of hydrogen, the isotopes of most elements do not have
distinctive names. Instead, the mass number of the isotope is given after the name of
the element. The 233U isotope used in nuclear reactors, for example, is usually referred
to as uranium-235, or U-235.

Most naturally occurring elements are mixtures of isotopes. In a large sample of
naturally occurring hydrogen atoms, for example, 99.985% have mass number A = 1
(protium) and 0.015% have mass number A = 2 (deuterium). Therefore, it is useful to
know the average mass of the atoms in a large sample, a value called the element’s
atomic mass. For hydrogen, the atomic mass is 1.008 amu. Atomic masses for all ele-
ments are given on the inside of the front cover of this book.

To calculate the atomic mass of an element, the individual masses of the naturally
occurring isotopes and the percent abundance of each must be known. The atomic mass
can then be calculated as the sum of the masses of the individual isotopes for that ele-
ment, or

Atomic mass = X[ (isotopic abundance) X (isotopic mass) ]

where the Greek symbol 2, indicates the mathematical summing of terms.

Chlorine, for example, occurs on earth as a mixture of 75.77% Cl1-35 atoms
(mass = 34.97 amu) and 24.23% CI-37 atoms (mass = 36.97 amu). This can also
be expressed in terms of fractional composition (i.e., 75.77% of all chlorine atoms is the
same as a fraction of 0.7577). The atomic mass is found by calculating the percentage
of the mass contributed by each isotope. For chlorine, the calculation is done in the fol-
lowing way (to four significant figures), giving an atomic mass of 35.45 amu:

Contribution from *>Cl: (0.7577) (34.97 amu) = 26.4968 amu
Contribution from ¥’Cl: (0.2423)(36.97 amu) = 8.9578 amu
Atomic mass = 35.4546 = 3545 amu
(Rounded to four significant figures)

The final number of significant figures in this case (four) was determined by the

rounding rules presented in Chapter 1. Note that the final rounding to four significant
figures was not done until after the final answer was obtained.
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2» We will see that isotopes of the
same element have the same chemical
behavior (Chapter 5) but very different
nuclear behavior (Chapter 11). Tritium,
for example, is unstable and does not
occur naturally in significant amounts,
although it can be made in nuclear
reactors.

2» We will discuss nuclear reactors in
Section 11.9.

Atomic mass The weighted average
mass of an element’s atoms.
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Worked Example 2.3 Average Atomic Mass: Weighted-Average Calculation

Gallium is a metal with a very low melting point—it will melt in the palm of your hand. It has two naturally
: occurring isotopes: 60.4% is Ga-69 (mass = 68.9257 amu) and 39.6% is Ga-71 (mass = 70.9248 amu).
: Calculate the atomic mass for gallium.

ANALYSIS We can calculate the average atomic mass for the element by summing up the contributions from
i each of the naturally occurring isotopes.

BALLPARK ESTIMATE The masses of the two naturally occurring isotopes of gallium differ by 2 amu (68.9 and
: 70.9 amu). Since slightly more than half of the Ga atoms are the lighter isotope (Ga-69), the average mass will
: be slightly less than halfway between the two isotopic masses; estimate = 69.8 amu.

| SOLUTION

STEP 1: Identify known information. Ga-69 (60.4% at 68.9257 amu)

Ga-71 (39.6% at 70.9248 amu)

: STEP 2: Identify the unknown answer Atomic mass for Ga (in amu) = ?

: and units.

STEP 3: Identify conversion factors or Atomic mass = X[ (isotopic abundance) X (isotopic mass) ]

i equations. This equation calculates the

: average atomic mass as a weighted average
of all naturally occurring isotopes.

STEP 4: Solve. Substitute known informa- Atomic mass = (0.604) X (68.9257 amu) = 41.6311 amu

| tion and solve. + (0.396) X (70.9248 amu) = 28.0862 amu

Atomic mass = 69.7 amu (3 significant figures )

BALLPARK CHECK Our estimate (69.8 amu) is close!

Worked Example 2.4 Identifying Isotopes from Atomic Mass and Atomic Number

Identify element X in the symbol %X and give its atomic number, mass number, number of protons, number
i of electrons, and number of neutrons.

ANALYSIS The identity of the atom corresponds to the atomic number—78.

: SOLUTION

! Element X has Z = 78, which shows that it is platinum. (L.ook inside the front cover for the list of

elements.) The isotope '7¢Pt has a mass number of 194, and we can subtract the atomic number from the

i mass number to get the number of neutrons. This platinum isotope therefore has 78 protons, 78 electrons, and
i 194 — 78 = 116 neutrons.

PROBLEM 2.2

Potassium (K) has two naturally occurring isotopes: K-39 (93.12% mass = 38.9637 amu)
and K-41 (6.88%; 40.9618 amu). Calculate the atomic mass for potassium. How does
your answer compare with the atomic mass given in the list inside the front cover of
this book?

PROBLEM 2.3
Bromine, an element present in compounds used as sanitizers and fumigants (for exam-
ple, ethylene bromide), has two naturally occurring isotopes. Look up the mass numbers
of the two naturally occurring isotopes of bromine, along with their percent abundance.
(@) Write the symbols for both isotopes.
(b) Using the masses and natural percent abundances, calculate the average molecu-

lar mass for bromine and compare your value to the value found in the periodic
table on page 84.
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Isotopes are used in many applications, including diag- Into pile 3, place six “p” and eight “n” pieces. How is
nosis and treatment of cancer and other diseases. In this activ- each pile similar, and how are they different?
ity, we will explore the structure of some isotopes of a specific b. The three piles representisotopes of a particular
element. Take two pieces of construction paper of different element. Which element? Write the atomic symbols for
colors and cut each into about 25 pieces. Label each piece of eachisotope.
one color with an “n” for neutron and each piece of the other c. Look up the natural abundance of each isotope and
color with a “p” for proton. calculate the average atomic mass for this element.

a. Distribute the pieces of construction paper into three How does your answer compare with the atomic mass

piles as follows. Into pile 1, place six “p” and six “n” given in the periodic table?

“ “ 9

pieces. Into pile 2, place six “p” and seven “n” pieces.

PROBLEM 2.4

An element used to sanitize water supplies has two naturally occurring isotopes with
mass numbers of 35 and 37, and 17 electrons. Write the symbols for both isotopes,
including their atomic numbers and mass numbers.

2.4 The Periodic Table

Learning Objective:

* Locate elements on the periodic table and classify them as metals, nonmetals, or metal-
loids based on their location.

Ten elements have been known since the beginning of recorded history: antimony (Sb),
carbon (C), copper (Cu), gold (Au), iron (Fe), lead (Pb), mercury (Hg), silver (Ag), sul-
fur (S), and tin (Sn). It is worth noting that the symbols for many of these elements are
derived from their Latin names, a reminder that they have been known since the time
when Latin was the language used for all scholarly work. The first “new’ element to
be found in several thousand years was arsenic (As), discovered in about 1250. In fact,
only 24 elements were known up to the time of the American Revolution in 1776.

As the pace of discovery quickened in the late 1700s and early 1800s, chemists
began to look for similarities among elements that might make it possible to draw
general conclusions. Numerous attempts were made in the mid-1800s to account for the
similarities among groups of elements, but the great breakthrough came in 1869 when
the Russian chemist Dmitri Mendeleev organized the elements in order of increasing
mass and then organized elements into groups based on similarities in chemical behav-
ior. His table is a forerunner of the modern periodic table. The table has boxes for each
element that give the symbol, atomic number, and atomic mass of the element:

6 ~—T—— Atomic number
C <~ Symbol

12.011<—— Atomic mass

The atomic masses for each element in the table are the average masses calculated
based on the mass and percent abundance of the naturally occurring stable isotopes.
The boxes are arranged in order of increasing atomic number, with the elements ar-
ranged in rows and columns as shown in Figure 2.2. An enormous amount of informa-
tion is embedded in the periodic table, information that gives chemists the ability to
explain known chemical behavior of elements and to predict new behavior.

Periodic table A tabular format listing
all known elements where the atomic
symbol (top), name of the element
(middle), and atomic mass (bottom) are
given in each box that represents the
element.
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Main groups —

8A
18

3A 4A 5A 6A 7A 2

13 14 15 16 17 4,(1)_3560

Transition metal groups
5 6 7 8 9 10
B C N (0) F | Ne

10.81 [ 12.011 |14.0067 [15.9994 |18.9984 |20.1797
38 4B 5B 6B 7B —— 8B —— 1B 2B =Tt T o 1 s

3 4 5 6 7 8 9 10 11 12 | Al | Si P S Cl | Ar
26.98154] 28.0855 | 309738 | 32.066 |35.4527 | 39.948

44.9559| 47.88 |50.9415( 51.996 |54.9380 | 55.847 |58.9332| 58.69 | 63.546 | 65.39 | 69.72 | 72.61 |74.9216| 78.96 | 79.904 | 83.80

21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
Sc Ti A% Cr ([Mn | Fe [ Co | Ni | Cu | Zn | Ga | Ge | As Se Br | Kr

Y 8
88.9059| 91.224 [92.9064| 95.94 | (98) | 101.07 |102.9055( 106.42 [107.8682| 112.41 | 114.82 |118.710|121.757 ] 127.60 126.9045| 131.29

39 40 41 9 43 44 45 46 47 48 49 50 51 52 53 54
Zr [ Nb [Mo| Tc | Ru | Rh | Pd | A Cd | In | Sn | Sb | Te 1 Xe

138.9055 178.49 |180.9479( 183.85 [186.207| 190.2 | 192.22 | 195.08 |196.9665( 200.59 [204.383| 207.2 [208.9804| (209) | (210) [ (222)

57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
*Laf Hf | Ta | W | Re | Os | Ir Pt | Au | Hg | Tl | Pb | Bi | Po | At | Rn

tAcfl Rf | Db | Sg | Bh | Hs | Mt | Ds | Rg | Cn
227.0278| (261) | (262) | (266) | (264) | (269) | (268) | 271) | (272) | (285) | (284) | (289) | (288) | (292) | (293) | (294)

89 104 105 106 107 108 109 110 111 112 113 114 115 116 117 118

Lanthanides Ce | Pr [Nd |Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu

Main groups
1A
Period !
11{ 2A
! 1oo794f 2
3 4
2 Li Be
6.941 9.01218
11 12
3 Na | Mg
2298977 | 24.305
19 20
4 K Ca
39.0983| 40.078
37 38
5 Rb Sr
85.4678| 87.62
55 56
6 Cs | Ba
132.9054| 137.33
87 88
7 Fr Ra
(223) [226.0254
A Figure 2.2

58 59 60 61 62 63 64 65 66 67 68 69 70 71

140.12 |140.9077| 144.24 | (145) | 150.36 |151.965| 157.25 [158.9254| 162.50 [164.9304| 167.26 |168.9342| 173.04 |174.967
90 91 92 93 94 95 9% 97 98 99 100 | 101 | 102 | 103

Actinides Th | Pa U Np | Pu | Am | Cm | Bk | Cf Es | Fm | Md | No | Lr

232.0381(231.0399|238.0289|237.048| (244) | (243) | (247) | (247) | @51) | 252) | (@57) | (258) | (259) | (262)

Metals Metalloids Nonmetals

The periodic table of the elements.

Elements are organized into groups, indicated with numbers and letters. Main group elements are in columns labeled 1A—-8A,
while the transition metal groups are in columns labeled 1B—8B. Elements to the left and bottom of the periodic table are
classified as metals, while elements in the upper right portion are classified as nonmetals.

Metal A malleable element, with a
lustrous appearance, that is a good con-
ductor of heat and electricity.

Nonmetal An element that is a poor
conductor of heat and electricity.

Metalloid An element whose proper-
ties are intermediate between those of
a metal and a nonmetal.

One way of classifying the elements is by similarities in physical properties. Of
the 118 currently known elements, 94 are classified as metals—aluminum, gold, cop-
per, and zinc, for example. Metals are solid at room temperature (except for mercury),
usually have a lustrous appearance when freshly cut, are good conductors of heat and
electricity, and are malleable rather than brittle. That is, metals can be pounded into
different shapes rather than shattering when struck. Note that metals occur on the left
side of the periodic table.

Eighteen elements are nonmetals. All are poor conductors of heat and electricity.
Eleven are gases at room temperature, six are brittle solids, and one is a liquid. Oxygen
and nitrogen, for example, are gases present in air; sulfur is a solid found in large un-
derground deposits. Bromine is the only liquid nonmetal. Note that nonmetals occur on
the upper right side of the periodic table.

The metalloids are located in a zigzag band between the metals on the left and non-
metals on the right side of the periodic table. Although there is some debate as to which
elements to include in this list, we include only six in this text: boron, silicon, arsenic, ger-
manium, antimony, and tellurium. The metalloids are so named because their properties
are intermediate between those of metals and nonmetals. Pure silicon, for example, has
a lustrous or shiny surface, like a metal, but it is brittle, like a nonmetal, and its electrical
conductivity lies between that of metals and nonmetals. Some chemistry texts identify
polonium as a metalloid, but its chemical behavior and conductivity more closely resem-
ble that of other metals. Others include astatine in the list, but this is purely academic: as
a very rare and unstable element, it would be difficult to collect a sample of astatine large
enough to obtain reliable data regarding its chemical and physical behavior.
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(a) (b) ()

A Metals: Gold, zinc, and copper.

(a) Known for its beauty, gold is very unreactive and is used primarily in jewelry and in electronic components. (b) Zinc,
an essential trace element in our diets, has industrial uses ranging from the manufacture of brass, to roofing materials, to
batteries. (c) Copper is widely used in electrical wiring, in water pipes, and in coins.

(@

A Nonmetals: Nitrogen, sulfur, and iodine.

(a) Nitrogen, (b) sulfur, and (c) iodine are essential to all living things. Pure nitrogen, which constitutes almost 80% of air, is a
gas at room temperature and does not condense to a liquid until it is cooled to —328 °C. Sulfur, a yellow solid, is found in large
underground deposits in Texas and Louisiana. Iodine is a dark violet crystalline solid that was first isolated from seaweed.

(a) (b)

A Metalloids: Boron and silicon.
(a) Boron is a strong, hard metalloid used in making the composite materials found in military aircraft. (b) Silicon is well known
for its use in making computer chips.



86 CHAPTER2 Atoms and the Periodic Table

Period One of the seven horizontal
rows of elements in the periodic table.

Group One of the 18 vertical columns
of elements in the periodic table.

Main group element An element in one
of the two groups on the left or the six
groups on the right of the periodic table.

Transition metal element An element
in one of the 10 smaller groups near
the middle of the periodic table.

Inner transition metal element An
element in one of the 14 groups shown
separately at the bottom of the periodic
table.

Another way of classifying the elements in the periodic table is based on similarities
in chemical behavior. Beginning at the upper left corner of the periodic table, elements
are arranged by increasing atomic number into seven horizontal rows, called periods,
and 18 vertical columns, called groups. When organized in this way, the elements in
a given group have similar chemical properties. Lithium, sodium, potassium, and the
other elements in group 1A behave similarly. Chlorine, bromine, iodine, and the other
elements in group 7A behave similarly and so on throughout the table.

Note that different periods (rows) contain different numbers of elements. The first
period contains only two elements, hydrogen and helium; the second and third periods
each contain eight elements; the fourth and fifth periods each contain 18; the sixth and
seventh periods contain 32. Note also that the 14 elements following lanthanum (the
lanthanides) and the 14 following actinium (the actinides) are pulled out and shown
below the others.

Groups are numbered in two ways, both shown in Figure 2.2. The two large groups
on the far left and the six on the far right are called the main group elements and are
numbered 1A through 8A. The 10 smaller groups in the middle of the table are called the
transition metal elements and are numbered 1B through 8B. Alternatively, all 18 groups
are numbered sequentially from 1 to 18. The 14 groups shown separately at the bottom of
the table are called the inner transition metal elements and are not numbered.

PROBLEM 2.5
Locate aluminum in the periodic table and give its group number and period number.

PROBLEM 2.6
Identify the group 1B element in period five and the group 2A element in period four.

PROBLEM 2.7

There are five elements in group SA of the periodic table. Identify them and give the
period of each.

PROBLEM 2.8

The six metalloids are boron (B), silicon (Si), germanium (Ge), arsenic (As), antimony
(Sb), and tellurium (Te). Locate them in the periodic table and tell where they appear
with respect to metals and nonmetals.

PROBLEM 2.9

Locate the following elements in the periodic table, give the corresponding name for
each, and classify them according to group (i.e., halogen, noble gas, alkali metal, etc.).

(a) Ti (b) Te (c) Se (d) Sc (e) At f) Ar

2.5 Some Characteristics of Different Groups

Learning Objective:

¢ Classify elements and describe chemical behavior based on group membership.

To see why the periodic table has the name it does, look at the graph of atomic radius ver-
sus atomic number in Figure 2.3. The graph shows an obvious periodicity—a repeating
rise-and-fall pattern. Beginning on the left with atomic number 1 (hydrogen), the sizes of
the atoms increase to a maximum at atomic number 3 (lithium), then decrease to a mini-
mum, then increase again to a maximum at atomic number 11 (sodium), then decrease, and
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so on. It turns out that the local maximum values occur for atoms of group 1A elements—
Li, Na, K, Rb, Cs, and Fr—and the local minimum values occur for atoms of the group 7A
elements.

There is nothing unique about the periodicity of atomic radii shown in Figure 2.3. The
melting points of the first 100 elements, for example, exhibit similar periodic behavior, as
shown in Figure 2.4, with a systematic trend of peaks and valleys as you progress through
the elements in the periodic table. Many other physical and chemical properties can be
plotted in a similar way with similar results. In fact, the various elements in a given group
of the periodic table usually show remarkable similarities in many of their chemical and
physical properties. Look at the following four groups, for example:

*  Group 1A—Alkali metals: Lithium (Li), sodium (Na), potassium (K), rubidium
(Rb), cesium (Cs), and francium (Fr) are shiny, soft metals with low melting points.
All react rapidly (often violently) with water to form products that are highly alka-
line, or basic—hence the name alkali metals. Because of their high reactivity, the
alkali metals are never found in nature in the pure state but only in combination
with other elements.

*  Group 2A—Alkaline earth metals: Beryllium (Be), magnesium (Mg), calcium
(Ca), strontium (Sr), barium (Ba), and radium (Ra) are also lustrous, silvery metals
but are less reactive than their neighbors in group 1A. Like the alkali metals, the
alkaline earths are never found in nature in the pure state.

<Figure 2.3

A graph of atomic radius in
picometers (pm) versus atomic
number shows a periodic rise and
fall pattern.

The maxima occur for atoms of the
group 1A elements (Li, Na, K, Rb, Cs,
and Fr in red); the minima occur for
atoms of the group 7A elements (blue).
Accurate data are not available for the
group 8A elements.

<Figure 2.4

A graph of melting point versus
atomic number shows periodic
properties similar to the trend in
Figure 2.3.

While the maxima and minima are not
as sharp as in Figure 2.3, the change
in melting points of the elements still
shows a similar periodic trend.

A Sodium, an alkali metal, reacts
violently with water to yield hydrogen
gas and an alkaline (basic) solution.

Alkali metal An element in group 1A
of the periodic table.

Alkaline earth metal An element in
group 2A of the periodic table.
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* Group 7A—Halogens: Fluorine (F), chlorine (Cl), bromine (Br), iodine (I), and
astatine (At) are colorful and corrosive nonmetals. All are found in nature only in
combination with other elements, such as with sodium in table salt (sodium chlo-

Halogen An element in group 7A of ride, NaCl). In fact, the group name halogen is taken from the Greek word hals,
the periodic table. meaning salt.

Noble gas An element in group 8A of e Group 8A—Noble gases: Helium (He), neon (Ne), argon (Ar), krypton (Kr),
the periodic table. xenon (Xe), and radon (Rn) are colorless gases. The elements in this group were

labeled the “noble” gases because of their lack of chemical reactivity—helium,
neon, and argon do not combine with any other elements, whereas krypton and
xenon combine with a very few.

»» Carbon, the element on which PROBLEM 2.10

life is based, is a group 4A nonmetal . : . PNET)
near the top right of the periodic Locate (a) krypton, (b) strontium, (c) nitrogen, and (d) cobalt in the periodic table.

table. Clustered near carbon are other Indicate which categories apply to each: (i) metal, (ii) nonmetal, (iii) transition ele-
elements often found in living organ- ment, (iv) main group element, and (v) noble gas.

isms, including oxygen, nitrogen,

phosphorus, and sulfur. We will look at

the subject of organic chemistry—the PROBLEM 2.11

chemistry of carbon compounds— For each of the following sets of elements, arrange in order of increasing atomic
in Chapters 12-17 and move on to dius:

biochemistry—the chemistry of living radus:

things—in Chapters 18-29. a) Na, Li, Rb, K b) Li,O,C,F ¢) C,Br,I,F

PROBLEM 2.12

For each set of elements presented in the previous problem, arrange in order of in-
creasing melting point.

(€=3 KEY CONCEPT PROBLEM 2.13

Identify the elements whose nuclei are shown next. For each, tell its group number, its
period number, and whether it is a metal, nonmetal, or metalloid.

0 Neutron
0 Proton

(a) (b)

“¥ Essential Elements and Group Chemistry 1A. Alkali metals: Lithium (Li) plays no known physiologi-
cal role in the body, but the apparent neurological effects

of the Liion in many lithium compounds explains why they
are often used as mood stabilizing drugs. Sodium (Na] is
considered a macronutrient because of the vital role it plays
in regulation of blood volume and blood pressure and trans-
mission of nerve impulses. Potassium (K], like sodium, is
also involved in neurological functions and nerve impulse
transmission, and a deficiency in K ions can lead to cardiac
dysfunctions.

In Chapter 1, we introduced the essential elements—elements
that are vital to good health and fitness. In this chapter, we
demonstrated how elements in a group exhibit similar chemi-
cal properties. As you might expect, the properties of a group
influence their role in the metabolism of an organism. As we
noted in Chapter 1, these elements are typically not present
in the body as free atoms but as ions or combined with other
elements in compounds (discussed in Chapter 3). Let’s take a
look at some of the major players in the different groups:



2A. Alkaline earth metals: Magnesium (Mg) ions are
important in many enzymatic processes, including energy
production and DNA synthesis. Magnesium compounds also
are used therapeutically as laxatives and to relieve the symp-
toms of fibromyalgia, migraines, and premenstrual syndrome.
Calcium (Ca) is a major component in teeth and bones and also
plays a role in neurotransmission and muscle contraction. An
excess of calcium ions is the blood can lead to impaired kid-
ney function and decreased absorption of other important
minerals.

7A. Halogens: Fluorine (F) compounds have been added into
toothpaste and municipal drinking water supplies to strengthen
tooth enamel and increase dental health. Fluorine-containing
drugs are used to lower cholesterol, as antidepressants, antibi-
otics, and anesthetics. Chlorine (Cl) ions play an important role
in maintaining salt balance in bodily fluids. Bromine (Br) was
initially thought to have no biological function; recent research
indicates that it is necessary for tissue development. lodine (I)
is an essential trace element, primarily because of its role as
a constituent in thyroxine, a thyroid hormone responsible for
regulation of basal metabolism.

1-8B. Transition metals: Probably the most familiar es-
sential transition metal is iron (Fe], a major component in
hemoglobin that is responsible for oxygen transport in the
blood. But many other transition metals are constituents of
enzymes (biological catalysts), including chromium (Cr), co-
balt (Co), copper (Cu), molybdenum (Mo}, manganese (Mn],
and zinc (Zn). Zinc, in particular, is recognized as an essen-
tial mineral important to public health. Zinc deficiencies in
children are linked to delayed growth and sexual maturation,
severe dermatitis, and diarrhea.
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A This infant is suffering from acrodermatitis enteropathica, a
skin condition resulting from an inability to metabolize zinc.

CIAProblem 2.3 Elements from other groups also play impor-
tant biological roles. Identify each of the following:

a) A group 5A element that is a major component of cell
membranes and bones.

b) A group 6A element that is involved in thyroid function
and a constituent of enzymes involved in fat metabolism
butis toxic in large doses.

CIAProblem 2.4 Locate and identify the group number for each
of the transition metals mentioned earlier.

2.6 Electronic Structure of Atoms

Learning Objective:

e Describe the distribution of electrons into shells, subshells, and orbitals around the
nucleus of an atom.

Why does the periodic table have the shape it does, with periods of different length?
Why are periodic variations observed in atomic radii and in so many other characteris-
tics of the elements? And why do elements in a given group of the periodic table show
similar chemical behavior? These questions occupied the thoughts of chemists for more
than 50 years after Mendeleev, and it was not until well into the 1920s that the answers
were established. Today, we know that the properties of the elements are determined by
the arrangement of electrons in their atoms.

Our current understanding of the electronic structure of atoms is based on the
quantum mechanical model, developed by Austrian physicist Erwin Schrédinger in
1926. One of the fundamental assumptions of the model is that electrons have both
particle-like and wave-like properties, and that the behavior of electrons can be
described using a mathematical equation called a wave function. One consequence
of this assumption is that electrons are not perfectly free to move about in an atom.
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A Stairs are quantized because they
change heightin discrete amounts.
Aramp, by contrast, is not quan-
tized because it changes height
continuously.

Shell (electron) A grouping of elec-
trons in an atom according to energy.

Subshell (electron) A grouping of
electrons in a shell according to the
shape of the region of space they
occupy.

Orbital A region of space within an
atom where an electron in a given
subshell can be found.

Instead, each electron is restricted to a certain region of space within the atom,
depending on the energy level of the electron. Different electrons have different
amounts of energy and thus occupy different regions within the atom. Furthermore, the
energies of electrons are quantized or restricted to having only certain values.

To understand the idea of quantization, think about the difference between stairs
and a ramp. A ramp is not quantized because it changes height continuously. Stairs, by
contrast, are quantized because they change height only by a fixed amount. When you
walk up a flight of stairs, you can put your foot on each step, but you cannot stand any
place between the two steps. Conversely, on a ramp, you can step anywhere on the ramp
you like. In the same way, the energy values available to electrons in an atom change
only in steps rather than continuously.

The wave functions derived from the quantum mechanical model also provide im-
portant information about the location of electrons in an atom. Just as a person can be
found by giving his or her address within a state, an electron can be found by giving its
“address” within an atom. Furthermore, just as a person’s address is composed of sev-
eral successively narrower categories—city, street, and house number—an electron’s
address is also composed of successively narrower categories—shell, subshell, and
orbital, which are defined by the quantum mechanical model.

The electrons in an atom are grouped around the nucleus into shells, like the lay-
ers in an onion, according to the energy of the electrons. The shell is designated using
the letter n; n =1 for the first shell (period 1), n =2 for the second shell (period 2), and
so on. The farther a shell is from the nucleus, the larger it is, the more electrons it can
hold, the higher the energies of those electrons, and thus the easier they are to remove
because they are the farthest away from the positively charged nucleus. The first shell
(the one nearest the nucleus) can hold only 2 electrons, the second shell can hold 8, the
third shell can hold 18, and the fourth shell can hold 32 electrons.

Shell number: 1 2 3 4
Electron capacity: 2 8 18 32

Within shells, electrons are further grouped into subshells of four different types,
identified in order of increasing energy by the letters s, p, d, and f. The first shell has
only one subshell, 5. The second shell has two subshells: an s subshell and a p subshell.
The third shell has an s, p, and d subshell. The fourth shell has an s, p, d, and f subshell.
Of the four types, we will be concerned mainly with s and p subshells because most
of the elements found in living organisms use only these. A specific subshell is sym-
bolized by writing the number of the shell followed by the letter for the subshell. For
example, the designation 3p refers to the p subshell in the third shell (n = 3). Note that
the number of subshells in a given shell is equal to the shell number. For example, shell
number 3 has three subshells (s, p, and d).

Finally, within each subshell, electrons are grouped into orbitals, regions of space
within an atom where the specific electrons are most likely to be found. There are dif-
ferent numbers of orbitals within the different kinds of subshells. A given s subshell has
only one orbital, a p subshell has three orbitals, a d subshell has five orbitals, and an
S subshell has seven orbitals. Each orbital can hold only two electrons, which differ in
a property known as spin. If one electron in an orbital has a clockwise spin, the other
electron in the same orbital must have a counterclockwise spin. Since the number of
orbitals in a shell increases as n increases, the number of electrons that can be placed in
a shell also increases with n, as seen in Table 2.2. The following figure summarizes the
configuration of shells, subshells, and orbitals.

Shell number: 1 2 3 4
—— - —~
Subshell designation: 5 s,p s,p,d s,p,d,f

Number of orbitals: 1 1,3
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Table 2.2 Electron Distribution in Atoms

Shell Number: 1 2 3 4

Subshell designation: s s, p s,p,d s,p,df
Number of orbitals: 1 1,3 1,3,5 1,3,5,7
Number of electrons: 2 2,6 2,6,10 2,6,10,14
Total electron capacity: 2 8 18 32

In the quantum mechanical model, different orbitals have different shapes and
orientations. Orbitals in s subshells are spherical regions centered about the nucleus,
whereas orbitals in p subshells are roughly dumbbell-shaped regions where the nucleus
is at the midpoint of the dumbbells (Figure 2.5). As shown in Figure 2.5b, the three
p orbitals in a given subshell are oriented at right angles to one another.

p orbitals are roughly <Figure 2.5
’ s orbitals are spherical ‘ dumbbell shaped The shapes of s and p orbitals.
/ / (a) The s orbitals and (b) the p orbitals.

The three p orbitals in a given subshell
are oriented at right angles to one an-
other. Each orbital can hold only two

\ ‘ - r electrons.
/

(a) (b)

The overall electron distribution within an atom is summarized in Table 2.2 and in
the following list:

* The first shell has a maximum capacity of only two electrons. The two electrons
have different spins and are in a single 1s orbital.

* The second shell has a maximum capacity of eight electrons. Two are in a
2s orbital, and 6 are in the three different 2p orbitals (two per 2p orbital).

e The third shell has a maximum capacity of 18 electrons. Two are in a 3s orbital,
6 are in three 3p orbitals, and 10 are in five 3d orbitals.

* The fourth shell has a maximum capacity of 32 electrons. Two are in a 4s orbital,
6 are in three 4p orbitals, 10 are in five 4d orbitals, and 14 are in seven 4f orbitals.

Worked Example 2.5 Atomic Structure: Electron Shells

How many electrons are present in an atom that has its first and second shells filled and has four electrons in
! its third shell? Name the element.

ANALYSIS The number of electrons in the atom is calculated by adding the total electrons in each shell. We
i can identify the element from the number of protons in the nucleus, which is equal to the number of electrons
i in the atom.

i SOLUTION

i The first shell of an atom holds two electrons in its 1s orbital, and the second shell holds eight electrons

i (two in a 25 orbital and six in three 2p orbitals). Thus, the atom has a total of 2 + 8 + 4 = 14 electrons.
i Since the number of electrons is equal to the number of protons, the element’s atomic number Z = 14 and

i must be silicon (Si).

PROBLEM 2.14

How many electrons are present in an atom in which the first and second shells and the
3s subshell are filled? Name the element.
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HAND

individual atoms.

a. Cutamedium-sized whole onion in half and remove
the outer dry peeling /skin. If we consider the central
kernel of the onion as the nucleus, each “layer” would d.
then correspond to a shell containing varying numbers

of electrons.

\\ :L S;U
/i‘*\’ 4d
4 —G\: N Ye— 55
AN 4p
N —_— 3d
B R 4s
= 3 e 3
A 3s
- 2p
2= 2s
Energy

1 -—- 1s

Shell Subshell

(a)

TS

35 55,765,775,

//2;//3[/4/;'/ 5p //6;7,/’7;7
l 7,

LSS
3d,74d ,”5d,” 6d 7d
\//,/ oS

s e 7
S

(b)

A Figure 2.6

Order of orbital energy levels.

(a) An energy-level diagram shows the
order in which orbitals will be filled
within each shell. Above the 3p level,
there is some crossover of energies
among orbitals in different shells.

(b) A simple scheme to remember the
order in which the orbitals are filled.

Electron configuration The specific
arrangement of electrons in an atom’s

shells and subshells.

Orbital diagram A representation of
the electron distribution into orbitals,

in which orbitals are indicated by a line

or a box and electrons in each orbital
are represented as arrows.

N CHEMISTRY 2.2

This exercise is designed to help visualize the struc- b.
ture of the atom more closely. The manipulation of an
onion will simulate the phenomenal behavior and properties of

How many shells /layers are there in your onion?
To which period in the periodic table does this
correspond?

c. Note how far each layer is from the “nucleus.” What
does this imply about the relative attractive forces
between each layer and the nucleus?

Now peel the successive layers of the onion. How big is
the outermost layer compared with the inner layers?
What does this imply about the number of electrons
that canfitin each layer?

2.7 Electron Configurations

Learning Objective:

e Write the electronic configuration for an atom to describe how electrons are distributed
into specific orbitals.

The exact arrangement of electrons in an atom’s shells and subshells is called the atom’s
electron configuration and can be predicted by applying three rules:

RULE 1: Electrons occupy the lowest-energy orbitals available, beginning with 1s.
Within each shell, the orbital energies increase in the order s, p, d, and f. For the first

three periods, the order of energy is as follows: 1s, 2s, 2p, 3s, and 3p. Across shells, the
orbital closer to the nucleus is lower in energy. For example, a 2s orbital has lower energy
than a 3s orbital. As a result, above the 3p level the order of how shells are filled is not as
straightforward. For example, the 4s orbital is lower in energy than the 3d orbitals and is
therefore filled first. The energy level diagram and simple scheme shown in Figure 2.6 can
be used to predict the order in which orbitals are filled. Neither of these diagrams need to
be memorized, however, as you can also use the periodic table to determine the order in
which orbitals are filled in relation to their placement, shown later in Section 2.8.

RULE 2: Each orbital can hold only two electrons, which must be of opposite spin.

RULE 3: Two or more orbitals with the same energy are each half-filled by one
electron before any one orbital is completely filled by the addition of the second
electron. For example, one electron is added to each of the three p orbitals before a
second electron is added to fill an orbital.

Electron configurations of the first 20 elements are shown in Table 2.3. Notice that
the number of electrons in each subshell is indicated by a superscript. For example, the
notation 1s> 25 2p° 3s” for magnesium means that magnesium atoms have two electrons
in the first shell, eight electrons in the second shell, and two electrons in the third shell.

8 electrons in second shell

2 electrons in third shell

2 electrons in first shell \ K\ /

Mg (atomic number 12):  1s? 2s? 2p° 35>

In additional to writing the configurations as shown above, we can also use orbital
diagrams. In the written representation, the superscript in the notation 1s' means that
the 1s orbital is occupied by only one electron. In an orbital diagram, the 1s orbital is
indicated by a line or a box and the single electron in this orbital is shown by a single
arrow pointing up (7). A single electron in an orbital is often referred to as being
unpaired. Two electrons in an orbital are paired, with spins in opposite directions, so
they are represented by two arrows pointing in opposite directions (one up, one down).
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Table 2.3 Electron Configurations of the First 20 Elements

Element Atomic Number Electron Configuration

H Hydrogen 1 1st

He Helium 2 1s°

Li Lithium 3 1s? 2s

Be Beryllium 4 1s% 25°

B Boron 5 1s2 252 2pt

C Carbon 6 15° 252 2p°

N Nitrogen 4 1s® 2s° 2p°

0 Oxygen 8 1s? 2s° 2p*

F Fluorine 9 1s% 2s% 2p°

Ne Neon 10 152 252 2p®

Na Sodium 11 1s% 25° 2p° 35!

Mg Magnesium 12 1s% 25% 2p® 3s°

Al Aluminum 13 1s% 25° 2p° 3s° 3p*

Si Silicon 14 152 252 2p® 35% 3p?

P Phosphorus 15 1s° 25° 2p° 35° 3p°

S Sulfur 16 152 252 2p® 35% 3p*

cl Chlorine 17 1s® 2s° 2p® 3s% 3p°

Ar Argon 18 1s% 25% 2p® 3s% 3p®

K Potassium 19 152 252 2p® 3s° 3p° 4s?

Ca Calcium 20 15% 25° 2p® 3s% 3p® 4s?
As you read through the following electron configurations, check the atomic number

and the location of each element in the periodic table (Figure 2.2). See if you can detect

the

relationship between electron configuration and position in the table.

Hydrogen (Z = 1): The single electron in a hydrogen atom is in the lowest-
energy, ls, level. The configuration can be represented in either of two ways:

H 1s! or

15t

Helium (Z = 2): The two electrons in helium are both in the lowest-energy, Ls,
orbital, and their spins are paired, as represented by up and down arrows (1| ).
Helium has a completely filled first shell (n = 1) of electrons.

He 1s2 or

152

Lithium (Z = 3): Lithium has three electrons, so we must now use the orbitals
in the second shell, starting with 2s. Since electrons are always added to the lowest
energy level first, the first two electrons fill the first shell. Next, the second shell
begins to fill. The third electron goes into the 2s orbital and is unpaired:

Li 1s22s! or — 7

1s* 2s

Because [He | has the configuration of a filled 1s? orbital, it is sometimes substi-
tuted for the 1s° orbital in depictions of electron pairing. Using this alternative
shorthand notation, the electron configuration for Li is written [He ] 2s'.

Electron Configurations
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Beryllium (Z = 4): For beryllium’s four electrons, we continue to use the second
shell. The three electrons are configured as they were for lithium, and the fourth
electron pairs up to fill the 2s orbital:

Be 152 252 or [He] 2s?

or
182 2s2

Boron (Z = 5), Carbon (Z = 6), Nitrogen (Z = 7): The next three elements
use the three 2p orbitals, one at a time. For boron, the fifth electron starts to fill

the first 2p orbital. Carbon and nitrogen’s sixth and seventh electron are placed in
the next two orbitals, respectively (instead of filling the first p orbital). Note that
representing the configurations with lines and arrows gives more information than
the alternative written notations because the filling and pairing of electrons in indi-
vidual orbitals within the p subshell is shown.

B 152252 2p!  or .. or [He]2s?2p!

152 252 N—

C 152 252 2p2 . or [He] 252 ZPZ

or
152 282 S~——

N 152252 2p%  or or [He]2s22p3

152 252 S~—

Oxygen (Z = 8), Fluorine (Z = 9), Neon (Z = 10): Electrons now pair up
one by one to fill the three 2p orbitals and fully occupy the second shell.

, or [He]2s?2p*

o 152252 2p*  or

1s2 242
2pt
F 152252 2p>  or 12 232 ~ or [He] 2s*2p
P

S

or 152 252 S~——
2p°

Ne

Just as [He | was used as a shorthand notation to indicate the closed-shell configu-
ration 1s%, we may also use [Ne ] to represent the electron configuration for a
completely filled set of orbitals in the second shell, or 1s*2s*2p®. Both helium and
neon are noble gases and are located in Group 8A on the periodic table. All of elec-
tron configurations of the elements in one period can be written in shorthand using
the noble gas that immediately precedes it in the periodic table.

Sodium to Calcium (Z = 11 — 20): The pattern seen for lithium through neon
is seen again for sodium (Z = 11) through argon (Z = 18) as the 3s and

3p subshells fill up. For elements having a third filled shell, we may use [Ar] to
represent a completely filled third shell. After argon, however, the first crossover
in subshell energies occurs. As indicated in Figure 2.6, the 4s subshell is lower in
energy than the 3d subshell and is filled first. Potassium (Z = 19) and calcium
(Z = 20), therefore, have the following electron configurations:

K 15225°2p°3s*3p°4s' or [Ar]4s!  Ca 15725%2p° 352 3p° 4s® or [Ar]4s’

After calcium we enter the transition metals, and the subsequent electrons for these
elements would be placed into the next lowest energy orbitals, or the 3d.



SECTION 2.7  Electron Configurations 95

Worked Example 2.6 Atomic Structure: Electron Configurations

Show how the electron configuration of magnesium can be assigned.
ANALYSIS Magnesium, Z = 12, has 12 electrons to be placed in specific orbitals. Assignments are made by
! putting two electrons in each orbital, according to the order shown in Figure 2.6.

i« The first two electrons are placed in the 1s orbital (1s*).

i« The next two electrons are placed in the 2s orbital (2s).

i o The next six electrons are placed in the three available 2p orbitals (2p°).
i+ The remaining two electrons are both put in the 3s orbital (3s?).

| SOLUTION
: Magnesium has the configuration 15°25°2p°3s? or [ Ne ]3s?

Worked Example 2.7 Electron Configurations: Orbital-Filling Diagrams

Write the electron diagram of phosphorus, Z = 15, using up and down arrows to show how the electrons in
: each orbital are paired.

ANALYSIS Phosphorus has 15 electrons, which occupy orbitals according to the order shown in Figure 2.6.

i o The first two are paired and fill the first shell (1s%).

i » The next eight fill the second shell (2s°2p°). All electrons are paired.

i » The remaining five electrons enter the third shell, where two fill the 3s orbital (3s) and three occupy the
£ 3p subshell, one in each of the three p orbitals.

SOLUTION
' e N[N [NINN [N -
182 2s2 T 352 3P3

PROBLEM 2.15

An element has completely filled n = 1 and n = 2 shells and has six electrons in
the n = 3 shell. Identify the element and its major group (i.e., main group, transi-
tion, etc.). Is it a metal or a nonmetal? Identify the orbital in which the last electron is
found.

PROBLEM 2.16

Write electron configurations for the following elements. (You can check your answers
in Table 2.3.)

(a)C (b)P (c) C1 dK

PROBLEM 2.17

For an atom containing 33 electrons, identify the incompletely filled subshell and
show the paired and /or unpaired electrons in this subshell using up and down arrows.

(=3 KEY CONCEPT PROBLEM 2.18
Identify the atom with the following orbital-filling diagram.

152 252 2p6 352 3p® |‘”|‘1'T|‘H|‘1'T|‘1'T| | 1 | | |

4s 3d 4p
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s-Block element A main group
element that results from the filling of
an s orbital.

p-Block element A main group
element that results from the filling of
p orbitals.

d-Block element A transition metal
element that results from the filling of
d orbitals.

f-Block element An inner transition
metal element that results from the
filling of f orbitals.

» Figure 2.7

The blocks of elements in the
periodic table correspond to filling
the different types of subshells.
Beginning at the top left and going
across successive rows of the periodic
table provides a method for remem-
bering the order of orbital filling:

s >2s —>2p—>3s—>3p—>4s —
3d — 4p, and so on.

2.8 Electron Configurations and the Periodic Table

Learning Objective:

e Identify the valence shell electrons for an atom, and which subshell of electrons
(s, p, d, f] correlate with which groups in the periodic table.

How is an atom’s electron configuration related to its chemical behavior, and why do
elements with similar behavior occur in the same group of the periodic table? As shown
in Figure 2.7, the periodic table can be divided into four regions, or blocks, of elements
according to the electron shells and subshells occupied by the subshell filled last.

* The main group 1A and 2A elements on the left side of the table (plus He) are
called the s-block elements because an s subshell is filled last in these elements.

* The main group 3A—8A elements on the right side of the table (except He) are the
p-block elements because a p subshell is filled last in these elements.

* The transition metals in the middle of the table are the d-block elements because a
d subshell is filled last in these elements.

* The inner transition metals detached at the bottom of the table are the f-block
elements because an f subshell is filled last in these elements.

~—2 10 6 }
Begin — 1s 1s
here o 2
3s 3p
4s 3d 4p
5s 4d 5p
6s 5d 6p
7s 6d 7p
| 14 |
4f
5f

[] sblock [] polock [] dblock [] # block

Thinking of the periodic table as outlined in Figure 2.7 provides a simple way to re-
member the order of orbital filling shown previously in Figure 2.6. Beginning at the
top left corner of the periodic table, the first row contains only two elements (H and
He) because only two electrons are required to fill the s orbital in the first shell, 15>
The second row begins with two s-block elements (Li and Be) and continues with six p-
block elements (B through Ne), so electrons fill the next available s orbital (2s) and then
the first available p orbitals (2p). The third row is similar to the second row, so the 3s
and 3p orbitals are filled next. The fourth row again starts with 2 s-block elements
(K and Ca) but is then followed by 10 d-block elements (Sc through Zn) and 6 p-block
elements (Ga through Kr). Thus, the order of orbital filling is 4s followed by the first
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available d orbitals (3d) followed by 4p. Continuing through successive rows of the
periodic table gives the entire filling order, identical to that shown in Figure 2.6.

ls—>2s—2p—3s—=>3p—4s—3d—4p— 55—
4d — 5p —> 6s > 4f —> 5d — 6p — T7s —> 5f—> 6d — Ip

But why do the elements in a given group of the periodic table have similar proper-
ties? The answer emerges when you look at Table 2.4, which gives electron configu-
rations for elements in the main groups 1A, 2A, 7A, and 8A. Focusing only on the
electrons in the outermost shell, or valence shell, elements in the same group of the
periodic table have similar electron configurations in their valence shells. The group
1A elements, for example, all have one valence electron, ns' (where n represents the
number of the valence shell: n = 2 for Li, n = 3 for Na, n = 4 for K, and so on).
The group 2A elements have two valence electrons (nsz). The group 7A elements have
seven valence electrons (ns2 np’ ). For example, fluorine (F) has the electron configu-
ration of 1s22s*2p® (valence electrons in bold). The group 8A elements (except He) have
eight valence electrons (ns2 np6). You might also notice that the group numbers from
1A through 8A give the numbers of valence electrons for the elements in each main
group. It is worth noting that the valence electrons are those in the outermost shell
(n)—not necessarily in the orbitals that were filled last!

Table 2.4 Valence-Shell Electron Configurations for Groups 1A, 2A, 7A, and 8A Elements

Valence-Shell Electron

Group Element Atomic Number Configuration
1A Li (lithium) 3 2st
Na (sodium) 11 3st
K (potassium) 19 4st
Rb (rubidium) 37 Sst
Cs (cesium) 55 6st
2A Be (beryllium) 4 2s?
Mg (magnesium) 12 3s?
Ca (calcium) 20 4s?
Sr (strontium) 38 5s?
Ba (barium) 56 6s?
7A F (fluorine) 9 2s22p°
Cl (chlorine) 1?7 3s23p°
Br (bromine) 35 4s%4p°
I (iodine) 53 5s25p°
8A He (helium) 2 1s?
Ne (neon) 10 252 2p®
Ar (argon) 18 352 3p®
Kr (krypton) 36 4s%4p5
Xe (xenon) 54 5s25p®

What is true for the main group elements is also true for the other groups in the
periodic table: atoms within a given group have the same number of valence electrons
and have similar electron configurations. Because the valence electrons are the most
loosely held, they are the most important in determining an element’s properties. Simi-
lar electron configurations thus explain why the elements in a given group of the peri-
odic table have similar chemical behavior.
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Valence shell The outermost electron
shell of an atom.

Valence electron An electron in the
valence shell of an atom.

2» We have seen that elements in
a given group have similar chemical
behavior because they have similar
valence electron configurations, and
that many chemical properties exhibit
periodic trends across the periodic
table. The chemical behavior of nearly
all the elements can be predicted based
on their position in the periodic table,
and this will be examined in more detail
in Chapters 3 and 4. Similarly, the
nuclear behavior of the different iso-
topes of a given element is related to
the configuration of the nucleus (i.e.,
the number of neutrons and protons)
and will be examined in Chapter 11.
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Worked Example 2.8 Electron Configurations: Valence Electrons

Write the electron configuration for the following elements, using both the complete and the shorthand
i notations. Indicate which electrons are the valence electrons.

gwm (b) C1 (¢) Zr

ANALYSIS Locate the row and the block in which each of the elements is found in Figure 2.7. The location can
i be used to determine the complete electron configuration and to identify the valence electrons.

{ SOLUTION
(a) Na (sodium) is located in the third row and in the first column of the s-block. Therefore, all orbitals up to
H the 3s are completely filled, and there is one electron in the 3s orbital.

Na: 1525 2p°3s' or [Ne]3s' (valence electrons are underlined)

(b) CI (chlorine) is located in the third row and in the fifth column of the p-block. Therefore, there are five
i electrons in the 3p orbital.

Cl: 15> 25> 2p° 35> 3p> or [Ne] 3s*3p°

(¢) Zr (zirconium) is located in the fifth row and in the second column of the d-block. All orbitals up to the
{ 4d are completely filled, and there are two electrons in the 4d orbitals. Note that the 4d orbitals are filled
after the Ss orbitals in both Figures 2.6 and 2.7.

Worked Example 2.9 Electron Configurations: Valence-Shell Configurations

Using n to represent the number of the valence shell, write a general valence-shell configuration for the
i elements in group 6A.

ANALYSIS The elements in group 6A have six valence electrons. In each element, the first two of these
electrons are in the valence s subshell, giving nsz, and the next four electrons are in the valence p subshell,
: giving np*.

| SOLUTION

i For group 6A, the general valence-shell configuration is ns® np*.

Worked Example 2.10 Electron Configurations: Inner Shells versus Valence Shell

i How many electrons are in a tin atom? Give the number of electrons in each shell. How many valence
: electrons are there in a tin atom? Write the valence-shell configuration for tin.

ANALYSIS The total number of electrons will be the same as the atomic number for tin (Z = 50). The
number of valence electrons will equal the number of electrons in the valence shell.

SOLUTION

i Checking the periodic table shows that tin (Sn) has atomic number 50 and is in group 4A. The number of
electrons in each shell is

Shell number: 1 2 3 4 5

Number of electrons: 2 8 18 18 4

As expected from the group number, tin has four valence electrons. They are in the 5s and 5p subshells and
i have the configuration 552 5p. Although there are f orbitals available in the n = 4 shell, the 5s orbital is of
i lower energy than the 4f orbitals, and so will fill first. Hence, there are only 18 electrons in the n = 4 shell.
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PROBLEM 2.19

Write the electron configuration for the following elements, using both the complete
and the shorthand notations. Indicate which electrons are the valence electrons.

(@F (b) Al (¢) As

PROBLEM 2.20
Identify the group in which all the elements have the valence-shell configuration 75>,

PROBLEM 2.21

For chlorine, identify the group number, give the number of electrons in each occupied
shell, and write its valence-shell configuration.

(<=3 KEY CONCEPT PROBLEM 2.22

Identify the group number and write the general valence-shell configuration (e.g., ns
for group 1A elements) for the elements indicated in red in the following periodic
table.

1

O

2.9 Electron-Dot Symbols

Learning Objective:
* Write Lewis dot symbols to represent the valence electrons for a given atom.

Valence electrons play such an important role in the behavior of atoms that it is useful

to have a method for including them with atomic symbols. In an electron-dot symbol  Electron-dot (Lewis) symbol An

99

(also called Lewis symbols), dots are placed around the atomic symbol to indicate the atomic symbol with dots placed around

number of valence electrons present. A group 1A atom, such as sodium, has a single it to indicate the number of valence

dot; a group 2A atom, such as magnesium, has two dots; a group 3A atom, such as bo- electrons.
ron, has three dots; and so on.
Table 2.5 gives electron-dot symbols for atoms of the first few elements in each
main group. As shown, the dots are distributed around the four sides of the element
symbol, singly at first until each of the four sides has one dot. As more electron dots are
added they will form pairs, with no more than two dots on a side. Note that helium dif-
fers from other noble gases in having only two valence electrons rather than eight. Nev-
ertheless, helium is considered a member of group 8A because its properties resemble
those of the other noble gases and because its highest occupied subshell is filled ( 1s2).

Table 2.5 Electron-Dot Symbols for Some Main Group Elements

Noble
1A 2A 3A 4A 5A 6A ’A Gases
H- He:
Na - Mg. .A|. .S:i. .E’; .'.S.; .:C:|; ;A:r;

¢ Ca Ga Ge  As S dr e
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@ Worked Example 2.11 Electron Configurations: Electron-Dot Symbols

Write the electron-dot symbol for any element X in group SA.

ANALYSIS The group number, 5A, indicates five valence electrons. The first four are distributed singly around
the four sides of the element symbol, and any additional are placed to form electron pairs.
: SOLUTION

X (5 electrons)

PROBLEM 2.23
Write the electron-dot symbol for any element X in group 3A.

PROBLEM 2.24
Write electron-dot symbols for radon, lead, xenon, and radium.

PROBLEM 2.25

When an electron in a strontium atom drops from the excited state to the ground state,
it emits red light, as explained in the following Chemistry in Action feature. When an
electron in a copper atom drops from the excited state to the ground state, it emits blue
light. What are the approximate wavelengths of the red light and the blue light? Which
color is associated with higher energy?

‘%’Atoms and Light though, because the electron quickly drops back to its more
stable, ground-state energy level, releasing its extra energy

in the process. If the released energy falls in the range of vis-
ible light (400—800 nm), we can see the result. Many practical
applications, from neon lights to fireworks, are the result of

What we see as light is really a wave of energy moving through
space. The shorter the length of the wave (the wavelength),
the higher the energy; the longer the wavelength, the lower the

energy. .
& this phenomenon.
Shorter wavelength Longer wavelength
(higher energy) (lower energy)

Ay

What happens when a beam of electromagnetic energy
collides with an atom? Remember that electrons are located
in orbitals based on their energy levels. An atom with its elec- Y
trons in their usual, lowest-energy locations is said to be in its (\
ground state. If the amount of electromagnetic energy is just P ’
right, an electron can be kicked up from its usual energy level
to a higher one. Energy from an electrical discharge or in the "\ } !
form of heat can also boost electrons to higher energy lev- - wid’ Y
els. With one of its electrons promoted to a higher energy, an A This chest X ray equipment uses high energy, short wave-
atom is said to be excited. The excited state does not last long, length electromagnetic radiation to generate diagnostic images.
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Summary

.
O TR AR TN
Wavelength & Atom Virus Bacteria Dust Pinhead  Fingernails Humans
in meters
10712 10710 108 107 10 1072 1
| | | | | | | | |
Gamma rays Xrays Ultraviolet Infrared Microwaves  Radio waves
I I I I I I I I
10% 1018 1016 10M 102 100 108
Frequency (v)
in hertz
Visible
|
380 nm 500 nm 600 nm 700 nm 780 nm
38x107m 7.8 X107 m

A The electromagnetic spectrum consists of a continuous range of wavelengths, with the famil-
iar visible region accounting for only a small portion near the middle of the range.

The interaction of light with matter has many significant
impacts. The UV radiation (200—350 nm]) from the sun has
enough energy to cause sunburn and, with chronic long-term
exposure, can lead to skin cancers. Higher energy radiation
(X rays) is used in many diagnostic applications, while even
higher energies (gamma rays) can be used to kill cancer cells.
In clinical applications, the concentration of certain biologically
important metals in body fluids, such as blood or urine, is
measured by sensitive instruments (such as the spectropho-
tometer mentioned at the beginning of this chapter], relying
on the principle of electron excitation, where metal atoms will
emit light of a specific wavelength corresponding to electronic
transitions in the atom. These instruments measure the in-
tensity of color produced in a flame by lithium (red), sodium

(yellow], and potassium (violet), to determine the concentra-
tions of these metals, which should be in a certain range to
ensure good health. If the levels of these and other essential
metals are outside the optimal range, it may be an indication of
poor nutrition or certain diseases.

CIA Problem 2.5 Which type of electromagnetic energy in the
following pairs is of higher energy?

(a) Infrared, ultraviolet
(b]) Gamma waves, microwaves
(c) Visible light, X rays

CIAProblem 2.6 Why do you suppose ultraviolet rays from the
sun are more damaging to the skin than visible light?

SUMMARY REVISITING THE CHAPTER LEARNING OBJECTIVES

e Explain the major assumptions of atomic theory, and name and
identify the properties of the subatomic particles that make up

an atom. All matter is composed of atoms. An atom is the smallest

and simplest unit into which a sample of an element can be divided
while maintaining the properties of the element. Atoms are made up of
subatomic particles called protons, neutrons, and electrons. Protons
have a positive electrical charge, neutrons are electrically neutral, and
electrons have a negative electrical charge. The protons and neutrons in
an atom are present in a dense, positively charged central region called
the nucleus. Electrons are situated a relatively large distance away from
the nucleus, leaving most of the atom as empty space (see Problems
31-40, 83, 85, 89, and 95).

¢ ldentify atoms of an element based on the number of protons in
the nucleus. Elements differ according to the number of protons their
atoms contain, a value called the element’s atomic number (). All at-
oms of a given element have the same number of protons and an equal
number of electrons. The number of neutrons in an atom is not predict-
able but is generally equal to or greater than the number of protons. The
total number of protons plus neutrons in an atom is called the atom’s
mass number (A) [see Problems 43, 46, and 82).

e Write the symbols for different isotopes of an element and use
relative abundances and atomic masses of isotopes to calculate
the average atomic mass of an element. The symbol for an atomis
written using the symbol for the element (e.g., C for carbon], including
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the atomic number (Z] as a subscript on the left, and the atomic mass
[A) as a superscript. An atom of carbon-12 (6 protons + 6 neutrons)
would be represented as %E. Atoms with identical numbers of protons
and electrons but different numbers of neutrons are called isotopes. The
atomic mass of an element is the weighted average mass of atoms of
the element’s naturally occurring isotopes (see Problems 27, 40-49, 52,
and 96].

* Locate elements on the periodic table and classify them as met-
als, nonmetals, or metalloids based on their location. The majority

of elements are identified as metals and are located to the left /bottom
of the periodic table. Only 18 elements are identified as nonmetals, and
they are located to the upper right of the periodic table. Metalloids are
located on a diagonal between the metals and nonmetals (see Problems
26, 52—-57,86, and 88).

e Classify elements and describe chemical behavior based on
group membership. Elements are organized into the periodic table,
consisting of 7 rows, or periods, and 18 columns, or groups. The two
columns on the left side of the table and the six columns on the right are
called the main group elements. The 10 columns in the middle are the
transition metal groups, and the 14 columns pulled out and displayed
below the main part of the table are called the inner transition metal
groups (see Problems 27, 5661, 80—82, 97, and 98).

e Describe the distribution of electrons into shells, subshells, and
orbitals around the nucleus of an atom. The electrons surrounding an
atom are grouped into layers, or shells. Within each shell, electrons are
grouped into subshells, and within each subshell into orbitals—regions
of space in which electrons are most likely to be found. The s orbitals are
spherical, and the p orbitals are dumbbell-shaped. Each shell can hold

a specific number of electrons. The first shell can hold 2 electrons, the
second shell can hold 8 electrons, the third shell can hold 18 electrons,
and so on (see Problems 50, 51, and 62—69).

KEY WORDS

e Write the electronic configuration for an atom to describe how
electrons are distributed into specific orbitals. The electron configu-
ration of an element is predicted by assigning the element’s electrons
into shells and orbitals, beginning with the lowest-energy orbital. For
example, the first shell can hold 2 electrons in an s orbital (152);

the second shell can hold 8 electrons in one s and three p orbitals
(25°2p®); the third shell can hold 18 electrons in one s, three p, and
five d orbitals (3s° 3p®3d'%); and so on (see Problems 29, 30, 6874,
83, 84, 86, 87, and 90-94).

¢ ldentify the valence shell electrons for an atom, and which
subshell of electrons (s, p, d, f] correlate with which groups in the
periodic table. The valence electrons for an atom are found in the outer-
most shell and correspond to the location of the element in the periodic
table. The number of valence electrons for the main group elements
corresponds to the group number. The valence electrons for the 1A and
2A elements are located in s orbitals, while the valence electrons for
groups 3A—8A are in p orbitals. Electrons in the d orbitals are associated
with the transition metals, while f orbitals are associated with the inner
transition metals (lanthanide and actinide series). Within a given group
in the table, elements have the same number of valence electrons in
their valence shell and similar electron configurations (see Problems 28,
53, 74-79, 84, 8688, and 94).

e Write Lewis dot symbols to represent the valence electrons for

a given atom. The number of valence electrons is determined by the
location of the element in the periodic table. The Lewis dot symbol for an
atom is written as the chemical symbol for the element (C for carbon)
with the valence electrons represented as dots around the symbol. If
there are only four (or fewer] valence electrons, they are written as
single dots above, below, and to the left and right sides of the symbol. If
there are more than four valence electrons, then the extra electrons are
added to form electron pairs (see Problems 78, 81, and 86).

Alkali metal, p. 87
Alkaline earth metal, p. §7

Electron-dot (Lewis)
symbol, p. 99

Atom, p. 77 f-Block element, p. 96
Atomic mass unit (amu), Group, p. 86
p. 77 Halogen, p. 88

Atomic number (Z), p. 79
Atomic theory, p. 77
Atomic mass, p. 81
d-Block element, p. 96 Main group element,
Electron, p. 77 p. 86

Electron configuration, p. 92 Mass number (A), p. 80

Inner transition metal
element, p. 86
Isotopes, p. 8O

(<=3 UNDERSTANDING KEY CONCEPTS

Metal, p. 84
Metalloid, p. 84
Neutron, p. 77

Noble gas, p. 88
Nonmetal, p. §4
Nucleus, p. 78
Orbital, p. 90

Orbital diagram, p. 92
Periodic table, p. 83
p-Block element, p. 96
Period, p. 86

Proton, p. 77

s-Block element, p. 96

Shell (electron), p. 90

Subatomic particles, p. 77

Subshell (electron), p. 90

Transition metal element,
p. 86

Valence electron, p. 97

Valence shell, p. 97

2.26  Where on the following outline of a periodic table do the

indicated elements or groups of elements appear?

(a) Alkali metals (b) Halogens

(¢c) Alkaline earth metals (d) Transition metals
(e) Hydrogen (f) Helium

(g) Metalloids
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2.28

Is the element marked in red on the following periodic table
likely to be a gas, a liquid, or a solid? What is the atomic
number of the element in blue? Name at least one other ele-
ment that is likely to be similar to the element in green.

a m
T

O

Use the following blank periodic table to show where the
elements matching the following descriptions appear.

(@) Elements with the valence-shell electron configuration
ns® np’
(b) An element whose third shell contains two p electrons

(c¢) Elements with a completely filled valence shell

ADDITIONAL PROBLEMS

ATOMIC THEORY AND THE COMPOSITION OF ATOMS
(SECTION 2.1-2.3)

2.31

2.32
2.33

2.34

2.35

2.36

2.37

2.38

2.39

2.40

2.41

2.42

What four fundamental assumptions about atoms and mat-
ter make up modern atomic theory?

How do atoms of different elements differ?

Find the mass in grams of one atom of the following elements:
(a) Bi, atomic mass 208.9804 amu

(b) Xe, atomic mass 131.29 amu

(¢) He, atomic mass 4.0026 amu

Find the mass in atomic mass units of the following:

(@ 1 O atom, with a mass of 2.66 X 1023 g

(b) 1 Br atom, with a mass of 1.31 X 102 g

What is the mass in grams of 6.022 X 10* N atoms of
mass 14.01 amu?

What is the mass in grams of 6.022 X 10* O atoms of
mass 16.00 amu?

How many O atoms of mass 15.99 amu are in 15.99 g of
oxygen?

How many C atoms of mass 12.00 amu are in 12.00 g of
carbon?

What are the names of the three subatomic particles? What
are their approximate masses in atomic mass units, and
what electrical charge does each have?

Where within an atom are the three types of subatomic
particles located?

Give the number of neutrons in each naturally occurring
isotope of argon: argon-36, argon-38, argon-40.

Give the number of protons, neutrons, and electrons in the
following isotopes:

(@ Al-27
(© B-11

(b) T3Si
@) 'SAg

2.29

2.30

2.43

2.44

2.45

2.46

2.47

2.48

2.49

152 252 2pb 352 3p°
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Additional Problems
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What atom has the following orbital-filling diagram?

WA W]

152 252 2p6 352 3p®
4s 3d 4p

Use the following orbital-filling diagram to show the
electron configuration for As:

[ LT

4s 3d 4p

Which of the following symbols represent isotopes of the
same element? Explain.

@@ "9x (b) 10

© 24X @ 1X

Give the name and the number of neutrons in each isotope
listed in Problem 2.43.

Write the symbols for the following isotopes:

(@) Its atoms contain 6 protons and 8 neutrons.

(b) Its atoms have mass number 39 and contain 19 protons.

(¢) Its atoms have mass number 20 and contain 10
electrons.

Write the symbols for the following isotopes:

(a) Its atoms contain 50 electrons and 70 neutrons.
(b) Its atoms have A = 56 and Z = 26.

(¢) Its atoms have A = 226 and contain 88 electrons.

One of the most widely used isotopes in medical diagnos-
tics is technetium-99m (the m indicates that it is a metasta-
ble isotope). Write the symbol for this isotope, indicating
both mass number and atomic number.

Naturally occurring copper is a mixture of 69.17% Cu-63
with a mass of 62.93 amu and 30.83% Cu-65 with a mass
of 64.93 amu. What is the atomic mass of copper?
Naturally occurring lithium is a mixture of 92.58% Li-7
with a mass of 7.016 amu and 7.42% Li-6 with a mass of
6.015 amu. What is the atomic mass of lithium?

THE PERIODIC TABLE (SECTIONS 2.4-2.6)

2.50

2.51

Why does the third period in the periodic table contain
eight elements?

Why does the fourth period in the periodic table contain
18 elements?
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2.52

2.53
2.54

2.55

2.56

2.57

2.58

2.59

2.60

2.61

CHAPTER2 Atoms and the Periodic Table

Americium, atomic number 95, is used in household smoke
detectors. What is the symbol for americium? Is americium
a metal, a nonmetal, or a metalloid?

What subshell is being filled for the metalloid elements?

Answer the following questions for the elements from scan-
dium through zinc:

(@) Are they metals or nonmetals?
(b) To what general class of elements do they belong?

(c) What subshell is being filled by electrons in these
elements?

Answer the following questions for the elements from
cerium through lutetium:

(@) Are they metals or nonmetals?
(b) To what general class of elements do they belong?

(c) What subshell is being filled by electrons in these
elements?

For (a) rubidium (b) tungsten, (c) germanium, and

(d) krypton, which of the following terms apply? (i) metal,
(i1) nonmetal, (iii) metalloid (iv) transition element,

(v) main group element, (vi) noble gas, (vii) alkali metal,
(viii) alkaline earth metal.

For (a) calcium, (b) palladium, (c) carbon, and (d) radon,
which of the following terms apply? (i) metal, (ii) nonmetal,
(iii) metalloid, (iv) transition element, (v) main group element,
(vi) noble gas, (vii) alkali metal, (viii) alkaline earth metal.

Name an element in the periodic table that you would
expect to be chemically similar to sulfur.

Name an element in the periodic table that you would
expect to be chemically similar to potassium.

What elements in addition to lithium make up the alkali
metal family?

What elements in addition to fluorine make up the halogen
family?

ELECTRON CONFIGURATIONS (SECTIONS 2.6—2.9)

2.62

2.63

2.64

2.65

2.66

2.67

2.68

2.69

What is the maximum number of electrons that can go into
an orbital?

What are the shapes and locations within an atom of s and
p orbitals?

What is the maximum number of electrons that can go into
the first shell? The second shell? The third shell?

What is the total number of orbitals in the third shell? The
fourth shell?

How many subshells are there in the third shell? The fourth
shell? The fifth shell?

How many orbitals would you expect to find in the last
subshell of the fifth shell? How many electrons would you
need to fill this subshell?

How many electrons are present in an atom with its 1s, 2s,
and 2p subshells filled? What is this element?

How many electrons are present in an atom with its 1s, 2s,
2p, 3s, 3p, and 4s subshells filled and with two electrons in
the 3d subshell? What is this element?

2.70

2.71

2.72

2.73

2.74

2.75

2.76

2.7¢7

2.78

2.79

Use arrows to show electron pairing in the valence p sub-
shell of

(a) Sulfur (b) Bromine
Use arrows to show electron pairing in the 5s and 4d orbitals of
(a) Rubidium (b) Niobium (¢) Rhodium

Determine the number of unpaired electrons for each of the
atoms in Problems 2.70 and 2.71.

Without looking back in the text, write the electron configu-
rations for the following:

(a) Titanium Z = 22 (b) Phosphorus, Z = 15
(¢) Argon,Z = 18 (d) Lanthanum, Z = 57

How many electrons does the element with Z = 12 have in its
valence shell? Write the electron-dot symbol for this element.

(¢) Silicon

How many valence electrons do group 4A elements have?
Explain. Write a generic electron-dot symbol for elements
in this group.

Identify the valence subshell occupied by electrons in
beryllium and arsenic atoms.

What group in the periodic table has the valence-shell con-
figuration ns* np>?

Give the number of valence electrons and draw electron-dot
symbols for atoms of the following elements:

(a) Kr (b) C (¢ Ca
@ K (e B ) Cl

Using n for the number of the valence shell and write a
general valence-shell configuration for the elements in
group 6A and in group 2A.

CONCEPTUAL PROBLEMS

2.80

2.81

2.82

2.83
2.84

2.85

2.86

What elements in addition to helium make up the noble gas
family?

Hydrogen is placed in group 1A on many periodic charts,
even though it is not an alkali metal. On other periodic
charts, however, hydrogen is included with group 7A even
though it is not a halogen. Explain. (Hint: Draw electron-
dot symbols for H and for the 1A and 7A elements.)

What is the atomic number of the yet-undiscovered element
directly below francium (Fr) in the periodic table?

Give the number of electrons in each shell for lead.

Identify the highest-energy occupied subshell in atoms of
the following elements:

(a) lodine

(¢c) Arsenic

(b) Scandium
(d) Aluminum

(a) What is the mass (in amu and in grams) of a single
atom of Carbon-12?

(b) What is the mass (in grams) of 6.02 X 10% atoms of
Carbon-12?

(c) Based on your answer to part (b), what would be the
mass of 6.02 X 10> atoms of Sodium-23?

An unidentified element is found to have an electron

configuration by shell of 2 8 18 8 2. To what group and

period does this element belong? Is the element a metal or a



2.87

2.88

2.89

2.90

2.91

2.92

nonmetal? How many protons does an atom of the element
have? What is the name of the element? Write its electron-
dot symbol.

Germanium, atomic number 32, is used in building semi-
conductors for microelectronic devices, and has an electron
configuration by shell of 2 8 18 4.

(@) Write the electronic configuration for germanium.
(b) In what shell and orbitals are the valence electrons?

Tin, atomic number 50, is directly beneath germanium
(Problem 2.87) in the periodic table. What electron configu-
ration by shell would you expect tin to have? Is tin a metal
or a nonmetal?

A blood sample is found to contain 8.6 mg/dL of Ca. How
many atoms of Ca are present in 8.6 mg? The atomic mass
of Ca is 40.08 amu.

What is wrong with the following electron configurations?
(@) Ni 1% 25> 2p°® 352 3p° 340

(b) N 1s*2p°

(©) Sils®2s%2p N[

) Mg 152 25> 2p° 35

Not all elements follow exactly the electron-filling order
described in Figure 2.6. Atoms of which elements are rep-
resented by the following electron configurations?

(@) 15?257 2p° 357 3p° 3d° 45"

(b) 15?252 2p° 357 3p° 3d'° 4s'

(©) 15?252 2p° 357 3p° 3d'0 4s® 4p° 4dP 55"

(d) 15?252 2p° 357 3p° 3d'0 4s% 4p° 4d'° 55!

What similarities do you see in the electron configurations

for the atoms in Problem 2.91? How might these similari-
ties explain their anomalous electron configurations?

2.93

2.94
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Group Problems

Based on the identity of the elements whose electron
configurations are given in Problem 2.91, write the electron
configurations for the element with atomic number Z = 79.

What orbital is filled last in the most recently discovered
element 1177

GROUP PROBLEMS

2.95

2.96

2.97

2.98

Look up one of the experiments by the scientists discussed
in the Chemistry in Action on page 78, and explain how it
contributed to our understanding of atomic structure.

Do a web search to identify each of the following
elements /isotopes and indicate the number of neutrons,
protons, and electrons in an atom of the element /isotope:

(@) A radioactive isotope used in cancer treatments. (There
may be more than one answer!)

(b) The element having the greatest density.
(¢) An element with Z <90 that is not found in nature.

Tellurium (Z = 52) has a lower atomic number than
iodine (Z = 53), yet it has a higher atomic mass

(127.60 amu for Te vs. 126.90 amu for I). How is this pos-
sible? Can you find any other instances in the periodic table
where two adjacent elements exhibit a similar behavior, that
is, the element with the lower atomic number has a higher
atomic mass?

Look again at the trends illustrated in Figures 2.3 and 2.4.

(@) How do the peaks/valleys correlate with locations in
the periodic table?

(b) Are there other chemical properties that also exhibit
periodic trends? What are they?
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A lons play critical roles in many cellular processes, including signal transmission
between nerve cells as simulated above.

n previous chapters, we mentioned the importance of various elements for good

health, identifying individual elements as macronutrients (needed in large amounts)

or micronutrients (needed in lesser amounts). Of equal significance is the chemical
form of the element; what is the chemical nature of the compounds in which an element
is found? Many of these macro- and micronutrients, for example, exist as ions, or charged
particles, and play critical roles in different cells within the body. Calcium ions, for
example, are necessary for strong teeth and bones; sodium and potassium ions are
necessary for signal transmission in nerve cells, such as those depicted in the artistic



rendition in the chapter opening picture; and chloride ions are an important component of gastric
juices found in the stomach. Disruptions in the transport or metabolism of these ions is linked to
various diseases, including cystic fibrosis, neuropathy (chronic nerve pain), and osteoporosis,
which we will discuss in greater detail in the Chemistry in Action feature on page 127.

There are more than 19 million known chemical compounds, ranging in size from small diatomic
(two-atom) substances like carbon monoxide (CO) to deoxyribonucleic acid (DNA), which can con-
tain several billion atoms linked together in a precise way. In the next two chapters, we will examine
how atoms are held together in chemical compounds. We can describe the forces that hold atoms
together as chemical bonds. All chemical bonds result from the electrical attraction between oppo-
site charges—between positively charged nuclei and negatively charged electrons. As a result, the
way that different elements form bonds is related to their different electron configurations and the
changes that take place as each atom tries to achieve a more stable electron configuration. There
are two types of chemical bonds: ionic bonds and covalent bonds. In this chapter, we look at how
ions are formed, the ionic bonds that occur between ions of opposite charge, and at the behavior of
ionic compounds. In the next chapter, we will look at covalent bonds.

3.1 lons

Learning Objective:

¢ Describe ion formation processes and distinguish between anions and cations.

A general rule noted by early chemists is that metals, on the left side of the periodic
table, tend to form compounds with nonmetals, on the right side of the table. The alkali
metals of group 1A, for instance, react with the halogens of group 7A to form a vari-
ety of compounds. Sodium chloride (table salt), formed by the reaction of sodium with
chlorine, is a familiar example. The names and chemical formulas of some other com-
pounds containing elements from groups 1A and 7A include:

Potassium iodide, KI  Added to table salt to provide the iodide ion that is
needed by the thyroid gland

Sodium fluoride, NaF Added to many municipal water supplies to provide
fluoride ion for the prevention of tooth decay

Sodium iodide, Nal Used in laboratory scintillation counters to detect
radiation (see Section 11.8)

The compositions and the properties of these alkali metal-halogen compounds are
similar. For instance, the two elements always combine in a 1:1 ratio: one alkali metal
atom for every halogen atom. Each compound has a high melting point (all are over
773.15 K or 500 °C); each is a stable, white, crystalline solid; and each is soluble in
water. Furthermore, a water solution containing each compound conducts electricity, a
property that gives a clue as to the kind of chemical bond holding the atoms together.

Electricity can only flow through a medium containing charged particles that are free
to move. The electrical conductivity of metals, for example, results from the movement of
negatively charged electrons through the metal. But what charged particles might be pres-
ent in the water solutions of alkali metal-halogen compounds? To answer this question,
think about the composition of atoms. Atoms are electrically neutral because they contain
equal numbers of protons and electrons. By gaining or losing one or more electrons, how-
ever, an atom can be converted into a charged particle called an ion.

Recall from Chapter 2 that the number of negative electrons in a neutral atom is
equal to the number of positive protons in the nucleus of that atom. Therefore, the loss
of one or more electrons from a neutral atom gives a positively charged ion called a
cation (cat-ion). As we saw in Section 2.8, sodium and other alkali metal atoms have a
single electron in their valence shell and an electron configuration symbolized as ns',

A A solution of sodium chloride in
water conducts electricity, allowing
the bulb to light.

Ion An electrically charged atom or
group of connected atoms.

Cation A positively charged ion.

107
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Anion A negatively charged ion.

LOOKING AHEAD 2 The tendency

to gain or lose electrons is not limited
to atoms in ionic compounds and forms
the basis of an important class of chemi-
cal reactions (redox reactions), which
will be discussed in Chapter 5.

where n represents the shell number. By losing this electron, an alkali metal is con-
verted to a positively charged cation with a stable noble gas configuration.

3rd shell: 3s! ——
2nd shell: 252 2p® —

Lose le
1st shell: 152 —/Y 2 \ \ 1st shell: 182 — \2\ \
——

10 electrons

2nd shell: 252 2;76 - —
8

11 protons 11 protons

11 electrons
A sodium atom, Na A sodium cation, Na*

Conversely, the gain of one or more electrons by a neutral atom gives a negatively
charged ion called an anion (an-ion). Chlorine and other halogen atoms have ns’np’
valence electrons and will readily gain an additional electron to fill their valence
subshell with eight electrons, thereby forming negatively charged anions.

3rd shell: 3s? 3p> — 3rd shell: 3s? 3p® —

2nd shell: 2% 2p® — 2nd shell: 252 2p® —=

Gam le
1st shell: lsz—/ 2 \ \ 1st shell: 152 -—/ 2 \ \

17 protons 17 protons

17 electrons 18 electrons

A chlorine atom, Cl A chlorine anion, CI~

The symbol for a cation is written by adding the positive charge as a superscript to
the symbol for the element; an anion symbol is written by adding the negative charge as
a superscript. If one electron is lost or gained, the charge is +1 or —1 but the number 1
is omitted in the notation, as in Na* and C1. If two or more electrons are lost or gained,
however, the charge is * 2 or greater and the number is used, as in Ca®" and N3~

In the sections that follow, we will discuss the reasons why metals tend to form
cations and nonmetals tend to form anions, how we can predict the charges associated
with the respective ions, and how these ions combine to form compounds.

PROBLEM 3.1

Magnesium atoms lose two electrons when they react. Write the symbol of the ion that
is formed. Is it a cation or an anion?

PROBLEM 3.2

Sulfur atoms gain two electrons when they react. Write the symbol of the ion that is
formed. Is it a cation or an anion?

(<=3 KEY CONCEPT PROBLEM 3.3

Write the atomic symbol for the ion depicted here. Is it a cation or an anion?

2nd shell: 252 2p% —> —_
8

1st shell: 1s2 — 2 \
O \
-

8 protons 10 electrons

3.2 lons and the Octet Rule

Learning Objective:
* Use the octet rule and electron configurations to explain the charge associated with ions.
We have seen that alkali metal atoms have a single valence-shell electron, ns'. The

electron-dot symbol X- is consistent with this valence electron configuration. Halogens,
having seven valence electrons, ns’np, can be represented using :X- as the electron-dot
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symbol. Noble gases can be represented as X since they have eight valence electrons,
ns*np®. Both the alkali metals and the halogens are extremely reactive, undergoing
many chemical reactions and forming many compounds. The noble gases, however, are
quite different. They are the least reactive of all elements.

Now look at sodium chloride and similar ionic compounds. When sodium or any
other alkali metal reacts with chlorine or any other halogen, the metal transfers an elec-
tron from its valence shell to the valence shell of the halogen. Sodium thereby changes
its valence-shell electron configuration from 2s°2p®3s' in the atom to 25*2p°(3s°) in
the Na* ion, and chlorine changes from 3s?3p° in the atom to 35°3p° in the CI™ ion. As a
result, both sodium and chlorine gain noble gas electron configurations, with eight va-
lence electrons. The Na' ion has eight electrons in the n = 2 shell, matching the elec-
tron configuration of neon. The CI™ ion has eight electrons in the n = 3 shell, matching
the electron configuration of argon.

Na + Cl —> Na* + Cl-
152 2% 2p0 3s! 152 252 2p6 35 3p° 152282 2p%3s0 12252 2p0 352 3p°
Neon Argon
configuration configuration
Na- +  °C& —> Na*  +

Having eight valence electrons (filled s and p subshells) leads to stability and lack
of chemical reactivity. In fact, observations of many chemical compounds have shown
that main group elements frequently combine in such a way that each winds up with
eight valence electrons, called an electron octet. This conclusion is summarized in a
statement called the octet rule.

Octetrule The tendency of atoms to gain or lose electrons to achieve a stable, noble gas
configuration, that is, a completely filled subshell containing eight electrons.

Main group metals lose electrons to form cations and attain an electron configura-
tion like that of the noble gas just before them in the periodic table. Main group non-
metals gain electrons to form anions and an electron configuration like that of the noble
gas just after them in the periodic table. In both cases, the product ions have filled s and
p subshells with eight electrons in their valence electron shell. We can use this tendency
to explain why metals form cations and nonmetals form anions, as well as to predict the
most likely charge of the ions that are formed.

Worked Example 3.1 Electron Configurations: Octet Rule for Cations

Write the electron configuration of magnesium (Z = 12). Show how many electrons a magnesium atom
: must lose to form an ion with a filled shell (eight electrons) and write the configuration of the ion. Explain the
: reason for the ion’s charge, and write the ion’s symbol.

ANALYSIS Write the electron configuration of magnesium as described in Section 2.7 and count the number
: of electrons in the valence shell.

: SOLUTION

Magnesium has the electron configuration 15?2s°2p®3s°. Since the second shell contains an octet of electrons
: (25%2p°) and the third shell is only partially filled (3s>), magnesium can achieve a valence-shell octet by
losing the two electrons in the 3s subshell. The result is formation of a doubly charged cation, Mg?>*, with the
: neon configuration:

Mg** 15*25*2p° (Neon configuration or [Ne])

A neutral magnesium atom has 12 protons and 12 electrons. With the loss of two electrons, there is an excess
: of two protons, accounting for the +2 charge of the ion, Mg?**.
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@ Worked Example 3.2 Electron Configurations: Octet Rule for Anions

i How many electrons must a nitrogen atom, Z = 7, gain to attain a noble gas configuration? Write the
i electron-dot and ion symbols for the ion formed.

ANALYSIS Write the electron configuration of nitrogen, and identify how many more electrons are needed to
i reach a noble gas configuration.

: SOLUTION
Nitrogen, a group 5A element, has the electron configuration 15?2s°2p*. The second shell contains five
i electrons (25%2p*) and needs three more to reach an octet. The result is formation of a triply charged
anion, N>~, with eight valence electrons, matching the neon configuration:

N3~ 15225%2p%  (Neon configuration) :1:\:113*

PROBLEM 3.4

Write the electron configuration of potassium, Z = 19, and show how a potassium
atom can attain a noble gas configuration.

PROBLEM 3.5

How many electrons must an aluminum atom, Z = 13, lose to attain a noble gas con-
figuration? Write the symbol for the ion formed.

(€=3 KEY CONCEPT PROBLEM 3.6

Which atom in the reaction depicted here gains electrons and which loses electrons?
Draw the electron-dot symbols for the resulting ions.

X: 4+ Y — 2

3.3 lons of Some Common Elements

Learning Objective:
* Use the periodic table to predict the charge associated with ions of main group elements.

The periodic table is the key to understanding and remembering which elements form
ions and which do not. As shown in Figure 3.1, atoms of elements in the same group
tend to form ions of the same charge. The metals of groups 1A-3A, for example, form
cations with charges identical to their group number (i.e., 1A elements form cations
with +1 charge, etc.). The ions of these elements all have noble gas configurations as a

> Figure 3.1 1A 8A
Common ions formed by elements in 1 2
. . A
. .the .fll‘St Ifour perlpds. AN PN 3A 4A 5A 6A 7A
Ions important in biological chemistry 3 | 2 5 T6 171819 |10
are shown in magenta. Lit [Be2+ 02 |
11 |12 e 13 |14 |15 |16 |17 |18
Transition metals
Na ™ Mg p A N INSa (e
19 (20|21 |22 |23 (24 |25 |26 |27 |28 |29 (30|31 |32 |33 [34 |35 |36
K* |Ca?*|SS3H(Tit* |V2T |Cr?fMn2 |Fe? " |Co?TINi% " [Cu?*|Zn> ] Se” |Br~
Crdt Fe3+




SECTION 3.3

result of electron loss from their valence s subshells. (Note in the following equations
that the electrons being lost are shown as products.)

Group 1A: M: —>M" + ¢~

(M = Li, Na, K, Rb, or Cs)
Group 2A: M: —> M>" + 2¢”

(M = Be, Mg, Ca, Sr, Ba, or Ra)

Four of these ions, Na*, K", Mg?", and Ca*>*, are present in body fluids, where they
play extremely important roles in biochemical processes.

The only group 3A element commonly encountered in ionic compounds is alumi-
num, which forms AI** by loss of three electrons from its valence s and p subshells.
Aluminum is not thought to be an essential element in the human diet, although it is
known to be present in some organisms.

As we move to the right, elements in Group 4A would have to gain or lose too many
electrons to achieve an octet. Therefore, the first three elements in groups 4A (C, Si, Ge)
and 5A (N, P, As) do not ordinarily form cations or anions. The bonding of these ele-
ments is largely covalent and will be described in Chapter 4. Carbon, in particular, is
the key element on which life is based. Together with hydrogen, nitrogen, phosphorus,
and oxygen, carbon is present in all the essential biological compounds that we will be
describing throughout the latter half of this book.

The group 6A elements, oxygen and sulfur, form ions having noble gas configura-
tions, achieved by gaining two electrons:

Group 6A: O + 2 — :@2*
S+ 260 —> :5i2-
The halogens can form ions by gaining one electron:

Group 7A: -X: + em —> :Xi-
(X =FCl, Br, 1)

Transition metals lose electrons to form cations, some of which are present in the hu-
man body. The charges of transition metal cations are not as predictable as those of main
group elements, however, because many transition metal atoms can lose one or more d elec-
trons in addition to losing valence s electrons. For example, iron (. . . 35°3p®3d%4s?) forms
Fe”" by losing two electrons from the 4s subshell and also forms Fe** by losing an addi-
tional electron from the 3d subshell. Looking at the electron configuration for iron shows
why the octet rule is limited to main group elements: transition metal cations generally do
not have noble gas configurations because they would have to lose all their d electrons.

Important Points about lon Formation and the Periodic Table:

*  Metals form cations by losing one or more electrons.
»  Group 1A and 2A metals form +1 and +2 ions, respectively (e.g., Li* and Mg
to achieve a noble gas configuration.
* Transition metals can form cations of more than one charge (e.g., Fe?>" and Fe*")
by losing a combination of valence-shell s electrons and inner-shell d electrons.
* Reactive nonmetals form anions by gaining one or more electrons to achieve
a noble gas configuration.
+  Group 6A nonmetals oxygen and sulfur form the anions 0>~ and S*".
e Group 7A elements (the halogens) form —1 ions, for example, F~ and Cl ™.
*  Group 8A elements (the noble gases) are unreactive.
* Ionic charges of main group elements can be predicted using the group
number and the octet rule.
e For 1A and 2A metals: cation charge = group number
* For nonmetals in groups 5A, 6A, and 7A: anion charge = 8 — ( group number)

2+
),

lons of Some Common Elements
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Worked Example 3.3 Formation of lons: Gain/Loss of Valence Electrons

Which of the following ions is likely to form?
@ s (b) Siz* (¢) Sr**

ANALYSIS Count the number of valence electrons in each ion. For main group elements, only ions with a
i valence octet of electrons are likely to form.

. SOLUTION

(a) Sulfur (S) is in group 6A, has six valence electrons, and needs only two more to reach an octet. Gaining

two electrons gives an S*~ ion with a noble gas configuration but gaining three electrons does not. The
: S* ion is, therefore, unlikely to form.

(b) Silicon (Si) is a nonmetal in group 4A. Like carbon, it does not form ions because it would have to gain
or lose too many electrons (four) to reach a noble gas electron configuration. The Si** ion does not have
an octet and will not form.

(c) Strontium (Sr), a metal in group 2A, has only two outer-shell electrons and can lose both to reach a noble
gas configuration. The Sr*>* ion has an octet and, therefore, forms easily.

PROBLEM 3.7

Iron is an important component of hemoglobin, a large biomolecule responsible
for oxygen transport (Chapters 18 and 19). Find the common ions formed by iron
in Figure 3.1. Which ion of iron is found in hemoglobin, and what is its electron
configuration?

PROBLEM 3.8
Write symbols, both with and without electron dots, for the ions formed by the
following processes:

(a) Gain of two electrons by selenium

(b) Loss of two electrons by barium

(¢) Gain of one electron by bromine

PROBLEM 3.9

Blood serum in healthy adults normally contains approximately 3.2 mg/mL of sodium
ions (Na*) and approximately 3.5 mg/mL of chloride ions (Cl™). How many milli-
liters of blood serum would be needed to obtain 1.0 g of Na*? To obtain 1.0 g of C17?

3.4 Periodic Properties and lon Formation

Learning Objective:
e Explain the formation of anions and cations based on periodic trends.

As we have seen, metals on the left side of the periodic table tend to lose electrons,
whereas nonmetals on the right side of the periodic table tend to gain electrons. But
how does this trend change as you move across a row in the periodic table and why?
The answers are related to the ease with which an atom gains or loses an electron.
The ease with which an atom /oses an electron to form a positively charged cation
Tonization energy The energy re- is measured by a property called the atom’s ionization energy, defined as the energy
quired to remove one valence electron required to remove one electron from a single atom in the gaseous state. Conversely,
from a single atom in the gaseous state. the ease with which an atom gains an electron to form a negatively charged anion is
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measured by a property called electron affinity, defined as the energy released on add-
ing an electron to a single atom in the gaseous state.

Ionization energy

Lose e .
(energy is added) Atom + Energy —— Cation + Electron

Electron affinity

Gaine™ .
(energy is released ) Atom + Electron —— Anion + Energy

The relative magnitudes of ionization energies and electron affinities for elements
in the first four rows of the periodic table are shown in Figure 3.2. Note the repeating
pattern in Figure 3.2, beginning with small ionization energies for the 1A elements and
a gradual increase as we move across a row, ending with very large ionization ener-
gies for the noble gases. Because ionization energy measures the amount of energy that
must be added to pull an electron away from a neutral atom, the small values shown
in Figure 3.2 for alkali metals (Li, Na, K) and other elements on the left side of the
periodic table mean that these elements lose an electron easily. Conversely, the large
values shown for halogens (F, Cl, Br) and noble gases (He, Ne, Ar, Kr) on the right side
of the periodic table mean that these elements do not lose an electron easily. Another
interesting feature in Figure 3.2 is the energy plateau after potassium (K). Remember
from Chapter 2 that the electronic configuration for the fourth row transition metals is
4s% 3d*; the ionization energy is related to the loss of a 4s electron, whose energy level
remains fairly constant as you move across the row.

Electron affinities, in contrast, measure the amount of energy released when an atom
gains an electron. Although electron affinities are small compared to ionization ener-
gies, the halogens nevertheless have the largest values and, therefore, gain an electron
most easily, whereas metals have the smallest values and do not gain an electron easily.

Small ionization energy—electron easily lost

Alkali metal { Small electron affinity—electron not easily gained
Net result: Cation formation is favored

Large ionization energy—electron not easily lost
Halogen Large electron affinity—electron easily gained
Net result: Anion formation is favored

Asnoted in Section 3.3 and illustrated in Figure 3.2, the main group elements near the
middle of the periodic table—boron (Z = 35, group 3A), carbon (Z = 6, group 4A),

N4
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A Figure 3.2

Relative ionization energies (red) and electron affinities (blue) for elements in the first four rows of the periodic table.
Those elements having a value of zero for electron affinity do not accept an electron. Note that the alkali metals (Li, Na, K) have
the lowest ionization energies and lose an electron most easily, whereas the halogens (F, Cl, Br) have the highest electron affini-
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Electron affinity The energy released
on adding an electron to a single atom

in the gaseous state.

Electron affinity

(kJ /mol released)

ties and gain an electron most easily. The noble gases (He, Ne, Ar, Kr) neither gain nor lose an electron easily.
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and nitrogen (Z = 7, group 5A)—neither lose nor gain electrons easily and thus do
not readily form ions. In the next chapter, we will see that these elements tend to form
covalent bonds instead.

Worked Example 3.4 Periodic Trends: lonization Energy

Look at the periodic trends in Figure 3.2, and predict where the ionization energy of rubidium is likely to fall
i on the chart.

ANALYSIS Identify the group number of rubidium (group 1A), and find where other members of the group
i appear in Figure 3.2.

SOLUTION

Rubidium (Rb) is the alkali metal below potassium (K) in the periodic table. Since the alkali metals Li, Na,

i and K all have ionization energies near the bottom of the chart, the ionization energy of rubidium is probably
i similar.

Worked Example 3.5 Periodic Trends: Formation of Anions and Cations

Which element is likely to lose an electron more easily, Mg or S?
ANALYSIS Identify the group numbers of the elements, and find where members of those groups appear in
i Figure 3.2.

: SOLUTION

Magnesium, a group 2A element on the left side of the periodic table, has a relatively low ionization energy
i and loses an electron easily. Sulfur, a group 6A element on the right side of the table, has a higher ionization
i energy and loses an electron less easily.

PROBLEM 3.10

Look at the periodic trend for ionization energies in Figure 3.2. How would you expect
the ionization energies for Rb and Cs to compare with the other members of the 1A
group? Look up these values to confirm your expectation.

PROBLEM 3.11

Which element in the following pairs is likely to lose an electron more easily?
(a) BeorB (b) Caor Co (¢) ScorSe

PROBLEM 3.12

Which element in the following pairs is likely to gain an electron more easily?
(a) Hor He (b) SorSi (¢) Cror Mn

3.5 Naming Monoatomic lons

Learning Objective:

e Name common monoatomic anions and cations.

Main group metal cations in groups 1A, 2A, and 3A are named by identifying the
metal, followed by the word ion, as in the following examples:

K+ Mg2+ Al3+
Potassium ion Magnesium ion Aluminum ion

It is sometimes a little confusing to use the same name for both a metal and its ion,
and you may occasionally have to stop and think about what is meant. For example, it is
common practice in nutrition and health-related fields to talk about sodium or potassium
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in the bloodstream. Because both sodium and potassium metals react violently with wa-
ter, however, they cannot possibly be present in blood as neutral atoms. The references are
to dissolved sodium and potassium ions.

Transition metals, such as iron or chromium, and many metals found in the p-block,
such as tin and lead, can form more than one type of cation. To avoid confusion, a
method is needed to differentiate between ions of these metals. Two systems are used.
The first is an old system that gives the ion with the smaller charge the word ending
-ous and the ion with the larger charge the word ending -ic.

“ Salt

Ifyou are like most people, you feel a little guilty about reaching
for the salt shaker at mealtime. The notion that high salt intake
and high blood pressure go hand in hand is surely among the
most highly publicized pieces of nutritional lore ever to appear.

Although sodium is a macronutrient that we need—it
plays a critical role in charge balance and ion transport in cell
membranes—too much sodium has been linked to both hyper-
tension and kidney ailments. Hypertension can be caused by
anumber of factors, including congenital conditions, reactions
to some medications, and certain diseases, including thyroid
problems. Regardless of the cause, hypertension can be ag-
gravated by high salt consumption and, in extreme cases,

amount, with most of it coming from processed foods.

What should an individual do? The best answer, as in so
many things, is to use moderation and common sense. Peo-
ple with hypertension should make a strong effort to lower
their sodium intake; others might be well advised to choose

must be controlled by medication and dietary restrictions. The AW
recommended daily intake (RDI) for sodium is 2300 mg, which
translates to roughly 4 g of salt. However, the average adult
in most industrialized countries consumes over twice this

Naming Monoatomic lons

[ 5% added

while cooking

[] 6% added
while eating

[ 12% from
natural sources

[] 77% from processed
and prepared foods
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unsalted snacks, monitor their consumption of processed CIA Problem 3.2 In the beginning of this chapter, we identified
food, and read nutrition labels for sodium content. potassium iodide (Kl as an additive in table salt to provide the
iodide ion needed by the thyroid. Look up the approximate amount

CIA Problem 3.1 What is the RDI for sodium for adults, and
what amount of table salt (in grams) contains this quantity
of sodium?

The second is a newer system in which the charge on the ion is given as a Roman
numeral in parentheses right after the metal name. For example:

Cr2+ Cr3+
Old name:  Chromous ion Chromic ion
New name: Chromium(II) ion Chromium (III) ion

We will generally emphasize the new system in this book, but it is important to
understand both systems because the old system is often found on labels of commer-
cially supplied chemicals. The small differences between the names in either system
illustrate the importance of reading a name very carefully before using a chemical.

of iodide in iodized salt and the daily adult intake of iodide recom-
mended by the U.S. Food and Drug Administration (FDA).
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Table 3.2 Names of Some Common

Anions
Element Symbol Name
Bromine Br Bromide ion
Chlorine cI™ Chloride ion
Fluorine F~ Fluoride ion
lodine I~ lodide ion
Oxygen 0% Oxide ion
Sulfur (X Sulfide ion

Polyatomic ion An ion that is com-
posed of more than one atom.

There are significant differences between compounds consisting of the same two ele-
ments but having different charges on the cation. In treating iron-deficiency anemia, for
example, iron(I) compounds are preferable because the body absorbs them consider-
ably better than iron(III) compounds.

The names of some common transition metal cations are listed in Table 3.1. Notice
that the old names of the copper, iron, and tin ions are derived from their Latin names
(cuprum, ferrum, and stannum).

Table 3.1 Names of Some Transition Metal Cations

Element Symbol Old Name New Name
Chromium cret Chromous Chromium(ll)

et Chromic Chromium(Ill)
Copper cut Cuprous Copper(l)

Cu?* Cupric Copper(ll)
Iron Felt Ferrous Iron(l1)

Fe’* Ferric Iron(111)
Mercury *Hg,% Mercurous Mercury(l)

Hg?" Mercuric Mercury(ll)
Tin Sn2t Stannous Tin(11)

Sn*t Stannic Tin(1V)

*This cation is composed of two mercury atoms, each of which has an average charge of +1.

Anions are named by replacing the ending of the element name with -ide, followed
by the word ion (Table 3.2). For example, the anion formed by fluorine is the fluoride
ion, and the anion formed by sulfur is the sulfide ion.

PROBLEM 3.13

Name the following ions:
(a) Cu** (b)F~ (c) Mg?* (d) $*~

PROBLEM 3.14

Write the symbols for the following ions:
(a) Silver(I) ion (b) Iron(II) ion
(¢) Cuprous ion (d) Telluride ion

PROBLEM 3.15

Ringer’s solution is used intravenously to adjust ion concentrations in body fluids.
Look up the composition of Ringer’s solution and identify the major ions it contains.
Give the names and symbols of these ions (including the ionic charge).

3.6 Polyatomic lons

Learning Objective:

¢ |dentify the name, formula, and charge of common polyatomic ions.

Ions that are composed of more than one atom are called polyatomic ions. Most poly-
atomic ions contain oxygen and another element, and their chemical formulas include
subscripts to show how many of each type of atom are present. Sulfate ion, for example,
is composed of one sulfur atom and four oxygen atoms and has a —2 charge: SO,>". The
atoms in a polyatomic ion are held together by covalent bonds, which will be discussed
in Chapter 4, and the entire group of atoms acts as a single unit. A polyatomic ion is
charged because it contains a total number of electrons different from the total number
of protons in the combined atoms. For example, the individual atoms in the sulfate ion
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contribute 48 electrons—the S atom has 16 electrons, and the four O atoms contain
8 electrons each. The sulfate ion, however, has two extra electrons for a total of 50,
hence the —2 charge.

The most common polyatomic ions are listed in Table 3.3. Note that the ammonium
ion, NH,", and the hydronium ion, H;O™, are the only cations; all the others are anions.
These ions are encountered so frequently in chemistry, biology, and medicine that there
is no alternative but to memorize their names and formulas. Fortunately, there are only
a few of them.

Table 3.3 Some Common Polyatomic lons

Name Formula Name Formula
Hydroniumion |-|30+ Nitrate ion NO;
Ammonium ion NH, " Nitrite ion NO,
Acetate ion CH3CO, Oxalate ion €,0,5
Carbonate ion C0327 Permanganate ion MnO,
Hydrogen carbonate ion HCO; Phosphate ion PO,
Chromate ion Cr0427 Hydrogen phosphate HPU427
ion (biphosphate ion)
Dichromate ion Cr0,2 Dihydrogen phosphate ion H,PO,
Cyanide ion CN™ Sulfate ion S0,%”
Hydroxide ion OH" Hydrogen sulfate ion HSO,
(bisulfate ion)
Hypochlorite ion ocI™ Sulfite ion S0,%

Note in Table 3.3 that several pairs of ions—CO5>~ and HCO;", for example—are
related by the presence or absence of a hydrogen ion, H'. In such instances, the ion with
the hydrogen is sometimes named using the prefix bi-. Thus, CO5>~ is the carbonate
ion, and HCOj5 is the hydrogen carbonate ion; similarly, SO427 is the sulfate ion, and
HSO, " is the bisulfate ion.

PROBLEM 3.16

Name the following ions:

(a) NO,~ (b) CN™ (c) OH™ (d) HPO,~~

PROBLEM 3.17

Which of the biologically important ions (see the following Chemistry in Action feature)
belong to Group 1A? To Group 2A? To the transition metals? To the halogens? Which
are polyatomic?

“¥" Biologically Important lons

The human body requires many different ions for proper func-
tioning. Several of these ions, such as Ca®*, Mg®", and HP0,%~,
are used as structural materials in bones and teeth in addi-
tion to having other essential functions. Although 99% of Ca®"
is contained in bones and teeth, small amounts in body fluids

out the body.
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play a vital role in transmission of nerve impulses. Other ions,
including essential transition metal ions such as Fe”, are
required for specific chemical reactions in the body. And still
others, such as K+, Na+, and CI™, are present in fluids through-

To maintain charge neutrality in solution, the total nega-

tive charge (from anions) must balance the total positive

(Continued]
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charge (from cations). Several monatomic anions, and several
polyatomic anions, especially HCO;~ and HPO,®", are present

lonic Compounds

in body fluids where they help balance the cation charges.

Some Biologically Important lons

Some of the mostimportant ions and their functions are shown
in the accompanying table.

lon

Location

Function

Dietary Source

CaZ+

Fe2+

K+

Na*

M g2+

cr

HCO,™

HPO,2~

Outside cell; 99% of Ca®"
isin bones and teeth as
Ca3(P04); and CaCO,

Blood hemoglobin

Fluids inside cells

Fluids outside cells

Fluids inside cells; bone

Fluids outside cells; gastric
juice

Fluids outside cells

Fluids inside cells; bones
and teeth

Bone and tooth structure;
necessary for blood clotting,
muscle contraction, and
transmission of nerve
impulses

Transports oxygen from
lungs to cells

Maintain ion concentrations
in cells; regulate insulin
release and heartbeat

Protectagainst fluid
loss; necessary for
muscle contraction and
transmission of nerve
impulses

Presentin many enzymes;
needed for energy
generation and muscle
contraction

Maintain fluid balance in
cells; help transfer CO, from
blood to lungs

Control acid—base balance
inblood

Control acid—base balance
incells

Milk, whole grains, leafy
vegetables

Liver, red meat, leafy green
vegetables

Milk, oranges, bananas, meat

Table salt, seafood

Leafy green plants, seafood,
nuts

Table salt, seafood

By-product of food
metabolism

Fish, poultry, milk

CIA Problem 3.3 Where are most of the calcium ions found in

the body?

Ionic bond The electrical attractions
between ions of opposite charge in an
ionic compound.

CIA Problem 3.4 Excess sodium ion is considered hazardous,
but a certain amount is necessary for normal body func-
tions. What is the purpose of sodium in the body?

3.7 lonic Bonds

Learning Objective:

* Explain the nature of the ionic bonds holding ions together in ionic compounds.

Look again at the reaction between sodium and chlorine introduced in Section 3.2.
When sodium reacts with chlorine, the product is sodium chloride, a compound com-
pletely unlike either of the elements from which it is formed. Sodium is a soft, silvery
metal that reacts violently with water, and chlorine is a corrosive, poisonous, green gas
(Figure 3.3a). When chemically combined, however, an electron is transferred from the
sodium atom to the chlorine atom to produce our familiar table salt containing Na* ions
and Cl1 ions. Because opposite electrical charges attract each other, the positive Na* ion
and negative CI™ ion are held together by an ionic bond.

The product that results—sodium chloride (NaCl)—is electrically neutral because
the positive charge of each Na* ion is balanced by the negative charge of each CI~ ion.
When a vast number of sodium atoms transfer electrons to an equally vast number of
chlorine atoms, a visible crystal of sodium chloride results. In this crystal, equal num-
bers of Na* and CI™ ions are packed together in a regular arrangement. Each positively
charged Na* ion is surrounded by six negatively charged C1™ ions, and each CI™ ion is
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(a) (b)

surrounded by six Na* ions (Figure 3.4). This packing arrangement allows each ion to
be stabilized by the attraction of unlike charges on its six nearest-neighbor ions, while
being as far as possible from ions of like charge.

A Figure 3.4

The arrangement of Na* and Cl~ ions in a sodium chloride crystal.

Each positively charged Na* ion is surrounded by six negatively charged CI~ ions, and each CI~ ion
is surrounded by six Na' ions. The crystal is held together by ionic bonds—the attraction between
oppositely charged ions that are formed by the transfer of electrons between atoms.

Because of the three-dimensional arrangement of ions in a sodium chloride crystal,
we cannot speak of specific ionic bonds between specific pairs of ions. Rather, there
are many ions attracted by ionic bonds to their nearest neighbors. We therefore speak
of the whole NaCl crystal as being an ionic solid and of such compounds as being ionic
compounds. The same is true of all compounds composed of ions.

3.8 Formulas of lonic Compounds

Learning Objective:

* Determine the formula of ionic compounds based on the formulas and charges of the
cations and anions.

Since all chemical compounds are neutral, it is relatively easy to figure out the formulas
of ionic compounds. Once the ions are identified, all we need to do is decide how many
ions of each type give a total charge of zero. Thus, the chemical formula of an ionic
compound tells the ratio of anions and cations.

<Figure 3.3

(a) Chlorine is a toxic green gas, sodium
is a reactive metal, and sodium chloride is
a harmless white solid. (b) Sodium metal
burns with an intense yellow flame when
immersed in chlorine gas, yielding white
sodium chloride “smoke.”

Ionic solid A crystalline solid held
together by ionic bonds.

Ionic compound A compound that
contains ionic bonds.
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Formula unit The formula that identi-
fies the smallest neutral unit of an ionic
compound.

If the ions have the same charge, only one of each ion is needed:

K* and F' form KF
Ca~ and O* form CaO

This makes sense when we look at how many electrons must be gained or lost by
each atom in order to satisfy the octet rule. For the formation of KF and CaO, electrons
must be transferred from the metals to the nonmetals to form their respective cations
and anions. This process can be represented as:

K- + ‘F: —> K* + :Fi-
Ca* + .é:). _ Ca2+ + ;@;27

For each case, the electrons being transferred are represented in red, and each of
the product ions has an electron configuration equivalent to a noble gas (i.e., a complete
octet). The charges on the anions and cations are equal, but opposite in sign, so the
charges cancel. If the ions have different charges, however, unequal numbers of anions
and cations must combine in order to have a net charge of zero. When potassium and
oxygen combine, for example, it takes two K* ions to balance the —2 charge of the O*~
ion. Put another way, it takes two K atoms to provide the two electrons needed in order
to complete the octet for the O atom:

2K + Q- —> 2K + :0:2-
2 K* and O*" form K,O

The situation is reversed when a Ca" ion reacts with a CI~ ion. One Ca atom can
provide two electrons; each CI atom requires only one electron to achieve a complete
octet. Thus, there is one Ca®" cation for every two CI~ anions:

“Ca- + 2:Cl: —> Ca2* + 2:Cl:-
Ca?* and 2 Cl~ form CaCl,

It sometimes helps when writing the formulas for an ionic compound to remem-
ber that, when the two ions have different charges, the number of one ion is equal to
the charge on the other ion. In magnesium phosphate, for example, the charge on the
magnesium ion is +2 and the charge on the polyatomic phosphate ion is —3. Thus, there
must be three magnesium ions with a total charge of 3 X (+2) = +6 and two phos-
phate ions with a total charge of 2 X (—3) = —6 for overall neutrality.

PN

The charge on thision (=3) PO 43 - Mg " The charge on this ion (+2)

is the same as the Mg, (PO,), is the same as the

number of the other ion (3)\_/ \/ number of the other ion (2).

Magnesium phosphate

The formula of an ionic compound shows the lowest possible ratio of atoms in the
compound and is thus known as a simplest formula. Because there is no such thing as
a single neutral particle of an ionic compound, however, we use the term formula unit
to identify the smallest possible neutral unit (Figure 3.5). For NaCl, the formula unit is
one Na* ion and one CI~ ion; for K,SO,, the formula unit is two K ions and one SO,>~
ion; for CaF,, the formula unit is one Ca’" ion and two F~ ions; and so on.

Once the number and kinds of ions in a compound are known, the formula is writ-
ten using the following rules:

» List the cation first and the anion second; for example, NaCl rather than CINa.

* Do not write the charges of the ions; for example, KF rather than K'F.

» Use parentheses around a polyatomic ion formula if it has a subscript; for example,
Al,(SOy); rather than Al,SOys.



One formula unit = (+1) + (=1) =0
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One formula unit = (+2) + (2)(=1) =0

<Figure 3.5

Formula units of ionic compounds.
The sum of charges on the ions in a
formula unit equals zero.

@ o @ o
-1 +1 -1 +2

Worked Example 3.6 lonic Compounds: Writing Formulas

Write the formula for the compound formed by calcium ions and nitrate ions.

ANALYSIS Knowing the formula and charges on the cation and anion (Figure 3.1 and Table 3.3), we determine
i how many of each are needed to yield a neutral formula (zero charge) for the ionic compound.

'?“[}]1;[:32 ?ons are Ca’* and NO5™. Two nitrate ions, each with a —1 charge, will balance the +2 charge of the
: calcium ion.
. Ca2"  Charge = 1 X (+2) = +2
2NO;~  Charge =2 X (—1) = =2
Since there are two ions, the nitrate formula must be enclosed in parentheses:

Ca(NO;),

Calcium nitrate

PROBLEM 3.18
Write the formulas for the ionic compounds that are formed for each of the following
ion combinations:

(a) Iodide ion and magnesium ion

(b) Oxide ion and aluminum ion

(c¢) Phosphate ion and Iron(II)

(d) Sulfate ion and Chromium(III)

PROBLEM 3.19

The ionic compound containing ammonium ion and carbonate ion gives off the odor of
ammonia, a property put to use in smelling salts for reviving someone who has fainted.
Write the formula for this compound.

PROBLEM 3.20

An astringent is a compound that causes proteins in blood, sweat, and other body
fluids to coagulate, a property put to use in antiperspirants. Two safe and effective
astringents are the ionic compounds of aluminum with sulfate ion and with acetate ion.
Write the formulas of both.
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(<=3 KEY CONCEPT PROBLEM 3.21

Three ionic compounds are represented on this periodic table—red cation with red
anion, blue cation with blue anion, and green cation with green anion. Give a likely
formula for each compound.

HANDS-ON CHEMISTRY 3.1

i o

EEmmEEEEEmEEE

Obtain a set of Lego building blocks and separate them
into groups that are one, two, and three units long (if you do not
have access to a physical set of blocks, visit www.buildwithchrome
.com/builder]. The blocks will represent anions and cations that have
charges of 1, 2, and 3, respectively. If possible, try to have multiple
colors within each group. Label the blocks in each group as follows:

—0ne unit long: Label as Na*, K¥, CI7, and NO, ™.

block, connect an anion on top of it. If the anion layer is not long
enough for the two layers to match up exactly, add another
anion of the same type beside it on top of the cation layer. If
the anion layer extends over the end of the cation layer, add
another cation to the bottom layer. When the cation and anion
layers match exactly in length, count how many of the cation
and anion blocks were necessary to determine the formula of
the ionic compound.

—Two units long: Label as Mg®*, Ca®*, Fe?", 0%~, and S0,%".

Try building the compounds suggested next, or make u
—Three units long: Label as A*¥, Fe3*,N3~, and PO~ ’ & P B8 P

your own combinations. Just be sure that each compound has

Try to have at least three blocks for each ion in a given ~ acation and an anion!

group and, if possible, keep the colors consistent for a given a) Cation = Na* Anion = S0,2~
ion;gcjr‘example, let all Na* ions be black, all CI” ions be yellow, b) Cation = Fe?* I —— N03’
all0 .|ons be blue, and so on. . ¢) Cation = Mg?* Anion = PO43_
Using the blocks, assemble the following compounds by ) )
d) Cation = Fe3* Anion = 02~

matching anion and cation blocks. Starting with the cation

3.9 Naming lonic Compounds

Learning Objective:

e Based on the cations and anions in the chemical formula, write the name of ionic
compounds.

Ionic compounds are named by citing first the cation and then the anion, with a space
between words. There are two kinds of ionic compounds, and the rules for naming
them are slightly different.

Type I: Tonic compounds containing cations of main group elements (1A, 2A, alu-
minum). Since the charges on these cations do not vary, we do not need to specify the
charge on the cation as discussed in Section 3.5. For example, NaCl is sodium chloride
and MgCO, is magnesium carbonate.

Type II: Ionic compounds containing metals that can exhibit more than one charge.
Since some metals, including the transition metals, often form more than one ion, we
need to specify the charge on the cation in these compounds. Either the old (-ous, -ic)
or the new (Roman numerals) system described in Section 3.5 can be used. Thus, FeCl,
is called iron(II) chloride (or ferrous chloride) and FeCl, is called iron(III) chloride (or
ferric chloride). Note that we do not name these compounds iron dichloride or iron tri-
chloride—once the charge on the metal is known, the number of anions needed to yield
a neutral compound is also known and does not need to be included as part of the com-
pound name. Table 3.4 lists some common ionic compounds and their uses.
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Table 3.4 Some Common lonic Compounds and Their Applications

Chemical Name (Common Name) Formula
Ammonium carbonate (NHy4),C03
Calcium hydroxide (hydrated lime) Ca(0H),
Calcium oxide (lime) Ca0
Lithium carbonate (lithium) Li,CO5
Magnesium hydroxide (milk of Mg(0H),
magnesia)

Magnesium sulfate (Epsom salts) MgS0,
Potassium permanganate KMnO,
Potassium nitrate (saltpeter) KNO;
Silver nitrate AgNO3

Sodium hydrogen carbonate (baking ~ NaHCOj;

Applications

Smelling salts

Mortar, plaster, whitewash

Lawn treatment, industrial chemical
Treatment of bipolar disorder

Antacid

Laxative, anticonvulsant

Antiseptic, disinfectant™®

Fireworks, matches, and desensitizer for teeth
Antiseptic, germicide

Baking powder, antacid, mouthwash, deodorizer
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2» Because the formula unit for an
ionic compound must be neutral, we
can unambiguously write the formula
from the name of the compound
and vice versa. As we shall see in
Chapter 4, covalent bonding between
atoms can produce a much greater
variety of compounds. The rules for
naming covalent compounds must
be able to accommodate multiple
combinations of elements (e.g., CO

soda) and CO,).

Sodium hypochlorite NaOCl Disinfectant, active ingredientin household

bleach

Zinc oxide Zn0 Skin protection, in calamine lotion

*Antiseptics and disinfectants can also be harmful or toxic to nonharmful microorganisms but are used specifically to
preventinfection from harmful microorganisms.

Worked Example 3.7 lonic Compounds: Formulas and lonic Charges

Sodium and calcium both form a wide variety of ionic compounds. Write formulas for the following
: compounds:
: (a) Sodium bromide and calcium bromide
(b) Sodium sulfide and calcium sulfide
(¢) Sodium sulfate and calcium sulfate
i (d) Sodium phosphate and calcium phosphate
ANALYSIS Using the formulas and charges for the cations and the anions (from Tables 3.2 and 3.3), we
determine how many of each cation and anion are needed to yield a formula that is neutral.
| SOLUTION
: (a) The cations are sodium (Na) and calcium (Ca). Sodium, as a 1A metal would have a +1 charge (Na");
calcium, as a 2A metal, would have a +2 charge (Ca**). The anion (bromide) is in group 7A and would

have a —1 charge (Br"). In order for the charges to be neutral, the respective compound formulas are
NaBr and CaBr,.

(b) Again, the cations are Na™ and Ca?*. The anion (sulfide) is in group 6A and would have a —2 charge. The
neutral formulas are Na,S and CaS.

(¢) The cations are Na* and Ca?*. The anion (sulfate) is a polyatomic ion with a —2 charge (SO,*"). Neutral
formulas = Na,SO, and CaSO,.

(d) Cations = Na* and Ca?". The anion (phosphate) is a polyatomic ion with —3 charge (PO,*"). Neutral
formulas = Na,PO, and Ca,(PO,),.

Worked Example 3.8 Naming lonic Compounds

Name the following compounds using Roman numerals to indicate the charges on the cations where necessary:
. (a) KF (b) MgCl, (¢) AuCly (d) Fe,0O4

ANALYSIS For main group metals, the charge is determined from the group number, and no Roman numerals
i are necessary. For transition metals, the charge on the metal can be determined from the total charge(s) on the
i anion(s).

—continued on next page
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—continued from previous page

SOLUTION
(a) Potassium fluoride. No Roman numeral is necessary because a group 1A metal forms only one cation.

(b) Magnesium chloride. No Roman numeral is necessary because magnesium (group 2A) forms only Mg?".
(¢) Gold(III) chloride. The three CI™ ions require a +3 charge on the gold for a neutral formula. Since gold is
a transition metal that can form other ions, the Roman numeral is necessary to specify the +3 charge.

(d) Iron(III) oxide. Because the three oxide anions (02_) have a total negative charge of —6, the two iron
cations must have a total charge of +6. Thus, each is Fe**, and the charge on each is indicated by the
Roman numeral (III).

PROBLEM 3.22

The compound Ag,S is responsible for much of the tarnish found on silverware. Name
this compound, and give the charge on the silver ion.

PROBLEM 3.23

Name the following compounds:
(@ SnO, (b) Ca(CN), () Na,CO;
(d) Cu,SO4 (e) Ba(OH), (f) Fe(NO3),

PROBLEM 3.24
Write formulas for the following compounds:

(a) Lithium phosphate (b) Copper(Il) carbonate
(¢) Aluminum sulfite (d) Cuprous fluoride
(e) Ferric sulfate (f) Ammonium chloride

(€=3 KEY CONCEPT PROBLEM 3.25

The ionic compound calcium nitride is represented here. What is the formula for cal-
cium nitride, and what are the charges on the calcium and nitride ions?

caion @)

Nion @)
20000
20000
20000
20000

HANDS-ON CHEMISTRY 3.2

Using the same building block set from the previous Hands- a) Chromic phosphate
On Chemistry activity, build the following compounds and iden- b) Ferrous chloride
tify the chemical formula. Refer to the names of common ions in
Tables 3.1-3.3 as needed.

c) Ferric nitrate

d) Ammonium sulfite
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3.10 Some Properties of lonic Compounds

Learning Objective:

e Identify the properties of ionic compounds, and explain how the nature of the ionic bond
is reflected in the physical properties of ionic compounds.

Like sodium chloride, ionic compounds are usually crystalline solids. Different ions
vary in size and charge; therefore, they are packed together in crystals in different ways.
The ions in each compound settle into a pattern that efficiently fills space and allows
for maximum interaction with adjacent ions of opposite charge.

Because the ions in an ionic solid are held rigidly in place by attraction to their neigh-
bors, they cannot move about. Once an ionic solid is dissolved in water, however, the ions
can move freely, thereby making ionic compounds good conductors of electricity in a
solution. Ionic compounds dissolve in water if the attraction between water and the ions
overcomes the attraction of the ions for one another. Compounds like sodium chloride are
very soluble in water and can be dissolved to make solutions of high concentration. Do
not be misled, however, by the ease with which sodium chloride and other familiar ionic
compounds dissolve in water. Many other ionic compounds, such as magnesium hydrox-
ide or barium sulfate, are not water soluble, because the attractive forces between these
ions and water is not sufficient to overcome the ionic attractions in the crystals. i i . ,

Ionic compounds also have high melting and boiling points. The attractive force 4 The melting point of sodium chioride

p ve g g gp is 1074 K.
between oppositely charged cations and anions is extremely strong, so the ions need to
gain a large amount of energy to overcome the attractions between one another. At higher
boiling or melting points, more energy is needed. Sodium chloride, for example, melts at
1074 K and boils at 1686 K; potassium iodide melts at 954 K and boils at 1603 K.

Despite the strength of ionic bonds, ionic solids shatter if struck sharply. A blow
disrupts the orderly arrangement of cations and anions, forcing particles of like electri-
cal charge closer together. The proximity of like charges creates repulsive energies that
split the crystal apart.

PROBLEM 3.26

The melting points of NaCl, KCI, and RbCl are 1074 K, 1043 K, and 991 K, respec-
tively. Based on this, which compound exhibits the strongest ionic bonds, and which
exhibits the weakest? How is this trend related to the relative size of the cations?

CHEMISTRY IN ACTION

lonic Liquids
Imagine a substance that could help solve the problems of
nuclear waste, make solar energy more efficient, and revo-
lutionize the development of biomass-based renewable en-
ergies. When discussing ionic substances, most of us think
of hard, crystalline materials like common table salt (see
the Chemistry in Action feature on p. 115], with high melting
points. Butionic liquids have very different properties, includ-
ing low melting points, high viscosity, low-to-moderate electri-
cal conductivity, and low volatility, which make them suitable
for the varied uses described previously. A Protic ionic liquids (PIL) are used to extract

Although the details of the discovery of ionic liquids are lignin from biomass (right] leaving behind
in dispute, one of the first room temperature ionic liquids (or the solid, energy-rich cellulose (left) to be

. . . . converted into biofuels.

RTILs), ethylammonium nitrate, was synthesized in 1914

by Paul Walden. Most RTILs developed since then consist  By|ky cations provide unique solvent properties, enabling
of a bulky, asymmetric organic cation (see Organic Chemis-  them to dissolve substances that are not very soluble in
try in Chapters 12-19) combined with a variety of anions.  more conventional solvents. Their low volatility also makes

(Continued]
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them attractive as “green,” or environmentally friendly,
solvents. Consider the practice of using biomass as a fuel
source. One common approach is to convert sugar or starch
(from corn, beets, or cane sugar) into ethanol by the process
of fermentation. But the major component of these and most
other plants is cellulose. Cellulose is a polymer (see the Chem-
istry in Action feature on p. 155) composed of many sugars
joined together in a long chain. Cellulose is chemically similar
to starch butis neither highly soluble in most solvents nor sub-
ject to fermentation. RTILs can be used to dissolve cellulose
at moderate temperatures and facilitate its breakdown into
simple fermentable sugars. Most of the cellulose in biomass,
however, is also combined with lignin—an integral component
of the cell walls of plants. Lignin can be separated and removed

from biomass by dissolvingitin RTIL solutions, providing a sim-
ple and relatively inexpensive method for recovering cellulose
for biofuel applications. At a volume of nearly 700 billion tons of
the earth’s biomass, cellulose represents an important renew-
able energy source. The ability to isolate and convert cellulose
into fuel will certainly help meet our expanding energy needs.

CIA Problem 3.5 Most ionic substances are solids at room
temperature. Explain why the RTILs discussed in this appli-
cation are liquids rather than solids

CIA Problem 3.6 lonic liquids are being evaluated for use in a
moon-based spinning-liquid telescope. Which properties
of ionic liquids make them particularly well suited for this
application?

» In Chapter 10, we will look at the
chemical behavior of acids and bases
and their importance in many areas of
chemistry. Acid-base chemistry is so sig-
nificant that it requires a full chapter for
adequate coverage. The importance of
acids and bases will be evident as they
reappear in later chapters related to or-
ganic and biochemistry.

Acid A substance that provides H*
ions in water.

Base A substance that provides OH™
ions in water.

» The behavior of polyprotic acids, or
acids that provide more than one H* ion
per acid molecule, will be discussed in
more detail in Chapter 10.

3.11 H"and OH  lons: An Introduction to Acids and Bases

Learning Objective:

e Identify the ions associated with acids and bases.

Two of the most important ions we will be discussing in the remainder of this book are
the hydrogen cation (H") and the hydroxide anion (OH™). Since a hydrogen atom
contains one proton and one electron, a hydrogen cation is simply a proton because it
has lost its single electron. A hydroxide anion (OH"), by contrast, is a polyatomic ion
in which an oxygen atom is covalently bonded to a hydrogen atom (covalent bonds are
discussed in Chapter 4). Although much of Chapter 10 is devoted to the chemistry of
H* and OH ions, it is worth taking a preliminary look now.

The importance of the H' cation and the OH™ anion is that they are fundamental
to the concepts of acids and bases. In fact, one definition of an acid is a substance
that provides H" ions when dissolved in water; for example, HCI, HNO;, H,SO,, and
H,PO,. One definition of a base is a substance that provides OH™ ions when dissolved
in water; for example, NaOH, KOH, and Ba(OH ).

Hydrochloric acid (HCI), nitric acid (HNOs), sulfuric acid (H,SO,), and
phosphoric acid (H;PO,) are among the most common acids. When any of these sub-
stances is dissolved in water, H' ions are formed along with the corresponding anion
(Table 3.5).

Different acids can provide different numbers of H' ions per acid molecule.
Hydrochloric acid, for instance, provides one H* ion per acid molecule; sulfuric acid
can provide two H" ions per acid molecule; and phosphoric acid can provide three H*
ions per acid molecule.

Sodium hydroxide (NaOH; also known as lye or caustic soda), potassium hydroxide
(KOH; also known as caustic potash), and barium hydroxide [ Ba(OH), | are examples
of bases. When any of these compounds dissolves in water, OH ™ anions go into solution
along with the corresponding metal cation. Sodium hydroxide and potassium hydroxide
provide one OH ™ ion per formula unit; barium hydroxide provides two OH™ ions per
formula unit, as indicated by its formula, Ba(OH)».

PROBLEM 3.27
Which of the following compounds are acids, and which are bases? Explain.
(a) HF (b) Ca(OH), (¢) LiOH (d) HCN
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Table 3.5 Some Common Acids and the Anions Derived from Them

Acids Anions
Acetic acid CH5CO0H Acetate ion *CH3C00™
Carbonic acid H,CO05 Hydrogen carbonate ion HCO3
Carbonate ion €05
Hydrochloric acid HCI Chloride ion cr
Nitric acid HNO; Nitrate ion NO3
Nitrous acid HNO, Nitrite ion NO,
Phosphoric acid H3P0, Dihydrogen phosphate ion H,PO,
Hydrogen phosphate ion HPO,2~
Phosphate ion PO,
Sulfuric acid H,S0, Hydrogen sulfate ion HSO,
Sulfate ion 50,2~

*Sometimes written C,H30, oras CH3CO, .

(<=3 KEY CONCEPT PROBLEM 3.28

One of these pictures represents a solution of HCI and one represents a solution of
H,SO,. Which is which?

@%,0 (|0 o
00’0
@ o

Q@
0® o
OQ‘O

(EY) (b)

fg‘ OStGOPOI‘OSiS and brittle, a clinical condition called osteoporosis can result.
Osteoporosis is, in fact, the most common of all bone dis-
eases, affecting approximately 25 million people in the United
States. Approximately 1.5 million bone fractures each year are
caused by osteoporosis, at an estimated health-care cost of
$14 billion.

Although both sexes are affected by osteoporosis, the con-
dition is particularly common in postmenopausal women, who
undergo bone loss at a rate of 2—3% per year over and above
that of the normal age-related loss. The cumulative lifetime
bone loss, in fact, may approach 40—-50% in women versus
20-30% in men. It has been estimated that half of all women
over the age of 50 years will have an osteoporosis-related bone
fracture at some point in their life. Other risk factors, in addition
to sex, include being thin, being sedentary, having a family his-
tory of osteoporosis, smoking, and having a diet low in calcium.

No cure exists for osteoporosis, but treatment for its
prevention and management includes estrogen-replacement

At the beginning of the chapter we discussed the importance
of dietary calcium ions for the formation of strong teeth and
bones. Bone consists primarily of two components, one min-
eral and one organic. About 70% of bone is the ionic compound
hydroxyapatite, Ca;q(P0,)g(0H),, called the trabecular, or
spongy, bone. This mineral component is intermingled in a
complex matrix with about 30% by mass of fibers of the protein
collagen, called the cortical, or compact, bone. Hydroxyapatite
gives bone its hardness and strength, whereas collagen fibers
add flexibility and resistance to breaking.

Total bone mass in the body increases from birth until
reaching a maximum in the mid 30s. By the early 40s, however,
an age-related decline in bone mass begins to occur in both
sexes. Bone density decreases, and the microarchitecture of
bones is disrupted, resulting in weakening of bone structure,
particularly in the wrists, hips, and spine. Should this thinning
of bones become too great and the bones become too porous

(Continued]
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A These images represent a healthy vertebra (left) and one
showing the effects of osteoporosis (right].

therapy for postmenopausal women as well as several
approved medications called bisphosphonates that bind to
the calcium in bone, slowing down bone loss by inhibiting the
action of osteoclasts, or cells that break down bone tissue. Cal-
cium supplements are also recommended, as is appropriate
weight-bearing exercise. In addition, treatment with sodium
fluoride is under active investigation and shows considerable
promise. Fluoride ion reacts with hydroxyapatite to give fluor-
apatite, in which OH ions are replaced by F, increasing both
bone strength and density.

Cayo(PO,4)s(0H), + 2F > Cayg(PO, )62
Hydroxyapatite Fluorapatite

CIA Problem 3.7 Name each ion in hydroxyapatite,
Casp(PO,4)g(0H),; give its charge; and show that the for-
mula represents a neutral compound.

SUMMARY REVISITING THE CHAPTER LEARNING OBJECTIVES

e Describe ion formation processes and distinguish between
anions and cations. Atoms are converted into cations by the loss of
one or more electrons [resulting in a positive (+] charge] and into
anions by the gain of one or more electrons [resulting in a negative
(=) charge] [see Problems 32, 33, 40—43, 46, 48, 49, 54, and 55).

® Usethe octet rule and electron configurations to explain the
charge associated with ions. A valence-shell electron configuration
of eight electrons in filled s and p subshells leads to stability and lack
of reactivity, as typified by the noble gases in group 8A. According

to the octet rule, atoms of main group elements tend to formions in
which they have gained or lost the appropriate number of electrons to
reach a stable electronic configuration of a noble gas (see Problems
3,37-39,44, 45,47, 78, 79, 84, and 86).

e Use the periodic table to predict the charge associated with ions
of main group elements. The ionic charge can be predicted from the
group number and the octet rule. For main group metals, the charge
on the cation is equal to the group number. For nonmetals, the charge
on the anion is equal to 8 — [group number] (see Problems 29, 30, and
52-55).

e Explain the formation of anions and cations based on periodic
trends. Periodic variations inionization energy, the amount of energy
that must be supplied to remove an electron from an atom, show
that metals lose electrons more easily than nonmetals. As a result,
metals usually form cations. Similar periodic variations in electron
affinity, the amount of energy released on adding an electron to an
atom, show that reactive nonmetals gain electrons more easily than
metals. As aresult, reactive nonmetals usually form anions (see
Problems 50-53, 56, 57, and 85).

* Name common monoatomic anions and cations. Cations have the
same name as the metal from which they are derived. Monatomic
anions have the name ending -ide. For metals that form more than
one ion, a Roman numeral equal to the charge on the ion is added to
the name of the cation. Alternatively, the ending -ous is added to the
name of the cation with the lesser charge and the ending -ic is added
to the name of the cation with the greater charge (see Problems
58-61).

e Identify the name, formula, and charge of common polyatomic
ions. Polyatomic ions consist of groups of atoms that are joined by
covalent bonds (Chapter 4) but having an overall charge. The names,
formulas, and charges of common polyatomic ions are summarized in
Table 3.3 (see Problems 62, 63, 88, and 89).

e Explain the nature of the ionic bonds holding ions together in
ionic compounds. lonic compounds are composed of cations and
anions that are formed by the transfer of electrons; these ions are
held together by ionic bonds, which result from the attraction
between opposite electrical charges (see Problems 48, 49, and 57].

© Determine the formula of ionic compounds based on the formulas
and charges of the cations and anions. lonic compounds must con-
tain appropriate numbers of anions and cations to maintain overall
neutrality, thereby providing a means of determining their chemical
formulas (see Problems 34-36, 64—67, and 70].

* Based on the cations and anions in the chemical formula, write
the name of ionic compounds. To name an ionic compound, the cation
name is given first, with the charge of the metal ion indicated if nec-
essary. The name of the anion is given second using the -ide suffix as
appropriate (for a monatomic anion) or the name of the polyatomic
anion (see Problems 68-73, 80, 82, 83, and 87-90).

* Identify the properties of ionic compounds and explain how the
nature of the ionic bond is reflected in the physical properties of
ionic compounds. lonic compounds conduct electricity when dis-
solved in water because the charged particles (ions) act as mobile
charge carriers. lonic compounds are generally crystalline solids with
high melting points and high boiling points because of the strong
electrostatic attraction between ions in the solid state [see Problems
49 and 50.

e |dentify the ions associated with acids and bases. The hydrogen
ion (H™) and the hydroxide ion (OH™) are among the most important
ions in chemistry because they are fundamental to the idea of acids
and bases. According to one common definition, an acid is a sub-
stance that yields H" ions when dissolved in water and a base

is a substance that yields OH™ ions when dissolved in water [see
Problems 74—77 and 81].
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Intramolecular Forces

/

Ionic Bonds (Chapter 3)
= transfer of electrons

L

Formation of ions depends on
Ionization energy
Loss of electrons = cations
Electron affinity -
Gain of electrons = anions
Electron configurations
Octet rule

Ionic Compounds:
Balancing of charges of
cations/anions
Properties of ionic compounds: -
Solubility in polar solvents
High melting points
Solution conductivity

/

Covalent Bonds (Chapter 4)

= sharing of electrons

A Figure 3.3 Concept Map. As illustrated in this concept map, ionic bonds represent one type of intramolecular force
holding elements together in compounds. Elements form ions by gaining or losing electrons to obtain a stable electronic
configuration. The tendency to gain/lose electrons is reflected in the magnitude of the ionization energies or electron
affinities of the elements. Properties of ionic compounds (high melting points, solubility in polar solvents, solution
conductivity) are a consequence of the charges on the ions and the strong electrostatic attractions between ions.
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3.29 Where on the blank outline of the periodic table are the
following elements found?

(a) Elements that commonly form only one type of cation
(b) Elements that commonly form anions
(c) Elements that can form more than one type of cation

(d) Elements that do not readily form either anions or
cations

3.30 Where on the blank outline of the periodic table are the
following elements found?

(a) Elements that commonly form +2 ions
(b) Elements that commonly form —2 ions

(¢) An element that forms a +3 ion
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3.31 Write the symbols for the ions represented in the follow-
ing drawings.

@ (b) (© d
3.32 One of these drawings represents an Na atom, and one

represents an Na' ion. Tell which is which, and explain why there
is a difference in size.

3.33 One of these drawings represents a Cl atom and one rep-
resents a Cl™ ion. Tell which is which, and explain why there is a
difference in size.

3.34 The elements in red in the periodic table can form cations
having more than one charge. Write the formulas and names of the
compounds that are formed between the red cations and the blue

anions depicted in the periodic table.

EEmEEREEEmEmEE

ADDITIONAL PROBLEMS

IONS AND THE OCTET RULE (SECTIONS 3.1 AND 3.2)

3.37 Whatis the octet rule?

3.38  What roles do the octet rule and the position of an element
in the periodic table play in determining the charge on
an ion?

3.39 Why do H and He not obey the octet rule?

3.40 Write the symbol for an ion that contains 34 protons and
36 electrons.

3.41  What is the charge of an ion that contains 21 protons and
19 electrons?

3.42 Identify the element X in the following ions and tell which

noble gas has the same electron configuration.
(@) X*', a cation with 36 electrons

(b) X, an anion with 36 electrons

3.35 Each of these drawings (a)—(d) represents one of the fol-
lowing ionic compounds: PbBr,, ZnS, CrF3, and Al,03. Which is
which?

0000 00000
0000 00000
0000 00000

@ (b)
000000
000000
000000
000000
000000

d

3.36 The ionic compound formed between chromium and
oxygen is shown here. Name the compound and write its formula.
(Hint: When naming the compound, remember that chromium

is a transition metal cation and can have more than one possible

charge.)
Oxygen 3

Chromium

29 9
d 99

d 99
d & O

3.43  Element Z forms an ion Z>*, which contains 31 protons.

What is the identity of Z, and how many electrons does Z**
have?
3.44  Write the electron configuration for the following ions:
(@ Rb* (b) Br~ (© S
(d) Ba** () AP*

Based on the following atomic numbers and electronic
configurations write the symbols for the following ions:

(a) Z=20; 15> 2s%>2p° 35? 3p°

(b) Z=28; 15> 25> 2p°®

() Z=22; 15*> 25> 2p° 35> 3p°® 3d>
(d) Z=19; 1s> 25% 2p® 35> 3p°

() Z=13; 15> 2s> 2p°

3.45



IONS AND IONIC BONDING (SECTION 3.3)

3.46  Write equations for loss or gain of electrons by atoms that
result in formation of the following ions:

(@ Ca™ (b) Au* (© F~ @ cr**
3.47  Write electronic configurations and symbols for the ions
formed by the following:

(@) Gain of three electrons by phosphorus
(b) Loss of one electron by lithium

(c¢) Loss of two electrons by cobalt

(d) Loss of three electrons by thallium

3.48 Tell whether each statement about ions is true or false. If a
statement is false, explain why.

(@) A cation is formed by addition of one or more electrons
to an atom.

(b) Group 4A elements tend to lose four electrons to yield
ions with a +4 charge.

(c¢) Group 4A elements tend to gain four electrons to yield
ions with a —4 charge.

(d) The individual atoms in a polyatomic ion are held to-
gether by covalent bonds.

3.49 Tell whether each statement about ionic solids is true or
false. If a statement is false, explain why.

(@) Ions are randomly arranged in ionic solids.
(b) All ions are the same size in ionic solids.
(c) Ionic solids can often be shattered by a sharp blow.

(d) Ionic solids have low boiling points.

PERIODIC PROPERTIES AND ION FORMATION (SECTION 3.4)

3.50 Looking only at the periodic table, tell which member of
each pair of atoms has the larger ionization energy and thus
loses an electron less easily:

(@) Liand O (b) Li and Cs
(¢0 Kand Zn (d) Mg and N

3.51 Looking only at the periodic table, tell which member of
each pair of atoms has the larger electron affinity and thus
gains an electron more easily:

(@) Liand S (b) Baand I
(¢) Caand Br

3.52  Which of the following ions are likely to form? Explain.
(@ Li**" (b) K~ (© Mn**
@) Zn** (e Ne*

3.53 What is the charge on the cation formed from the follow-
ing elements? For those elements that form more than one
cation, indicate the ionic charges most commonly observed.

(@) Magnesium (b) Tin
(¢) Mercury (d) Aluminum
3.54  Write the electron configurations of Cr*" and Cr*".

3.55  Write the electron configurations of Co, Co**, and Co**.

3.56

3.57

Additional Problems 131

Would you expect the ionization energy of Li* to be less

than, greater than, or the same as the ionization energy of

Li? Explain.

(a) Write equations for the loss of an electron by a K atom
and the gain of an electron by a K" ion.

(b) What is the relationship between the equations?

(c) What is the relationship between the ionization energy
of a K atom and the electron affinity of a K" ion?

SYMBOLS, FORMULAS, AND NAMES FOR IONS
(SECTIONS 3.5 AND 3.6)

3.58

3.59

3.60

3.61

3.62

3.63

Name the following ions:
(@) S (b) Sn%* (© Sr*"
@ Mg* (&) Au*

Name the following ions in both the old and the new
systems:

(@) Cr** (b) Fe* (¢) Hg>*
Write symbols for the following ions:
(@) Selenide ion (b) Oxide ion

(¢) Silver(I) ion

Write symbols for the following ions:

(a) Ferrous ion (b) Tin(IV) ion

(¢c) Lead(II) ion (d) Chromic ion
Write formulas for the following ions:

(a) Hydroxide ion (b) Bisulfate ion

(¢c) Acetate ion (d) Permanganate ion
(e) Hypochlorite ion (f) Nitrate ion

(g) Carbonate ion (h) Dichromate ion

Name the following ions:
(@) NO,” (b) CrO,*~
(¢ NH," (d) HPO >~

NAMES AND FORMULAS FOR IONIC COMPOUNDS
(SECTIONS 3.8 AND 3.9)

3.64

3.65

Write the formula for the following substances:
(a) Sodium hydrogen carbonate (baking soda)
(b) Potassium nitrate (a backache remedy)

(¢) Calcium carbonate (an antacid)

(d) Ammonium nitrate (first aid cold packs)
Write the formula for the following compounds:

(a) Calcium hypochlorite, used as a swimming pool
disinfectant

(b) Copper(Il) sulfate, used to kill algae in swimming
pools

(¢) Sodium phosphate, used in detergents to enhance
cleaning action
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3.66

3.67

3.68

3.69

3.70

3.71

3.72

3.73

CHAPTER 3  lonic Compounds

Complete the table by writing in the formula of the com-
pound formed by each pair of ions:

N cr PO~ CO5>”
Copper(1I) CuS
Ca2+
NH,"
Ferric ion

Complete the table by writing in the formula of the
compound formed by each pair of ions:

0> HSO,~ HPO,>~ (C,0,
I{Jr Kzo
Ni2+
NH,"
Chromous

Write the name of each compound in the table for
Problem 3.66.

Write the name of each compound in the table for
Problem 3.67.

Name the following substances:
(@) MgCO;

(¢) AgCN

Name the following substances:
(a) Fe(OH), (b) KMnO,

(¢) NayCrO4 (d) Ba3(PO,),

Which of the following formulas is most likely to be correct
for calcium phosphate?

(@) Ca,PO, (b) CaPO,
(©) Cay(PO,); (d) Ca,(POy),

Fill in the missing information to give the correct formula
for each compound:

(a) Al‘?(SO4)‘7
(©) Rby(SOy),

(b) Ca( CH3C02 ) 2
(d) Nazcr207

(b) (NHy4)-(POy4),

ACIDS AND BASES (SECTION 3.11)

3.74  What is the difference between an acid and a base?

3.75 Identify the following substances as either an acid or a
base:
(@ H,CO;4 (b) HCN
(© Mg(OH), (d) KOH

3.76  Write equations to show how the substances listed in
Problem 3.75 give ions when dissolved in water.

3.77 Give the formula and the name of the anions for the acids in
Problem 3.75. (Hint: The H ion is the cation in the acids.)

CONCEPTUAL PROBLEMS

3.78  Explain why the hydride ion, H™, has a noble gas

configuration.

3.79

3.80

3.81

3.82

3.83

3.84

3.85

3.86

The H™ ion (Problem 3.78) is stable but the Li~ ion is not.
Explain.

Many compounds containing a metal and a nonmetal are
not ionic, yet they are named using the Roman numeral
system for ionic compounds described in Section 3.5. Write
the chemical formulas for the following such compounds.

(@) Chromium(VI) oxide
(b) Vanadium(V) chloride
(¢c) Manganese(IV) oxide
(d) Molybdenum(IV) sulfide

The arsenate ion has the formula AsO,>~. Write the formula
of the corresponding acid that contains this anion. (Hint:
The cation for the corresponding acid is H'.)

The names given for the following compounds are
incorrect. Write the correct name for each compound.

(@) CusPQ,, copper(Ill) phosphate
(b) Na,SOy, sodium sulfide

(¢) MnO,, manganese(II) oxide
(d) AuCls, gold chloride

(e) Pb(CO3),, lead(I) acetate

(f) Ni,S;, nickel(IT) sulfide

The formulas given for the following compounds
are incorrect. Write the correct formula for each
compound.

(@) Cobalt(I) cyanide, CoCN,

(b) Uranium(VI) oxide, UOq

(© Tin(II) sulfate, Ti(SOy4),

(d) Manganese(IV) oxide, MnO,

(e) Potassium phosphate, K,PO,

(f) Calcium phosphide, CaP

(g) Lithium bisulfate, Li(SOy),

(h) Aluminum hydroxide, Al,(OH);

How many protons, electrons, and neutrons are in each of
these ions?

(a) 1602— (b) 89Y3+
(C) 133CS+ (d) SIBr*

Element X reacts with element Y to give a product
containing X" ions and Y?~ ions.

(@) Iselement X likely to be a metal or a nonmetal?
(b) Is element Y likely to be a metal or a nonmetal?
(c) What is the formula of the product?

(d) What groups of the periodic table are elements X and
Y likely to be in?

Identify each of the ions having the following charges and
electron configurations:

(@ X**; [Ar] 4s°34°
(© X*;[Ar]4s°34°

(b) X*; [Ar] 45°34"°



GROUP QUESTIONS

3.87

3.88

The term “alum” refers to a group of ionic compounds that
contain a monovalent cation (M"), a trivalent cation (M>"),
and sulfate anions. Perform a web search to find:

(a) The chemical formulas of at least two different alum
compounds.

(b) At least three common uses or applications of alum
compounds.

One commercially available calcium supplement contains
calcium gluconate. Look up the formula for calcium glu-
conate. Identify the charges on the calcium and gluconate
ions. Are the calcium and gluconate ions monoatomic or
polyatomic? Explain.

3.89

3.90

Group Questions 133

Borax is a common household and commercial chemical.
Look up the chemical formula for borax. What is the anion
in borax and the correct chemical name for the anion?
(Hint: It is a polyatomic ion.)

Sodium fluoride reacts with hydroxyapatite to give
fluorapatite, which increases both bone strength and
density. Another fluoride compound is included in many
toothpaste products to strengthen teeth enamel and prevent
cavities. Do some research to identify this fluoride com-
pound and give the name and formula of the compound.
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A The opiate drugs derived from these poppy plants can produce very different
physiological effects based on slight differences in chemical structures.

e saw in the preceding chapter that ionic compounds are crystalline
Wsolids composed of positively and negatively charged ions. Not all

substances, however, are ionic. In fact, with the exception of table salt
(NaCl), baking soda (NaHCO,), lime for the garden (Ca0), and a few others, most
of the compounds we come into contact with on a daily basis are not crystalline,
brittle, high-melting ionic solids. We are much more likely to encounter gases
(like those in air), liquids (such as water], low-melting solids (such as butter),
and flexible solids (like plastics). All these materials are composed of molecules



rather than ions, all contain covalent bonds rather than ionic bonds, and all consist primarily of
nonmetal atoms rather than metals.

As an example, consider the active ingredients in many over-the-counter drugs—they con-
sist largely of the elements carbon, hydrogen, nitrogen, and oxygen. However, the myriad ways
in which these elements can be combined lead to literally thousands of unique compounds with
different chemical formulas, having different chemical and physical properties. In some cases,
two compounds can have identical chemical formulas and structures but slightly different three-
dimensional orientations of atoms in the compound that result in dramatically different behav-
iors. For example, dextromethorphan and levomethorphan have identical molecular formulas
and are very similar to morphine and codeine—opiate drugs derived from the poppy plant. But
very slight differences in the three-dimensional arrangement of atoms can affect the chemi-
cal and physiological behavior of these substances. Dextromethorphan, for example, is a safe
and effective cough suppressant, whereas levomethorphan is a highly addictive opiate. In this
chapter, we will explore the nature of covalent bonds, how they contribute to molecular shapes
and properties, and some of the conventions used to name molecular compounds so that we can
distinguish one from another.

4.1 CovalentBonds

Learning Objectives:

e Describe the nature of covalent bonds and how they are formed.
e Differentiate between ionic and covalent bonds.

How do we describe the bonding in carbon dioxide, water, polyethene, and the many
millions of nonionic compounds that make up our bodies and much of the world around
us? Simply put, the bonds in such compounds are formed by the sharing of electrons
between atoms (unlike ionic bonds, which involve the complete transfer of electrons
from one atom to another). The bond formed when atoms share electrons is called
a covalent bond, and the group of atoms held together by covalent bonds is called a
molecule. A single molecule of water, for example, contains two hydrogen atoms and
one oxygen atom covalently bonded to one another. We might visualize a water mol-

ecule using a space-filling model as shown here:
. Combine
to give
+ + —
AN . . J =

2 hydrogven atoms 1 oxygen 1 water molecule (H,0)
atom

Recall that according to the octet rule (Section 3.5), main group elements tend to
undergo reactions that leave them with completed outer subshells with eight valence
electrons (or two for hydrogen), so that they have a noble gas electron configuration.
Although metals and reactive nonmetals can achieve an electron octet by gaining or
losing an appropriate number of electrons to form ions, nonmetals can also achieve an
electron octet by sharing an appropriate number of electrons in covalent bonds.

A simple example of how covalent bond formation occurs is the bond between two
hydrogen atoms in a hydrogen molecule, H,. Recall that a hydrogen atom consists of a
positively charged nucleus and a single, negatively charged 1s valence electron, which
we represent as H+ using the electron-dot symbol. When two hydrogen atoms come
together, electrostatic interactions occur. Some of these interactions are repulsive—the
two positively charged nuclei repel each other, and the two negatively charged electrons
repel each other. Other interactions, however, are attractive—each nucleus attracts both
electrons, and each electron attracts both nuclei (Figure 4.1). Other factors, such as

Covalent bond A bond formed by
sharing electrons between atoms.

Molecule A group of atoms held
together by covalent bonds.
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A The two teams are joined together
because both are holding onto the
same rope. In a similar way, two atoms
are bonded together when both hold
onto the same electrons.

Bond length The optimum distance
between nuclei in a covalent bond.

orbital energy levels and stable electronic configurations, contribute to making the
attractive forces stronger than the repulsive forces, so that a covalent bond is formed
and the hydrogen atoms stay together.

e~ — p(+) attraction Electron cloud

_—

e” repulsion
« +

p(+) repulsion

-

p(+) — e attraction

A Figure 4.1

A covalent H— H bond is the net result of attractive and repulsive forces.

The nucleus—electron attractions (blue arrows) are greater than the nucleus—nucleus and electron—
electron repulsions (red arrows), resulting in a net attractive force that holds the atoms together to
form an H, molecule.

In essence, the electrons act as a kind of “glue” to bind the two nuclei together into
an H, molecule. Both nuclei are simultaneously attracted to the same electrons and are
held together, much as two tug-of-war teams pulling on the same rope are held together.

Covalent bond formation in the H—H molecule can be visualized by imagining that
the spherical 1s orbitals from the two individual atoms overlap and blend together to give
an egg-shaped region in the H, molecule. Each hydrogen atom now “owns” one valence
shell electron and “shares” one provided by the other H atom. The two electrons occupy
the central region between the two H nuclei, giving both atoms a share in two valence
electrons, and the 1s* electron configuration of the noble gas helium. For simplicity, the
shared pair of electrons in a covalent bond is often represented as a line between atoms.
Thus, the symbols H—H, H:H, and H, all represent a hydrogen molecule.

w Shared electron pair
wow

2 hydrogen atoms 1 hydrogen molecule

H—H or H,
or HH

As you might imagine, the magnitudes of the various attractive and repulsive forces
between nuclei and electrons in a covalent bond depend on how close the atoms are to
each other. If the atoms are too far apart, the attractive forces are small and no bond
exists. If the atoms are too close, the repulsive interaction between nuclei is so strong
that it pushes the atoms apart. Thus, there is an optimum point where net attractive
forces are maximized and where the H, molecule is most stable. This optimum distance
between nuclei is called the bond length and is 74 pm (7.4 X 10~ ''m) in the H,
molecule. Typically, the bond length is slightly less than the sum of the atomic radii of
the two atoms involved in the covalent bond.

As another example of covalent bond formation, look at the chlorine molecule, Cl,.
An individual chlorine atom has seven valence electrons and the valence-shell electron
configuration 3s°3p°. Using the electron-dot symbols for the valence electrons, each Cl
atom can be represented as :Cl-. The 3s orbital and two of the three 3p orbitals are filled
by two electrons each, but the third 3p orbital holds only one electron. When two chlo-
rine atoms approach each other, the unpaired 3p electrons are shared by both atoms in a
covalent bond. Each chlorine atom in the resultant Cl, molecule now “owns” six outer-
shell electrons and ““shares” two more, giving each a valence-shell octet like that of the
noble gas argon. We can represent the formation of a covalent bond between chlorine
atoms as (where the red dots represent shared electrons once the bond is formed).

Qo+ Q> +CCl
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Such bond formation can also be pictured as the overlap of the 3p orbitals contain-
ing the single electrons, with resultant formation of a region of high electron density
between the nuclei.

Shared electron pair

@ @D — -@-D

Two 3p orbitals

Similar to H, and Cl,, other elements can achieve stable electron configurations by
forming diatomic molecules (Figure 4.2): nitrogen (N,) and oxygen (O,) are colorless,
odorless, nontoxic gases present in air; fluorine (F,) is a pale yellow, highly reactive gas;
bromine (Br,) is a dark red, toxic liquid; and iodine (I,) is a violet crystalline solid.

)

|N2|02 .

A Figure 4.2
Diatomic elements in the periodic table.

PROBLEM 4.1

Draw the iodine molecule using electron-dot symbols and indicate the shared electron
pair. What noble gas configuration do the iodine atoms have in an iodine (I,) molecule?

4.2 Covalent Bonds and the Periodic Table

Learning Objective:

® Predict the number of covalent bonds an atom will form based on its position in the
periodic table.

Covalent bonds can form between unlike atoms as well as between like atoms, making pos-

137

sible a vast number of molecular compounds. Water molecules, for example, consist of two ~ Molecular compound A compound
hydrogen atoms joined by covalent bonds to a single oxygen atom, H,O; ammonia molecules ~ that consists of atoms joined by covalent
consist of three hydrogen atoms covalently bonded to a nitrogen atom, NHs; and methane ~ bonds to form molecules rather than ions.

molecules consist of four hydrogen atoms covalently bonded to a carbon atom, CHy.

1
H—%—H H—?—H

H—O—H H H
Water, H,O Ammonia, NH, Methane, CH,
Oxygen bonds to Nitrogen bonds to Carbon bonds to

2 hydrogen atoms. 3 hydrogen atoms. 4 hydrogen atoms.
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Note that in all of these examples, each atom shares enough electrons to achieve a
noble gas configuration: two electrons for hydrogen and octets for oxygen, nitrogen,
and carbon. Hydrogen, with one valence electron (H*), needs one more electron to
achieve a noble gas configuration (that of helium) and thus forms one covalent bond.
Oxygen, with six valence electrons O), needs two more electrons to have an octet;
this happens when oxygen forms two covalent bonds. Nitrogen, with five valence
electrons (N), needs three more electrons to achieve an octet and thus forms three
covalent bonds. Carbon, with four valence electrons (C), needs four more electrons and
thus forms four covalent bonds. Figure 4.3 summarizes the number of covalent bonds
typically formed by common main group elements.

Number of valence
electrons Group 1A Group 8A
le™ 8e”

Usual number of H He
covalentbonds = i bemal Group 3A Group 4A Group 5A Group 6A Group 7A| (ponds
) > 3e” 4e” 5e” 6e” 7e”
4 4
B C N O B Ne
3 bonds | 4bonds | 3bonds | 2bonds | 1bond | 0bonds
Si P S Cl Ar
4bonds | 3bonds | 2bonds | 1bond | 0bonds
(@) (4,6) (3,5)
A Figure 4.3 Br Kr
Numbers of covalent bonds typically formed 1bond | 0bonds
by main group elements to achieve octet configurations. (3,5)
For P, S, Cl, and other elements in the third period and below, the number I Xe
of covalent bonds may vary. Numbers in parentheses indicate other 1bond | 0bonds
possible numbers of bonds that result in exceptions to the octet rule, as 3,57 | 24 6)

explained in the text.

The octet rule is a useful guideline, but it has numerous exceptions. Boron, for example,
has only three valence electrons it can share (B) and thus often forms compounds in which
it has only three covalent bonds and six electrons, such as BF5;. Exceptions to the octet
rule are also seen with elements in the third row of the periodic table and below because
these elements have vacant d orbitals that can be used for bonding. Phosphorus sometimes
forms five covalent bonds (using 10 bonding electrons); sulfur sometimes forms four or six
covalent bonds (using 8 and 12 bonding electrons, respectively); and chlorine, bromine,
and iodine sometimes form three, five, or seven covalent bonds, respectively. Phosphorus
and sulfur, for example, form molecules such as PCls, SF,, and SF.

BF, PCls SF,
Boron trifluoride Phosphorus pentachloride Sulfur hexafluoride
(6 valence electrons on B) (10 valence electrons on P) (12 valence electrons on S)



SECTION4.2 Covalent Bonds and the Periodic Table

Worked Example 4.1 Molecular Compounds: Octet Rule and Covalent Bonds
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Using Figure 4.3, tell whether the following molecules are likely to exist.
Lo ]
@ Br—C—Br ) I—Ck (0 HoF—H @ H—§—H
: CBr, Icl H H,S
FH,

ANALYSIS Count the number of covalent bonds formed by each element and see if the numbers correspond to
i those shown in Figure 4.3.

. SOLUTION

(a) No. Carbon needs four covalent bonds to achieve a complete valence-shell octet but has only three
in CBrs;.

(b) Yes. Both iodine and chlorine have achieved a complete octet by forming one covalent bond in ICL.

i (¢) No. Fluorine only needs one covalent bond to achieve an octet. It cannot form more than one covalent
i bond because it is in the second period and does not have valence d orbitals to use for bonding.

(d) Yes. Sulfur, which is in group 6A like oxygen, can achieve a complete valence-shell octet by forming two
covalent bonds.

Worked Example 4.2 Molecular Compounds: Electron-Dot Symbols

Using electron-dot symbols, show the reaction between one hydrogen atom and one fluorine atom.

i ANALYSIS The electron-dot symbols show the valence electrons for the hydrogen and fluorine atoms.

i A covalent bond is formed by the sharing of unpaired valence electrons between the two atoms so that each
i atom now has the electron configuration of a noble gas (helium in the case of hydrogen and neon in the case
i of fluorine).

SOLUTION
i Draw the electron-dot symbols for the H and F atoms, showing the covalent bond as a shared electron pair.

Worked Example 4.3 Molecular Compounds: Predicting Number of Bonds

What are likely formulas for the following molecules?

: (a) SiH,Cl, (b) HBr, (¢) PBr,

ANALYSIS The numbers of covalent bonds needed to achieve a complete valence-shell octet for each element
: should be as indicated in Figure 4.3.

: SOLUTION

(a) Silicon typically forms four bonds: SiH,Cl,

(b) Hydrogen forms only one bond: HBr

(¢) Phosphorus typically forms three bonds: PBry

PROBLEM 4.2

How many covalent bonds are formed by each atom in the following molecules? Draw
molecules using the electron-dot symbols and lines to show the covalent bonds.

(a) PH; (b) H,Se (c) HCI (d) SiF,
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Single bond A covalent bond formed
by sharing one electron pair.

Double bond A covalent bond formed
by sharing two electron pairs.

Triple bond A covalent bond formed
by sharing three electron pairs.

Lone pair A pair of electrons that is
not used for bonding.

LOOKING AHEAD 9 In Chapters
12-18, we will explore the diverse
chemistry of organic compounds
containing multiple bonds between
carbons and other atoms.

PROBLEM 4.3
What are likely formulas for the following molecules?
(a) CH,Cl, (b) BH, (¢) NI, (d) SiCl,

4.3 Multiple Covalent Bonds

Learning Objective:

* Use the octet rule to determine when multiple covalent bonds (double and triple] will
appear between two atoms.

The bonding in some molecules cannot be explained by the sharing of only two elec-
trons between atoms. For example, the carbon and oxygen atoms in carbon dioxide
(CO,) and the nitrogen atoms in the N, molecule cannot have electron octets if only
two electrons are shared:

N N

UNSTABLE —Carbon has only
6 electrons; each oxygen has only 7.

UNSTABLE—Each nitrogen
has only 6 electrons.

The only way the atoms in CO, and N, can have outer-shell electron octets is by
sharing more than two electrons, resulting in the formation of multiple covalent bonds
between two atoms. Only if the carbon atom shares four electrons with each oxygen
atom do all atoms in CO, have electron octets, and only if the two nitrogen atoms share
six electrons do both have electron octets. A bond formed by sharing two electrons (one
pair) is a single bond, a bond formed by sharing four electrons (two pairs) is a double
bond, and a bond formed by sharing six electrons (three pairs) is a triple bond. As you
might expect, sharing more than two electrons increases the attractive forces between
the two atoms and pulls them closer together. Hence, the bond length decreases in the
order single bond > double bond > triple bond. Just as a single bond is represented by
a single line between atoms, a double bond is represented by two lines between atoms
and a triple bond by three lines:

Double bonds

:6: :C: :6: or

A triple bond

H -

:0=C=0: :NIIN: or :N=N:

The carbon atom in CO, has two double bonds (4e ™~ each) for a total of eight elec-
trons. Each oxygen atom also has a complete octet: a double bond (4e™) plus two sets
of lone pairs. Similarly, formation of a triple bond in N, allows each nitrogen to obtain
a complete octet: six electrons from the triple bond plus a lone pair.

Carbon, nitrogen, and oxygen are the elements most often present in multiple bonds.
Carbon and nitrogen form both double and triple bonds; oxygen forms double bonds.
Multiple covalent bonding is particularly common in organic molecules, which consist
predominantly of the element carbon. For example, ethene, a simple compound used
commercially to induce ripening in fruit, has the formula C,H,. The only way for the
two carbon atoms to have octets is for them to share four electrons in a carbon—carbon
double bond.
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H H H
- \ /
C::C or =C
- / \
H H H

Ethene—the carbon atoms share
4 electrons in a double bond.

Another example, ethyne, the gas used in welding, has the formula C,H,. To achieve
octets, the two carbons share six electrons in a carbon—carbon triple bond.

H:C::C:H or H-C=C—H
Ethyne—the carbon atoms share
6 electrons in a triple bond.

Note that in compounds with multiple bonds like ethene and ethyne, each
carbon atom still forms a total of four covalent bonds.

Worked Example 4.4 Molecular Compounds: Multiple Bonds

The compound 1-butene contains a multiple bond between two carbon atoms. In the following representation,
i however, only the connections between atoms are shown; the multiple bond is not specifically indicated.
i Identify the position of the multiple bond.

H H

1-Butene

ANALYSIS Look for two adjacent atoms that appear to have fewer than the typical number of covalent bonds
i and connect those atoms by a double or triple bond. Refer to Figure 4.3 to see how many bonds will typically
i be formed by hydrogen and carbon atoms in order to achieve a complete octet of valence-shell electrons.

: SOLUTION

Worked Example 4.5 Muitiple Bonds: Electron-Dot and Line Structures

Draw the oxygen molecule by (a) using the electron-dot symbols and (b) by using lines rather than dots to
i indicate covalent bonds.

ANALYSIS Each oxygen atom has six valence electrons and will tend to form two covalent bonds to reach an
i octet. Thus, each oxygen atom will need to share four electrons to form a double bond.

| SOLUTION
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Coordinate covalent bond The
covalent bond that forms when both
electrons are donated by the same
atom.

PROBLEM 4.4

Acetic acid, an organic constituent of vinegar, can be drawn using electron-dot
symbols as shown next. How many outer-shell electrons are associated with each
atom? Draw the structure using lines rather than dots to indicate covalent bonds.

H:Q:C:Q:H
H

PROBLEM 4.5

Identify the positions of all double bonds in caffeine, a stimulant found in coffee and
many soft drinks and as an additive in several over-the-counter drugs, such as aspirin.

N O
/N\C/ \C/
H—C_ ] |

_C N

NN CH,

/ |
H,C 0

4.4 Coordinate Covalent Bonds

Learning Objective:

e |dentify coordinate covalent bonds in a molecule or polyatomic ion.

In the covalent bonds we have seen thus far, the shared electrons have come from dif-
ferent atoms. That is, the bonds result from the overlap of two singly occupied valence
orbitals, one from each atom. Sometimes, though, a bond is formed by the overlap of a
filled orbital on one atom with a vacant orbital on another atom so that both electrons
come from the same atom. The bond that results in this case is called a coordinate
covalent bond.

Shared electron
pair

. Half-filled orbitals
Typical
covalent /e
bond - X Y
Shared electron
. Filled orbital Vacant orbital pair
Coordinate
covalent
bond X&@) -+ Y —— X Y

The ammonium ion, NH, ", is an example of a species with a coordinate covalent
bond. When ammonia (NH3) reacts in water solution with a hydrogen ion, H *  the nitro-
gen atom donates two electrons from a filled valence orbital to form a coordinate covalent
bond to the hydrogen ion which, due to the loss of its electron, has a vacant s orbital.

i i
H* + H—N—H —> |H—N—H

H

Once formed, a coordinate covalent bond contains two shared electrons and is no
different from any other covalent bond. All four covalent bonds in NH," are identical.
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Note, however, that formation of a coordinate covalent bond often results in unusual
bonding patterns, such as an N atom with four covalent bonds rather than the usual
three, or an oxygen atom with three bonds rather than the usual two (H;0"). An entire
class of substances is based on the ability of transition metals to form coordinate cova- . .

R . X 2P We will see in Chapter 19 that
lent bpnds with nonm§ta1_5. .Called cogrdmatzon compounds,.many of these substances . cantial metal ions are held in enzyme
have important roles in living organisms. For example, toxic metals can be removed molecules by coordinate covalent
from the bloodstream by the formation of water-soluble coordination compounds. bonds.

Worked Example 4.6 Coordinate Covalent Bonds

Boron typically only forms three covalent bonds but can achieve a complete octet by forming coordinate
: covalent bonds. Illustrate the formation of BE, by the reaction between BF; and F .

ANALYSIS A coordinate covalent bond is formed when a pair of electrons from one atom occupies an empty
i orbital on another atom.

. SOLUTION
: The reaction between BF; and F can be represented as follows:

e 1|3 -
1:—1|3 /J + i — F—]|3—F
B ‘F
In this molecule, a coordinate covalent bond is formed when a pair of electrons from a filled valence orbital
i on the F~ ion occupies an empty valence orbital on the B atom in BF;. As a result, the B atom now has four
i covalent bonds, three of which we would expect based on Figure 4.3.

PROBLEM 4.6

The BF; molecule can also react with NH; by formation of a coordinate covalent bond.
Show the reaction and identify the coordinate covalent bond that is formed.

4.5 Characteristics of Molecular Compounds

Learning Objective:

e Distinguish structures, compositions, and properties of molecular compounds from
those of ionic compounds.

We saw in Section 3.10 that ionic compounds have high melting and boiling points be-
cause the attractive forces between oppositely charged ions are so strong that the ions are
held tightly together. But molecules are neutral, so there is no strong electrostatic attraction
between molecules. There are, however, several weaker forces between molecules, called
intermolecular forces, which we will look at in more detail in Chapter 8.

When intermolecular forces are very weak, molecules of a substance are so weakly
attracted to one another that the substance is a gas at ordinary temperatures. If the
forces are somewhat stronger, the molecules are pulled together into a liquid; and if the
forces are still stronger, the substance becomes a molecular solid. Even so, the melting
points and boiling points of molecular solids are usually lower than those of ionic solids
because the intermolecular forces between molecules are weaker than the electrostatic
attractive forces between ions.

In addition to having lower melting points and boiling points, molecular compounds
differ from ionic compounds in other ways as well. Most molecular compounds are
insoluble in water, for instance, because they have little attraction to the strongly polar
water molecules. In addition, they do not conduct electricity when melted because they
have no charged particles. Table 4.1 provides a comparison of the properties of ionic
and molecular compounds.
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Molecular formula A formula that
shows the numbers and kinds of atoms
in one molecule of a compound.

Structural formula A molecular
representation that shows the connec-
tions among atoms by using lines to
represent covalent bonds.

Lewis structure A molecular repre-
sentation that shows both the connec-
tions among atoms and the locations of
lone-pair valence electrons.

Table 4.1 A Comparison of lonic and Molecular Compounds

lonic Compounds

Smallest components are ions (eg., Na*, CI7)

Usually composed of metals combined with
nonmetals

Crystalline solids

High melting points (e.g., NaCl = 1074 K)

High boiling points (above 973 K)
(e.g.,NaCl =1686 K)

Conduct electricity when molten or dissolved
in water

Many are water soluble

Not soluble in organic liquids

Molecular Compounds

Smallest components are molecules
(e.g.,CO,, H,0)

Usually composed of nonmetals combined with
nonmetals

Gases, liquids, or low-melting-point solids
Low melting points (H,0 = 273 K]

Low boiling points
(e.g.,H,0=373K; CH; CH, OH = 349 K]

Do not conduct electricity

Relatively few are water soluble

Many are soluble in organic liquids

PROBLEM 4.7

Aluminum chloride (AICl;) has a melting point of 463 K (190 °C), whereas
aluminum oxide (Al,O3) has a melting point of 2343 K (2070 °C). Explain why the
melting points of the two compounds are so different.

4.6 Molecular Formulas and Lewis Structures

Learning Objective:

e Interpret molecular formulas and draw Lewis structures for molecules.

Formulas such as H,O, NH;, and CH,, which show the numbers and kinds of atoms
in one molecule of a compound, are called molecular formulas. Though important,
molecular formulas are limited in their use because they do not provide information
about how the atoms in a given molecule are connected.

Much more useful are structural formulas, which use lines to show how atoms
are connected, and Lewis structures, which show both the connections among atoms
and the placement of unshared valence electrons. In a water molecule, for instance, the
oxygen atom shares two electron pairs in covalent bonds with two hydrogen atoms and
has two other pairs of valence electrons that are not shared in bonds. Such unshared
pairs of valence electrons are called lone pairs. In an ammonia molecule, three electron
pairs are used in bonding, and there is one lone pair. In methane, all four electron pairs

are bonding.
Electron lone pairs
i

H—O—H  H—N—H H—C—H
Water | |

Lewis structures

Ammonia Methane

Note how a molecular formula differs from an ionic formula described previously
in Section 3.9. A molecular formula gives the number of atoms that are combined in
one molecule of a compound, whereas an ionic formula gives only a ratio of ions
(Figure 4.4). The formula C,H, for ethene, for example, says that every ethene mol-
ecule consists of two carbon atoms and four hydrogen atoms. The formula NaCl for
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sodium chloride, however, says only that there are equal numbers of Na" and CI~ ions
in the crystal; the formula says nothing about how the ions interact with one another.

1 formula
unit

/
@9000
°oQo@eo
@0Q9°Q
°c@o@o

Ionic compound Molecular compound

1 molecule

A Figure 4.4

The distinction between ionic and molecular compounds.

In ionic compounds, the smallest particle is an ion. In molecular compounds, the smallest particle is
a molecule.

4.7 Drawing Lewis Structures

Learning Objective:

* Draw Lewis structures for molecules using their molecular formula and the octet rule.

To draw a Lewis structure, you first need to know the connections among atoms.
Sometimes the connections are obvious. Water, for example, can only be H—O—H
because only oxygen can be in the middle and form two covalent bonds. Other times,
you will have to be told how the atoms are connected.

Two approaches are used for drawing Lewis structures once the connections are
known. The first is particularly useful for organic molecules like those found in living
organisms because the atoms follow common bonding patterns. The second approach is
a more general, stepwise procedure that works for all molecules.

Lewis Structures for Molecules Containing C, N, 0, X (Halogen), and H

As summarized in Figure 4.3, carbon, nitrogen, oxygen, halogen, and hydrogen atoms
usually maintain consistent bonding patterns in order to achieve a valence-shell octet:

e C forms four covalent bonds and often bonds to other carbon atoms.

* N forms three covalent bonds and has one lone pair of electrons.

* O forms two covalent bonds and has two lone pairs of electrons.

* Halogens (X = F, Cl, Br, I) form one covalent bond and have three lone pairs of
electrons.

e H forms one covalent bond.

e K- 5 K — H—
I I

Carbon Nitrogen Oxygen Halogen Hydrogen

4 bonds 3 bonds 2 bonds 1 bond 1 bond

Relying on these common bonding patterns simplifies the writing of Lewis struc-
tures. In ethane (C,Hg), a constituent of natural gas, for example, three of the four
covalent bonds of each carbon atom are used in bonds to hydrogen, and the fourth
is a carbon—carbon bond. There is no other arrangement in which all eight atoms
can have their usual bonding patterns. In ethanal (C,H40), a substance used in

145
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Condensed structure A molecular
representation in which bonds are not
specifically shown but rather are
understood by the order in which
atoms are written.

2» Condensed structures are used
extensively to represent molecular
structures in organic chemistry
(Chapters 12-17).

Table 4.2 Molecular Models
Color Code

Element Color

H White/ivory J
C Black .
0 Red .
N Blue o
S Yellow Q
F Lightgreen 0
Cl Dark green .
Br Brownish red .
| Purple .

manufacturing perfumes, dyes, and plastics, one carbon has three bonds to hydrogen,
whereas the other has one bond to hydrogen and a double bond to oxygen.

T
H—C—C—H Ry *
H J
Ethane, CH;CHj Ethanal, CH;CHO

Because Lewis structures are awkward for larger organic molecules, ethane is
more frequently written as a condensed structure in which the bonds are not spe-
cifically shown. In its condensed form, ethane is CH;CH;, meaning that each carbon
atom has three hydrogen atoms bonded to it (CH;) and the two (CHj) units are
bonded to each other. In the same way, ethanal can be written as CH;CHO. Note
that neither the lone-pair electrons nor the C=0 double bond in ethanal is shown
explicitly. You will get a lot more practice with such condensed structures in later
chapters.

Many of the computer-generated pictures we will be using from now on will be
ball-and-stick models rather than the space-filling models used previously. Space-
filling models are more realistic, but ball-and-stick models do a better job of showing
connections and molecular geometry. All models, regardless of type, use a consistent
color such as that presented in Table 4.2

FYEI T
oo B0 0 0o wo

stick
A General Method for Drawing Lewis Structures

A Lewis structure can be drawn for any molecule or polyatomic ion by following a
five-step procedure. Take PCls, for example, a substance in which three chlorine atoms
surround the central phosphorus atom.

STEP 1: Find the total number of valence electrons of all atoms in the molecule or
ion. In PCl;, for example, phosphorus (group 5A) has five valence electrons and chlo-
rine (group 7A) has seven valence electrons, giving a total of 26:

P + (3 X Cl) = PCl;
57 + (3 X 7e”) = 26e”

For a polyatomic ion, add one electron for each negative charge or subtract one for
each positive charge. In OH ™, the total is eight electrons (six from oxygen, one from
hydrogen, plus one for the negative charge). In NH, ", the total is eight (five from
nitrogen, one from each of four hydrogens, minus one for the positive charge).

STEP 2: Draw a line between each pair of connected atoms to represent the two
electrons in a covalent bond. Remember that elements in the second row of the peri-
odic table form the number of bonds discussed earlier in this section, whereas elements
in the third row and beyond can use more than eight electrons and form more than the
“usual” number of bonds (Figure 4.3). A particularly common pattern is that an atom
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in the third row (or beyond) occurs as the central atom in a cluster. In PCl;, for exam-
ple, the phosphorus atom is in the center with the three chlorine atoms bonded to it:

(fl
Cl—P—Cl

STEP 3: Using the remaining electrons, add lone pairs so that each atom con-
nected to the central atom (except H) gets an octet. In PCl;, six of the 26 valence
electrons were used to make the covalent bonds. From the remaining 20 electrons,
each Cl atom needs three lone pairs to complete the octet:

:Cl.l:
:Cl—P—Cl:
STEP 4: Place any remaining electrons in lone pairs on the central atom. In PCl;,
we have used 24 of the 26 available electrons—six in three single bonds and 18 in the

three lone pairs on each chlorine atom. This leaves two electrons for one lone pair on
phosphorus:

:('lflz
:Cl—p—Cl:
STEP 5: If the central atom does not yet have an octet after all electrons have been
assigned, take a lone pair from a neighboring atom and form a multiple bond to

the central atom. In PCl;, each atom has an octet, all 26 available electrons have been
used, and the Lewis structure is finished.

Worked Examples 4.7-4.9 show how to deal with cases where this fifth step is needed.

Worked Example 4.7 Multiple Bonds: Electron Dots and Valence Electrons

Draw a Lewis structure for the toxic gas hydrogen cyanide, HCN. The atoms are connected in the order
i shown in the preceding sentence.

ANALYSIS Follow the procedure outlined in the text.
: SOLUTION
{ STEP 1: Find the total number of valence electrons.

H = 1,C = 4,N = 5 Total number of valence electrons = 10

STEP 2: Draw a line between each pair of connected atoms to represent bonding electron pairs.

H—C—N 2 bonds = 4 electrons, 6 electrons remaining

STEP 3: Add lone pairs so that each atom (except H) has a complete octet.
' H—C—N:

: STEP 4: All valence electrons have been used, and so Step 4 is not needed. H and N have filled valence shells
: but C does not.

: STEP 5: If the central atom (C in this case) does not yet have an octet, use lone pairs from a neighboring
atom (N) to form multiple bonds. This results in a triple bond between the C and N atoms, as shown in the

i following electron-dot and ball-and-stick representations:

H—C=N: \)ﬂ

We can check the structure by noting that all 10 valence electrons have been used (in four covalent bonds and one
i lone pair) and that each atom has the expected number of bonds (one bond for H, three for N, and four for C).
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@ Worked Example 4.8 Lewis Structures: Location of Multiple Bonds

Draw a Lewis structure for vinyl chloride, C,H3Cl, a substance used in making polyvinyl chloride, or PVC,
: plastic.

ANALYSIS Since H and Cl form only one bond each, the carbon atoms must be bonded to each other, with the
{ remaining atoms bonded to the carbons. With only four atoms available to bond with them, the carbon atoms
cannot have four covalent bonds each unless they are joined by a double bond.

i SOLUTION

STEP 1: The total number of valence electrons is 18, four from each of the two C atoms, one from each of the
i three H atoms, and seven from the Cl atom.

STEP 2: Place the two C atoms in the center and divide the four other atoms between them.

The five bonds account for 10 valence electrons with eight remaining.

H d
\ o/
C—C
/0

H H

STEP 3: Place six of the remaining valence electrons around the Cl atom so that it has a complete octet and
i place the remaining two valence electrons on one of the C atoms (either C, it does not matter).

H Ck
\ /
c—C:
/\

H H

{ When all the valence electrons are distributed, the C atoms still do not have a complete octet; they each need
four bonds but have only three.

STEP 5: The lone pair of electrons on the C atom can be used to form a double bond between the C atoms,

i giving each a total of four bonds (eight electrons). Placement of the double bond yields the Lewis structure
and ball-and-stick model for vinyl chloride shown next.

H :Cl:
\ /
C=C
/ \
H H

All 18 valence electrons are accounted for in six covalent bonds and three lone pairs, and each atom has the
i expected number of bonds.

Worked Example 4.9 Lewis Structures: Octet Rule and Multiple Bonds

Draw a Lewis structure for sulfur dioxide, SO,. The connections are O—S—0.
ANALYSIS Follow the procedure outlined in the text.

: SOLUTION

i STEP 1: The total number of valence electrons is 18, six from each atom.

' S + (2 X 0) = S0,

: 6e + (2 + 6e”) = 18¢”

i STEP 22 O—S—0O Two covalent bonds use four valence electrons.

STEP 3: :0—S—O0: Adding three lone pairs to each oxygen atom to give each an octet uses 12 additional
i valence electrons.
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{ STEP 4: O—S—O The remaining two valence electrons are placed on sulfur, but sulfur still does not have
i an octet.

STEP 5: Moving one lone pair from a neighboring oxygen to form a double bond with the central sulfur gives
i sulfur an octet. It does not matter on which side the S=0O bond is written.

:0—5=0:
NOTE: The Lewis structure for SO, includes a single bond to one O and a double bond to the other O.
i Tt doesn‘t matter which O has the double bond—both structures are equally acceptable. In reality, however,
i the S— O bonds in this molecule are actually closer to 1.5, an average between the two possible structures

i we could draw. This is an example of resonance structures or different Lewis structures that could be used to
i represent the same molecule.

PROBLEM 4.8 » Because resonance structures don‘t

. . . .. . always represent the true nature of the
Methanamine, CHsN, is responsible for the characteristic odor of decaying fish. Draw ys represen X
covalent bonds in compounds, chemists

a Lewis structure of methanamine. sometimes use different methods to rep-

resent bonding in molecules with reso-
nance structures. Aromatic compounds,

PROBLEM 4.9 a class of organic compounds discussed
Add lone pairs where appropriate to the following structures: in Section 13.8, are an important exam-
ple of resonance structures in which the
H H Cl bonding patterns are represented using
| a “ring” of electrons rather than double
(a) H—(li—O—H (b) NEC—(li—H (©) 1\|T—C1 bonds.
H H Cl

PROBLEM 4.10
Draw Lewis structures for the following:
(a) Phosgene, COCl,, a poisonous gas
(b) Hypochlorite ion, C1O ™, present in many swimming pool chemicals
(¢) Hydrogen peroxide, H,O,
(d) Sulfur dichloride, SCl,

PROBLEM 4.11

Draw a Lewis structure for nitric acid, HNOs. The nitrogen atom is in the center, and
the hydrogen atom is bonded to an oxygen atom.

(<=3 KEY CONCEPT PROBLEM 4.12

The molecular model shown here is a representation of methyl methacrylate, a start-
ing material used to prepare Lucite plastic. Only the connections between atoms are
shown; multiple bonds are not indicated.

(a) What is the molecular formula of methyl methacrylate?

(b) Using the octet rule and bonding patterns from Figure 4.3 indicate the likely
positions of the multiple bonds and lone pairs in methyl methacrylate.

&
J/{"’ ‘0’ &:
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“F* C0 and NO: Pollutants or Miracle
Molecules?

Carbon monoxide (CO) is a killer; everyone knows that. It is a col-
orless, odorless, and highly poisonous gas whose inhalation can
lead to death by asphyxiation. Many accidental deaths and even
suicides are reported every year around the world. Nitric oxide (NO)
is formed in combustion engines and reacts with oxygen to form ni-
trogen dioxide (NO,), the reddish-brown gas associated with urban
smog. What most people do not know, however, is that our bodies
cannot function without these molecules. A startling discovery
madein 1992 showed that C0 and NO are key chemical messengers
inthe body, used by cells to regulate critical metabolic processes.
The toxicity of CO in moderate concentration is due to its
ability to bind to hemoglobin molecules in the blood, thereby
preventing the hemoglobin from carrying oxygen to tissues.
The high reactivity of NO leads to the formation of compounds
that are toxic irritants. However, low concentrations of CO and
NO are produced in cells throughout the body. Both CO and
NO are highly soluble in water and can diffuse from one cell to
another, where they stimulate production of a substance
called guanylyl cyclase. Guanylyl cyclase, in turn, controls
the production of another substance called cyclic guanosine
monophosphate, which regulates many cellular functions.
Levels of CO production are particularly high in certain regions
of the brain, including those associated with long-term memory.
Evidence from experiments with rat brains suggests that a special
kind of cellin the brain‘s hippocampus is signaled by transfer of a
molecular messenger from a neighboring cell. The receiving cell
responds back to the signaling cell by releasing CO, which causes
still more messenger molecules to be sent. After several rounds of
this back-and-forth communication, the receiving cell undergoes
some sort of change that becomes a memory. When CO production
is blocked, possibly in response to a medical condition or exposure
to certain toxic metals, long-term memories are no longer stored,
and those memories that previously existed are erased. When CO
production is stimulated, however, memories are again laid down.
NO controls a seemingly limitless range of functions in the
body. The immune system uses NO to fight infections and tu-
mors. Itis also used to transmit messages between nerve cells

PROBLEM 4.13

A Carbon monoxide (C0) in the air can be toxic because it can
bind to hemoglobin and interfere with oxygen transport. But CO
also plays an important role in many cellular functions, including
signal transmission.

and is associated with the processes involved in learning and
memory, sleeping, and depression. Its most advertised role,
however, is as a vasodilator, a substance that allows blood
vessels to relax and dilate. This discovery led to the develop-
ment of a new class of drugs that stimulate production of
enzymes called nitric oxide synthases (NOSs). These drugs
can be used to treat conditions from erectile dysfunction
(Viagra) to hypertension. Given the importance of NO in the fields
of neuroscience, physiology, and immunology, it is not surprising
that it was named “Molecule of the Year” in 1992.

CIAProblem 4.1 The CO molecule is highly reactive and will bind
to the Fe?* ion in hemoglobin and interfere with 0, transport.
What type of bond is formed between the CO molecule and the
Fe*"ion?

CIA Problem 4.2 Draw the Lewis dot structures for the mol-
ecules CO and NO. What is different about these structures
compared with the general examples we have seen so far?
How could these Lewis structures provide insight into the
high chemical reactivity of these molecules?

Molecular oxygen (O,) is relatively stable, whereas ozone (O3) is a very reactive com-
pound. Draw a Lewis dot structure for ozone. Based on this structure and the bonding
patterns in Figure 4.3, explain why ozone is so reactive.

4.8 The Shapes of Molecules

Learning Objective:

e Use Lewis structures to predict molecular geometry.

Look again at the computer-generated drawings of molecules introduced in the preced-
ing section and compiled in Figure 4.5, and you will find that the molecules are shown
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with specific shapes. Ethyne is linear, water is bent, ammonia is pyramid-shaped,
methane is tetrahedral, and ethene chloride is flat, or planar. What determines such
shapes? Why, for example, are the three atoms in water connected at an angle of 104.5°
rather than in a straight line? Like so many other properties, molecular shapes are
related to the numbers and locations of the valence electrons around atoms.

<Figure 4.5

Examples of the molecular geometries
for molecules with two, three, and four
valence electron charge clouds.

@

J—OEOJAJ’?" g9

H H :Cl:
. .. | \ /
H—C=N: H—O—H H—N—H H—C—H C=C
| | /N
H H
Ethyne Water Ammonia Methane
Linear Bent Pyramid Tetrahedral Planar

Molecular shapes can be predicted by noting how many bonds and electron pairs
surround individual atoms and applying what is called the valence-shell electron-pair  Valence-shell electron-pair repulsion
repulsion (VSEPR) model. The basic idea of the VSEPR model is that the constantly ~ (VSEPR) model A method for predict-
moving valence electrons in bonds and lone pairs make up negatively charged clouds of ~ ing molecular shape by noting how many
electrons, which electrically repel one another. The clouds therefore tend to keep as far ~ electron Ch.arge clouds S“rround. atoms
apart as possible, causing molecules to assume specific shapes. There are three steps to ~ &nd assuming that the clouds orient as far
applying the VSEPR model: away from one another as possible.

STEP 1: Draw a Lewis structure of the molecule, and identify the atom whose
geometry is of interest. In a simple molecule like PCl; or CO,, this is usually the
central atom because it will determine the molecular geometry. In more complex mol-
ecules, the geometry around specific atoms will vary depending on the dot structure.

STEP 2: Count the number of electron charge clouds surrounding the atom of
interest. The number of charge clouds is simply the total number of lone pairs plus
connections to other atoms. It does not matter whether a connection is a single bond or a
multiple bond because we are interested only in the number of charge clouds, not in how
many electrons each cloud contains. The carbon atom in carbon dioxide, for instance, has
two double bonds to oxygen (O=C=0), and thus has two charge clouds.

STEP 3: Predict molecular shape by assuming that the charge clouds orient in
space so that they are as far away from one another as possible. How they achieve
this favorable orientation depends on how many bonds and lone pairs there are, as
summarized in Table 4.3.

If there are only two charge clouds, as occurs on the central atom of CO, (two dou-
ble bonds) and HCN (one single bond and one triple bond), the clouds are farthest apart
when they point in opposite directions. Thus, both HCN and CO, are linear molecules,  Bond angle The angle formed by

with bond angles of 180°. three adjacent atoms in a molecule.
180°
H—C=N: )_ H
These molecules, N
with two bonding e~ i
clouds, are linear, with 180

bond angles of 180°. ,/_\
==t @@
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Table 4.3 Molecular Geometry Around Atoms with 2, 3, and 4 Charge Clouds

Number Numberof Total Number of

of Bonds  Lone Pairs Charge Clouds Molecular Geometry Example
2 0 2 @—-@—® Linear 0=C=0
Trigonal H.. .
3 0 s’_. planar H/C_O
3
2 1 ©ee.
a@ Bent o~ SQ
|
4 07 Tetrahedral . C—q
4
H

3 ! 4 9 Pyramidal H/?\H
4
<

Q Bent u /OQ
H

When there are three charge clouds, as occurs on the central atom in formaldehyde
(two single bonds and one double bond) and SO, (one single bond, one double bond,
and one lone pair), the clouds will be farthest apart if they lie in a plane and point to
the corners of an equilateral triangle. Thus, a formaldehyde molecule is trigonal pla-
nar, with all bond angles near 120°. Similarly, an SO, molecule has a trigonal planar
arrangement of its three electron clouds, but one point of the triangle is occupied by a
lone pair. As a result, the connection between the three atoms is therefore bent rather
than linear as in CO,, with an O—S—0O bond angle of approximately 120°.

H*\“‘T’ @

< \
126 C=0
/
H

A formaldehyde molecule,

T .
with three bonding e~ clouds, Op View
is trigonal planar with bond
angles of roughly 120°. H
_C=0
H”
Side view
:0:
. s/ > 120°
N\
An SO, molecule, with two :0:
bonding e~ clouds and one Top view

nonbonding lone pair, is
bent with a bond angle of

roughly 120°. @S‘/Q:
N0:

Side view
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Note how the three-dimensional shapes of molecules like formaldehyde and SO,
are shown. Solid lines are assumed to be in the plane of the paper, a dashed line re-
cedes behind the plane of the paper away from the viewer, and a dark wedged line
protrudes out of the paper toward the viewer. This standard method for showing three-
dimensionality will be used throughout the rest of the book.

When there are four charge clouds, as occurs on the central atom in CH, (four single
bonds), NHj (three single bonds and one lone pair), and H,O (two single bonds and two
lone pairs), the clouds can be farthest apart when they extend to the corners of a regular
tetrahedron. As illustrated in Figure 4.6, a regular tetrahedron is a geometric solid
whose four identical faces are equilateral triangles. The central atom is at the center
of the tetrahedron, the charge clouds point to the corners, and the angle between lines
drawn from the center to any two corners is 109.5°.

Center 109.5°

A regular A tetrahedral
tetrahedron molecule

(a) (b) (c)

A Figure 4.6

The tetrahedral geometry of an atom surrounded by four charge clouds.

The atom is located at the center of the regular tetrahedron, and the four charge clouds point toward
the corners. The bond angle between the center and any two corners is 109.5°.

Because valence-shell electron octets are so common, a great many molecules have
geometries based on the tetrahedron. In methane (CH,), for example, the carbon atom
has tetrahedral geometry with H—C—H bond angles of exactly 109.5°. In ammo-
nia (NHj3), the nitrogen atom has a tetrahedral arrangement of its four charge clouds,
but one corner of the tetrahedron is occupied by a lone pair, resulting in an overall
pyramidal shape for the molecule. Similarly, water, which has two corners of the tetra-
hedron occupied by lone pairs, has an overall bent shape.

H o
A methane molecule, with | \109'5
four bonding e~ clouds, is ..C
tetrahedral with bond H
angles of 109.5°. H

D
An ammonia molecule, with \
three bonding e~ clouds and _N—
one lone pair, is pyramidal H- </ H
with bond angles of 107°. H 107

D
A water molecule, with \
two bonding e~ clouds and er . T
two lone pairs is bent with H 7/ )
a bond angle of 104.5°. 104_5&‘

Note that the H—N—H bond angle in ammonia (107°) and the H—O—H bond
angle in water (104.5°) are close to, but not exactly equal to, the ideal 109.5° tetrahedral
value. The angles are diminished somewhat from their ideal value because the lone-pair
charge clouds repel other electron clouds strongly and compress the rest of the molecule.

The geometry around atoms in larger molecules also derives from the shapes shown
in Table 4.3. For example, each of the two carbon atoms in ethene (H,C=CH,)
has three charge clouds, giving rise to trigonal planar geometry. It turns out that the

Regular tetrahedron A geometric
figure with four identical triangular
faces.
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molecule as a whole is also planar, with H—C—C and H—C—H bond angles of
approximately 120°.

H\<\120° H
C=C
/ \
H H
The ethene molecule Tob view
(three bonding e~ clouds P
on each carbon atom),
is planar, with bond
angles of 120°. H-.
C=C
H” ~H
Side view

Carbon atoms bonded to four other atoms are each at the center of a tetrahedron, as
shown here for ethane, H;C — CHj.

The ethane molecule

(4 bonding e~ clouds) has
tetrahedral carbon atoms,
with bond angles of 109.5°.

Worked Example 4.10 Lewis Structures: Molecular Shape

What shape would you expect for the hydronium ion, H;O*?

ANALYSIS Draw the Lewis structure for the molecular ion, and count the number of charge clouds around the
i central oxygen atom; imagine the clouds orienting as far away from one another as possible.

| SOLUTION

i The Lewis structure for the hydronium ion shows that the oxygen atom has four charge clouds (three single

i bonds and one lone pair). The hydronium ion is therefore pyramidal with bond angles of approximately 109.5°.

1 9@

Worked Example 4.11 Lewis Structures: Charge Cloud Geometry

Predict the geometry around each of the carbon atoms in an ethanal molecule, CH;CHO.

ANALYSIS Draw the Lewis structure and identify the number of charge clouds around each of the central
i carbon atoms.

| SOLUTION

i The Lewis structure of ethanal shows that the CH; carbon has four charge clouds (four single bonds) and the
i CHO carbon atom has three charge clouds (two single bonds, one double bond). Table 4.3 indicates that the

i CH; carbon is tetrahedral, but the CHO carbon is trigonal planar.

Trigonal planar
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How big can a molecule be? The answer is very, very big. The
really big molecules in our bodies and in many items we buy
are all polymers. Like a string of beads, a polymer is formed of
many repeating units connected in a long chain. Each “bead”
in the chain comes from a simple molecule that has formed
chemical bonds at both ends, linking it to other molecules. The
repeating units can be the same:

—a—a—a—a—a—a—a—a—a—a—a—a—

or they can be different. If different, they can be connected in
an ordered pattern:

—a—b—a-b-a—-b-a-b—a-b—-a-b-
orinarandom pattern:
—a—b—b—-a-b—-a—-a—-a—b—-a—-b-b-

Furthermore, the polymer chains can have branches, and
the branches can have either the same repeating unit as the
main chain or a different one:

bbb
a2 a b B b
a a a b b b

Still other possible variations include complex, three-
dimensional networks of “cross-linked” chains. The rubber
used in tires, for example, contains polymer chains connected
by cross-linking atoms of sulfur to impart greater rigidity.

We all use synthetic polymers every day—we usually call
them “plastics.” Common synthetic polymers are made by
connecting up to several hundred thousand smaller molecules
together, producing giant polymer molecules with masses up
to several million atomic mass units. Polyethene, for example,
is made by combining as many as 50,000 ethene molecules to
give a polymer with repeating units.

Many H,C=CH, ——> — CH,CH,CH,CH,CH,CH, —
Ethene Polyethene

The product is used in such items as chairs, toys, drain
pipes, milk bottles, and packaging films. Other examples of
polymers include the nylon used in clothing and pantyhose,
molded hardware (nuts and bolts], and the Kevlar used in bul-
letproof vests.

Nature began to exploit the extraordinary variety of poly-
mer properties long before humans did. In fact, despite great
progressinrecentyears, thereis stillmuch to be learned about
the polymers in living things. Carbohydrates and proteins are
polymers, as are the giant molecules of deoxyribonucleic acid
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A The ultrahigh molecular weight polyethene (UHMWPE] used as a
lubricating interface in this artificial knee is made from the same
basic polymer used for milk jugs and plastic shopping bags.

(DNA] that govern many cellular processes, including repro-
duction, in all organisms. Nature‘s polymer molecules, though,
are more complex than any that chemists have yet created.

Polymers also find diverse applications in the fields of
health and medicine, depending on their chemical and physical
properties. Some polymers are absorbed or broken down by the
body (i.e. are biodegradable] and are used as sutures or adhe-
sives, for support of internal organs or tissue, or for controlled
delivery of drugs. Other polymers are stable or inert and can re-
tain their integrity for years. For example, Teflon and ultrahigh
molecular weight polyethene (UHMWPE] are highly durable low-
friction polymer coatings used as lubricating interfaces in arti-
ficial joints.

» Carbohydrates are polymers composed of sugar molecules
linked together in long chains (Chapter 20), whereas proteins are
polymers of smaller molecules called amino acids (Chapter 18). DNA
is a polymer of repeating nucleotide subunits, which is discussed in
Chapter 26.

CIAProblem 4.3 Find the structure of Teflon (polytetrafluoro-
ethylene). How is it similar to the structure of polyethene,
and how is it different?

CIA Problem 4.4 Polycarbonate, also known as plexiglass,
has the basic repeating unit shown in the following figure.
What is the geometry of the electron clouds for the carbon
atoms labeled “a” and “b” in this structure?

CH, o)

| |
T 1
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Polar covalent bond A bond in
which the electrons are attracted more
strongly by one atom than by the other.

PROBLEM 4.14

Boron typically only forms three covalent bonds because it only has three valence
electrons but can form coordinate covalent bonds. Draw the Lewis structure for BF, ~
and predict the molecular shape of the ion.

PROBLEM 4.15

Predict shapes for the organic molecules chloroform, CHCI;, and 1,1-dichloroethene,
ClzC — CH2

PROBLEM 4.16

Selenium and sulfur are in the same chemical family as oxygen. Hydrogen selenide
(H,Se) and hydrogen sulfide (H,S) are both toxic gases having terrible odors. Draw
Lewis structures and identify the shape of these compounds.

(€=3 KEY CONCEPT PROBLEM 4.17

Draw a structure corresponding to the molecular model of the amino acid methionine
shown here, and describe the geometry around the indicated atoms. Refer to the color
key in Table 4.2.

AN

NS IS
! e

Methionine

4.9 Polar Covalent Bonds and Electronegativity

Learning Objective:

e Distinguish between polar covalent, nonpolar covalent, and ionic bonds using
electronegativity.

Electrons in a covalent bond occupy the region between the bonded atoms. If the atoms
are identical, as in H, and Cl,, the electrons are attracted equally to both atoms and are
shared equally. If the atoms are not identical, however, as in HCI, the bonding electrons
are attracted more strongly by one atom than by the other and are shared unequally. Such
bonds are said to be polar covalent bonds. In hydrogen chloride, for example, electrons
spend more time near the chlorine atom than near the hydrogen atom. Although the mol-
ecule as a whole is neutral, the chlorine is more negative than the hydrogen, resulting
in partial charges on the atoms. These partial charges are represented by placing a 6—
(Greek lowercase delta) on the more negative atom and a 5+ on the more positive atom.
A particularly helpful way of visualizing this unequal distribution of bonding elec-
trons is to look at what is called an electrostatic potential map, which uses color to
portray the calculated electron distribution in a molecule. In HCI, for example, the
electron-poor hydrogen is blue and the electron-rich chlorine is reddish-yellow.

This end of the molecule is This end of the molecule is
electron-poor and has a electron-rich and has a
partial positive charge (d+). partial negative charge (d—).
o+ d—
H—Cl

¢ @
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Polar Covalent Bonds and Electronegativity

A Figure 4.7

Electronegativities of several main group and transition metal elements.
Reactive nonmetals at the top right of the periodic table are the most electronegative, and metals at the lower left are the least
electronegative. The noble gases are not assigned values.

The ability of an atom to attract electrons in a covalent bond is called the atom's
electronegativity. Fluorine, the most electronegative element, is assigned a value of
four, and less electronegative atoms are assigned lower values, as shown in Figure 4.7.
Metallic elements on the left side of the periodic table attract electrons only weakly
and have lower electronegativities, whereas the halogens and other reactive nonmetal
elements on the upper right side of the table attract electrons strongly and have higher
electronegativities. Note in Figure 4.7 that electronegativity generally decreases going
down the periodic table within a group.

Comparing the electronegativities of bonded atoms makes it possible to compare
the polarities of bonds and to predict the occurrence of ionic bonding. Both oxygen
(electronegativity 3.5) and nitrogen (3.0), for instance, are more electronegative than
carbon (2.5). As a result, both C—O and C—N bonds are polar, with carbon at the
positive end. The larger difference in electronegativity values shows that the C—O
bond is the more polar of the two.

Less polar W

More polar
8+C_ro d—

d+CLNo-
Electronegativity Electronegativity
difference: difference:
30-25=05 35-25=1.0

As a rule of thumb, electronegativity differences of less than 0.5 (such as C—H)
result in nonpolar covalent bonds, differences up to 1.9 (such as N—H and O—H) in-
dicate increasingly polar covalent bonds, and differences of two or more indicate ionic
bonds. The electronegativity differences show, for example, that the bond between car-
bon and fluorine is highly polar covalent, the bond between sodium and chlorine is
largely ionic, and the bond between rubidium and fluorine is almost completely ionic.
Rb*F~

3 C—F% Na'Cl™

Electronegativity
difference: 15 2.1 3.2

The partial charges associated with each end of the bond result in a dipole, mean-
ing “two poles,” similar to the “+” and “—” ends of a magnet. The larger the dipole as-
sociated with a bond, the more polar it is. Note, though, that there is no sharp dividing
line between polar covalent and ionic bonds; most bonds fall somewhere between two
extremes.
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Electronegativity The ability of an
atom to attract electrons in a covalent
bond.

2 The values given in Figure 4.7
indicate that carbon and hydrogen
have similar electronegativities. As a
result, C— H bonds are nonpolar. We
will see in Chapters 12-25 how this fact
helps explain the properties of organic
and biological compounds, all of which
have carbon and hydrogen as their
principal constituents.

Electronegativity

Difference Type of Bond
0—0.4 ~  Covalent
0.5—1.9 ~  Polarcovalent
2.0 and above ~ lonic

Dipole A difference in charge (+ or —)
associated with one end of a covalent
bond compared with the other or one
end of a molecule compared with
another.
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Worked Example 4.12 Electronegativity: lonic, Nonpolar, and Polar Covalent Bonds

Predict whether each of the bonds between the following atoms would be ionic, polar covalent, or nonpolar
i covalent. If polar covalent, which atom would carry the partial positive and negative charges?

(a) C and Br (b) Li and C1 (¢) Nand H (d)Siand I

ANALYSIS Compare the electronegativity values for the atoms and classify the nature of the bonding based on
i the electronegativity difference.

. SOLUTION
(a) The electronegativity for C is 2.5 and for Br is 2.8, and the difference is 0.3, indicating nonpolar covalent
: bonding would occur between these atoms.

(b) The electronegativity for Li is 1.0 and for Cl is 3.0, and the difference is 2.0, indicating that ionic bonding
: would occur between these atoms.

(¢) The electronegativity for N is 3.0 and for H is 2.5, and the difference is 0.5. Bonding would be polar
: covalent, with N = §—and H = 6+.

(d) The electronegativity for Si is 1.8 and for I is 2.5, and the difference is 0.7. Bonding would be polar
' covalent, withI = §—, and Si = 6+.

PROBLEM 4.18

The elements H, N, O, P, and S are commonly bonded to carbon in organic com-
pounds. Arrange these elements in order of increasing electronegativity.

PROBLEM 4.19

Use electronegativity differences to classify bonds between the following pairs of
atoms as ionic, nonpolar covalent, or polar covalent. For those that are polar, use the
symbols 6+ and 6— to identify the location of the partial charges on the polar covalent

bond.
(a) I and Cl (b)Liand O
(¢) Brand Br (d) P and Br

4.10 Polar Molecules

Learning Objective:

* Predict polarity of molecules using electronegativity and molecular geometry (VSEPR).

Just as individual bonds can be polar, entire molecules can be polar if electrons are
attracted more strongly to one part of the molecule than to another. Molecular polar-
ity is due to the sum of all individual bond polarities and lone-pair contributions in the
molecule and is often represented by an arrow pointing in the direction that electrons
are displaced. The arrow is pointed at the negative end and is crossed at the positive end
to resemble a plus sign, (6+) +> (6—).

Molecular polarity depends on the shape of the molecule as well as the presence of
polar covalent bonds and lone pairs. In water, for example, electrons are displaced away
from the less electronegative hydrogen atoms toward the more electronegative oxygen
atom so that the net polarity points between the two O—H bonds. In chloromethane,
CH;Cl, electrons are attracted from the carbon/hydrogen part of the molecule toward
the electronegative chlorine atom so that the net polarity points along the C—Cl bond.
Electrostatic potential maps show these polarities clearly, with electron-poor regions in
blue and electron-rich regions in red.
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Water, H,O Chloromethane, CH;Cl

Furthermore, just because a molecule has polar covalent bonds, it does not mean
that the molecule is necessarily polar overall. Carbon dioxide (CO,) and tetrachloro-
methane (CCly) molecules, for instance, have no net polarity because their symmetri-
cal shapes cause the individual C=0 and C—ClI bond polarities to cancel.

o

|
o—
(|21 p

5~ 8: ®- 54 / /)'
0=C=0 5. _.C B :
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G e
Zero net polarity Zero net polarity . > -

el

. . . . . 2 The uni ties of wat
Polarity has a dramatic effect on the physical properties of molecules, particularly . Wiﬁ Ezlgiusiu':zze:; '351 :pt\;vf ser'

on melting points, boiling points, and solubilities. We will see numerous examples of  yesyit from its polarity and molecular
such effects in subsequent chapters. geometry.

Worked Example 4.13 Electronegativity: Polar Bonds and Polar Molecules

Look at the structures of (a) hydrogen cyanide (HCN) and (b) vinyl chloride (H,C=CHCI), described in
i Worked Examples 4.6 and 4.7; decide whether or not the molecules are polar, and show the direction of net
i polarity in each.

ANALYSIS Draw a Lewis structure for each molecule to find its shape, and identify any polar bonds using the
i electronegativity values in Figure 4.7. Then, decide on net polarity by adding the individual contributions.
: SOLUTION

(a) The carbon atom in hydrogen cyanide has two charge clouds, making HCN a linear molecule. The
C—H bond is relatively nonpolar, but the C=N bonding electrons are pulled toward the electronegative
nitrogen atom. In addition, a lone pair protrudes from nitrogen. Thus, the molecule has a net polarity.

—continued on next page
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i —continued from previous page

(b) Vinyl chloride, like ethene, is a planar molecule. The C—H and C==C bonds are nonpolar, but the C—CI
i bonding electrons are displaced toward the electronegative chlorine. Thus, the molecule has a net polarity.

PROBLEM 4.20

Look at the molecular shape of formaldehyde (CH,O) described on page 152, decide
whether or not the molecule is polar, and show the direction of net polarity.

PROBLEM 4.21

Draw a Lewis structure for dimethyl ether (CH30CH3;), predict its shape, and tell
whether or not the molecule is polar.

(€=3 KEY CONCEPT PROBLEM 4.22

From this electrostatic potential map of methyllithium, identify the direction of net
polarity in the molecule. Explain this polarity based on electronegativity values.

Methyllithium
Visualization of molecules can help us to understand Finally, add white gum drops to the end of each of the
their properties. Chemists typically do this with model kits or four toothpicks to represent H atoms. Examine your
computer simulations, but we can approximate this by using tooth- methane model from various directions and orienta-
picks and gum drops or some other small, colored soft candy. We tions. Is it symmetrical? Refer to the electronegativity

differences in Figure 4.7. Are the covalent bonds polar or

will let the toothpicks represent covalent bonds and the gum drops
nonpolar?

represent atoms of different elements. Try to find gum drops or can-
dies with colors that match the color codes in Table 4.2. b. Now replace two of the H atoms with chlorine (green
a. Wewill start by building a methane molecule gum drops). Are the C—Cl bonds polar? Which end of
(CH,). Take two tooth picks and one carbon | each covalent bond is negative? Orient your molecule
4)-

atom (black gumdrop) and arrange them on the C _— on the table top so that both Cl atoms are on the same
table like the figure to the right (in margin) to side. Now look at the molecule as a whole. Where are

approximate a bond angle of 109.5°. Repeat this the partial negative charges (6—) in the molecule?

process twice more until you have your central C atom b5 G slide s imaleuls msts Degeiye o s

(black gumdrop) with four bonds oriented similarly to the other? Is this molecule polar?

tetrahedral methane molecule reproduced here. c. Nowreplace all four H atoms with Cl atoms, and answer
the same questions as in Part b.

H 109.5°
I
,»/— —~H

H
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4.11 Naming Binary Molecular Compounds

Learning Objective:

e Name binary molecular compounds.

When two different elements combine, they form what is called a binary compound. Binary compound A compound

The formulas of binary molecular compounds are usually written with the less electro- ~ formed by combination of two different
negative element first. Thus, metals are always written before nonmetals, and a non- ~ elements.

metal farther left on the periodic table generally comes before a nonmetal farther right.

For example,

0 ¢§ o%9 o &K

TiCl, BCl, NO, SO,

as we learned in Section 3.8, the formulas of ionic compounds indicate the number of Table 4.4 Numerical Prefixes Used
anions and cations necessary for a neutral formula unit, which depends on the charge  in Chemical Names
on each of the ions. With molecular compounds, however, many combinations of atoms

N . R R Number Prefix
are possible, since nonmetals are capable of forming multiple covalent bonds. When ! Hono
naming binary molecular compounds, therefore, we must identify exactly how many .
atoms of each element are included in the molecular formula. The names of binary 2 -
molecular compounds are assigned in two steps, using the prefixes listed in Table 4.4 to 3 tri-
indicate the number of atoms of each element combined. 4 tetra-
STEP 1: Name the first element in the formula, using a prefix if needed to indicate the 5 penta-
number of atoms. 6 hexa-
STEP 2: Name the second element in the formula, and modify by adding the -ide suf- ’ hepta-
fix as when naming anions (Section 3.5). Include numerical prefixes as appropriate. 8 octa-

9 nona-
The prefix mono-, meaning one, is omitted except where needed to distinguish be- 10 deca-

tween two different compounds with the same elements. For example, the two oxides
of carbon are named carbon monoxide for CO and carbon dioxide for CO,. (Note that
when the element name begins with a vowel, the last letter in the numerical prefix (if

an “0” or an “a”) is often deleted. For instance, we say monoxide instead of monooxide,
and pentoxide instead of pentaoxide.) Some examples follow:

N205 BBI'3 803
Dinitrogen Boron Sulfur Sulfur
pentoxide tribromide trioxide hexafluoride

Naming of molecular compounds can get complicated when more than two
elements are present. This is particularly true for organic compounds, a class of
molecular compounds composed largely of carbon (see examples in the Chemistry in
Action on the following page). The rules for naming these compounds will be discussed
in later chapters.
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“§* Damascenone by Any Other Name Would
Smell as Sweet

What's in a name? According to Shakespeare's Romeo and Juliet,
arose by any other name would smell as sweet. Chemical names,
however, often provoke less favorable responses: “It‘s unpro-
nounceable;” “It's too complicated;” “It must be something bad.”

But why are chemical names so complicated? The reason
is obvious once you realize that there are more than 19 mil-
lion known chemical compounds. The full name of a chemical
compound has to include enough information to tell chem-
ists the composition and structure of the compound. It is as if
every person on earth had to have his or her own unique name
that described height, hair color, and other identifying char-
acteristics in sufficient detail to distinguish him or her from
every other person. Consider, also, that subtle differences in
structure can result in significant differences in chemical or
physical properties. Geraniol, for example, is used as a flavor
additive in the food industry, whereas citronellol is used in per-
fumes and insect repellants, such as citronella candles. The
common names for these substances are easier to remember,
but their chemical names give us precise information about
their structural differences and similarities. Geraniol also
known as 3,7-dimethylocta-2,6-dien-1-ol differs from citronel-
lol (or 3,7-dimethyloct-6-en-1-ol) by only one double bond.

The three-dimensional orientation of atoms in a molecule is
also important and must be reflected in the chemical name. As
we saw in our chapter opener, many drugs and other biochemi-
cally active compounds exist in two forms that have identical
molecular formulas but differ in the orientation of side groups
around a single carbon atom—a property known as chiral-
ity that will be explored further in Chapters 14 and 20. -Dopa,
for example, is used to treat Parkinson’s disease, whereas its
counterpart (p-Dopa) has been linked to granulocytopenia, an
immune system disorder. Similarly, one form of thalidomide
is effective in treating morning sickness, whereas the other
form causes birth defects. We learned at the beginning of the
chapter that dextromethorphan is a cough suppressant in
common over-the-counter remedies, whereas its counterpart,
levomethorphan, is a highly addictive opiate.

” o«

A The different aromas of L-carvone (spearmint]
and p-carvone (cumin) result from variations in the
3-dimensional orientation of bonds around one car-
bon in carvone (indicated in the figure with a *).

Even carvone, one of the compounds that contribute to
the aroma of roses, exists in multiple forms; L-carvone is per-
ceived by smell receptors in the nose as spearmint, whereas
D-carvone evokes the savory aroma of caraway or cumin.
Molecular structure determines chemical behavior and bio-
logical activity, and the chemical name must specify that
structure precisely—including the presence and location of
multiple bonds and three-dimensional orientation.

CIAProblem 4.5 Why are many chemical names so complex?

CIAProblem 4.6 Geraniol, one of the components of rose oil
has the basic structure represented here. Draw the struc-
tural formula for geraniol to include any multiple bonds, and
then write the condensed structure for geraniol.

T
CH3—C—C—C|—C|—C—C|—C|—OH
H H

H H H

Worked Example 4.14 Naming Molecular Compounds

Name the following compounds:
(a) N,O4 (b) GeCly

: SOLUTION

i (a) The first element is N (nitrogen) and there are two N atoms = dinitrogen; the second element is

5 O (oxygen), which is modified with the -ide suffix. There are three O atoms = trioxide. Put all of the
elements together to get the molecule‘s name: Dinitrogen trioxide.

(b) Ge = germanium; CI = chlorine, which is modified to chloride. There are four Cl atoms = tetrachloride;
Germanium tetrachloride.

(c) PCl;

(c) P ="Phosphorus; Cl = chloride. There are five Cl atoms = Phosphorus pentachloride.
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Worked Example 4.15 Writing Formulas for Molecular Compounds

Write molecular formulas for the following compounds:
i (a) Nitrogen triiodide (b) Silicon tetrachloride

| SOLUTION

(¢) Carbon disulfide

(a) The first element is nitrogen (N), the “tri” prefix indicates “3,” and iodide is derived from iodine (I) = NI;
(b) Silicon is Si, “tetra” = 4, and chloride is derived from chlorine (Cl) = SiCl,
(c) Carbon is C, “di” = 2, and sulfide is derived from sulfur (S) = CS,

PROBLEM 4.23

Name the following compounds:
(a) S,Cl, (b) ICI

PROBLEM 4.24

Write formulas for the following compounds:
(a) Selenium tetrafluoride
(b) Diphosphorus pentoxide
(¢) Bromine trifluoride

(¢) ICL,

SUMMARY REVISITING THE CHAPTER LEARNING OBJECTIVES

* Describe the nature of covalent bonds and how they are formed.
Acovalent bond is formed by the sharing of electrons between at-
oms, and typically occurs when a singly occupied valence orbital

on one atom overlaps a singly occupied valence orbital on another
atom. The two electrons occupy both overlapping orbitals and belong
to both atoms, thereby bonding the atoms together (see Problems
31,34, 100, and 103).

¢ Differentiate between ionic and covalent bonds. A covalent bond
is formed by the sharing of electrons between atoms rather than by
the complete transfer of electrons from one atom to another [see
Problems 31, 34, 100, and 103).

® Predict the number of covalent bonds an atom will form based on
its position in the periodic table. Depending on the number of

valence electrons, different atoms form different numbers of covalent
bonds. In general, an atom shares enough electrons to reach a noble
gas configuration. Hydrogen, for instance, forms one covalent bond
because it needs to share one more electron to achieve the helium
configuration 1s® Carbon and other group 4A elements form four co-
valent bonds because they need to share four more electrons to reach
an octet. In the same way, nitrogen and other group 5A elements form
three covalent bonds, oxygen and other group 6A elements form two
covalent bonds, and halogens (group 7A elements) form one covalent
bond (see Problems 36, 37,40, 49, 85, 88, 89, and 103).

® Usethe octetrule to determine when multiple covalent bonds
(double and triple) will appear between two atoms. The atoms in some
molecules can satisfy the octet rule by sharing two electrons to form
asingle bond (such as C—C). In other molecules, some atoms have to
share more than one pair of electrons to satisfy the octet rule. Atoms
that share four electrons are joined by a double bond (such as 0=0),
and atoms that share six electrons are joined by a triple bond (such as
N==N) (see Problems 27-29, 33, 46, 49, and 98).

* Identify coordinate covalent bonds in a molecule or polyatomic
ion. Alternatively, electron sharing can occur when a filled orbital
containing an unshared, lone pair of electrons on one atom overlaps
avacant orbital on another atom to form a coordinate covalent bond
(see Problems 32, 38, 39, 42, 43, 89, and 90).

e Distinguish structures, compositions, and properties of molecu-
lar compounds from those of ionic compounds. A group of atoms
held together by covalent bonds or shared electron pairsis called a
molecule. Molecular compounds can be gases, liquids, or low-melting
solids. They usually have lower melting points and boiling points
than ionic compounds, many are water insoluble, and they do not
conduct electricity when melted or dissolved. By contrast, ionic
compounds are formed by the transfer of electrons between atoms
to formions, which are held together by electrostatic attractions,
orionic bonds. lonic compounds tend to be solids with high-melting
point and are conductive when dissolved in solution (see Problems
27,29, 41,44, 45, 53, 54, 100, and 103).

* Interpret molecular formulas and draw Lewis structures for
molecules. Formulas such as H,0, NH3, and CH,, which show the
numbers and kinds of atoms in a molecule, are called molecular
formulas. More useful are Lewis structures, which show how atoms
are connected in molecules. Covalent bonds are indicated as lines
between atoms, and valence electron lone pairs are shown as dots
(see Problems 30, 46, 52, 55-62, and 97).

e Draw Lewis structures for molecules using their molecular for-
mula and the octet rule. Lewis structures are drawn by counting the
total number of valence electrons in a molecule or polyatomic ion
and then placing shared pairs (bonding) and lone pairs (nonbonding)
so that all electrons are accounted for (see Problems 28, 35, 42, 43,
46-52, 55-62, 85, 86, 90, 93-96, 98, 99, 101, and 102).
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e Use Lewis structures to predict molecular geometry. Molecules
have specific shapes that depend on the number of electron charge
clouds (bonds and lone pairs) surrounding the various atoms. These
shapes can often be predicted using the VSEPR model. Atoms with
two electron charge clouds adopt linear geometry, atoms with three
charge clouds adopt trigonal planar geometry, and atoms with four
charge clouds adopt tetrahedral geometry (see Problems 25-27, 29,
63-68, 86, 87,90, 93, and 99].

e Distinguish between polar covalent, nonpolar covalent, and
ionic bonds using electronegativity. Bonds between atoms are polar
covalent if the bonding electrons are not shared equally between the
atoms. The ability of an atom to attract electrons in a covalent bond
is the atom’s electronegativity and is highest for reactive nonmetal
elements on the upper right of the periodic table and lowest for met-
als on the lower left. Comparing electronegativities allows prediction
of whether a given bond is polar covalent, nonpolar covalent, or ionic
(see Problems 34, 69-76, 86, 89, 92, and 100).

CONCEPT MAP: ELECTROSTATIC FORCES

e Predict polarity of molecules using electronegativity and molec-
ular geometry (VSEPR). Just as individual bonds can be polar, entire
molecules can be polar if electrons are attracted more strongly to
one part of the molecule than to another. Molecular polarity is due to
the sum of all individual bond polarities and lone-pair contributions
in the molecule [see Problems 30, 34, 77—80, 87, and 91].

* Name binary molecular compounds. When naming binary
molecular compound, the less electronegative element (further
to the left or further down in the periodic table) is named first. The
name of the more electronegative element is modified by adding
the -ide suffix and is then added to the compound name. Numeri-
cal prefixes are added as needed to indicate the number of each
type of atom. For example, NO, is nitrogen dioxide (see Problems
81-84, and 92).

Intramolecular Forces

/

Ionic Bonds (Chapter 3)
= transfer of electrons

/

Covalent Bonds (Chapter 4)
= sharing of electrons

Formation of ions depends on
Ionization energy
Loss of electrons = cations
Electron affinity -
Gain of electrons = anions
Electron configurations
Octet rule

Ionic Compounds:
Balancing of charges of
cations/anions
Properties of ionic compounds: <
Solubility in polar solvents
High melting points
Solution conductivity

Type of covalent bond
depends on
Electron configuration
> (single/double/triple bonds to
achieve octet)
Differences in electronegativities
(polar vs. nonpolar)

Molecular Compounds:
Representations (Lewis structures,
structural formulas, condensed

— structures)
Properties:
Polar vs. nonpolar
Low melting /boiling points.

A Figure 4.8 Concept Map. As you can see from the concept map, the electronic structure of atoms discussed in

Chapter 2 plays a critical role in the formation of ionic compounds (Chapter 3) or molecular compounds (Chapter 4).
Furthermore, the nature of the attractive forces between particles (intermolecular versus intramolecular) plays a role in the
physical and chemical behavior of substances discussed in later chapters.

KEY WORDS

Binary compound, p. 161/

Bond angle, p. 151 Dipole, p. 157

Bond length, p. 136 Double bond, p. 140

Condensed structure, p. /46 Electronegativity, p. 157

Coordinate covalent Lewis structure, p. /44
bond, p. 142 Lone pair, p. 140

Covalent bond, p. 135

Molecular compound, p. /37 Structural formula, p. /44
Molecular formula, p. /44  Triple bond, p. 140

Molecule, p. 135 Valence-shell electron-pair
Polar covalent bond, p. 156 repulsion (VSEPR) model,
Regular tetrahedron, p. 153 p. 151

Single bond, p. 140
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4.25 What is the geometry around the central atom in the
following molecular models? (There are no “hidden” atoms; all
atoms in each model are visible.)

(@ (b)

(c)

4.26 Three of the following molecular models have a tetrahe-
dral central atom and one does not. Which is the odd one? (Note:
Not all atoms and/or lone pairs may be visible in the models.)

(b)

0\{

(o) (d)

4.27 The ball-and-stick molecular model shown here is a
representation of acetaminophen, the active ingredient in over-the-
counter headache remedies such as Tylenol. The lines indicate only
the connections between atoms not whether the bonds are single,
double, or triple (red = O, gray = C, blue = N, ivory = H).
(a) What is the molecular formula of acetaminophen?
(b) Indicate the positions of the multiple bonds in
acetaminophen.
(c) What is the geometry around each carbon and each
nitrogen?

Acetaminophen

4.28 The atom-to-atom connections in vitamin C (ascorbic
acid) are as shown here. Convert this skeletal drawing to a Lewis
electron-dot structure for vitamin C by showing the positions of
any multiple bonds and lone pairs of electrons.

i
C
H O\C/ \O
AVAN
H—O H C—C—O—H
H—O H
Vitamin C

4.29 The ball-and-stick molecular model shown here is a
representation of thalidomide, a drug that has been approved for
treating leprosy but causes severe birth defects when taken by
expectant mothers. The lines indicate only the connections
between atoms and not whether the bonds are single, double, or
triple (red = O, gray = C, blue = N, ivory = H).

(a) What is the molecular formula of thalidomide?

(b) Indicate the positions of the multiple bonds in
thalidomide.

(c) What is the geometry around each carbon and each
nitrogen?

2

Thalidomide

4.30 Show the position of any electron lone pairs in this struc-
ture of acetamide, and indicate the electron-rich and electron-poor
regions.

(@)
g
o \NHZ

o

Acetamide

H
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ADDITIONAL PROBLEMS

COVALENT BONDS AND MOLECULAR COMPOUNDS
(SECTIONS 4.1-4.5)

4.31

4.32

4.33
4.34

4.35

4.36

4.37

4.38

4.39

4.40

4.41

4.42

4.43

What is a covalent bond, and how does it differ from an
ionic bond?

‘What is a coordinate covalent bond, and how does it differ
from a covalent bond?

When are multiple bonds formed between atoms and why?

Identify the bonds formed between the following pairs of
atoms as either covalent or ionic.

(a) Aluminum and bromine

(b) Carbon and fluorine

(¢) Cesium and iodine

(d) Zinc and fluorine

(e) Lithium and chlorine

Write electron-dot symbols to show the number of covalent
bonds and the lone pairs of electrons in the molecules that
are formed by reactions between the atoms in Problem 4.34.
Look up tellurium (Z = 52) in the periodic table and pre-
dict how many covalent bonds it is likely to form. Explain.
Look up antimony in the periodic table (Z = 51). How
many covalent bonds would you expect it to form? Based
on this information, which of the following antimony com-
pounds is covalent and which is ionic: SbCl; or SbCls?
Which of the following contains a coordinate covalent
bond? (Hint: How many covalent bonds would you expect
the central atom (underlined) to form?)

(a) PbCl (b) Cu(NH;),*"  (¢) NH,"
Which of the following contains a coordinate covalent
bond? (Hint: How many covalent bonds would you expect
the central atom (underlined) to form?)

(@) HO (b) BF,~ (c) H;O"
Tin forms both an ionic compound and a covalent com-
pound with chlorine. The ionic compound is SnCl,. Is the
covalent compound more likely to be SnCl;, SnCly, or
SnCls? Explain.

A compound of gallium with chlorine has a melting point
of 350 K (77 °C) and a boiling point of 474 K (201 °C). Is
the compound ionic or covalent? What is a likely formula?
Nitrous oxide, N,O, has the following structure. Which
bond in N,O is a coordinate covalent bond? Explain.

:NEN—Q:

Nitrous oxide

Thionyl chloride, SOCl,, has the following structure.
Which bond in SOCI, is a coordinate covalent bond?

:.Cl.):

S
GG

Thionyl chloride

STRUCTURAL FORMULAS (SECTION 4.6)

4.44

4.45

4.46

4.47

4.48

4.49

4.50

4.51

Distinguish between the following:

(a) A molecular formula and a structural formula
(b) A structural formula and a condensed structure
(¢) A lone pair and a shared pair of electrons

Assume that you are given samples of two white crystal-
line compounds, one of them ionic and the other one
covalent. Describe how you might tell which is which.

Determine the total number of valence electrons in the fol-
lowing molecules. If the molecule contains multiple bonds,
indicate where the multiple bonds are located and whether
they are double or triple bonds.

(a) N, (b) NOCl
(¢) CH3CH,CHO (d) OF,
Add lone pairs where appropriate to the following

structures:

(a) C=0 (b) CH,SH

b od e
(© l[H—O—H (@) H,C—N—CH,

If a research paper appeared reporting the structure of a
new molecule with formula C,Hg, most chemists would be
highly skeptical. Why?

Consider the following possible structural formulas for
C3HgO,. If a structure is not reasonable, explain what
changes could be made to convert it to a reasonable
structure.

(a H—C—C—C—OH
HoH
OH H H
(b) H—C:—clz—clz—H (©) H—$—c|)—c|:—c=o

H OH H H H

Convert the following Lewis structures into structural
formulas in which lines replace the bonding electrons.
Include the lone pairs.

H
(b) H:Q:C:::N:
H

(a) H:O:N::0: (c) H:E:

Convert the following Lewis structure for the nitrate ion
into a line structure that includes the lone pairs. Why does
the nitrate ion have a —1 charge?

%]



4.52

4.53

4.54

Convert the following structural formulas into condensed
structures.

H H

H H H H \C/

I \ / N\

(a) H—(lj—(lj—cl—H (b) /C=C\ H
H H H H H

H H
(¢ H—C—C—l

b
Expand the following condensed structures into the correct
structural formulas.
(a) CH;CH,COCH(CHj3),
(¢) CH3CH,OCH,C1

Acetic acid is the major organic constituent of vinegar.
Convert the following structural formula of acetic acid into a
condensed structure similar to those shown in Problem 4.53.

(b) CH;CH,COOCH;

H—Cl—C—O—H
H

DRAWING LEWIS STRUCTURES (SECTION 4.7)

4.55

4.56

4.57

4.58

4.59

4.60
4.61

4.62

Draw a Lewis structure for the following molecules:

(a) SFq (b) AICI;4

(c) CS, (d) SeF,

(e) BeCl, (Note: This molecule does not follow the octet
rule.)

() N,O4

Draw a Lewis structure for the following molecules:
(a) Nitrous acid, HNO, (H is bonded to an O atom)
(b) Sulfur trioxide, SO5

(¢) Ethanal, CH;CHO

Ethanol, or “grain alcohol,” has the formula C,H¢O and
contains an O—H bond. Propose a structure for ethanol
that is consistent with common bonding patterns.
Dimethyl ether has the same molecular formula as ethanol
(Problem 4.57) but very different properties. Propose a
structure for dimethyl ether in which the oxygen is bonded
to two carbons.

Tetrachloroethylene, C,Cly, is used commercially as a
dry-cleaning solvent. Propose a structure for tetrachloro-
ethene based on the common bonding patterns expected in
organic molecules. What kind of carbon—carbon bond is
present?

Draw a Lewis structure for hydroxylamine, NH,OH.

The carbonate ion, CO4 2~ contains a double bond. Draw a
Lewis structure for the ion and show why it has a charge of —2.

Draw a Lewis structure for the following polyatomic ions:
(a) Formate, HCO,
(b) Sulfite, SO;>~

Additional Problems 167

(¢) Thiocyanate, SCN™

(d) Phosphate, PO,**
(e) Chlorite, C1O,- (Chlorine is the central atom.)

MOLECULAR GEOMETRY (SECTION 4.8)

4.63

4.64

4.65

4.66

4.67

4.68

Predict the geometry and bond angles around atom A

for molecules with the general formulas AB; and AB,E,
where B represents another atom and E represents an elec-
tron pair.

Predict the geometry and bond angles around atom A for
molecules with the general formulas AB,, AB3E, and
AB,E,, where B represents another atom and E represents
an electron pair.

Sketch the three-dimensional shape of the following
molecules:

(a) Methanamine, CH;NH,

(b) Iodoform, CHI,

(c) Ozone, O;

(d) Phosphorus pentachloride, PCls
(e) Chloric acid, HC1O,

Predict the three-dimensional shape of the following
molecules:

(a) S]F4 (b) CF2C]2
(d) BBr; (e) NF;

Predict the geometry around each carbon atom in the
amino acid alanine.

(C) SO3

i
CH3(|ZHCOH
NH,

Alanine

Predict the geometry around each carbon atom in vinyl
acetate, a precursor of the polyvinyl alcohol polymer used
in automobile safety glass.

I
H,C=CH—O—C—CH,

Vinyl acetate

POLARITY OF BONDS AND MOLECULES (SECTIONS 4.9 AND 4.10)

4.69

4.70

471

4.72

Where in the periodic table are the most electronegative
elements found, and where are the least electronegative
elements found?

Using Figure 4.7, predict the electronegativity of the yet-
undiscovered element with Z = 119.

Look at the periodic table, and then order the following
elements according to increasing electronegativity: K, Si,
Be, O, B.

Look at the periodic table, and then order the following
elements according to decreasing electronegativity: C, Ca,
Cs, Cl, Cu.
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4.73

4.74

4.75

4.76

4.7¢7

4.78

4.79

4.80
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Which of the following bonds are polar? If a bond is polar,
identify the negative and positive ends of each bond by
using 6+ and 6—.

(a) I—Br (b) O—H
(¢) C—F (d) N—C
(e C—C

Which of the following bonds are polar? If a bond is polar,
identify the negative and positive ends of each bond by
using 6+ and 6—.

(a) O—Cl (b) N—Cl
(c) P—H (d Cc—I
e C—O

Based on electronegativity differences, would you expect
bonds between the following pairs of atoms to be largely
ionic or largely covalent?

(a) Beand F (b) Caand Cl

(¢) Oand H (d) Be and Br

Arrange the following molecules in order of the increasing
polarity of their bonds:

(a) HCI (b) PH;

(C) H20 (d) CF4

Ammonia, NH;, and phosphorus trihydride, PH;, both
have trigonal pyramid geometry. Which one is more polar?
Explain.

Decide whether each of the compounds listed in Problem
4.76 is polar, and show the direction of polarity.

Carbon dioxide is a nonpolar molecule, whereas sulfur
dioxide is polar. Draw Lewis structures for each of these
molecules to explain this observation.

Water (H,O) is more polar than hydrogen sulfide (H,S).
Explain.

NAMES AND FORMULAS OF MOLECULAR COMPOUNDS
(SECTION 4.11)

4.81

4.82

4.83

484

Name the following binary compounds:

(a) PI; (b) AsCl, (c) PsSs
(d) ALF, (©) N,05 (f) AsCls
Name the following compounds:

(a) SeO, (b) XeO,

(¢) N»Ss (d) PsSe,

Write formulas for the following compounds:

(b) Sulfur hexafluoride
(d) Dinitrogen trioxide
(f) Iodine heptafluoride

(a) Nitrogen dioxide
(¢) Bromine triiodide
(e) Nitrogen triiodide
Write formulas for the following compounds:
(a) Silicon tetrachloride

(b) Sodium hydride

(c) Antimony pentafluoride

(d) Osmium tetroxide

CONCEPTUAL PROBLEMS

4.85

4.86

4.87

4.88

4.89

4.90

4.91

4.92

The discovery in the 1960s that xenon and fluorine react to
form a molecular compound was a surprise to most chem-
ists, because it had been thought that noble gases could not
form bonds.

(a) Why was it thought that noble gases could not form
bonds?

(b) Draw a Lewis structure of XeF, in which Xe is the
central atom. How many electron clouds are there on
the central atom?

(¢) What type of bonds are the Xe —F bonds? Explain.

Acetone, a common solvent used in some nail polish

removers, has the molecular formula C3;HO and contains a

carbon—oxygen double bond.

(a) Propose two Lewis structures for acetone.

(b) What is the geometry around the carbon atoms in each
of the structures?

(¢) Which of the bonds in each structure are polar?

Draw the structural formulas for two compounds hav-
ing the molecular formula C,H,O. What is the molecu-
lar geometry around the carbon atoms in each of these
molecules? Would these molecules be polar or nonpolar?
(Hint: There is one double bond.)

The following formulas are unlikely to be correct. What is
wrong with each?

(a) CCls (b) N,H;

(c) H3S (d) C,0S

Which of the following compounds contain ionic bonds?
Which contain covalent bonds? Which contain coordinate

covalent bonds? (A compound may contain more than one
type of bond.)

(a) BaCl, (b) Ca(NO3),

(¢) BCl,~ (d) TiBr,

The phosphonium ion, PH,", is formed by reaction of

phosphine, PH;, with an acid.

(a) Draw the Lewis structure of the phosphonium ion.

(b) Predict its molecular geometry.

(¢) Describe how a fourth hydrogen can be added to
PH;.

(d) Explain why the ion has a +1 charge.

Compare the trend in electronegativity seen in Figure 4.7

(p. 157) with the trend in electron affinity shown in

Figure 3.2 (p. 113). What similarities do you see? What
differences? Explain.

Name the following compounds. Be sure to determine
whether the compound is ionic or covalent so that you use
the proper rules.

(a) CaCl, (b) TeCl,
(¢c) BF; (d) MgSO,
(e) K;0O (f) FeF,

(g) PF;



4.93

4.94

4.95

4.96

4.97

4.98

The sulfite ion (SO,*") and sulfur trioxide (SO;) have the
same chemical formulas but different molecular geom-
etries. Draw the Lewis dot structures and identify the
molecular geometry of each.

Draw a Lewis structure for chloral hydrate, known in de-
tective novels as “knockout drops.” Indicate all lone pairs.

Cl O—H
Cl—C— (|: —O—H Chloral hydrate
Cl H

The dichromate ion, Cr,0,*>~, has neither Cr— Cr nor
O—O0 bonds. Draw a Lewis structure.

Oxalic acid, H,C,0y,, is a substance found in uncooked
spinach leaves and other greens that can be poisonous at
high concentrations (e.g., in raw rhubarb leaves). If oxalic
acid has a C—C single bond and the H atoms are both
connected to O atoms, draw its Lewis structure.

Identify the fourth row elements represented by “X” in the
following compounds.

@ O0=X=0 ) "X

Write Lewis structures for molecules with the following
connections, showing the positions of any multiple bonds
and lone pairs of electrons.

T |
(a) Cl—C—O—(lf—H (b) H—Cl—C—C—H

H H

4.99
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Group Problems

Electron-pair repulsion influences the shapes of polya-
tomic ions in the same way it influences neutral molecules.
Draw electron-dot symbols and predict the shape of the
ammonium ion, NH4+, the sulfate ion, SO42_, and the
phosphite ion, PO;>".

GROUP PROBLEMS

4.100

4.101

4.102

4.103

Which of the following elements would you expect to
form (i) diatomic molecules, (ii) mainly covalent bonds,
(iii) mainly ionic bonds, and (iv) both covalent and ionic
bonds? (More than one answer may apply; remember
that some nonmetals can form ionic bonds with metals.)
Explain your answers.

(b) Potassium
(d) Iodine
(f) Cesium

Hydrazine is a substance used to make rocket fuel. Look
up the formula and propose a structure for hydrazine.

(a) Oxygen
(c) Phosphorus
(e) Hydrogen

Dimethyl sulfoxide, also known as DMSO, is an important
organic solvent often used for drug delivery since it readily
penetrates the skin. Look up the formula for DMSO and
write the Lewis dot structure. (Hint: There are no C—C
bonds in the molecule.)

Titanium forms both molecular and ionic compounds with
nonmetals, as, for example, TiBr, and TiO,. Look up the
melting points for these two compounds and use the infor-
mation to identify which is ionic and which is molecular.
Explain your answer in terms of electronegativities of the
atoms involved in each compound.
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A The small batteries used in many medical
implants, such as deep brain stimulation pulse
generators, rely on redox reactions to provide
electrical energy.

electronic devices for medical applications, such as pacemakers and insu-

lin pumps. One of the more promising medical techniques involves “deep
brain stimulation,” in which a microdevice, called an implantable pulse genera-
tor (or IPG), provides electrical impulses to specific parts of the brain to either
stimulate hormone production or inhibit abnormal nerve signals. This technique
is used to treat conditions ranging from Parkinsons disease to Tourette’s
syndrome to clinical depression. What IPGs, pacemakers, and other electronic
medical implants have in common is that they use small rechargeable

Q dvances in microelectronics made way for the development of small




batteries that use chemical reactions to generate the electricity needed to power the devices, as
explained in the Chemistry in Action feature on page 184.

The study of how and why chemical reactions happen is a major part of chemistry, provid-
ing information that is both fascinating and practical. In this chapter, we will begin to look at
chemical reactions, starting with a discussion of how to represent them in writing. We will then
examine how to balance reactions and how to recognize different types or classes of chemical
reactions.

5.1 Chemical Equations

Learning Objective:

® Understand the law of conservation of mass and how it applies to chemical equations.

One way to view chemical reactions is to think of them as “recipes.” Like recipes, all
the “ingredients” in a chemical equation and their relative amounts are given, as well as
the amount of product that is produced. Take, for example, a recipe for making s’mores,
a concoction of chocolate, marshmallows, and graham crackers:

Graham crackers + Roasted marshmallows + Chocolate bars ——> S’mores

This recipe, however, is simply a list of ingredients and gives no indication of the
relative amounts of each ingredient, or how many s’'mores we would obtain. A more
detailed recipe would be

2 Graham crackers + 1 Roasted marshmallow + § Chocolate bar —— 1 S more

In this case, the relative amounts of each ingredient are given, as well as the amount
of the final product.

Let us extend this analogy to a typical chemical reaction. When sodium hydrogen
carbonate, also known as baking soda, is heated in the range 323-373 K, sodium carbon-
ate, water, and carbon dioxide are produced. In words, we might write the reaction as

Sodium hydrogen carbonate —  Sodium carbonate + Water + Carbon dioxide

Just as in the recipe, the starting materials and final products are listed. Replacing
the chemical names with formulas converts the word description of this reaction into a
chemical equation:

H
2NaHCO; ——> Na,CO; + H,0 + CO,
- Y N . %

Reactant Products

To review the information regarding chemical reactions from Chapter 1, let us look
at how this equation is written. The reactants are written on the left, the products
are written on the right, and an arrow is placed between them to indicate a chemi-
cal change. Conditions necessary for the reaction to occur—heat in this particular
instance—are often specified above the arrow. The substances that take part in chemi-
cal reactions may be solids, liquids, or gases, or they may be dissolved in a solvent.
Ionic compounds, in particular, frequently undergo reactions in aqueous solution—that
is, when they are dissolved in water. This information can be added to an equation by
placing the appropriate abbreviations after the formulas:

(s) (7) (8)
Solid Liquid Gas

(aq)
Aqueous solution

Why is the number 2 placed before NaHCOj in the equation? The 2 is necessary
because of a fundamental law of nature called the law of conservation of mass, which
states that matter can neither be created nor destroyed in a chemical reaction.

The bonds between atoms in the reactants are rearranged to form new compounds
in chemical reactions, but none of the atoms disappear and no new ones are formed.

Chemical equation An expression in
which symbols and formulas are used
to represent a chemical reaction.

Reactant A substance that undergoes
change in a chemical reaction and is
written on the left side of the reaction
arrow in a chemical equation.

Product A substance that is formed in
a chemical reaction and is written on
the right side of the reaction arrow in a
chemical equation.

Law of conservation of mass Mat-
ter is neither created nor destroyed in
chemical rea