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The Elements

Atomic Atomic
Name Symbol Number Mass*
Actinium Ac 89 (227)
Aluminum Al 13 26.98
Americium Am 95 (243)
Antimony Sb 51 121.8
Argon Ar 18 39.95
Arsenic As 33 74.92
Astatine At 85 (210)
Barium Ba 56 137.3
Berkelium Bk 97 (247)
Beryllium Be 4 9.012
Bismuth Bi 83 209.0
Bohrium Bh 107 (267)
Boron B 5 10.81
Bromine Br 35 79.90
Cadmium Cd 48 112.4
Calcium Ca 20 40.08
Californium Cf 98 (249)
Carbon C 6 12.01
Cerium Ce 58 140.1
Cesium Cs 55 132.9
Chlorine Cl 17 35.45
Chromium Cr 24 52.00
Cobalt Co 27 58.93
Copernicium Cn 112 (285)
Copper Cu 29 63.55
Curium Cm 96 (247)
Darmstadtium Ds 110 (281)
Dubnium Db 105 (262)
Dysprosium Dy 66 162.5
Einsteinium Es 99 (254)
Erbium Er 68 167.3
Europium Eu 63 152.0
Fermium Fm 100 (253)
Flevorium Fl 114 (289)
Fluorine F 9 19.00
Francium Fr 87 (223)
Gadolinium Gd 64 157.3
Gallium Ga 31 69.72
Germanium Ge 32 72.61
Gold Au 79 197.0
Hafnium Hf 72 178.5
Hassium Hs 108 277)
Helium He 2 4.003
Holmium Ho 67 164.9
Hydrogen H 1 1.008
Indium In 49 114.8
Todine I 53 126.9
Iridium Ir 77 192.2
Iron Fe 26 55.85
Krypton Kr 36 83.80
Lanthanum La 57 138.9
Lawrencium Lr 103 (257)
Lead Pb 82 207.2
Lithium Li 3 6.941
Livermorium Lv 116 (293)
Lutetium Lu 71 175.0
Magnesium Mg 12 24.31
Manganese Mn 25 54.94
Meitnerium Mt 109 (268)

Atomic Atomic

Name Symbol Number Mass*
Mendelevium Md 101 (256)
Mercury Hg 80 200.6
Molybdenum Mo 42 95.94
Moscovium Mc 115 (288)
Neodymium Nd 60 144.2
Neon Ne 10 20.18
Neptunium Np 93 (244)
Nickel Ni 28 58.70
Nihonium Nh 113 (284)
Niobium Nb 41 92.91
Nitrogen N 7 14.01
Nobelium No 102 (253)
Oganesson Og 118 (294)
Osmium Os 76 190.2
Oxygen (0) 8 16.00
Palladium Pd 46 106.4
Phosphorus P 15 30.97
Platinum Pt 78 195.1
Plutonium Pu 94 (242)
Polonium Po 84 (209)
Potassium K 19 39.10
Praseodymium Pr 59 140.9
Promethium Pm 61 (145)
Protactinium Pa 91 (231)
Radium Ra 88 (226)
Radon Rn 86 (222)
Rhenium Re 75 186.2
Rhodium Rh 45 102.9
Roentgenium Rg 111 (272)
Rubidium Rb 37 85.47
Ruthenium Ru 44 101.1
Rutherfordium Rf 104 (263)
Samarium Sm 62 150.4
Scandium Sc 21 44.96
Seaborgium Sg 106 (266)
Selenium Se 34 78.96
Silicon Si 14 28.09
Silver Ag 47 107.9
Sodium Na 11 22.99
Strontium Sr 38 87.62
Sulfur S 16 32.07
Tantalum Ta 73 180.9
Technetium Tc 43 98)
Tellurium Te 52 127.6
Tennessine Ts 117 (294)
Terbium Tb 65 158.9
Thallium Tl 81 204.4
Thorium Th 90 232.0
Thulium Tm 69 168.9
Tin Sn 50 118.7
Titanium Ti 22 47.88
Tungsten 4 74 183.9
Uranium U 92 238.0
Vanadium v 23 50.94
Xenon Xe 54 131.3
Ytterbium Yb 70 173.0
Yttrium Y 39 88.91
Zinc Zn 30 65.41
Zirconium Zr 40 91.22

*All atomic masses are given to four significant figures. Values in parentheses represent the mass number of the most stable isotope.
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Contalning Polyatomic lons (Including Hydrates) 73 4.10 Calculating Amounts of Reactants and Products in a
2.12 Recognizing Inc30rrect Names and Formulas of lonic Precipitation Reaction 162
Compounds 7 : e I
2.13 Determining Names and Formulas of Anions and Acids 74 4m ggglcn;ig: I]'g!,tmg Reactant Problem for a Precipitation
2.14 Determining Names and Formulas of Binary Covalent 4.12 Determining the Number of H* (or OH") lons in Solution 166
Compo‘,‘"?ds 75 . 4.13 Writing lonic Equations for Acid-Base Reactions 167
2.15 Recognizing Incorrect Names and Formulas of Binary 4.14 Writing Proton-Transfer Equations for Acid-Base
Covalent Compounds 75 Reactions 171
2.16 Ca!culatlng the Molegulgr Mass of a Cgmpound 77 4.15 Calculating the Amounts of Reactants and Products in an
2.17 Using Molecular Depictions to Determine Formula, Name, Acid-Base Reaction 172
and Mass 77 4.16 Finding the Concentration of an Acid from a Titration 173
4.17 Determining the Oxidation Number of Each Element

Chapter 3 in a Compound (or lon) 177
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of an Element 99 4.19 Finding the Amount of Reducing Agent by Titration 180
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Elements 105 5.6 Solving for an Unknown Gas Variable at Fixed
3.9 Determining an Empirical Formula from Masses of Conditions 220
Elements 106 5.7 Using Gas Laws to Determine a Balanced Equation 221
3.10 Determining a Molecular Formula from Elemental Analysis 5.8 Calculating Gas Density 223
and Molar Mass 107 5.9 Finding the Molar Mass of a Volatile Liquid 225
3.11 Determining a Molecular Formula from Combustion 5.10 Applying Dalton’s Law of Partial Pressures 226
Analysis 108 5.11 Calculating the Amount of Gas Collected over

3.12 Balancing a Chemical Equation 114 Water 228
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5.12 Using Gas Variables to Find Amounts of Reactants
or Products | 229
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5.14 Applying Graham’s Law of Effusion 236

Chapter 6
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6.6 Determining the Enthalpy Change of an Aqueous
Reaction 270
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Chapter 7
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10.8 Predicting Molecular Shapes with More Than One Central
Atom 427
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Chapter 13
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Chapter 16
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Times 713
16.7 Determining the Half-Life of a First-Order Reaction 714
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18.15 Identifying Lewis Acids and Bases 830

Chapter 19
19.1 Calculating the Effect of Added H;O* or OH~ on
Buffer pH 846
19.2 Using Molecular Scenes to Examine Buffers 850
19.3 Preparing a Buffer 851
19.4 Finding the pH During a Weak Acid—Strong Base
Titration 857
19.5 Writing lon-Product Expressions 865
19.6 Determining K, from Solubility 866
19.7 Determining Solubility from K, 867
19.8 Calculating the Effect of a Common lon on Solubility 869
19.9 Predicting the Effect on Solubility of Adding Strong Acid 870
19.10 Predicting Whether a Precipitate Will Form 871
19.11 Using Molecular Scenes to Predict Whether a Precipitate
Will Form 872

19.12 Separating lons by Selective Precipitation 874
19.13 Calculating the Concentration of a Complex lon 878
19.14 Calculating the Effect of Complex-lon Formation

on Solubility 880

Chapter 20
20.1 Calculating the Change in Entropy During an Isothermal
Volume Change of an Ideal Gas 902
20.2 Calculating the Change in Entropy During a Phase Change 903
20.3 Calculating the Entropy Change Resulting from a Change
in Temperature 904
20.4 Predicting Relative Entropy Values 909
20.5 Calculating the Standard Entropy of Reaction, AS?,, 911
20.6 Determining Reaction Spontaneity 913
20.7 Calculating AG?,,, from Enthalpy and Entropy Values 917
20.8 Calculating AGy,, from AG? Values 919
20.9 Using Molecular Scenes to Determine the Signs of AH, AS,
and AG 921
20.10 Determining the Effect of Temperature on AG 922
20.11 Finding the Temperature at Which a Reaction Becomes
Spontaneous 923
20.12 Exploring the Relationship Between AG® and K 927
20.13 Using Molecular Scenes to Find AG for a Reaction
at Nonstandard Conditions 928
20.14 Calculating AG at Nonstandard Conditions 930

Chapter 21
21.1 Balancing a Redox Reaction in Basic Solution 942
21.2 Describing a Voltaic Cell with a Diagram and
Notation 948
21.3 Using Ef,icen Values to Find ES,; 951
21.4 Calculating an Unknown Ep.cei from Eg 953
21.5 Writing Spontaneous Redox Reactions and Ranking
Oxidizing and Reducing Agents by Strength 956
21.6 Calculating K and AG® from EZ.; 961
21.7 Using the Nernst Equation to Calculate E; 962
21.8 Calculating the Potential of a Concentration Cell 966
21.9 Predicting the Electrolysis Products of a Molten Salt
Mixture 977
21.10 Predicting the Electrolysis Products of Aqueous Salt
Solutions 979
21.11 Applying the Relationship Among Current, Time,
and Amount of Substance 981

Chapter 23

23.1 Writing Electron Configurations of Transition Metal
Atoms and lons 1040

23.2 Finding the Number of Unpaired Electrons 1045

23.3 Finding the Coordination Number and Charge of the Central
Metal lon in a Coordination Compound 1049

23.4 Writing Names and Formulas of Coordination
Compounds 1050

23.5 Determining the Type of Stereoisomerism 1054

23.6 Ranking Crystal Field Splitting Energies (A) for Complex lons
of a Metal 1059

23.7 ldentifying High-Spin and Low-Spin Complex lons 1061

Chapter 24

24.1 Writing Equations for Nuclear Reactions 1078

24.2 Predicting Nuclear Stability 1080

24.3 Predicting the Mode of Nuclear Decay 1082

24.4 Calculating the Specific Activity and the Decay Constant of a
Radioactive Nuclide 1085

245 Finding the Number of Radioactive Nuclei 1086

24.6 Applying Radiocarbon Dating 1089

24.7 Calculating the Binding Energy per Nucleon 1103


https://iranchembook.ir/edu

iranchembook.ir/edu

ABOUT THE AUTHORS

Courtesy of Martin S. Silberberg

Courtesy of Patricia G. Amateis

Martin S. Silberberg received a B.S. in Chemistry from the City University of New
York and a Ph.D. in Chemistry from the University of Oklahoma. He then accepted a
position as research associate in analytical biochemistry at the Albert Einstein College
of Medicine in New York City, where he developed methods to study neurotransmitter
metabolism in Parkinson’s disease and other neurological disorders. Following six years
in neurochemical research, Dr. Silberberg joined the faculty of Bard College at Simon’s
Rock, a liberal arts college known for its excellence in teaching small classes of highly
motivated students. As head of the Natural Sciences Major and Director of Premedi-
cal Studies, he taught courses in general chemistry, organic chemistry, biochemistry,
and liberal-arts chemistry. The small class size and close student contact afforded him
insights into how students learn chemistry, where they have difficulties, and what strat-
egies can help them succeed. Dr. Silberberg decided to apply these insights in a broader
context and established a textbook writing, editing, and consulting company. Before
writing his own texts, he worked as a consulting and development editor on chemistry,
biochemistry, and physics texts for several major college publishers. He resides with his
wife Ruth in the Pioneer Valley near Amherst, Massachusetts, where he enjoys the rich
cultural and academic life of the area and relaxes by traveling, gardening, and singing.

Patricia G. Amateis graduated with a B.S. in Chemistry Education from Concord
University in West Virginia and a Ph.D. in Analytical Chemistry from Virginia Tech.
She has been on the faculty of the Chemistry Department at Virginia Tech for 31 years,
teaching General Chemistry and Analytical Chemistry. For the past 16 years, she has
served as Director of General Chemistry, responsible for the oversight of both the lec-
ture and lab portions of the large General Chemistry program. She has taught thousands
of students during her career and has been awarded the University Sporn Award for
Introductory Teaching, the Alumni Teaching Award, and the William E. Wine Award
for a history of university teaching excellence. She and her husband live in Blacksburg,
Virginia and are the parents of three adult children. In her free time, she enjoys biking,
hiking, competing in the occasional sprint triathlon, and playing the double second in
Panjammers, Blacksburg’s steel drum band.

Xix


https://iranchembook.ir/edu

iranchembook.ir/edu

hemistry is so crucial to an understanding of medicine and biology, environmental science,
and many areas of engineering and industrial processing that it has become a requirement
for an increasing number of academic majors. Furthermore, chemical principles lie at the core of
some of the key societal issues we face in the 21* century—dealing with climate change, finding
new energy options, and supplying nutrition and curing disease on an ever more populated planet.

SETTING THE STANDARD FOR A CHEMISTRY TEXT

The eighth edition of Chemistry: The Molecular Nature of Matter and Change maintains its
standard-setting position among general chemistry textbooks by evolving further to meet the
needs of professor and student. The text still contains the most accurate molecular illustrations,
consistent step-by-step worked problems, and an extensive collection of end-of-chapter prob-
lems. And changes throughout this edition make the text more readable and succinct, the artwork
more teachable and modern, and the design more focused and inviting. The three hallmarks that
have made this text a market leader are now demonstrated in its pages more clearly than ever.

Visualizing Chemical Models—Macroscopic to Molecular

Chemistry deals with observable changes caused by unobservable atomic-scale events,
requiring an appreciation of a size gap of mind-boggling proportions. One of the text’s goals
coincides with that of so many instructors: to help students visualize chemical events on the
molecular scale. Thus, concepts are explained first at the macroscopic level and then from a
molecular point of view, with pedagogic illustrations always placed next to the discussions to
bring the point home for today’s visually oriented students.

MACROSCOPIC
VIEW

ATOMIC-SCALE

BALANCED
[EQUATION 2Mg(s) i 02(9) —— 2MgO(s) ] (three photos): © McGraw-Hill
Education/Charles Winters/
Timeframe Photography, Inc.
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Preface xxi
Thlnklng Loglca"y Determining an Empirical Formula from
to Solve Problems SAMPLE PROBLEM 3.9 Masses of Elements
_ : Problem Analysis of a sample of an ionic compound yields 2.82 g of Na, 4.35 g of Cl,
The prOblem SOIVlng approach, based on the . and 7.83 g of O. What are the empirical formula and the name of the compound?
four—step method Wldely accepted by experts m Plan This problem is similar to Sample Problem 3.8, except that we are given element
chemical education, is introduced in Chapter 1 masses that we must convert into integer subscripts. We first divide each mass by the

element’s molar mass to find the amount (mol). Then we construct a preliminary
formula and convert the amounts (mol) to integers.

and employed consistently throughout the text. It

encourages students to plan a logical approaCh to Solution Finding amount (mol) of each element:

a problem, and only then proceed to solve it. 1 mol Na

Each sample problem includes a check, which Amount (mol) of Na = 282 83 X 55 g9 g g ~ 13 Mo N
fosters the habit of “thinking through” both the Amount (mol) of Cl = 4.35 g€ x ~MCL _ 0 123 mol 1
chemical and the quantitative reasonableness 3545 g€t

of the answer. Finally, for practice and Amount (mol) of O = 7.83 20 x % = 0.489 mol O
reinforcement, each sample problem is followed Constructing a preliminary formula: Nag 1Clo 12:00 0

immediately by two similar fOHOW—llp problems. Converting to integer subscripts (dividing all by the smallest subscript):
And, Chemistry marries problem solving to Nag155Clo 120050 — Naj 00Cly 000305 & NayCLO,, or  NaClO,

0123 0.123  0.123

visualizing models with molecular-scene

problems which appear not only in homework The empirical formula is NaClOy4; the name is sodium perchlorate.
9

Check The numbers of moles seem correct because the masses of Na and Cl are

sets, as in other texts, but also in the running text, slightly more than 0.1 of their molar masses. The mass of O is greatest and its molar
where they are worked out stepwise. mass is smallest, so it should have the greatest number of moles. The ratio of
subscripts, 1/1/4, is the same as the ratio of moles, 0.123/0.123/0.489 (within rounding).
FOL1I OW-UP PROBLEMS
. . of an unknown compound is found to contain 1.23 g of H, 12.64 g of
SAMPLE PROBLEM 2.3 Visualizing the Mass Laws pf O. What is the empirical formula and the name of the compound?
Wwn metal M reacts with sulfur to form a compound with the formula
Problem The scenes below represent an atomic-scale view of a chemical reaction: lof M reacts with 2.88 g of S, what are the names of M and M,S;? [Hint:

mount (mol) of S, and use the formula to find the amount (mol) of M.]
PROBLEMS 3.42(b), 3.43(b), 3.46, and 3.47

Which of the mass laws—mass conservation, definite composition, and/or multiple
proportions—is (are) illustrated?

Plan From the depictions, we note the numbers, colors, and combinations of atoms
(spheres) to see which mass laws pertain. If the numbers of each atom are the same before
and after the reaction, the total mass did not change (mass conservation). If a compound
forms that always has the same atom ratio, the elements are present in fixed parts by mass
(definite composition). If the same elements form different compounds and the ratio of the
atoms of one element that combine with one atom of the other element is a small whole
number, the ratio of their masses is a small whole number as well (multiple proportions).

Solution There are seven purple and nine green atoms in each circle, so mass is conserved.
The compound formed has one purple and two green atoms, so it has definite composition.
Only one compound forms, so the law of multiple proportions does not pertain.
FOLLOW-UP PROBLEMS

2.3A The following scenes represent a chemical change. Which of the mass laws is
(are) illustrated?

2.3B Which sample(s) best display(s) the fact that compounds of bromine (orange) and
fluorine (yellow) exhibit the law of multiple proportions? Explain.

B
SOME SIMILAR PROBLEMS 2.14 and 2.15
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Preface

Applying Ideas to the Real World

As the most practical science, chemistry should have a textbook that highlights its countless
applications. Moreover, today’s students may enter emerging chemistry-related hybrid fields,
like biomaterials science or planetary geochemistry, and the text they use should point out the
relevance of chemical concepts to such related sciences. The Chemical Connections and Tools
of the Laboratory boxed essays (which include problems for added relevance), the more
pedagogic margin notes, and the many applications woven into the chapter content are up-to-
date, student-friendly features that are directly related to the neighboring content.

CHEMICAL CONNECTIONS TO

Solutions and Coll

ENVIRONMENTAL ENGINEERING Water Purification

MOS[ waer destined for human use comes from lakes, rivers, Step 5. Disinfecting. Water sources often contain harmful mi- +Ca?" Wastewater Treatment
reservoirs, or groundwater. Present in this essential resource  croorganisms that are killed by one of three agents: ~Na® i
may be soluble toxic organic compounds and high concentrations Chlorine, as aqueous bleach (CI07) or ClL, is most common Wastewater, used domestic or industrial water, is treated in
° 3 . S . 3 several ways before being returned to a natural sourc

of NOj and Fe™, colloidal clay and microbes, and suspended de- but carcinogenic chlorinated organic compounds can form. v ¢
bris. Let’s see how water is treated to remove these dissolved, L - * In primary treatment, the water enters a settling basin to re-

e 1o o + UV light emitted by high-intensity fluorescent tubes disinfects move particles.
dispersed, and suspended particles. ! " ove particles

by disrupting microorganisms’ DNA. . . .
. - « In biological treatment, bacteria metabolize organic com-

Water Treatment Plants « Ozone (O;) gas is a powerful oxidizing agent. pounds and are then removed by settling.
Treating water involves several steps (Figure B13.1): Sodium fluoride (NaF) (o prevent tooth decay and phosphate salts Resin bead = In advanced treatment, a process is tailored to remove a spe-

Step 1. Screening and seitling. As water enters the facility,
screens remove debris, and settling removes sand and other
particles.

Step 2. Coagulating. This step and the next two remove col-
loids. These particles have negative surfaces that repel each other.
Added aluminum sulfate [cake alum: AL(SO:), or iron(IID) chlo-
tide (FeCly), which supply A" or Fe'" ions that neutralize the
charges, coagulates the particles through intermolecular forces.

Step 3. Flocculating and sedimenting. Mixing water and floc-
culating agents in large basins causes a fluffy floc to form. Added
cationic polymers form long-chain bridges between floc particles,
which grow bigger and flow into other basins, where they form a
sediment and are removed. Some plants use dissolved air flotation
(DAF) instead: bubbles forced through the water attach to the floc,
and the floating mass is skimmed.

1o prevent leaching of lead from pipes may then be added.

Step 6 (not shown). Adsorbing onto granular activated car-
bon (GAC). Petroleum and other organic contaminants are re-
moved by adsorption. GAC is a highly porous agent formed by
“activating” wood, coal, or coconut shells with steam: 1 kg of
GAC has a surface area of 275 acres!

Water Softening via lon Exchange
Water with large amounts of 2+ fons, such as Ca’* and Mg**, is
called hard water. Combined with fatty-acid anions in soap,
these cations form solid deposits on clothes, washing machines,
and sinks:
Ca’* (ag) + 2C;H,sCOONa(ag) —
soap
(C17H35C00),Ca(s) + 2Na* (ag)

Step 4. Filtering. Various filters remove remaining particles.
In slow sand flters, the water passes through sand and/or gravel of
increasing particle size. In rapid sand filters, the sand is back-
washed with water, and the colloidal mass is
filters (not shown) with pore sizes of 0.1-10 um are thin tubes

removed. Membrane with the transfer of heat:

When a large amount of HCOS is present, the cations form scale,
a carbonate deposit in boilers and hot-water pipes that interferes

Ca®* (ag) + 2HCO3 (aq) — CaCO4(s) + CO,(g) + H,0(/)

insoluble deposit

with negative groups.

Figure B13.2 lon exchange to remove hard-water cations.

anionic groups, such as —SO; or —COO™, and Na® ions for
charge balance (Figure B13.2). The hard-water cations displace
the Na® ions and bind to the anionic groups. When all resin sites
are occupied, the resin is regenerated with concentrated Na™ solu-
tion that exchanges Na* ions for bound Ca®* and Mg?*.

Membrane Processes and Reverse Osmosis

Membranes with 0.0001-0.01 pm pores can remove unwanted
ions from water. Recall that solutions of different concentrations
separated by a semipermeable membrane create osmotic pressure.
In reverse osmosis, a pressure greater than the osmotic pressure
is applied 1o the more concentrated solution to force water back
through the membrane and filter out ions. In homes, toxic heavy-
metal ions, such as Pb**, Cd*™*, and Hg**, are removed this way.
On a large scale, reverse osmosis is used for desalination, which
can convert seawater (40,000 ppm of ions) to drinking water

bundled
tubes, and the c
tube. Filtration
sistant to disinfg

Figure B13.1

@ screer
setting

TOOLS OF THE
LABORATORY

In addition to mass spectrometry (Chapter 2) and infrared (IR)
spectroscopy (Chapter 9), one of the most useful tools for ana-
lyzing organic and biochemical structures is nuclear magnetic
resonance (NMR) spectroscopy, which measures the molecular
environments of certain nuclei in a molecule.

Like electrons, several types of nuclei, such as °C, "°F,
*IP, and 'H, act as if they spin in either of two directions, each
of which creates a tiny magnetic field. In this discussion, we
focus primarily on 'H-NMR spectroscopy, which measures
changes in the nuclei of the most common isotope of hydrogen.
Oriented randomly, the magnetic fields of all the 'H nuclei in a
sample of compound, when placed in a strong external mag-
netic field (By), become aligned cither wirh the external field
(parallel) or against it (antiparallel). Most nuclei adopt the par-
allel orientation, which is slightly lower in energy. The energy
difference (AE) between the two energy states (spin states) lies
in the radio-frequency (1f) region of the electromagnetic spec-
trum (Figure B15.1).

When an 'H (blue arrow) in the lower energy (parallel) spin
state absorbs a photon in the radio-frequency region with an en-
ergy equal to A, it “flips.” in a process called resonance, to the
higher energy (antiparallel) spin state. The system then re-emits
that energy, which is detected by the rf receiver of the 'H-NMR
spectrometer. The AE between the two states depends on the ac-
tual magnetic field acting on each 'H nucleus, which is affected
by the tiny magnetic fields of the electrons of atoms adjacent to
that nucleus. Thus, the AE required for resonance of each 'H nu-
cleus depends on its specific molecular environment—the C at-
oms, electronegative atoms, multiple bonds, and aromatic rings
around it. 'H nuclei in different molecular environments produce
different peaks in the "H-NMR spectrum.

An'H-NMR spectrum, which is unique for each compound,
is a series of peaks that represents the resonance as a function of
the changing magnetic field. The chemical shift of the 'H nuclei
in a given environment is where a peak appears. Chemical shifts
are shown relative to that of an added standard, tetramethylsi-
lane [(CH;)Si, or TMS]. TMS has 12 'H nuclei bonded to four
C atoms that are bonded to one Si atom in a tetrahedral arrange-
ment, so all 12 are in identical environments and produce only
one peak.

Figure B15.2 shows the 'H-NMR spectrum of acetone. The six
"H nuclei of acetone have identical environments: all six are bonded
10 two C atoms that are each bonded to the C atom involved in the
C=0bond. So one peak is produced, butat a different position from
the TMS peak. The spectrum of dimethoxymethane in Figure B15.3
shows fwo peaks in addition to the TMS peak since the 'H nuclei
have two different evironments. The taller peak is due to the six 'H
nuclei in the two CHs groups, and the shorter peak is due to the two
'H nuclei in the CH, group. The area under cach peak (given as
a number of chart-paper grid spaces) is proportional to the number
of 'H nuclei in a given environment. Note that the area ratio is
20.3/6.8 ~ 3/1, the same as the ratio of six nuclei in the CH; groups
t0 two in the CH, group. Thus, by analyzing the chemical shifts and
peak areas, the chemist leamns the type and number of hydrogen
atoms in the compound.

(continued)

Nuclear Magnetic Resonance
(NMR) Spectroscopy

(antiparallel)

_ [N
Magnetic
SRy TeEd Radiation ()

1= AE

Random nuclear spins

areofeamenegy . VLI L 12
Aligned spins Aspin “fip” resuts

(parallel) from absorption of @

photon with energy
equal to AE (radio-
frequency region).

Figure B15.1 The basis of 'H spin resonance.
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Figure B15.2 The 'H-NMR spectrum of acetone.
500 400 300 200 100 OHz
Absorption by six
H nuclei in the-
two CH groups:
CH3—0 —CH;—0—CH3 1203 spaces)
Absorption by two. M.
H nuclel in the CH,
gioup (6.8 spaces) 1
*
80 70 60 50 40 30 20 10 08(ppm)

Bo—>

Figure B15.3 The "H-NMR spectrum of dimethoxymethane.

ppm) (Figure B13.3).

b,

irce: (A) © Robert Essel/Corbis.

Water mow&s
High PIp-

A Purple Mule, Not a Blue Horse
and a Red Donkey

A mule is a genetic mix, a hybrid, of a
horse and a denkey:
one instant and a donkey the next.
Similarly, the color purple is a mix of red
and blue, not red one instant and blue
the next. in the same sense, 3 resonance
hbrid is one molecular spedes, not one
resonance form this instant and anather
resonance form the next. The problem
is thatwe cannaot depict the actual spe-
cies, the hybrid, accurately with a single
Lewis structure,

cific pollutant. For example. ammonia, which causes excessive
growth of plants and algae, is removed in two steps:

1. Nitrification. Certain bacteria oxidize ammonia (electron
donor) with O, (electron acceptor) to form nitrate ion:

NH} + 20, — NO37 + 2H" + H,0
2. Denitrification. Other bacteria oxidize an added compound
like methanol (CHOH) using the NO3:
SCH;OH + 6NO3 — 3N, + 5CO; + 7H,0 + 60H~
Thus, the process converts NH; in wastewater to Ny, which is
released to the atmosphere.

Problems

B13.1 Briefly answer each of the following:

(@) Why s cake alum [AL(SO.)s] added during water purification?
(b) Why is water that contains large amounts of Ca** and Mg**
difficult to use for cleaning?
(¢) What is the meaning of “reverse” in reverse osmosis?

(d) Why might a water treatment plant use ozone as a disinfectant
instead of chlorine?

(¢) How does passing a saturated NaCl solution through a “spent”
ion-exchange resin regenerate the resin?

B13.2 Wastewater discharged into a stream by a sugar refinery
contains 3.55 g of sucrose (C1oHy;Oy) per liter. A government-
sponsored study is testing the feasibility of removing the sugar
by reverse osmosis. What pressure must be applied to the
wastewater solution at 20.°C to produce pure water?

Pure water to collector

L

Solute particles
al

jure B13.3 Reverse osmosis to remove ions. A, Part of a reverse-osmosis permeator. B, Each permeator contains a bundle of hollow fibers
femipermeable membrane. C, Pumping seawater at high pressure removes ions, and purer water enters the fibers and s collected,

isnotahorse

Biue horse Red donkey

Purple mule
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Reinforcing through Review and Practice

A favorite feature, the section summaries that conclude
every section restate the major ideas concisely and

immediately (rather than postponing such review until the

end of the chapter).

A rich catalog of study aids ends each chapter to help

students review the content:

o Learning Objectives, with section and/or sample prob-

lem numbers, focus on the concepts to understand and

the skills to master.

Preface

> Summary of Section 9.1

v

Nearly all naturally occurring substances consist of atoms or ions bonded to others. Chemical
bonding allows atoms to lower their energy.

lonic bonding occurs when metal atoms transfer electrons to nonmetal atoms, and the

resulting ions attract each other and form an ionic solid.

v

Covalent bonding is most common between nonmetal atoms and usually results in individual

molecules. Bonded atoms share one or more pairs of electrons that are localized between them.

v

Metallic bonding occurs when many metal atoms pool their valence electrons into a

delocalized electron “sea” that holds all the atoms in the sample together.

v

surrounding the element symbol.

v

The Lewis electron-dot symbol of a main-group atom shows valence electrons as dots

The octet rule says that, when bonding, many atoms lose, gain, or share electrons to attain a
filled outer level of eight (or two) electrons.

o Key Terms, boldfaced and defined within the chapter, are listed here by
section (with page numbers), as well as being defined in the Glossary.

o Key Equations and Relationships are highlighted and numbered within the
chapter and listed here with page numbers.

o Brief Solutions to Follow-up Problems triple the number of worked prob-
lems by providing multistep calculations at the end of the chapter, rather
than just numerical answers at the back of the book.

CHAPTER REVIEW GUIDE

Learning Objectives

Understand These Concepts
1. The quantitative meaning of solubility (§13.1)
2. The major types of intermolecular forces in solution and
their relative strengths (§13.1)

3. How the like-dissolves-like rule depends on i
forces (§13.1)

4. Why gases have relatively low solubilities in water (§13.1)

5. General characteristics of solutions formed by various com-
binations of gases, liquids, and solids (§13.

6. How intermolecular forces stabilize the structures of pro-
teins, the cell membrane, and DNA (§13.2)

7. The enthalpy components of a solution cycle and their effect

on AH,, (§13.3)
The dependence of AHj, on ionic charge density and the
factors that determine whether ionic solution processes are
exothermic or endothermic (§13
The meaning of entropy and how the balance between the
change in enthalpy and the change in entropy governs the
solution process (§13.3)

. The distinctions among saturated, unsaturated, and supersat-
urated solutions, and the equilibrium nature of a saturated
solution (§13.4)

. The relation between temperature and the solubility of solids
(§13.4)

12. Why the solubility of gases in water decreases with a rise in

temperature (§13.4)

13. The effect of gas pressure on solubility and its quantitative
expression as Henry's law (§13.4)

14. The meaning of molarity, molality, mole fraction, and parts
by mass or by volume of a solution, and how to convert
among them (§13.5)

15. The distinction between electrolytes and nonelectrolytes in
solution (§13.6)

=

©

s

alloy (538)

amino acid (539)

boiling point elevation
(AT}) (559)

charge density (545)

colligative property (557)

colloid (568)

desalination (571)

dipole-induced dipole
force (535)

double helix (543)

electrolyte (557)

entropy (S) (547)

fractional distillation (564)

freezing point depression
(AT} (561)

hard water (570)

heat of hydration (AH,) (545)

heat of solution (AH,) (544)

Henry’s law (551)

hydration (545)

hydration shell (534)

ideal solution (558)

ion exchange (570)

fonic atmosphere (565)

ion-induced dipole force (534)

like-dissolves-like rule (534)

lipid bilayer (542)

13.1 Dividing the general heat of solution into component
enthalpies (544):
AH o = AH e + AHoven + AHpic

Relevant section (§) and/or sample problem (SP) numbers appear
16.

17.
18.

19.

20.

parentheses.

The four colligative properties and their dependence on
number of dissolved particles (§13.6)

Ideal solutions and the importance of Raoult’s law (§13.6)
How the phase diagram of a solution differs from that of the
pure solvent (§13.6)

‘Why the vapor over a solution of a volatile nonelectrolyte is
richer in the more volatile component (§13.6)

Why strong electrolyte solutions are not ideal and the mean-
ings of the van’t Hoff factor and ionic atmosphere (§13.6)
How particle size distinguishes suspensions, colloids, and
solutions (§13.7)

. How colloidal behavior is demonstrated by the Tyndall

effect and Brownian motion (§13.7)

Master These Skills

10.

11

Predicting relative solubilities from intermolecular forces
(SP13.1)

Calculating the heat of solution for an ionic compound
(SP13.2)
Using Henry's law to calculate the solubility of a gas (SP 13.3)
Expressing concentration in terms of molality, parts by

mass, parts by volume, and mole fraction (SPs 13.4, 13.5)
Interconverting among the various terms for expressing con-
centration (SP 13.6)

Using Raoult’s law to calculate the vapor pressure lowering
of a solution (SP 13.7)

Determining boiling and freezing points of a solution (SP 13.8)
Using a colligative property to calculate the molar mass of
asolute (SP 13.9)

Calculating the composition of vapor over a solution of
volatile nonelectrolyte (§13.6)

Calculating the van’t Hoff factor (i) from the magnitude of
a colligative property (§13.6)

Using a depiction to determine colligative properties (SP 13.10)

Key Terms Page numbers appear in parentheses.

mass percent [% (w/w)] (554)
miscible (534)

molality (m) (553)

mole fraction (X) (554)
mononucleotide (543)
nonelectrolyte (557)

nucleic acid (542)

0smosi:
osmotic pressure (IT) (562)
protein (539)

Raoult’s law (558)

reverse osmosis (571)
saturated solution (549)
semipermeable membrane (562)

soap (541)

solubility (5) (534)

solute (534)

solvation (545)

solvent (534)

supersaturated solution (549)

suspension (568)

is (562) Tyndall effect (569)

unsaturated solution (549)

vapor pressure lowering
(AP) (558)

volume percent [% (V)] (554)

wastewater (571)

water softening (570)

Key Equations and Relationships Page numbers appear in parenthes

13.2 Dividing the heat of solution of an ionic compound in water
into component enthalpies (543):

AH g = AHyaice + AHiyarof te ons

133 Relating gas solubility o its partial pressure (Henry’s
law) (551):
= kX Py

13.4 Defining concentration in terms of molarity (552):

Molarity (M) = amount (mol) of solute
Oy (M) = S lume (L) of solution

135 Defining concentration in terms of molality (553)

, amount (mol) of solute
Molality (m) = ———————————
T

s (kg) of solvent
13.6 Defining concentration in terms of mass percent (554);

of solute

Mass percent [% (w/w)] = — X 100

mass of solution
13.7 Defining concentration in terms of volume percent (554):
volume of solute

Vol cent [% (VIV)] = —————
olume percent [% (A)1 = 1 me of solution

BRIEF SOLUTIONS TO FOLLO\

P PROBLEMS

13.1A (a) 1-Butanol has one —OH group/molecule, while
1.4-butanediol has two —OH .14

is more soluble in water because it can form more H bonds.
(b) Chloroform is more soluble in water because of dipole-
dipole forces between the polar CHCI; molecules and water.
The forces between nonpolar CCly molecules and wat
weaker dipole-induced dipole forces, which do not eff
replace H bonds between water molecules.

13.1B (a) Chloroform dissolves more chloromethane due to
similar dipole-dipole forces between the polar molecules of these
two substances. CH;Cl molecules do not exhibit H bonding and
so do not effectively replace H bonds between methanol molecules.
(b) Hexane dissolves more pentanol due to dispersion forces
between the hydrocarbon chains in each molecule.
13.2A From Equation 13.2, we have
AH.y, of KNOy = AH,yc. of KNOy
+ (AHyy, of K* + AHyy, of NO3)

34.89 kl/mol = 685 ki/mol + (AH,, of K* + AH, of NOT)
AHyyg of K* + AHyyg, of NOY = 34.89 kl/mol — 685 kJ/mol
—650. kJ/mol
13.2B From Equation 13.2, we have
AH,y, of NaCN = AHyc. of NaCN

+ (AHyyg, of Na* + AHyyy, of CN7)
1.21 ki/mol = 766 kl/mol + (—410. ki/mol + AH;, of CN7)
AHyyq, of CN™ = 121 kl/mol — 766 kI/mol + 410. kl/mol

= 355 kl/mol

13.3A The partial pressure of N in air is the volume percent
divided by 100 times the total pressure (Dalton’s law, Section 5.4):
Py, =0.78 x 1 atm = 0.78 atm.

Suas = kit X Pygy
= (7x107* mol/L-atm)(0.78 atm)
= 5x10™" mol/L

13.8 Defining concentration in terms of mole fraction (554):
Mole fraction (X)

_ amount (mol) of solute

~ amount (mol) of solute + amount (mol) of solvent
13.9 Expressing the relationship between the vapor pressure of
solvent above a solution and its mole fraction in the solution
(Raoult’s law) (558):

Pootvene = Xsowent X Plotven

13.40 Calculating the vapor pressure lowering due to solute (558):
AP = Xoue X Platvent
13.41 Calculating the boiling point elevation of a solution (560):

AT, = Kyn
13.42 Calculating the freezing point depression of a solution (561):
ATy = Kim

13.43 Calculating the osmotic pressure of a solution (562):

Asolute

Im=

13.3B In a mixture of gases, the volume percent of a gas divided
by 100 times the total pressure equals the gas’s partial pressure
(Dalton’s law, Section 5.4):
Py = 0.40 X 1.2 atm = 0.48 atm.

Sas 12107 mol/L,

= ———=2.5x10" mol/L-atm
7

K
0.48 atm

s

13.4A Convert mass (g) of ethanol to kg, multiply by the molal-
ity to obtain amount (mol) of glucose, and then multiply amount
(mol) of glucose by the molar mass to obtain mass of glucose.

Amount (mol) of glucose

563 e cthanol x 240107 mol glucose
= 563 x 8 2 O EUC0e
getmanolX 5w 1 kg ethanol

= 1.35x10" mol glucose

180. 16 g CH
1 mol CgH 205

Mass (2) glucose = 1.35x107> mol CgH,,04 X
=2.43 g glucose
13.4B Convert mass (g) of I, to amount (mol) and amount (mol)

of (CH,CH,),0 to mass (kg). Then divide moles of I, by kg of
(CH,CH,);0.

1 mol I
2538¢l,
=5.989%1072 mol 1,

Amount (mol) of I, = 15.20 g I, X

Mass (kg) of (CH;CHy),0
7412 g (CH;CH,),0 kg
T'mol (CH,CH,),0  10°g

= 1.33 mol (CH;CH,),0 x
=9.86x107" kg (CHyCH,) O

.989x10~* mol

5.
Molality () = % 0,607 m
9.86x10~ kg
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Finally, an exceptionally large number
of qualitative, quantitative, and
molecular-scene problems end each
chapter. Four types of problems are
presented—three by chapter section,
with comprehensive problems
following:

o Concept Review Questions test
qualitative understanding of key
ideas.

 Skill-Building Exercises are
grouped in similar pairs, with one
of each pair answered in the back
of the book. A group of similar
exercises may begin with explicit
steps and increase in difficulty,
gradually weaning the student from
the need for multistep directions.

o Problems in Context apply the
skills learned in the skill-building
exercises to interesting scenarios,
including realistic examples dealing
with industry, medicine, and the
environment.

o Comprehensive Problems, mostly
based on realistic applications, are
more challenging and rely on mate-
rial from any section of the current
chapter or any previous chapter.

PROBLEMS

Problems with colored numbers are answered in Appendix E and
worked in detail in the Student Solutions Manual. Problem sections
match those in the text and give the numbers of relevant sample
problems. Most offer Concept Review Questions, Skill-Building Exer-
cises (grouped in pairs covering the same concept), and Problems in
Context. The Comprehensive Problems are based on material from
any section or previous chapter.

Depicting Molecules and lons with Lewis Structures
(Sample Problems 10.1 to 10.5)

Concept Review Questions
10.1 Which of these atoms cannot serve as a central atom in a
Lewis structure: (a) O; (b) He; (c) F; (d) H; (e) P? Explain.
10.2 When is a resonance hybrid needed to adequately depict the
bonding in a molecule? Using NO, as an example, explain how a
resonance hybrid is consistent with the actual bond length, bond
strength, and bond order.
10.3 In which of these structures does X obey the octet rule?
@ (b © @@ @ ® (@ M
[ [ | . [
—X— X XS =X —X= X=X K
| | /\ I s
10.4 What is required for an atom to expand its valence shell?
‘Which of the following atoms can expand its valence shell: F, S,
H, Al Se, CI?
Skill-Building Exercises (grouped in similar pairs)
10.5 Draw a Lewis structure for (a) SiFy; (b) SeCly; (c) COF,
(C is the central atom).
10.6 Draw a Lewis structure for (a) PHJ; (b) C,F,; (c) SbHj.
10.7 Draw a Lewis structure for (a) PF;; (b) H,COj5 (both H atoms
are attached to O atoms); (c) CS,.
10.8 Draw a Lewis structure for (a) CH,S; (b) S,Cl,; (¢) CHCls.
10.9 Draw Lewis structures of all the important resonance forms
of (a) NOJ; (b) NO,F (N is central).
10.10 Draw Lewis structures of all the important resonance forms
of (a) HNO; (HONO,); (b) HAsO3~ (HOAsO3").
10.11 Draw Lewis structures of all the important resonance forms
of (a) N33 (b) NO;.
10.12 Draw Lewis structures of all the important resonance forms
of (a) HCO; (H is attached to C); (b) HBrO, (HOBrOs).
10.13 Draw the Lewis structure with lowest formal charges,
and determine the charge of each atom in (a) IFs; (b) AIHj.
10.14 Draw the Lewis structure with lowest formal charges, and
determine the charge of each atom in (a) OCS; (b) NO.
10.15 Draw the Lewis structure with lowest formal charges,
and determine the charge of each atom in (a) CN™; (b) C1IO™.
10.16 Draw the Lewis structure with lowest formal charges, and

Comprehensive Problems

 (b) CINO.

e form of each ion

10.18 Draw a Lewis structure for a resonance form of each ion
with the lowest possible formal charges, show the charges, and
give oxidation numbers of the atoms: (a) AsO;}’; (b) Cl10;.

10.19 These species do not obey the octet rule. Draw a Lewis
structure for each, and state the type of octet-rule exception:

(a) BH; (b) AsFy (c) SeCly

10.20 These species do not obey the octet rule. Draw a Lewis
structure for each, and state the type of octet-rule exception:

(a) PFg (b) ClO; (c) H3PO; (one P—H bond)

10.21 These species do not obey the octet rule. Draw a Lewis
structure for each, and state the type of octet-rule exception:

(a) BrF; (b) ICIy (c) BeF,

10.22 These species do not obey the octet rule. Draw a Lewis
structure for each, and state the type of octet-rule exception:
(@)0;  (b)XeF,  (c) SbFy

Problems in Context

10.23 Molten beryllium chloride reacts with chloride ion from
molten NaCl to form the Bcle’ ion, in which the Be atom at-
tains an octet. Show the net ionic reaction with Lewis
structures.

10.24 Despite many attempts, the perbromate ion ( BrOy) was not
prepared in the laboratory until about 1970. (In fact, articles were
published explaining theoretically why it could never be pre-
pared!) Draw a Lewis structure for BrOj in which all atoms have
lowest formal charges.

10.25 Cryolite (Na3AlF) is an indispensable component in the
electrochemical production of aluminum. Draw a Lewis structure
for the AIFZ™ ion.

10.26 Phosgene is a colorless, highly toxic gas that was employed
against troops in World War I and is used today as a key reactant
in organic syntheses. From the following resonance structures,
select the one with the lowest formal charges:

Valence-Shell Electron-Pair Repulsion (VSEPR) Theory
(Sample Problems 10.6 to 10.8)

Concept Review Questions
10.27 If you know the formula of a molecule or ion, what is the
first step in predicting its shape?

10.28 In what situation is the name of the molecular shape the
same as the name of the electron-group arrangement?

10.29 Which of the following numbers of electron groups can
give rise to a bent (V shaped) molecule: two, three, four, five, six?
Draw an example for each case, showing the shape classification
(AX,E,) and the ideal bond angle.

2.119 Helium is the lightest noble gas and the second most abun-
dant element (after hydrogen) in the universe.

(a) The radius of a helium atom is 3.1x107"" m; the radius of its
nucleus is 2.5%x107" m. What fraction of the spherical atomic "
volume is occupied by the nucleus (V of a sphere = %7”‘3)?

(b) The mass of a helium-4 atom is 6.64648x107>* g, and each of
its two electrons has a mass of 9.10939x10™%* g. What fraction of
this atom’s mass is contributed by its nucleus?

10.30 Name all the molecular shapes that have a tetrahedral
clectron-group arrangement.

the charges, and
[ (b) SO3 ™.

2.120 From the following ions (with their radii in pm), choose the
pair that forms the strongest ionic bond and the pair that forms the
weakest:

Ton: Mg* K' Rb" Ba** CI© 0O I
Radius: 72 138 152 135 181 140 220
2,121 Give the molecular mass of each compound depicted below,
and provide a correct name for any that are named incorrectly.

(a) boron (b) monosulfur
fluoride [ dichloride

(c) phosphorus  (d) p dinitride
trichloride pentoxide

.
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OPTIMIZING THE TEXT
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The modern chemistry student’s learning experience is changing dramatically. To address the changes that students face, a
modern text partnered with a suite of robust digital tools must continue to evolve. With each edition, students and instructors
alike have been involved in refining this text. From one-on-one interviews, focus groups, and symposia, as well as extensive
chapter reviews and class tests, we learned that everyone praises the pioneering molecular art, the stepwise problem-solving
approach, the abundant mix of qualitative, quantitative, and applied end-of-chapter problems, and the rigorous and student-

friendly coverage of mainstream topics.

Global Changes to Every Chapter

Our revision for the eighth edition focused on continued optimization of the text. To aid us in this process, we were able to
use data from literally thousands of student responses to questions in LearnSmart, the adaptive learning system that assesses

student knowledge of course content. The
data, such as average time spent answering
each question and the percentage of stu-
dents who correctly answered the question
on the first attempt, revealed the learning
objectives that students found particularly
difficult. We utilized several approaches to
present these difficult concepts in a clearer,
more straightforward way in the eighth edi-
tion of Chemistry: The Molecular Nature of
Matter and Change.

Making the concepts clearer through
digital learning resources. Students will
be able to access over 2,000 digital learning
resources throughout this text’s SmartBook.
These learning resources present summaries
of concepts and worked examples, including
over 400 videos of chemistry instructors
solving problems or modeling concepts that
students can view over and over again. Thus,
students can have an “office hour” moment
at any time.

NEW! Student Hot Spot

We are very pleased to incorporate real stu-
dent data points and input, derived from
thousands of our LearnSmart users, to help
guide our revision. LearnSmart Heat Maps
provided a quick visual snapshot of usage of
portions of the text and the relative difficulty
students experienced in mastering the con-
tent. With these data, we were able to both
hone our text content when needed and, for
particularly challenging concepts, point stu-
dents to the learning resources that can eluci-
date and reinforce those concepts. You’ll see
these marginal features throughout the text.
Students should log into Connect and view
the resources through our SmartBook.

50 CHAPTER 2 Aloms, Molecules. and lons
l The Periodic Table
More than half of the elements known today were discovered between 1800 and 1900, During
this period, chemists noted that the physical and chemical properties of cerain groups of ele. B

ments were similar 10 one another. These similarities, ogether with the need 10 organize the
large volume of available information about the structure and properties of elem
led 10 the development of the periodic table, a chart in which clements having
and physical properties are grouped together. Figure 2,10 shows the modem

ic table in

which the elements are aranged by atomic number (shown above the element symbol) in hori
zomtal rows called perfods and in vertical columns called groups or families. Elements in the
same group tend 1o have similar physical and chemical propertics.

The elements can be categorized us metals. nonmetals. or metalioids. A metaf is a good
conductor of heat and clectricity, whereas a mammetal is usually a poor conductor of heat and
electricity. A metallod hias properties that are intermediate hetween those of metals and nonmetals.
Figure 2.10 shows that the majority of know metals: only 17 elements are nonmet-
als, and fewer than 10 elements are metalloids. Although most sources, including this tex, desig-

clements B, Si, Ge, As, Sb, and Te as mer sources vary for the clements Po and
fy both Po and Al as m ¢
al properties of the elements ¢
Elements are often referred
number (Group 1A, Group 2A, and so on). For convenience, however, some ele-

E Alkali metals ment groups have been given special names. The Group TA elements, with the J
] Akaline carth metals s
[ Transition metals ~ [] Noble gases Er:“.::?-‘::’:e;:‘ gml‘ Ay
— and elements in Group 8A (He, Ne, Ar, Kr. Xe. and Rn) are called noble gases,
Rl of ture gases, The: elements in Group 1B and Groups 3B—8B collectively are
called the transition element msition metals.
L] The periodic 1a ol that correlates the properties of the ele:
I ments in a system " w predict chemical behavior. At the turn
1 of the twentieth century, the periodic table was deemed “the most predictive tool
L L L | in all of scicnce”” We will ke o more detailed look at this keystone of chemistry
1 1 in Chapier 7.

mass (kg) of uranium in pitchblende
mass (kg) of pitchblende

Mass (kg) of uranium = mass (kg) of pitchblende x

= 102 kg pitehblende x M = 86.5 kg uranium
84.2 kg pitehblende
Converting the mass of uranium from kg to g:
1000 g
1kg

Finding the mass (in kg) of oxygen in 102 kg of pitchblende:

Mass (g) of uranium = 86.5 kg uranium x = 8.65x10* g uranium

Mass (kg) of oxygen = mass (kg) of pitchblende — mass (kg) of uranium
=102 kg — 86.5 kg = 15.5 kg oxygen

Converting the mass of oxygen from kg to g:

1000
Mass (g) of oxygen = 15.5 kg oxygen X I%k: = 1.55x10* g oxygen
Check The analysis showed that most of the mass of pitchblende is due to uranium, so
the large mass of uranium makes sense. Rounding off to check the math gives

70
~100 kg pitchblende x Friad 82 kg uranium

FOLLOW-UP PROBLEMS

2.2A The mineral “fool’s gold” does not contain any gold; instead it is a compound
composed only of the elements iron and sulfur. A 110.0-g sample of fool’s gold
contains 51.2 g of iron. What mass of sulfur is in a sample of fool’s gold that contains
86.2 g of iron?

2.2B Silver bromide is the light-sensitive compound coated onto black-and-white film. A
26.8-g sample contains 15.4 g of silver, with bromine as the only other element. How
many grams of each element are on a roll of film that contains 3.57 g of silver bromide?
SOME SIMILAR PROBLEMS 2.22-2.25

@ Student Hot Spot

Student data indicate that you may struggle with
using mass fraction to calculate the mass of an
element in a compound. Access the Smartbook to
view additional Learning Resources on this topic.
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Applying ideas with enhanced problems throughout the
chapters. The much admired four-part problem-solving
format (plan, solution, check, follow-up) is retained in the
eighth edition, in both data-based and molecular-scene
Sample Problems. Two Follow-up Problems are included
with each sample problem, as well as a list of Similar Prob-
lems within the end-of-chapter problem set. Brief Solutions
for all of the follow-up problems appear at the end of each
chapter (rather than providing just a numerical answer in a
distant end-of-book appendix, as is typical). The eighth edi-
tion has over 250 sample problems and over 500 follow-up
problems. In almost every chapter, several sample and
follow-up problems (and their brief solutions) were revised
in this edition with two goals in mind. We sought to provide
students with a variety of problems that would clearly eluci-
date concepts and demonstrate problem solving techniques,
while giving students the opportunity to be challenged and
gain competence. We also included more intermediate steps
in the solutions to both sample and follow-up problems so
that students could more easily follow the solutions.

Re-learning ideas with annotated illustrations. The inno-
vative three-level figures and other art that raised the bar for
molecular visualization in chemistry textbooks is still pres-
ent. Several existing figures have been revised and several
new ones added to create an even better teaching tool. We
continue to streamline figure legends by placing their content
into clarifying annotations with the figures themselves.

Mastering the content with abundant end-of-chapter
problem sets. New problems were added to several chapter
problem sets, providing students and teachers with abundant
choices in a wide range of difficulty and real-life scenarios.
The problem sets are more extensive than in most other texts.

Content Changes to Individual Chapters

In addition to the general optimization of concept explana-
tions and problem solutions throughout the text, specific
improvements were made to most chapters:

o Chapter 1 has a revised table of decimal prefixes and SI
units to make conversion among SI units clearer, a revised
discussion on intensive and extensive properties, and a
revised sample problem on density.

« Chapter 2 includes revised sample problems on mass per-
cent and naming of compounds.

o Chapter 3 has several new end-of-chapter problems: one
new problem on the determination of a molecular formula,
two new problems on writing a balanced reaction and deter-
mining the limiting reactant from molecular scenes, and two
new stoichiometric problems involving limiting reactants.

o Chapter 4 includes a new figure illustrating the activity
series of the halogens. Sample problems on stoichiometry
in precipitation and acid-base reactions were revised to
include reactions that do not have 1:1 mole ratios.

o Chapter 5 has two revised sample problems that provide
students with additional opportunities for pressure unit con-
versions and stoichiometry calculations for gas reactions.

Chapter 6 has a clearer and more detailed discussion on
pressure-volume work and a revised sample problem on
the calorimetric determination of heat of combustion. Also
included are new end-of-chapter problems on the calcula-
tion of enthalpy change for an aqueous reaction and deter-
mination of heat of combustion with bomb calorimetry.
Chapter 7 contains a new table summarizing the relation-
ships between the quantum numbers and orbitals for the
first four main energy levels.

Chapter 8 contains a new figure on electron spin; orbital
diagrams have been added to the solutions of several sam-
ple problems.

Chapter 9 has improvements to several figures, a more
detailed discussion of relationship between difference in
electronegativity and ionic character, and some new follow-
up problems.

Chapter 10 includes more detailed examples of depicting
molecules with double bonds and ions with Lewis struc-
tures. Sample and follow-up problems have been revised
to provide more opportunities to calculate formal charges
and use those to evaluate resonance structures.

Chapter 11 has new art to illustrate formation of sigma
and pi bonds and a new figure to show the placement of
lone pairs in hybrid orbitals.

Chapter 12 includes additional information about viscosity
and intermolecular forces.

Chapter 13 includes a more challenging sample problem
on Henry’s law, as well as revisions to several follow-up
problems. There are new problems on the calculation of
molar mass from freezing point depression.

Chapter 15 incorporates new art to make nomenclature
clearer and a revised figure to show the key stages in pro-
tein synthesis.

Chapter 16 has a revised sample problem using the first-order
integrated rate law, a revised figure on reaction mechanisms,
and a new molecular scene problem on first-order reactions.
Chapter 17 contains a revised table on concentration ratios
in an equilibrium system and two new sample problems,
one on finding the equilibrium constant for an overall reac-
tion, and the other on converting between K, and K..
Chapter 18 has a new table on magnitude of K, and per-
cent dissociation and two revised sample problems.
Chapter 19 has a revised sample problem on buffer pH
that reflects a more realistic lab procedure, a new molecu-
lar scene problem involving buffer solutions, a clearer
presentation of pH calculations during acid-base titrations,
and revised figures of pH titration curves. The section on
acid-base indicators has been expanded, including the
addition of a new figure about choosing an indicator for
each type of acid-base titration. The discussion of aqueous
solutions of metal sulfides was simplified.

Chapter 20 incorporates a new table that summarizes
0, K, AG, and reaction spontaneity.

Chapter 21 has several revised follow-up problems.
Chapter 23 has a new figure illustrating chelate complex ions
and several revised figures. A new equation for calculating the
charge of the metal ion in a complex ion has been added.
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o Chapter 24 has a new table summarizing changes in mass
and atomic numbers during radioactive decay; a table on sta-
bility of even vs. odd numbers of nucleons has been revised.
The discussion about mode of decay and neutron/proton ratio
has been expanded.

Addition of Advanced Topics

In this special version of the 8" edition, advanced topics
have been added to three chapters for use in classes in which
a deeper and more rigorous level of discussion is appropri-
ate. Problems on these advanced topics have been added to
the end-of-chapter problem sets and to the online homework
question bank.

» Chapter 7 includes an expanded discussion on the develop-
ment of the Schrodinger equation and the particle-in-a-box
model. A new sample problem gives students an opportunity
to apply the particle-in-a-box model to electron transitions.

» Chapter 16 incorporates the calculus involved in the der-
ivation of the integrated rate laws for zero-, first-, and
second-order reactions. Also now included are discussions
of pseudo-first-order reactions, steady-state approximation,
and the Michaelis-Menten equation for enzyme kinetics.

o Chapter 20 has a significantly expanded section on
entropy. The calculations of entropy changes during iso-
thermal gas expansion or contraction, phase changes, and
changes in temperature have been added to enhance the
current content; three new sample problems demonstrating
these entropy change calculations are included.

Innovative Topic and Chapter
Presentation

While the topic sequence coincides with that used in most
mainstream courses, built-in flexibility allows a wide range
of differing course structures:

For courses that follow their own topic sequence, the
general presentation, with its many section and subsection
breaks and bulleted lists, allows topics to be rearranged, or
even deleted, with minimal loss of continuity.

For courses that present several chapters, or topics
within chapters, in different orders:

» Redox balancing by the oxidation-number method (formerly
covered in Chapter 4) has been removed from the text, and
the half-reaction method is covered with electrochemistry in
Chapter 21, but it can easily be taught with Chapter 4.

o Gases (Chapter 5) can be covered in sequence to explore
the mathematical modeling of physical behavior or, with
no loss of continuity, just before liquids and solids (Chap-
ter 12) to show the effects of intermolecular forces on the
three states of matter.

For courses that use an atoms-first approach for some of
the material, Chapters 7 through 13 move smoothly from
quantum theory (7) through electron configuration (8), bond-
ing models (9), molecular shape (10), VB and MO bonding
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theories (11), intermolecular forces in liquids and solids (12),
and solutions (13). Immediate applications of these concepts
appear in the discussions of periodic patterns in main-group
chemistry (Chapter 14) and in the survey of organic chemistry
(Chapter 15). Some instructors have also brought forward the
coverage of transition elements and coordination compounds
(23) as further applications of bonding concepts. (Of course,
Chapters 14, 15, and 23 can just as easily remain in their more
traditional placement later in the course.)

For courses that emphasize biological/medical applica-
tions, many chapters highlight these topics, including the
role of intermolecular forces in biomolecular structure
(12), the chemistry of polysaccharides, proteins, and
nucleic acids (including protein synthesis, DNA replica-
tion, and DNA sequencing) (15), as well as introductions to
enzyme catalysis (16), biochemical pathways (17), and
trace elements in protein function (23).

For courses that stress engineering applications of phys-
ical chemistry topics, Chapters 16 through 21 cover kinet-
ics (16), equilibrium in gases (17), acids and bases (18), and
aqueous ionic systems (19) and entropy and free energy
(20) as they apply to electrochemical systems (21), all in
preparation for coverage of the elements in geochemical
cycles, metallurgy, and industry in Chapter 22.

Graw e
|E.t|:|i|.!t!ation

McGraw-Hill Create™ is another way to implement inno-
vative chapter presentation. With Create, you can easily
rearrange chapters, combine material from other content
sources, and quickly upload content you have written, such
as your course syllabus or teaching notes. Find the content
you need in Create by searching through thousands of lead-
ing McGraw-Hill textbooks. Create even allows you to per-
sonalize your book’s appearance by selecting the cover and
adding your name, school, and course information. Order a
Create book, and you’ll receive a complimentary print
review copy in 3-5 business days or a complimentary elec-
tronic review copy (eComp) via e-mail in minutes. Go to
www.mcgrawhillcreate.com today and register to experi-
ence how McGraw-Hill Create empowers you to teach your
students your way. www.mcgrawhillcreate.com

Mc
Graw
Hill

Education

QOegrity

McGraw-Hill Tegrity® records and distributes your class
lecture with just a click of a button. Students can view it
anytime and anywhere via computer, iPod, or mobile device.
Tegrity indexes as it records your PowerPoint® presenta-
tions and anything shown on your computer, so students can
use key words to find exactly what they want to study.
Tegrity is available as an integrated feature of McGraw-Hill
Connect® Chemistry and as a stand-alone product.
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THE VIRTUAL LAB EXPERIENCE

Based on the same world-class, superbly adaptive technology as LearnSmart, McGraw-Hill LearnSmart Labs is a must-
see, outcomes-based lab simulation. It assesses a student’s knowledge and adaptively corrects deficiencies, allowing the
student to learn faster and retain more knowledge with greater success. First, a student’s knowledge is adaptively leveled on
core learning outcomes: questioning reveals knowledge deficiencies that are corrected by the delivery of content that is
conditional on a student’s response. Then, a simulated lab experience requires the student to think and act like a scientist:
recording, interpreting, and analyzing data using simulated equipment found in labs and clinics. The student is allowed to
make mistakes—a powerful part of the learning experience! A virtual coach provides subtle hints when needed, asks ques-
tions about the student’s choices, and allows the student to reflect on and correct those mistakes. Whether your need is to
overcome the logistical challenges of a traditional lab, provide better lab prep, improve student performance, or make students’
online experience one that rivals the real world, LearnSmart Labs accomplishes it all.
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LABS
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Start by making a potassium hydrogen phthalate (KHP) solution. Then
fill the buret with sodium hydraxide and perform 3 titrations to
standardize the sodium hydroxide solutian. Refer to the Instructions for
further detalls.
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COOPERATIVE CHEMISTRY LABORATORY MANUAL

Prepared by Melanie Cooper of Clemson University, this innovative manual features open-ended problems designed to
simulate experience in a research lab. Working in groups, students investigate one problem over a period of several weeks,
so they might complete three or four projects during the semester, rather than one preprogrammed experiment per class. The
emphasis is on experimental design, analytic problem solving, and communication.

STUDENT SOLUTIONS MANUAL

This supplement, prepared by Mara Vorachek-Warren of St. Charles Community College, contains detailed solutions and
explanations for all problems in the main text that have colored numbers.
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Concepts and Skills to Review Before You Study This Chapter

> exponential (scientific) notation (Appendix A)

aybe you’re taking this course because chemistry is funda-

mental to understanding other natural sciences. Maybe it’s
required for your medical or engineering major. Or maybe you just want to learn more
about the impact of chemistry on society or even on your everyday life. For example,
does the following morning routine (described in chemical terms) sound familiar?
You are awakened by the buzzing of your alarm clock, a sound created when mol-
ecules align in the liquid-crystal display of your clock and electrons flow to create a
noise. You throw off a thermal insulator of manufactured polymer (blanket) and jump
in the shower to emulsify fatty substances on your skin and hair with purified water
and formulated detergents. Next you adorn yourself in an array of pleasant-smelling
pigmented gels, dyed polymeric fibers, synthetic footwear, and metal-alloy jewelry.
After a breakfast of nutrient-enriched, spoilage-retarded carbohydrates (cereal) in a
white emulsion of fats, proteins, and monosaccharides (milk) and a cup of hot aque-
ous extract containing a stimulating alkaloid (coffee), you abrade your teeth with a
colloidal dispersion of artificially flavored, dental-hardening agents (toothpaste), grab
your portable electronic device containing ultrathin, microetched semiconductor layers
powered by a series of voltaic cells (laptop), collect some objects made from pro-
cessed cellulose and plastic, electronically printed with light- and oxygen-resistant
inks (books), hop in your hydrocarbon-fueled, metal-vinyl-ceramic vehicle, electri-
cally ignite a synchronized series of controlled gaseous explosions (start your car),
and take off for class!

But the true impact of chemistry extends much farther than the commercial prod-
ucts of daily life. The truth is that the most profound biological and environmental
questions ultimately have chemical answers: How does an organism reproduce, grow,
and age? What are the underlying explanations for health and disease? How can we
sustain a planetary ecosystem in which plant, animal, and human populations thrive?
Is there life on other worlds?

So, no matter what your reason for studying chemistry, you’re going to learn
some amazing things. And, this course comes with a bonus for developing two mental
skills. The first, common to all science courses, is the ability to solve problems sys-
tematically. The second is specific to chemistry, for as you comprehend its ideas, you
begin to view a hidden reality, one filled with incredibly minute particles moving at
fantastic speeds, colliding billions of times a second, and interacting in ways that
allow your brain to translate fluxes of electric charge into thoughts and that determine
how all the matter inside and outside of you behaves. This chapter holds the keys to
unlock and enter this new world.

IN THIS CHAPTER . . . We discuss some central ideas about matter and energy, the process
of science, units of measurement, and how scientists handle data.

> We begin with fundamental concepts about matter and energy and their changes.

> A brief discussion of chemistry’s origins, including some major missteps, leads to an over-
view of how scientists build models to study nature.

> We examine modern units for mass, length, volume, density, and temperature and apply
systematic chemical problem solving to unit conversions.

> We see that data collection always includes some uncertainty and examine the distinction
between accuracy and precision.
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SOME FUNDAMENTAL DEFINITIONS

A good place to begin our exploration of chemistry is by defining it and a few central
concepts. Chemistry is the scientific study of matter and its properties, the changes
that matter undergoes, and the energy associated with those changes. Matter is the
“stuff” of the universe: air, glass, planets, students—anything that has mass and
volume. (In Section 1.4, we discuss the meanings of mass and volume in terms of
how they are measured.) Chemists want to know the composition of matter, the types
and amounts of simpler substances that make it up. A substance is a type of matter
that has a defined, fixed composition.

The States of Matter

Matter occurs commonly in three physical forms called states: solid, liquid, and gas.
On the macroscopic scale, each state of matter is defined by the way the sample fills
a container (Figure 1.1, flasks at top):

* A solid has a fixed shape that does not conform to the container shape. Solids are
not defined by rigidity or hardness: solid iron is rigid and hard, but solid lead is
flexible, and solid wax is soft.

e A liquid has a varying shape that conforms to the container shape, but only to the
extent of the liquid’s volume; that is, a liquid has an upper surface.

* A gas also has a varying shape that conforms to the container shape, but it fills
the entire container and, thus, does not have a surface.

On the atomic scale, each state is defined by the relative positions of its particles
(Figure 1.1, circles at bottom):

e In a solid, the particles lie next to each other in a regular, three-dimensional pat-
tern, or array.

o In a ligquid, the particles also lie close together but move randomly around each
other.

o In a gas, the particles have large distances between them and move randomly
throughout the container.

Particles are close Particles are close Particles are far apart
together and organized. together but disorganized. and disorganized.

Figure 1.1 The physical states of matter.
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The Properties of Matter and Its Changes

We learn about matter by observing its properties, the characteristics that give each
substance its unique identity. To identify a person, we might observe height, weight,
hair and eye color, fingerprints, and, now, even DNA pattern, until we arrive at a unique
identification. To identify a substance, we observe two types of properties, physical and
chemical, which are closely related to two types of change that matter undergoes.

Physical Change: No Change in Composition Physical properties are characteris-
tics a substance shows by itself, without changing into or interacting with another
substance. These properties include color, melting point, electrical conductivity, and
density. A physical change occurs when a substance alters its physical properties, not
its composition. For example, when ice melts, several physical properties change, such
as hardness, density, and ability to flow. But the composition of the sample does not
change: it is still water. The photograph in Figure 1.2A shows what this change looks
like in everyday life. The “blow-up” circles depict a magnified view of the particles
making up the sample. In the icicle, the particles lie in the repeating pattern character-
istic of a solid, whereas they are jumbled in the liquid droplet; however, the particles
are the same in both states of water.

Physical change (same substance before and after):
Water (solid state) — water (liquid state)

All changes of state of matter are physical changes.

Chemical Change: A Change in Composition Chemical properties are charac-
teristics a substance shows as it changes into or interacts with another substance (or
substances). Chemical properties include flammability, corrosiveness, and reactivity
with acids. A chemical change, also called a chemical reaction, occurs when one
or more substances are converted into one or more substances with different compo-
sition and properties. Figure 1.2B shows the chemical change (reaction) that occurs
when you pass an electric current through water: the water decomposes (breaks down)
into two other substances, hydrogen and oxygen, that bubble into the tubes. The
composition has changed: the final sample is no longer water.

Chemical change (different substances before and after):

electric current

Water ——— hydrogen + oxygen

Let’s work through a sample problem that uses atomic-scale scenes to distinguish
between physical and chemical change.

Oxygen gas

Solid water
Liquid water Hydrogen gas
A Physical change: B Chemical change:
Solid state of water becomes liquid state. Electric current decomposes water into different substances
Particles before and after remain the same, (hydrogen and oxygen). Particles before and after are different,
which means composition did not change. which means composition did change.

Figure 1.2 The distinction between physical and chemical change.
Source: (A) © Paul Morrell/Stone/Getty Images; (B) © McGraw-Hill Education/Stephen Frisch, photographer
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SAMPLE PROBLEM 1.1 Visualizing Change on the Atomic Scale

Problem The scenes below represent an atomic-scale view of a sample of matter, A,
undergoing two different changes, left to B and right to C:

&
@ 8 ®
BOO A% ’ c

Decide whether each depiction shows a physical or a chemical change.

Plan Given depictions of two changes, we have to determine whether each represents a
physical or a chemical change. The number and colors of the little spheres that make up
each particle tell its “composition.” Samples with particles of the same composition but
in a different arrangement depict a physical change, whereas samples with particles of a
different composition depict a chemical change.

Solution In A, each particle consists of one blue and two red spheres. The particles in
A change into two types in B, one made of red and blue spheres and the other made of
two red spheres; therefore, they have undergone a chemical change to form different
particles. The particles in C are the same as those in A, but they are closer together and
arranged in a regular pattern; therefore, they have undergone a physical change.

FOLLOW-UP PROBLEMS
Brief Solutions for all Follow-up Problems appear at the end of the chapter.
1.1A Is the following change chemical or physical?

1.1B Is the following change chemical or physical?

Y
SYe

SOME SIMILAR PROBLEMS 1.1 and 1.84

Like water, hydrogen, oxygen, or any other real substance, copper is also identi-
fied by its own set of physical and chemical properties (Table 1.1).

Temperature and Changes in Matter Depending on the temperature and pressure
of the surroundings, many substances can exist in each of the three physical states
and undergo changes in state as well. For example, as the temperature increases, solid
water melts to liquid water, which boils to gaseous water (also called water vapor).
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Table 1.1 Some Characteristic Properties of Copper

Physical Properties Chemical Properties

Slowly forms a

Easily hammered blue-green carbonate
into sheets in moist air
(malleable) and s

drawn into wires f(/ﬂ

(ductile) oo

Reacts with nitric or
sulfuric acid

Can be melted
and mixed with
zinc to form brass

Slowly forms deep-blue
solution in aqueous
Density = 8.95 g/cm’ ammonia

Melting point = 1083°C

Boiling point = 2570°C

Source: (copper) © McGraw-Hill Education/Mark Dierker, photographer; (candlestick) © Ruth
Melnick; (copper carbonate, copper reacting with acid, copper and ammonia) © McGraw-Hill
Education/Stephen Frisch, photographer

Similarly, as the temperature drops, water vapor condenses to liquid water, and with
further cooling, the liquid freezes to ice:

Ice 22, 1 jquid water <2, Water vapor

ling li
Ice «*£ Liquid water <2*& Water vapor

In a steel plant, solid iron melts to liquid (molten) iron and then cools to the solid
again. And, far beyond the confines of a laboratory or steel plant, lakes of molten
sulfur (a solid on Earth at room temperature) lie on Jupiter’s moon lo (see photo),
which is capped by poles of frozen hydrogen sulfide, a gas on Earth.

The main point is that a physical change caused by heating can generally be
reversed by cooling. This is not generally true for a chemical change. For example,
heating iron in moist air causes a chemical reaction that yields the brown, crumbly
substance known as rust. Cooling does not reverse this change; rather, another chemi-
cal change (or series of them) is required.

The following sample problem provides practice in distinguishing some familiar
examples of physical and chemical change.

Distinguishing Between Physical and

1.1 « Some Fundamental Definitions 7

Many substances that are common on
Earth occur in unusual states on other
worlds.

Source: JPL-NASA

\/

SAMPLE PROBLEM 1.2 Chemical Change

Problem Decide whether each of the following processes is primarily a physical or a
chemical change, and explain briefly:

(a) Frost forms as the temperature drops on a humid winter night.

(b) A cornstalk grows from a seed that is watered and fertilized.

(c) A match ignites to form ash and a mixture of gases.

(d) Perspiration evaporates when you relax after jogging.

(e) A silver fork tarnishes slowly in air.

Plan The basic question we ask to decide whether a change is chemical or physical is,
“Does the substance change composition or just change form?”
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Solution (a) Frost forming is a physical change: the drop in temperature changes
water vapor (gaseous water) in humid air to ice crystals (solid water).

(b) A seed growing involves chemical change: the seed uses water, substances from air,
fertilizer, and soil, and energy from sunlight to make complex changes in composition.
(c) The match burning is a chemical change: the combustible substances in the match
head are converted into other substances.

(d) Perspiration evaporating is a physical change: the water in sweat changes its state,
from liquid to gas, but not its composition.

(e) Tarnishing is a chemical change: silver changes to silver sulfide by reacting with
sulfur-containing substances in the air.

FOLLOW-UP PROBLEMS

1.2A Decide whether each of the following processes is primarily a physical or a
chemical change, and explain briefly:

(a) Purple iodine vapor appears when solid iodine is warmed.

(b) Gasoline fumes are ignited by a spark in an automobile engine’s cylinder.

(c) A scab forms over an open cut.

1.2B Decide whether each of the following processes is primarily a physical or a
chemical change, and explain briefly:

(a) Clouds form in the sky.

(b) Old milk turns sour.

(c) Butter is melted to use on popcorn.

SOME SIMILAR PROBLEMS 1.6 and 1.7

The Central Theme in Chemistry

Understanding the properties of a substance and the changes it undergoes
leads to the central theme in chemistry: macroscopic-scale properties
and behavior, those we can see, are the results of atomic-scale proper-
ties and behavior that we cannot see. The distinction between chemi-
cal and physical change is defined by composition, which we study
macroscopically. But composition ultimately depends on the
makeup of substances at the atomic scale. Similarly, macroscopic
properties of substances in any of the three states arise from
atomic-scale behavior of their particles. Picturing a chemical event
on the molecular scale, even one as common as the flame of a
laboratory burner (see margin), helps clarify what is taking place.
What is happening when water boils or copper melts? What events
occur in the invisible world of minute particles that cause a seed to
grow, a neon light to glow, or a nail to rust? Throughout the text, we
return to this central idea:
We study observable changes in matter to understand their unobserv-
able causes.

The Importance of Energy in the Study of Matter

Methane and oxygen form carbon

dioxide and water in the flame of a lab Physical and chemical changes are accompanied by energy changes. Energy is often
burner. (Carbon is black, oxygen red, and defined as the ability to do work. Essentially, all work involves moving something.
hydrogen blue.) Work is done when your arm lifts a book, when a car’s engine moves the wheels, or

when a falling rock moves the ground as it lands. The object doing the work (arm,
engine, rock) transfers some of the energy it possesses to the object on which the
work is done (book, wheels, ground).

The total energy an object possesses is the sum of its potential energy and its
kinetic energy.

* Potential energy is the energy due to the position of the object relative to other
objects.
* Kinetic energy is the energy due to the motion of the object.
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Let’s examine four systems that illustrate the relationship between these two forms
of energy: a weight raised above the ground, two balls attached by a spring, two
electrically charged particles, and a fuel and its waste products. Two concepts central
to all these cases are

1. When energy is converted from one form to the other, it is conserved, not destroyed.
2. Situations of lower energy are more stable and are favored over situations of higher
energy, which are less stable.

The four cases are

* A weight raised above the ground (Figure 1.3A). The energy you exert to lift a
weight against gravity increases the weight’s potential energy (energy due to its
position). When you drop the weight, that additional potential energy is converted
to kinetic energy (energy due to motion). The situation with the weight elevated
and higher in potential energy is less stable, so the weight will fall when released,
resulting in a situation that is lower in potential energy and more stable.

o Two balls attached by a spring (Figure 1.3B). When you pull the balls apart, the
energy you exert to stretch the relaxed spring increases the system’s potential
energy. This change in potential energy is converted to kinetic energy when you
release the balls. The system of balls and spring is less stable (has more potential
energy) when the spring is stretched than when it is relaxed.

o Two electrically charged particles (Figure 1.3C). Due to interactions known as
electrostatic forces, opposite charges attract each other, and like charges repel each
other. When energy is exerted to move a positive particle away from a negative
one, the potential energy of the system increases, and that increase is converted to

A
Less stable
Stretched
> > L i .
2 . 2 @D e
s Change in s
- potential energy - )
Kol B Change in
€ equals ] tential
% kinetic energy. % potential energy
& e equals
Relaxed kinetic energy.
More stable ____ s ;_}!“3& ________ More stable
A A gravitational system. Potential energy is gained when a weight B A system of two balls attached by a spring. Potential energy is gained

when the spring is stretched. It is converted to the kinetic energy of the
moving balls as the spring relaxes.

is lifted. It is converted to kinetic energy as the weight falls.

FUEL
A A e
BEBEA
& ___ _e ____________ -:')_ __ Lessstable 5 W=y ) B Less stable
] ]
[ = =
i i} )
© Change in I Change in
€ potential energy t potential energy
% equals % equals
o kinetic energy. o kinetic energy.
exhaust
- 1)
__________ Y L _ _____J¥_ Morestable _ e _______¥ Morestable

D A system of fuel and exhaust. A fuel is higher in chemical potential
energy than the exhaust. As the fuel burns, some of its potential
energy is converted to the kinetic energy of the moving car.

C A system of oppositely charged particles. Potential energy
is gained when the charges are separated. It is converted to
kinetic energy as the attraction pulls the charges together.

Figure 1.3 Potential energy is converted to kinetic energy. The dashed horizontal lines indicate
the potential energy of each system before and after the change.
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kinetic energy when the particles are pulled together by the electrostatic attraction.
Similarly, when energy is used to move two positive (or two negative) particles
together, their potential energy increases and changes to kinetic energy when they
are pushed apart by the electrostatic repulsion. Charged particles move naturally
to a more stable situation (lower energy).

* A fuel and its waste products (Figure 1.3D). Matter is composed of positively and
negatively charged particles. The chemical potential energy of a substance results
from the relative positions of its particles and the attractions and repulsions among
them. Some substances are higher in potential energy than others. For example,
gasoline and oxygen have more chemical potential energy than the exhaust gases
they form. This difference is converted into kinetic energy, which moves the car,
heats the interior, makes the lights shine, and so on. Similarly, the difference in
potential energy between the food and air we take in and the wastes we excrete
enables us to move, grow, keep warm, study chemistry, and so on.

> Summary of Section 1.1
> Chemists study the composition and properties of matter and how they change.

> Matter exists in three physical states—solid, liquid, and gas. The behavior of each state is
due to the arrangement of the particles.

> Each substance has a unique set of physical properties (attributes of the substance itself)
and chemical properties (attributes of the substance as it interacts with or changes to other
substances). Changes in matter can be physical (different form of the same substance) or
chemical (different substance).

> A physical change caused by heating may be reversed by cooling. But a chemical change
caused by heating can be reversed only by other chemical changes.

> Macroscopic changes result from submicroscopic changes.
> Changes in matter are accompanied by changes in energy.

> An object’s potential energy is due to its position; an object’s kinetic energy is due to its
motion. Energy used to lift a weight, stretch a spring, or separate opposite charges increases
the system’s potential energy, which is converted to kinetic energy as the system returns to
its original condition. Energy changes form but is conserved.

> Chemical potential energy arises from the positions and interactions of a substance’s
particles. When a higher energy (less stable) substance is converted into a more stable (lower
energy) substance, some potential energy is converted into kinetic energy.

m CHEMICAL ARTS AND THE ORIGINS
OF MODERN CHEMISTRY

This brief overview of early breakthroughs, and a few false directions, describes how
the modern science of chemistry arose and progressed.

Prechemical Traditions

Chemistry had its origin in a prescientific past that incorporated three overlapping
traditions—alchemy, medicine, and technology:

1. The alchemical tradition. Alchemy was an occult study of nature that began in
the 1* century AD and dominated thinking for over 1500 years. Originally influenced
by the Greek idea that matter strives for “perfection,” alchemists later became obsessed
with converting “baser” metals, such as lead, into “purer” ones, such as gold. The
alchemists’ names for substances and their mistaken belief that matter could be altered
magically persisted for centuries. Their legacy to chemistry was in technical methods.
They invented distillation, percolation, and extraction and devised apparatus still used
routinely today (Figure 1.4). But perhaps even more important was that alchemists
Figure 1.4 Alchemical apparatus. encouraged observation and experimentation, which replaced the Greek approach of
Source: © SSPL/The Image Works explaining nature solely through reason.



https://iranchembook.ir/edu

iranchembook.ir/edu
1.2 - Chemical Arts and the Origins of Modern Chemistry 11

2. The medical tradition. Alchemists also influenced medical practice in medieval
Europe. And ever since the 13® century, distillates and extracts of roots, herbs, and
other plant matter have been used as sources of medicines. The alchemist and physi-
cian Paracelsus (1493—-1541) considered the body to be a chemical system and illness
an imbalance that could be restored by treatment with drugs. Although many early
prescriptions were useless, later ones had increasing success. Thus began the alliance
between medicine and chemistry that thrives today.

3. The technological tradition. For thousands of years, pottery making, dyeing, and
especially metallurgy contributed greatly to people’s experience with materials. Dur-
ing the Middle Ages and the Renaissance, books were published that described how
to purify, assay, and coin silver and gold, how to use balances, furnaces, and crucibles,
and how to make glass and gunpowder. Some of the books introduced quantitative
measurement, which was lacking in alchemical writings. Many creations from those
times are still marveled at throughout the world. Nevertheless, the skilled artisans
showed little interest in why a substance changes or how to predict its behavior.

The Phlogiston Fiasco and the Impact of Lavoisier

Chemical investigation in the modern sense—inquiry into the causes of changes in
matter—began in the late 17" century. At that time, most scientists explained
combustion, the process of burning a material in air, with the phlogiston theory. It
proposed that combustible materials contain phlogiston, an undetectable substance
released when the material burns. Highly combustible materials like charcoal were
thought to contain a lot of phlogiston, and slightly combustible materials like metals
only a little. But inconsistencies continuously arose.

Phlogiston critics: Why is air needed for combustion, and why does charcoal
stop burning in a closed vessel?

Phlogiston supporters: Air “attracts” phlogiston out of the charcoal, and burning
stops when the air in the vessel is “saturated” with phlogiston.

Critics also noted that when a metal burns, it forms a substance known as its calx,
which weighs more than the metal, leading them to ask,

Critics: How can the loss of phlogiston cause a gain in mass?
Supporters: Phlogiston has negative mass.

As ridiculous as these responses seem now, it’s important to remember that, even today,
scientists may dismiss conflicting evidence rather than abandon an accepted idea.

The conflict over phlogiston was resolved when the young French chemist
Antoine Lavoisier (1743-1794) performed several experiments:

1. Heating mercury calx decomposed it into two products—mercury and a gas—
whose fotal mass equaled the starting mass of the calx.

2. Heating mercury with the gas reformed the calx, and, again, the total mass remained
constant.

3. Heating mercury in a measured volume of air yielded mercury calx and left four-
fifths of the air remaining.

4. A burning candle placed in the remaining air was extinguished.

Lavoisier named the gas oxygen and gave metal calxes the name metal oxides. His
explanation of his results made the phlogiston theory irrelevant:

* Oxygen, a normal component of air, combines with a substance when it burns.

» In a closed container, a combustible substance stops burning when it has combined
with all the available oxygen.

* A metal calx (metal oxide) weighs more than the metal because its mass includes
the mass of the oxygen.

This new theory triumphed because it relied on quantitative, reproducible measure-
ments, not on strange properties of undetectable substances. Because this approach is
at the heart of science, many propose that the science of chemistry began with Lavoisier.
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> Summary of Section 1.2
> Alchemy, medicine, and technology placed little emphasis on objective experimentation,
focusing instead on mystical explanations or practical experience, but these traditions
contributed some apparatus and methods that are still important.
> Lavoisier overthrew the phlogiston theory by showing, through quantitative, reproducible
measurements, that oxygen, a component of air, is required for combustion and combines
with a burning substance.

m THE SCIENTIFIC APPROACH:

DEVELOPING A MODEL
Our prehistoric ancestors survived through trial and error, gradually learning which
types of stone were hard enough to use for shaping other types, which plants were
edible and which poisonous, and so forth. Unlike them, we employ the quantitative
theories of chemistry to understand materials, make better use of them, and create
new ones: specialized drugs, advanced composites, synthetic polymers, and countless
others (Figure 1.5).

To understand nature, scientists use an approach called the scientific method. It
is not a stepwise checklist, but rather a process involving creative proposals and tests
aimed at objective, verifiable discoveries. There is no single procedure, and luck often
plays a key role in discovery. In general terms, the scientific approach includes the
following parts (Figure 1.6):

e Observations. These are the facts our ideas must explain. The most useful observa-
tions are quantitative because they can be analyzed to reveal trends. Pieces of
quantitative information are data. When the same observation is made by many
investigators in many situations with no clear exceptions, it is summarized, often
in mathematical terms, as a natural law. The observation that mass remains con-
stant during chemical change—made by Lavoisier and numerous experimenters
since—is known as the law of mass conservation (Chapter 2).

o Hypothesis. Whether derived from observation or from a “spark of intuition,” a
hypothesis is a proposal made to explain an observation. A sound hypothesis need
not be correct, but it must be restable by experiment. Indeed, a hypothesis is often
the reason for performing an experiment: if the results do not support it, the hypoth-

esis must be revised or discarded. Hypotheses can be altered, but experimental
Figure 1.5 Modern materials in a variety results cannot.
of applications. A, High-tension polymers
in synthetic hip joints. B, Specialized poly-
mers in clothing and sports gear. C, Liquid
crystals and semiconductors in electronic

o Experiment. A set of procedural steps that tests a hypothesis, an experiment often
leads to a revised hypothesis and new experiments to test it. An experiment
typically contains at least two variables, quantities that can have more than one

devices. D, Medicinal agents in pills. value. A well-designed exps:riment .is controlled in.that it measures the effect of

Source: (A) © George Haling/Science one variable on another while keeping all other variables constant. Experimental

Source; (B) © Javier Soriano/AFP/Getty results must be reproducible by others. Both skill and creativity play a part in

Images; (C) © Alexey Boldin/Shutterstock. experimental design.
com; (D) © Didecs/Shutterstock.com
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Hypothesis is revised if
experimental results
do not support it.

Model is altered if
predicted events
do not support it.

Experiment
Procedure to test
hypothesis; measures
one variable at a time

Observations

Natural phenomena
and measured events;
can be stated as a
natural law if
universally consistent

Hypothesis
Tentative proposal that
explains observations

ments; predicts

Model (Theory)

Set of conceptual
assumptions that
explains data from
accumulated experi-

related phenomena

Further
Experiment

Tests predictions
based on model

* Model. Formulating conceptual models, or theories, based on experiments that test
hypotheses about observations distinguishes scientific thinking from speculation.
As hypotheses are revised according to experimental results, a model emerges to
explain how a phenomenon occurs. A model is a simplified, not an exact, repre-
sentation of some aspect of nature that we use to predict related phenomena. Ongo-
ing experimentation refines the model to account for new facts.

Lavoisier’s overthrow of the phlogiston theory demonstrates the scientific method
of thinking. Observations of burning and smelting led to the hypothesis that combus-
tion involved the loss of phlogiston. Experiments showing that air is required for
burning and that a metal gains mass during combustion led Lavoisier to propose a
new hypothesis, which he tested repeatedly with quantitative experiments. Accumulat-
ing evidence supported his developing model (theory) that combustion involves com-
bination with a component of air (oxygen). Innumerable predictions based on this
theory have supported its validity, and Lavoisier himself extended the theory to
account for animal respiration and metabolism.

> Summary of Section 1.3
> The scientific method is a process designed to explain and predict phenomena.

> Observations lead to hypotheses about how a phenomenon occurs. When repeated with no
exceptions, observations may be expressed as a natural law.

> Hypotheses are tested by controlled experiments and revised when necessary.
> If reproducible data support a hypothesis, a model (theory) can be developed to explain the

observed phenomenon. A good model predicts related phenomena but must be refined
whenever conflicting data appear.

MEASUREMENT AND CHEMICAL
PROBLEM SOLVING

Measurement has a rich history characterized by the search for exact, invariable stan-
dards. Measuring for purposes of trade, building, and surveying began thousands of
years ago, but for most of that time, it was based on standards that could vary: a yard
was the distance from the king’s nose to the tip of his outstretched arm, and an acre
was the area tilled in one day by a man with a pair of oxen. Our current system of
measurement began in 1790 in France, when a committee, of which Lavoisier was a
member, developed the metric system. Then, in 1960, another committee in France
revised the metric system and established the universally accepted SI units (from the
French Systeme International d’Unités).

General Features of Sl Units

The SI system is based on seven fundamental units, or base units, each identified with
a physical quantity (Table 1.2, next page). All other units are derived units, combinations

Figure 1.6 The scientific approach to
understanding nature. Hypotheses and
models are mental pictures that are revised
to match observations and experimental
results, not the other way around.
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Physical Quantity (Dimension) Unit Name Unit Abbreviation
Mass kilogram kg
Length meter m
Time second S
Temperature kelvin K
Amount of substance mole mol
Electric current ampere A
Luminous intensity candela cd

of the seven base units. For example, the derived unit for speed, meters per second
(m/s), is the base unit for length (m) divided by the base unit for time (s).

For quantities much smaller or larger than the base unit, we use decimal prefixes
and exponential (scientific) notation (Table 1.3). For example, the prefix kilo- (sym-
bolized by k) indicates that the unit is one thousand times larger than a base unit, and
the prefix milli- (m) indicates that the unit is one-thousandth the size of a base unit:

1 kilosecond (1 ks) = 1000 seconds = 1x10° seconds
1 millisecond (1 ms) = 0.001 second = 1x10~ second

Note that a mathematically equivalent statement of the second relationship is
1000 milliseconds (ms) = 1 second

Because the prefixes are based on powers of 10, SI units are easier to use in
calculations than English units. (If you need a review of exponential notation, see
Appendix A.)

Some Important Sl Units in Chemistry

In this chapter, we discuss units for length, volume, mass, time, density, and tempera-
ture; other units are presented in later chapters. Table 1.4 shows some SI quantities
for length, volume, and mass, along with their English-system equivalents.

Table 1.3 Common Decimal Prefixes Used with SI Units*

Prefix*  Symbol Conventional Notation Exponential Notation = Example [using gram (g)* or meter (m)*]
tera (T) 1,000,000,000,000 1x10" 1 teragram (Tg) = 1x10'% g
giga (&) 1,000,000,000 1x10° 1 gigagram (Gg) = 1x10° g
mega (M) 1,000,000 1x10° 1 megagram (Mg) = 1x10° g
kilo ) 1000 1x10° 1 kilogram (kg) = 1x10° g
hecto (h) 100 1x10? 1 hectogram (hg) = 1x10° g
deka (da) 10 1x10" 1 dekagram (dag) = 1x10' g
— — 1 1x10°

deci (d) 0.1 1x107" 1 decimeter (dm) = 1x10™' m
centi (©) 0.01 1x107> 1 centimeter (cm) = 1x1072 m
milli (m) 0.001 1x107° 1 millimeter (mm) = 1x10~° m
micro (D) 0.000001 1x107° 1 micrometer (pm) = 1x10™°m
nano (n) 0.000000001 1x107° 1 nanometer (nm) = 1x10™° m
pico () 0.000000000001 1x107" 1 picometer (pm) = 1x107"* m
femto 6} 0.000000000000001 1x107" 1 femtometer (fm) = 1x10™"° m

*The prefixes most frequently used by chemists appear in bold type.
*The gram is a unit of mass.
"The meter is a unit of length.
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Table 1.4 Common SI-English Equivalent Quantities

Quantity Sl Units S| Equivalents English Equivalents  English to SI Equivalent
Length 1 kilometer (km) 1000 ( 103) meters 0.6214 mile (mi) 1 mile = 1.609 km

1 meter (m) 100 (10%) centimeters 1.094 yards (yd) 1 yard = 0.9144 m

1 meter (m) 1000 millimeters (mm) 39.37 inches (in) 1 foot (ft) = 0.3048 m

1 centimeter (cm) 0.01 (107%) meter 0.3937 inch 1 inch = 2.54 cm (exactly)
Volume 1 cubic meter (m%) 1,000,000 (10%) cubic centimeters  35.31 cubic feet (ft°) 1 cubic foot = 0.02832 m®

1 cubic decimeter (dm?®) 1000 cubic centimeters 0.2642 gallon (gal) 1 gallon = 3.785 dm’

1 cubic decimeter (dm®) 1000 cubic centimeters 1.057 quarts (qt) 1 quart = 0.9464 dm®

1 quart = 946.4 cm®

1 cubic centimeter (cm®)  0.001 dm’ 0.03381 fluid ounce 1 fluid ounce = 29.57 cm’

Mass 1 kilogram (kg) 1000 grams (g) 2.205 pounds (Ib) 1 pound = 0.4536 kg

Length The SI base unit of length is the meter (m). In the metric system, it was
originally defined as 1/10,000,000 of the distance from the equator to the North Pole,
and later as the distance between two fine lines engraved on a corrosion-resistant
metal bar. More recently, the first exact, unchanging standard was adopted:
1,650,763.73 wavelengths of orange-red light from electrically excited krypton atoms.
The current standard is exact and invariant: 1 meter is the distance light travels in a
vacuum in 1/299,792,458 of a second.

A meter is a little longer than a yard (1 m = 1.094 yd); a centimeter (1072 m) is
about two-fifths of an inch (1 cm = 0.3937 in; 1 in = 2.54 cm). Biological cells are
often measured in micrometers (1 pm = 10~ m). On the atomic scale, nanometers
(10™° m) and picometers (1072 m) are used. Many proteins have diameters of about
2 nm; atomic diameters are about 200 pm (0.2 nm). An older unit still in use is the
angstrom (1A =107 m = 0.1 nm = 100 pm).

Volume In chemistry, the significance of length appears when a sample of matter is
measured in three dimensions, which gives its volume (V), the amount of space it
occupies. The derived SI unit of volume is the cubic meter (m3). Since the volume
of some objects can be calculated using the relationship length X width X height, a
length unit cubed (meters X meters X meters = m3) is a unit of volume. In chemistry,
we often use non-SI units, the liter (L) and the milliliter (mL) (note the uppercase L),
to measure volume. Physicians and other medical practitioners measure body fluids
in cubic decimeters (dm3), which are equivalent to liters:
IL=1dm’=10"m’

And 1 mL, or ﬁ of a liter, is equivalent to 1 cubic centimeter (cm3):

ImL=1cm’=10"dm’=10"L=10"m’
A liter is slightly larger than a quart (qt) (1 L = 1.057 qt; 1 qt = 946.4 mL); 1 fluid
ounce (é of a quart) equals 29.57 mL (29.57 cm®).

Figure 1.7 (next page) is a depiction of the two 1000-fold decreases in volume
from 1 dm® to 1 cm® and then to 1 mm?®. The edge of a 1-m® cube would be just a
little longer than a yardstick.

Figure 1.8A (next page) shows some laboratory glassware for working with vol-
umes. Erlenmeyer flasks and beakers are used to contain liquids. Graduated cylinders,
pipets, and burets are used to measure and transfer them. Volumetric flasks and pipets
have a fixed volume indicated by a mark on the neck. Solutions are prepared quan-
titatively in volumetric flasks, and specific amounts are put into cylinders, pipets, or
burets to transfer to beakers or flasks for further steps. In Figure 1.8B, an automatic
pipet transfers liquid accurately and quickly.
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Some volume equivalents:
1m® =1000dm?
1dm® =1000 cm®

=1L =1000 mL
1cm® =1000 mm®

=1mL = 1000 pL
1mm® =1pL

Tmm

Figure 1.7 Some volume relationships in SI: From cubic decimeter (dm?) to cubic centimeter (cm?)
to cubic millimeter (mm?).

Figure 1.8 Common laboratory volumetric glassware. A, From left to right are two graduated
cylinders, a pipet being emptied into a beaker, a buret delivering liquid to an Erlenmeyer flask,
and two volumetric flasks. Inset, In contact with the glass neck of the flask, the liquid forms a
concave meniscus (curved surface). B, An automatic pipet delivers a given volume of liquid to
each test tube.

Source: (A) © McGraw-Hill Education/Stephen Frisch, photographer; (B) © BrandTech
Scientific, Inc.
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Figure 1.9 Some interesting quantities of length (A), volume (B), and mass (C). The vertical
scales are exponential.

Mass The quantity of matter an object contains is its mass. The SI unit of mass is

the kilogram (kg), the only base unit whose standard is an object—a platinum-iridium

cylinder kept in France—and the only one whose name has a prefix.*
The terms mass and weight have distinct meanings:

* Mass is constant because an object’s quantity of matter cannot change.
*  Weight is variable because it depends on the local gravitational field acting on the
object.

Because the strength of the gravitational field varies with altitude, you (and other
objects) weigh slightly less on a high mountain than at sea level.
Does this mean that a sample weighed on laboratory balances in Miami (sea level)

and in Denver (about 1.7 km above sea level) give different results? No, because these
balances measure mass, not weight. (We actually “mass” an object when we weigh
it on a balance, but we don’t use that term.) Mechanical balances compare the object’s
mass with masses built into the balance, so the local gravitational field pulls on them
equally. Electronic (analytical) balances generate an electric field that counteracts the
local field, and the current needed to restore the pan to zero is converted to the
equivalent mass and displayed.
Figure 1.9 shows the ranges of some common lengths, volumes, and masses.

*The names of the other base units are used as the root words, but for units of mass we attach prefixes to the word
“gram,” as in “microgram” and “kilogram”; thus, we say “milligram,” never “microkilogram.”

Earth’s atmosphere
to 2500 km

4

Great Pyramid of Giza

Indian elephant

Average human
1.0 liter of water

Grain of table salt

ua:m
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Uranium atom J

Water molecule S_)
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Time The SI base unit of time is the second (s), which is now based on an atomic
standard. The best pendulum clock is accurate to within 3 seconds per year, and the
best quartz clock is 1000 times more accurate. The most recent version of the atomic
clock is over 6000 times more accurate than that—within 1 second in 20 million
years! Rather than the oscillations of a pendulum, the atomic clock measures the
oscillations of microwave radiation absorbed by gaseous cesium atoms cooled to
around 107 K: 1 second is defined as 9,192,631,770 of these oscillations. Chemists
now use lasers to measure the speed of extremely fast reactions that occur in a few
picoseconds (107'% s) or femtoseconds (107" s).

Units and Conversion Factors in Calculations

All measured quantities consist of a number and a unit: a person’s height is “5 feet,
10 inches,” not “5, 10.” Ratios of quantities have ratios of units, such as miles/hour.
To minimize errors, make it a habit to include units in all calculations.

The arithmetic operations used with quantities are the same as those used with
pure numbers; that is, units can be multiplied, divided, and canceled:

* A carpet measuring 3 feet by 4 feet (ft) has an area of
Area = 3 ft x 4 ft = (3 x 4)(ft x ft) = 12 ft*

o A car traveling 350 miles (mi) in 7 hours (h) has a speed of

350 mi 50 mi . .11
Speed = “h = 1n (often written 50 mi-h™")
e In 3 hours, the car travels a distance of
50 mi

Distance = 3 i X = 150 mi

Constructing a Conversion Factor Conversion factors are ratios used to express
a quantity in different units. Suppose we want to know the distance of that 150-mile
car trip in feet. To convert miles to feet, we use equivalent quantities,
1 mi = 5280 ft
from which we can construct two conversion factors. Dividing both sides by 5280 ft
gives one conversion factor (shown in blue):
I mi 5280 ft
5280 ft 5280 ft
And, dividing both sides by 1 mi gives the other conversion factor (the inverse):
Lmi _ 5280 ft_
1 mi 1 mi

1

Since the numerator and denominator of a conversion factor are equal, multiplying a
quantity by a conversion factor is the same as multiplying by 1. Thus, even though
the number and unit change, the size of the quantity remains the same.

To convert the distance from miles to feet, we choose the conversion factor with
miles in the denominator, because it cancels miles and gives the answer in feet:

5280 ft
— = 792,000 ft

Distance (ft) = 150 mi X
1 pai
=

mi ft

Choosing the Correct Conversion Factor It is easier to convert if you first decide
whether the answer expressed in the new units should have a larger or smaller num-
ber. In the previous case, we know that a foot is smaller than a mile, so the distance
in feet should have a larger number (792,000) than the distance in miles (150). The
conversion factor has the larger number (5280) in the numerator, so it gave a larger
number in the answer.
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Most importantly, the conversion factor you choose must cancel all units except
those you want in the answer. Therefore, set the unit you are converting from (begin-
ning unit) in the opposite position in the conversion factor (numerator or denominator)
so that it cancels and you are left with the unit you are converting fo (final unit):

L final unit . . . . Tt
beginning unit X ————— = final unit as in mi X — = ft
o guni ml
Or, in cases that involve units raised to a power:
. . o . final unit* . s
(beginning unit X beginning unit) X —————— = final unit
beginningumit
. mi’
as in (X ft) X — =mi
Or, in cases that involve a ratio of units:
beginning unit final unit, final unit, . mi ft ft
- - X - = ; as in — X ==
final unit, beginningumt  final unit, h wmi h

Converting Between Unit Systems We use the same procedure to convert between
one system of units and another, for example, between the English (or American) unit
system and the International System. Suppose we know that the height of Angel Falls
in Venezuela (the world’s highest) is 3212 ft; we can find its height in miles as

I mi
Height (mi) = 3212 ft =0. i
eight (mi) =3 X 5230 0.6083 mi
ft => mi

Now, we want its height in kilometers (km). The equivalent quantities (see Table 1.4) are
1.609 km = 1 mi

Because we are converting from miles to kilometers, we use the conversion factor

with miles in the denominator in order to cancel miles:

. . 1.609 km
Height (km) = 0.6083 mi X T 0.9788 km

mi => km

Notice that kilometers are smaller than miles, so this conversion factor gave us an
answer with a larger number (0.9788 is larger than 0.6083).

If we want the height of Angel Falls in meters (m), we use the equivalent quanti-
ties 1 km = 1000 m to construct the conversion factor:

Height (m) = 0.9788 knr x 0™ _ 978 8
1 m) = V. = o m
“18 | ke

km => m

In longer calculations, we often string together several conversion steps:
1 wai 1.609 ki 1000 m

Height (m) = 3212 ft x 0 i X 1wt X e T 978.8 m @ Student Hot Spot
It = m = km = m Student data indicate that you may struggle with
The use of conversion factors in calculations is also referred to as the factor-label conversion factors. Access the Smartbook to
. . . . . . . view additional Learning Resources on this
method, or dimensional analysis (because units represent physical dimensions). We topic.

use this approach throughout the text.

A Systematic Approach to Solving Chemistry Problems

The approach used in this book to solve problems emphasizes reasoning, not memo-
rizing, and is based on a simple idea: plan how to solve the problem before you try
to solve it, then check your answer, and practice with similar follow-up problems. In
general, the sample problems consist of several parts:

1. Problem. This part states all the information you need to solve the problem, usu-
ally framed in some interesting context.
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Road Map

Length (cm) of wire

254cm=1in

Length (ft) of wire

1ft=$0.15

Cost ($) of wire

Length (in) of wire
12in=1ft

2. Plan. This part helps you think about the solution before juggling numbers and
pressing calculator buttons. There is often more than one way to solve a problem,
and the given plan is one possibility. The plan will
* Clarify the known and unknown: what information do you have, and what are
you trying to find?

* Suggest the steps from known to unknown: what ideas, conversions, or equa-
tions are needed?

* Present a road map (especially in early chapters), a flow diagram of the plan.
The road map has a box for each intermediate result and an arrow showing the
step (conversion factor or operation) used to get to the next box.

3. Solution. This part shows the calculation steps in the same order as in the plan
(and the road map).

4. Check. This part helps you check that your final answer makes sense: Are the
units correct? Did the change occur in the expected direction? Is it reasonable
chemically? To avoid a large math error, we also often do a rough calculation and
see if we get an answer “in the same ballpark™ as the actual result. Here’s a typi-
cal “ballpark” calculation from everyday life. You are in a clothing store and buy
three shirts at $14.97 each. With a 5% sales tax, the bill comes to $47.16. In your
mind, you know that $14.97 is about $15, and 3 times $15 is $45; with the sales
tax, the cost should be a bit more. So, your quick mental calculation is in the same
ballpark as the actual cost.

5. Comment. This part appears occasionally to provide an application, an alternative
approach, a common mistake to avoid, or an overview.

6. Follow-up Problems. This part presents similar problems that require you to apply
concepts and/or methods used in solving the sample problem.

7. Some Similar Problems. This part lists a few more problems (found at the end of
each chapter) for practice.

Of course, you can’t learn to solve chemistry problems, any more than you can
learn to swim, by reading about it, so here are a few suggestions:

* Follow along in the sample problem with pencil, paper, and calculator.

o Try the follow-up problems as soon as you finish the sample problem. A very
useful feature called Brief Solutions to Follow-up Problems appears at the end of
each chapter, allowing you to compare your solution steps and answers.

o Read the sample problem and text again if you have trouble.

e The end-of-chapter problems review and extend the concepts and skills in the
chapter, so work as many as you can. (Answers are given in Appendix E in the
back of the book for problems with a colored number.)

Let’s apply this systematic approach in some unit-conversion problems. Refer to
Tables 1.3 and 1.4 as you work through these problems.

SAMPLE PROBLEM 1.3 Converting Units of Length

Problem To wire your stereo equipment, you need 325 centimeters (cm) of speaker
wire that sells for $0.15/ft. How much does the wire cost?

Plan We know the length of wire in centimeters (325 cm) and the price in dollars per
foot ($0.15/ft). We can find the unknown cost of the wire by converting the length from
centimeters to inches (in) and from inches to feet. The price gives us the equivalent
quantities (1 ft = $0.15) that allow us to convert from feet of wire to cost in dollars.
The road map starts with the known quantity of 325 cm and moves through the
calculation steps to the unknown.

Solution Converting the known length from centimeters to inches: The equivalent
quantities beside the road map arrow are needed to construct the conversion factor.

\
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We choose 1 in/2.54 cm, rather than the inverse, because it gives an answer in inches:

Length (in) = length (cm) X conversion factor

1in
=325 ¢t X
2.54

=128 1in

Converting the length from inches to feet:

Length (ft) = length (in) X conversion factor

. 1ft
=128 X —— =10.7ft
12 it

Converting the length in feet to cost in dollars:

Cost ($) = length (ft) X conversion factor

$0.15
=107ftx ——= $1.60
X Lo $

Check The units are correct for each step. The conversion factors make sense in terms
of the relative unit sizes: the number of inches is smaller than the number of centimeters
(an inch is larger than a centimeter), and the number of feet is smaller than the number
of inches. The total cost seems reasonable: a little more than 10 ft of wire at $0.15/ft
should cost a little more than $1.50.

Comment 1. We could also have strung the three steps together:
1 it 1ft  $0.15

X — X
254cm 120 1t

2. There are usually alternative sequences in unit-conversion problems. Here, for example,
we would get the same answer if we first converted the cost of wire from $/ft to $/cm
and kept the wire length in cm. Try it yourself.

FOLLOW-UP PROBLEMS

1.3A A chemistry professor can walk a mile in 15 minutes. How many minutes will it
take the professor to walk 10,500 meters (m)? Draw a road map to show how you
planned the solution.

Cost ($) = 325 cmi X = $1.60

1.3B The rhinovirus, one cause of the common cold, has a diameter of 30 nm. How
many of these virus particles could line up side by side on a line that is 1.0 in long?
Draw a road map to show how you planned the solution.

SOME SIMILAR PROBLEMS 1.26-1.29

SAMPLE PROBLEM 1.4 Converting Units of Volume

Problem The volume of an irregularly shaped solid can be determined from the volume
of water it displaces. A graduated cylinder contains 19.9 mL of water. When a small
piece of galena, an ore of lead, is added to the cylinder, it sinks and the volume
increases to 24.5 mL. What is the volume of the piece of galena in cm® and in L?

Plan We have to find the volume of the galena from the change in volume of the
cylinder contents. The volume of galena in mL is the difference before (19.9 mL) and
after (24.5 mL) adding it. Since mL and cm® represent identical volumes, the volume
in mL equals the volume in cm®. We then use equivalent quantities (1 mL = 107 L) to
convert mL to L. The road map shows these steps.

Road Map

Volume (mL) before and after addition ]

Solution Finding the volume of galena: subtract
Volume (mL) = volume after — volume before = 24.5 mL — 19.9 mL = 4.6 mL
Converting the volume from mL to cm’: L et (hall e el ]
3 . 1 cm? 3
Volume (cm”) = volume (mL) X conversion factor = 4.6 mE X = 4.6 cm 1mL= 1mL=
1 mE 1em® 1073L
Converting the volume from mL to L:
3L Volume (cm®) Volume (L)
Volume (L) = volume (mL) X conversion factor = 4.6 mE X 1 = 4.6x107°L of galena of galena



https://iranchembook.ir/edu

iranchembook.ir/edu
22 Chapter 1 - Keys to Studying Chemistry: Definitions, Units, and Problem Solving

Check The units and magnitudes of the answers seem correct, and it makes sense that
the volume in mL would have a number 1000 times larger than the same volume in L.

FOLLOW-UP PROBLEMS

1.4A Within a cell, proteins are synthesized on particles called ribosomes. Assuming
ribosomes are spherical, what is the volume (in dm® and pL) of a ribosome whose
average diameter is 21.4 nm (V of a sphere = 37r°)? Draw a road map to show how
you planned the solution.

1.4B During an eruption, the famous geyser Old Faithful in Yellowstone National Park
can expel as much as 8400 gal of water. What is this volume in liters (L)? Draw a road
map to show how you planned the solution.

SOME SIMILAR PROBLEMS 1.36 and 1.37

SAMPLE PROBLEM 1.5 Converting Units of Mass

Road Map Problem Many international computer communications are carried by optical fibers in
cables laid along the ocean floor. If one strand of optical fiber weighs 1.19x10™* Ib/m,
] what is the mass (in kg) of a cable made of six strands of optical fiber, each long
enough to link New York and Paris (8.84x10° km)?

Plan We have to find the mass (in kg) of a known length of cable (8.84x10* km); we
are given equivalent quantities for mass and length of a fiber (1.19x107° Ib = 1 m) and
] for number of fibers and a cable (6 fibers = 1 cable), which we can use to construct

Length (km) of fiber

1km =10°m

conversion factors. Let’s first find the mass of one fiber and then the mass of cable. As
shown in the road map, we convert the length of one fiber from km to m and then find
its mass (in Ib) by converting m to lb. Then we multiply the fiber mass by 6 to get the
cable mass, and finally convert Ib to kg.

Length (m) of fiber

1m=119%10"3 b

> Solution Converting the fiber length from km to m:

Mass (Ib) of fiber 10° m
Length (m) of fiber = 8.84x10° kit x o = 8.84x10° m
6 fibers =1 cable Converting the length of one fiber to mass (Ib):
N 1.19x107* Ib
Mass (Ib) of fiber = 8.84x10° m x ————— = 1.05x10* Ib
Mass (Ib) of cable 1 nt
J Finding the mass of the cable (Ib):
2,205 Ib = 1kg 1.05x10*1b 6 fibers
Mass (Ib) of cable = > 6.30x10* Ib/cable

X
1 fiber 1 cable
Converting the mass of cable from Ib to kg:
6.30x10*5  1kg

Mass (kg) of cable = = 2.86x10* kg/cabl
ass (kg) of cable = = e X 22051 gieable

Check The units are correct. Let’s think through the relative sizes of the answers to
see if they make sense: The number of m should be 10° larger than the number of km.
If 1 m of fiber weighs about 107 Ib, then about 10’ m should weigh about 10* Ib. The
cable mass should be six times as much as that, or about 6x10* Ib. Since 1 b is about
% kg, the number of kg should be about half the number of Ib.

FOLLOW-UP PROBLEMS

1.5A An intravenous nutrient solution is delivered to a hospital patient at a rate of
1.5 drops per second. If a drop of solution weighs 65 mg on average, how many kilograms
are delivered in 8.0 h? Draw a road map to show how you planned the solution.

Mass (kg) of cable

| | | | | <

1.5B Nutritional tables give the potassium content of a standard apple (about 3 apples
per pound) as 159 mg. How many grams of potassium are in 3.25 kg of apples? Draw a
road map to show how you planned the solution.

SOME SIMILAR PROBLEMS 1.32 and 1.33
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SAMPLE PROBLEM 1.6 Converting Units Raised to a Power

Problem A furniture factory needs 31.5 ft* of fabric to upholster one chair. Its Dutch
supplier sends the fabric in bolts that hold exactly 200 m*. How many chairs can be
upholstered with 3 bolts of fabric?

Plan We are given a known number of fabric bolts (3 bolts) which can be converted to
amount of fabric in m” using the given equivalent quantities (1 bolt = 200 m? fabric).
We convert the amount of fabric from m” to ft* and use the equivalent quantities

(31.5 ft? of fabric = 1 chair) to find the number of chairs (see the road map).

Solution Converting from number of bolts to amount of fabric in m?:
200 m?
1 belt

Converting the amount of fabric from m? to ft*: Since 0.3048 m = 1 ft, we have
(0.3048)* m* = (1) ft’, so

Amount (m?) of fabric = 3 belts x =600 m’

) _ 1f¢ )
Amount (ft?) of fabric = 600 m* X ———————— = 6460 ft
(0.3048)” w”
Finding the number of chairs:
. 1 chair -
Number of chairs = 6460 £ x = 205 chairs
31.5 &

Check Since 1 ft = 0.3048 m, 1 ft is a little less than % of a meter, which means that
3.3 ft is about the same as 1 m. We are using squared length units, and (3.3 ft)%, or 11 ft%,
is about the same as 1 m”. Multiplying the amount of fabric in m* by 11 gives 6600 ft*
of fabric. Each chair requires about 30 ft of fabric, so 6600 ft* will upholster 220 chairs,
a number close to our answer.

Comment When using conversion factors raised to a power, be certain to raise both the
number and unit to that power. In this problem,

Correct:  0.3048 m =1 ft

so  (0.3048)" m® = (1) ft* or 0.09290 m* = 1 ft*

Incorrect: 0.3048 m* = 1 f  (squaring only the units and not the numbers)
FOLLOW-UP PROBLEMS

1.6A A landowner wants to spray herbicide on a field that has an area of 2050 m>. The
herbicide comes in bottles that hold 16 fluid ounces (fl 0z), and 1.5 fl oz mixed with 1 gal
of water will treat 300 ft*. How many bottles of herbicide will the landowner need? Draw a
road map to show how you planned the solution.

1.6B From 1946 to 1970, 75,000 kg of mercury was discharged into a lake in New
York. The lake has a surface area of 4.5 mi® and an average depth of 35 ft. What mass
(in g) of mercury is contained in each mL of lake water in 1970? Draw a road map to
show how you planned the solution.

SOME SIMILAR PROBLEMS 1.30, 1.31, and 1.34

Density: A Combination of Units as a Conversion Factor Derived units, combina-
tions of two or more units, can serve as conversion factors (previously we mentioned
that speed is length/time). In chemistry, a very important example is density (d), the
mass of a sample of a substance divided by its volume (mass/volume ratio):

mass

Density = (1.1)

volume
We isolate each of these variables by treating density as a conversion factor:

mass

Mass = volume X density = volume X
e

volume

or, Volume = mass X — =
density

Road Map

Fabric (no. of bolts)

1bolt = 200 m?

Fabric (m?)
(0.3048)°> m? = 1ft2

Fabric (ft?) ]

315 ft? = 1 chair

No. of chairs y

@ Student Hot Spot

Student data indicate that you may struggle with
the conversion of units raised to a power.
Access the Smartbook to view additional
Learning Resources on this topic.
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Road Map
(a)

Lengths (mm)

of sides

10 mm=1cm

Mass (mg)
of Li

Lengths (cm)
of sides

multiply
lengths

Mass (g) Volume
of Li (cm3)

divide mass
by volume

[ Density (g/cm3) of Li ]

&) Mass (mg)

of Li

1mg = 10_39

0540 gLi=1cm®

1em3=1mL

Volume (mL)
of Li

Table 1.5 Densities of Some Common Substances*

Substance Physical State Density (g/cm?®)
Hydrogen gas 0.0000899
Oxygen gas 0.00133
Grain alcohol liquid 0.789

Water liquid 0.998

Table salt solid 2.16
Aluminum solid 2.70

Lead solid 11.3

Gold solid 19.3

*At room temperature (20°C) and normal atmospheric pressure (1 atm).

Because volume can change with temperature, so can density. But, at a given tem-
perature and pressure, the density of a substance is a characteristic physical property
and, thus, has a specific value.

The SI unit of density is kilograms per cubic meter (kg/m’), but in chemistry,
density has units of g/L (g/dm3) or g/mL (g/cm3) (Table 1.5). The densities of gases
are much lower than the densities of liquids or solids (see Figure 1.1).

SAMPLE PROBLEM 1.7 Calculating Density from Mass and Volume

Problem (a) Lithium, a soft, gray solid with the lowest density of any metal, is a key
component of advanced batteries, such as the one in your laptop. A slab of lithium
weighs 1.49%x10° mg and has sides that are 20.9 mm by 11.1 mm by 11.9 mm. Find the
density of lithium in g/cm3. (b) What is the volume (in mL) of a piece of lithium with
a mass of 895 mg?

Plan (a) To find the density in g/cm’®, we need the mass of lithium in g and the
volume in cm®. The mass is 1.49%x10° mg, so we convert mg to g. We convert the
lengths of the three sides from mm to cm, and then multiply them to find the volume
in cm®. Dividing the mass by the volume gives the density (see the road map). (b) We
have a known mass of lithium (895 mg); we convert mg to g and then use the density
from part (a) as a conversion factor between the mass of lithium in g and its volume in cm’.

Finally, we convert cm® to mL (see the road map).

Solution (a) Converting the mass from mg to g:
- , (107g
Mass (g) of lithium = 1.49x10°mg | —— | =149 ¢
1 mg
Converting side lengths from mm to cm:

1cm
=2.09cm
mm

Length (cm) of one side = 20.9 mym X ]
Similarly, the other side lengths are 1.11 cm and 1.19 cm.
Multiplying the sides to get the volume:
Volume (cm®) = 2.09 cm x 1.11 ¢cm X 1.19 em = 2.76 cm®
Calculating the density:

mass 149 ¢

Density of lithium = 0.540 g/cm®

volume ~ 276 cm®
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(b) Converting the mass from mg to g:

-3

. 107 g Student
Mass (g) of lithium = 895 mg X | mg =0.895¢g uden
Converting the mass of lithium to volume (mL):
Volume (mL) = 0.895 ¢ x ———m » 1L _ 66 mL
olume (mL) = 0. = 1
g 0.540 ¢ = lcar

Check (a) Since 1 cm = 10 mm, the number of cm in each length should be % the
number of mm. The units for density are correct, and the size of the answer (~0.5 g/cm3)
seems correct since the number of g (1.49) is about half the number of cm?® (2.76).
Also, the problem states that lithium has a very low density, so this answer makes
sense. (b) Since the density of lithium is 0.540 g/cm® or 0.540 g/mL, about 0.5 g

of lithium has a volume of 1 mL. Therefore, a mass of about 0.9 g would have a
volume of about 1.8 mL.

FOLLOW-UP PROBLEMS

1.7A The density of Venus is similar to that of Earth. The mass of Venus is
4.9x10%* kg, and its diameter is 12,100 km. Find the density of Venus in g/cm’. The
volume of a sphere is given by %nr3 . Draw a road map to show how you planned the
solution.

1.7B The piece of galena in Sample Problem 1.4 has a volume of 4.6 cm®. If the
density of galena is 7.5 g/cm®, what is the mass (in kg) of that piece of galena? Draw a
road map to show how you planned the solution.

104K —

SOME SIMILAR PROBLEMS 1.38-1.41

Temperature Scales

Temperature is a frequently measured quantity in chemistry; there is a noteworthy

o e . 103 K —
distinction between temperature and heat:

* Temperature (7) is a measure of how hot or cold one object is relative to another.
Heat is the energy that flows from an object with a higher temperature to an object
with a lower temperature. When you hold an ice cube, it feels like the “cold” flows
into your hand, but actually, heat flows from your hand to the ice.

In the laboratory, we measure temperature with a thermometer, a graduated tube
containing a fluid that expands when heated. When the thermometer is immersed in
a substance hotter than itself, heat flows from the substance through the glass into
the fluid, which expands and rises in the thermometer tube. If a substance is colder
than the thermometer, heat flows to the substance from the fluid, which contracts and
falls within the tube.

We'll consider three temperature scales: the Celsius (°C, formerly called centigrade),
the Kelvin (K), and the Fahrenheit (°F) scales. The SI base unit of temperature is the
kelvin (K) (note that no degree sign is used with the symbol for this unit). Figure 1.10
shows some interesting temperatures in the Kelvin scale, which is preferred in scientific
work (although the Celsius scale is still used frequently). In the United States, the
Fahrenheit scale is used for weather reporting, body temperature, and so forth.

The three scales differ in the size of the unit and/or the temperature of the zero

102K —|

10'K —
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@ Student Hot Spot

data indicate that you may struggle with

using density as a conversion factor. Access the
Smartbook to view additional Learning
Resources on this topic.

— 6x103: Surface of the Sun
(interior 107 K)

I— 3683: Highest melting point of a
metallic element (tungsten)

_——
f1337: Melting point of gold

= 933: Melting point of aluminum

373: Boiling point of HyO
_,—_|370: Day on Moon
— 273: Melting point of H,O

_,—140: Jupiter cloud tbp .

L—120: Night on Moon
= 90: Boiling point of oxygen

— 27: Boiling point of neon

point. Figure 1.11 on the next page shows the freezing and boiling points of water
on the three scales.

* The Celsius scale sets water’s freezing point at 0°C and its boiling point (at normal
atmospheric pressure) at 100°C. Thus, the size of a Celsius degree is 155 of the
difference between the freezing and boiling points of water.

Figure

o L

Absolute zero (lowest attained
temperature ~10~° K)

1.10 Some interesting

temperatures.
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Celsius, °C Kelvin, K Fahrenheit, °F
Q Q Q
Boiling point 100G e /BIS Kl T a 2122E S hl
of water |
100 100 180
| > Celsius > kelvins > Fahrenheit
‘ degrees degrees
Freezing pointA 0°C — <‘ = PTB I3 [X + Y o— =
of water

£ e = - 273K = 5 32°F
Celsius | ] ) Fahrenheit:
d u| kelvins m d
egrees | .- T 268 K = egrees ..

Figure 1.11 Freezing and boiling points of water in the Celsius, Kelvin (absolute), and Fahren-
heit scales. At the bottom of the figure, a portion of each of the three thermometer scales is ex-
panded to show the sizes of the units.

e The Kelvin (absolute) scale uses the same size degree as the Celsius scale; the

difference between the freezing point (+273.15 K) and the boiling point (+373.15 K)
of water is again 100 degrees, but these temperatures are 273.15 degrees higher
on the Kelvin scale because it has a different zero point. Absolute zero, 0 K, equals
—273.15°C. Thus, on the Kelvin scale, all temperatures are positive.

We convert between the Celsius and Kelvin scales by remembering the dif-
ferent zero points: 0°C = 273.15 K, so

T (inK) =T (in °C) + 273.15 (1.2)
And, therefore,
T (in°C) = T (in K) — 273.15 (1.3)

The Fahrenheit scale differs from the other scales in its zero point and in
the size of its degree. Water freezes at 32°F and boils at 212°F. Therefore,
180 Fahrenheit degrees (212°F — 32°F) represents the same temperature change
as 100 Celsius degrees (or 100 kelvins). Because 100 Celsius degrees equal
180 Fahrenheit degrees,

180 9
1 Celsius degree = 100 Fahrenheit degrees = 5 Fahrenheit degrees

To convert a temperature from °C to °F, first change the degree size and then
adjust the zero point (0°C = 32°F):

T (in °F) = %T(in °C) + 32 (1.4)
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To convert a temperature from °F to °C, do the two steps in the opposite order:
adjust the zero point and then change the degree size. In other words, solve Equa-

tion 1.4 for T (in °C):

T (in °C) = [T (in °F) — 32] g

(1.5)

Table 1.6 The Three Temperature Scales

Size of Degree Freezing Point Boiling Point T at Absolute
Scale Unit (Relative to K) of H,O of H,O Zero Conversion
Kelvin (absolute)  kelvin (K) — 273.15K 373.15K 0K to °C (Equation 1.2)
Celsius Celsius 1 0°C 100°C —273.15°C to K (Equation 1.3)
degree (°C) to °F (Equation 1.4)
Fahrenheit Fahrenheit g 32°F 212°F —459.67°F to °C (Equation 1.5)
degree (°F)

Table 1.6 compares the three temperature scales.

Converting Units of Temperature

SAMPLE PROBLEM 1.8

Problem A child has a body temperature of 38.7°C, and normal body temperature is
98.6°F. Does the child have a fever? What is the child’s temperature in kelvins?

Plan To see if the child has a fever, we convert from °C to °F (Equation 1.4) and compare
it with 98.6°F. Then, to convert the child’s temperature in °C to K, we use Equation 1.2.

Solution Converting the temperature from °C to °F:

T (in °F) = %T(in °C) +32 = %(38.7 °C) + 32 = 101.7°F Yes, the child has a fever.

Converting the temperature from °C to K:

T (in K) = T (in °C) + 273.15 = 38.7°C + 273.15 = 3118 K

Check From everyday experience, you know that 101.7°F is a reasonable temperature
for someone with a fever. In the second step, we can check for a large error as follows:

38.7°C is almost 40°C, and 40 + 273 = 313, which is close to our answer.

FOLLOW-UP PROBLEMS

1.8A Mercury melts at 234 K, lower than any other pure metal. What is its melting

point in °C and °F?

1.8B The temperature in a blast furnace used for iron production is 2325°F. What is

this temperature in °C and K?
SOME SIMILAR PROBLEMS 1.42 and 1.43

Extensive and Intensive Properties

The variables we measure to study matter fall into two broad categories
of properties:

» Extensive properties are dependent on the amount of substance pres-
ent; mass and volume, for example, are extensive properties.

» Intensive properties are independent of the amount of substance;
density is an intensive property.

Thus, a gallon of water has four times the mass of a quart of water, but
it also has four times the volume, so the density, the ratio of mass to
volume, is the same for both samples; this concept is illustrated for
copper in Figure 1.12. Another important example concerns heat, an
extensive property, and temperature, an intensive property: a vat of

\

s

- v "

N g

i -

89g¢g g 2409
1.0cm®  8.0cm® 270 cm®

The mass and volume of the three cubes of copper are different;
mass and volume are extensive properties.

For these three cubes of copper,

8.9 Ul 240
93 = 9 5 = 93 ~ 8.9 g/cm®
1.0 cm 8.0cm 270 cm

density =

The density remains the same regardless of sample size;
density is an intensive property.

Figure 1.12 Extensive and intensive properties of matter.
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boiling water has more heat, that is, more energy, than a cup of boiling water, but
both samples have the same temperature.

Some intensive properties, like color, melting point, and density are characteristic
of a substance, and thus, are used to identify it.

Summary of Section 1.4

> The SI unit system consists of seven base units and numerous derived units.

> Exponential notation and prefixes based on powers of 10 are used to express very small and
very large numbers.

> The SI base unit of length is the meter (m); on the atomic scale, the nanometer (nm) and
picometer (pm) are used commonly.

> Volume (V') units are derived from length units, and the most important volume units are the
cubic meter (m?) and the liter (L).

> The mass of an object—the quantity of matter in it—is constant. The Sl unit of mass is the
kilogram (kg). The weight of an object varies with the gravitational field.

> A measured quantity consists of a number and a unit.

> A conversion factor is a ratio of equivalent quantities (and, thus, equal to 1) that is used to
express a quantity in different units.

> The problem-solving approach used in this book has four parts: (1) plan the steps to the
solution, which often includes a flow diagram (road map) of the steps, (2) perform the
calculations according to the plan, (3) check to see if the answer makes sense, and

(4) practice with similar, follow-up problems and compare your solutions with the ones
at the end of the chapter.

> Density (d), a characteristic physical property of a substance, is the ratio of the mass of a
sample to its volume.

> Temperature (7) is a measure of the relative hotness of an object. Heat is energy that flows
from an object at higher T to one at lower T.

> Temperature scales differ in the size of the degree unit and/or the zero point. For scientific
uses, temperature is measured in kelvins (K) or degrees Celsius (°C).

> Extensive properties, such as mass, volume, and energy, depend on the amount of a
substance. Intensive properties, such as density and temperature, do not.

m UNCERTAINTY IN MEASUREMENT:

SIGNIFICANT FIGURES

All measuring devices—balances, pipets, thermometers, and so forth—are made to
limited specifications, and we use our imperfect senses and skills to read them. There-
fore, we can never measure a quantity exactly; put another way, every measurement
includes some uncertainty. The device we choose depends on how much uncertainty
is acceptable. When you buy potatoes, a supermarket scale that measures in 0.1-kg
increments is acceptable:

Measured mass: 2.0 = 0.1 kg — actual mass: between 1.9 and 2.1 kg

The “+ 0.1 kg” term expresses the uncertainty in the mass. Needing more certainty
than that to weigh a substance, a chemist uses a balance that measures in 0.001-kg
increments:

Measured mass: 2.036 + 0.001 kg — actual mass: between 2.035 and 2.037 kg

The greater number of digits in this measurement means we know the mass of the
substance with more certainty than we know the mass of the potatoes.

We always estimate the rightmost digit of a measurement. The uncertainty can
be expressed with the * sign, but generally we drop the sign and assume an uncer-
tainty of one unit in the rightmost digit. The digits we record, both the certain and
the uncertain ones, are called significant figures. There are four significant figures
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E z Figure 1.13 The number of significant
40—= e figures in a measurement.
This measurement is 39 100—=
known WI?h more certainty 38 90 é
because it has more E
significant figures. 37 80—=
36 70=
- 35 60— —
= 34 50— =
= 33 40—= E
= 32 30—= E
32—= E 30—=
= 31 20—= E
31= s o= 20-=
0— 0—=
32.33°C 32.3°C
Graduated in Graduated in
increments of 0.1°C increments of 1°C

in 2.036 kg and two in 2.0 kg. The greater the number of significant figures, the
greater is the certainty of a measurement. Figure 1.13 shows this point for two
thermometers.

Determining Which Digits Are Significant

When you take a measurement or use one in a calculation, you must know the number
of digits that are significant: all digits are significant, except zeros used only to posi-
tion the decimal point. The following procedure applies this point:

1. Make sure the measurement has a decimal point.

2. Start at the left, and move right until you reach the first nonzero digit.

3. Count that digit and every digit to its right as significant, including zeros between
nonzero digits.

Thus, 2.033 has four significant figures, and 0.000562 has only three because a
leading zero is never significant and the other three zeros are used only to position
the decimal point.

A complication can arise when zeros end a number:

e If there is a decimal point and the zeros lie either after or before it, they are sig-
nificant: 1.1300 g has five significant figures and 6500. has four.

o If there is no decimal point, we assume that the zeros are not significant, unless
exponential notation clarifies the quantity: 5300 L is assumed to have two sig-
nificant figures, but 5.300x10° L has four, 5.30x10° L has three, and 5.3x10° L
has two.

e A terminal decimal point indicates that zeros are significant: 500 mL has one
significant figure, but 500. mL has three (as do 5.00x10* mL and 0.500 L).

SAMPLE PROBLEM 1.9 Determining the Number of Significant Figures

Problem For each of the following quantities, underline the zeros that are significant
figures (sf) and determine the total number of significant figures. For (e) to (g), express
each quantity in exponential notation first.
(a) 0.0030 L (b) 0.1044 ¢ (c) 53,069 mL
(d) 3040 kg (e) 0.00004715 m (f) 57,600. s

' (g) 0.0000007160 cm®
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Plan We determine the number of significant figures by counting digits, as just
discussed, paying particular attention to the position of zeros in relation to the decimal
point, and underline the zeros that are significant.

Solution (a) 0.0030 L has 2 sf

(b) 0.1044 g has 4 sf

(c) 53,069 mL has 5 sf

(d) 3040 kg has 3 sf

(e) 0.00004715 m, or 4.715x107° m, has 4 sf

(£) 57,600. s, or 5.7600x10* s, has 5 sf

(g) 0.0000007160 cm®, or 7.160x10~7 cm?®, has 4 sf

Check Be sure that every zero counted as significant comes after nonzero digit(s) in

the number. Recall that zeros at the end of a number without a decimal point are not
significant.

FOLLOW-UP PROBLEMS

1.9A For each of the following quantities, underline the zeros that are significant
figures and determine the total number of significant figures (sf).
(a) 31.070 mg (b) 0.06060 g (c) 850.°C

1.9B For each of the following quantities, underline the zeros that are significant
figures and determine the total number of significant figures (sf). Express each quantity
in exponential notation first.

(a) 200.0 mL (b) 0.0000039 m (c) 0.000401 L

SOME SIMILAR PROBLEMS 1.52 and 1.53

Significant Figures: Calculations and Rounding Off

Measuring several quantities typically results in data with differing numbers of sig-
nificant figures. In a calculation, we keep track of the number in each quantity so that
we don’t have more significant figures (more certainty) in the answer than in the data.
If we do have too many significant figures, we must round off the answer.

The general rule for rounding is that the least certain measurement sets the limit
on certainty for the entire calculation and determines the number of significant figures
in the final answer. Suppose you want to find the density of a new ceramic. You
measure the mass of a piece of it on a precise laboratory balance and obtain 3.8056 g;
you measure the volume as 2.5 mL by displacement of water in a graduated cylinder.
The mass has five significant figures, but the volume has only two. Should you report
the density as 3.8056 g/2.5 mL = 1.5222 g/mL or as 1.5 g/mL? The answer with five
significant figures implies more certainty than the answer with two. But you didn’t
measure the volume to five significant figures, so you can’t possibly know the density
with that much certainty. Therefore, you report 1.5 g/mL, the answer with two sig-
nificant figures.

Rules for Arithmetic Operations The two rules in arithmetic calculations are

1. For multiplication and division. The answer contains the same number of sig-
nificant figures as there are in the measurement with the fewest significant figures.
Suppose you want to find the volume of a sheet of a new graphite composite. The
length (9.2 cm) and width (6.8 cm) are obtained with a ruler, and the thickness
(0.3744 cm) with a set of calipers. The calculation is

Volume (cm®) = 9.2 cm X 6.8 cm X 0.3744 cm = 23.422464 cm® = 23 cm?®
No. of significant figures: 2 2 4 2

Even though your calculator may show 23.422464 cm’, you report 23 cm’, the
answer with two significant figures, the same as in the measurements with the lower
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number of significant figures. After all, if the length and width have two significant
figures, you can’t possibly know the volume with more certainty.

2. For addition and subtraction. The answer has the same number of decimal
places as there are in the measurement with the fewest decimal places. Suppose you
want the total volume after adding water to a protein solution: you have 83.5 mL of
solution in a graduated cylinder and add 23.28 mL of water from a buret. The calcu-
lation is shown in the margin. Here the calculator shows 106.78 mL, but you report
the volume as 106.8 mL, because the measurement with fewer decimal places
(83.5 mL) has one decimal place (see margin).

Note that the answer, 106.8 mL, has four significant figures, while the volume of the
protein solution, 83.5 mL, has only three significant figures. In addition and subtrac-
tion, the number of significant figures is determined by the number of decimal places,
not the total number of significant figures, in the measurements.

Rules for Rounding Off You usually need to round off the final answer to the
proper number of significant figures or decimal places. Notice that in calculating
the volume of the graphite composite, we removed the extra digits, but in calculat-
ing the total volume of the protein solution, we removed the extra digit and
increased the last digit by one. The general rule for rounding is that the least
certain measurement sets the limit on the certainty of the final answer. Here are
detailed rules for rounding off:

1. If the digit removed is more than 5, the preceding number increases by 1: 5.379
rounds to 5.38 if you need three significant figures and to 5.4 if you need two.

2. If the digit removed is less than 5, the preceding number remains the same: 0.2413
rounds to 0.241 if you need three significant figures and to 0.24 if you need two.

3. If the digit removed is 5, the preceding number increases by 1 if it is odd and
remains the same if it is even: 17.75 rounds to 17.8, but 17.65 rounds to 17.6.
If the 5 is followed only by zeros, rule 3 is followed; if the 5 is followed by non-
zeros, rule 1 is followed: 17.6500 rounds to 17.6, but 17.6513 rounds to 17.7.

4. Always carry one or two additional significant figures through a multistep calcula-
tion and round off the final answer only. Don’t be concerned if you string together
a calculation to check a sample or follow-up problem and find that your answer
differs in the last decimal place from the one in the book. To show you the correct
number of significant figures in text calculations, we round off intermediate steps,
and that process may sometimes change the last digit.

Note that, unless you set a limit on your calculator, it gives answers with too
many figures and you must round the displayed result.

Significant Figures in the Lab The measuring device you choose determines the
number of significant figures you can obtain. Suppose an experiment requires a solu-
tion made by dissolving a solid in a liquid. You weigh the solid on an analytical
balance and obtain a mass with five significant figures. It would make sense to mea-
sure the liquid with a buret or a pipet, which measures volumes to more significant
figures than a graduated cylinder. If you do choose the cylinder, you would have to
round off more digits, and some certainty you attained for the mass value would be
wasted (Figure 1.14). With experience, you’ll choose a measuring device based on
the number of significant figures you need in the final answer.

Exact Numbers Exact numbers have no uncertainty associated with them. Some
are part of a unit conversion: by definition, there are exactly 60 minutes in 1 hour,
1000 micrograms in 1 milligram, and 2.54 centimeters in 1 inch. Other exact numbers
result from actually counting items: there are exactly 3 coins in my hand, 26 letters
in the English alphabet, and so forth. Therefore, unlike measured quantities, exact
numbers do not limit the number of significant figures in a calculation.

Answer: Volume = 106.8/mL

Figure 1.14 Significant figures and
measuring devices. The mass measure-
ment (6.8605 g) has more significant
figures than the volume measurement
(68.2 mL).

Source: (both) © McGraw-Hill Education/
Stephen Frisch, photographer
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SAMPLE PROBLEM 1.10  Significant Figures and Rounding

Problem Perform the following calculations and round the answers to the correct
number of significant figures:

lg

4.80x10* —_—

16.3521 cm® — 1.448 cm? o) ( me) ( 1000 mg>
7.085 cm 11.55 cm®

Plan We use the rules just presented in the text: (a) We subtract before we divide.
(b) We note that the unit conversion involves an exact number.

163521 cm’ — 1.448 cm® _ 14.904 cm”

Soluti = = 2.104
olution (a) 7.085 cm 7.085 o em
lg
4.80%x10* —
(4.80x10"mg) < 1000 mg) 480 ¢ \
(b) 3 = ;= 4.16 g/lcm
11.55 cm 11.55 cm

Check Note that in (a) we lose a decimal place in the numerator, and in (b) we retain

3 sf in the answer because there are 3 sf in 4.80. Rounding to the nearest whole number
is always a good way to check: (a) (16 — 1)/7 = 2; (b) (5x10%1x10*/12 =~ 4.
FOLLOW-UP PROBLEMS

1.10A Perform the following calculation and round the answer to the correct number of
significant figures:
25.65 mL + 37.4 mL

1 min
73.55
s ( 60's )
1.10B Perform the following calculation and round the answer to the correct number of
significant figures:

154.64 g —3526¢
420 cm X 5.12cm X 6.752 cm

SOME SIMILAR PROBLEMS 1.56-1.59, 1.66, and 1.67

Precision, Accuracy, and Instrument Calibration

We may use the words “precision” and “accuracy” interchangeably in everyday
speech, but for scientific measurements they have distinct meanings. Precision, or
reproducibility, refers to how close the measurements in a series are to each other,
and accuracy refers to how close each measurement is to the actual value. These
terms are related to two widespread types of error:

1. Systematic error produces values that are either all higher or all lower than the
actual value. This type of error is part of the experimental system, often caused
by a faulty device or by a consistent mistake in taking a reading.

2. Random error, in the absence of systematic error, produces values that are higher
and lower than the actual value. Random error always occurs, but its size depends
on the measurer’s skill and the instrument’s precision.

Precise measurements have low random error, that is, small deviations from the aver-
age. Accurate measurements have low systematic error and, generally, low random
error. In some cases, when many measurements have a high random error, the aver-
age may still be accurate.

Suppose each of four students measures 25.0 mL of water in a preweighed
graduated cylinder and then weighs the water plus cylinder on a balance. If the
density of water is 1.00 g/mL at the temperature of the experiment, the actual
mass of 25.0 mL of water is 25.0 g. Each student performs the operation four
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A High precision B High precision, C Low precision (large D Low precision,
(small random error), low accuracy random error), average low accuracy
high accuracy (systematic error) value close to actual
28.0 28.0
& 270 - e ¢ o ° e ° 270 &
S - ° o g
g 26.0 . ° ° 26.0 g
5250 T~ D e Bl It bbby m bbb 250 5
@ 240 ° O 240 @
© ©
= 230 230 =
0.0 T T T T T T T T 1 T T T T T T T T T T o0
1 2 3 4 1 2 3 4 1 2 3 4 1 2 3 4
Trial number Trial number Trial number Trial number

) ) ) Figure 1.15 Precision and accuracy in
times, subtracts the mass of the empty cylinder, and obtains one of four graphs a laboratory calibration.

(Figure 1.15):

e In graph A, random error is small; that is, precision is high (the weighings are
reproducible). Accuracy is high as well, as all of the values are close to 25.0 g.

o Random error is also small and precision high in graph B, but accuracy is low;
there is systematic error, with all of the weighings above 25.0 g.

e In graph C, random error is large and precision is low. But since the average of
the scattered values is close to the actual value, systematic error is low.

e Graph D also exhibits large random error, but note that there is also significant
systematic error in this case, resulting in low accuracy (all the values are high).

Systematic error can be taken into account through calibration, comparing the
measuring device with a known standard. The systematic error in graph B, for exam-
ple, might be caused by a poorly manufactured cylinder that reads “25.0” when it
actually contains about 27 mL. If that cylinder had been calibrated, the students could
have adjusted all volumes measured with it. The students also should calibrate the
balance with standardized masses.

> Summary of Section 1.5

> The final digit of a measurement is always estimated. Thus, all measurements have some
uncertainty, which is expressed by the number of significant figures.

> The certainty of a calculated result depends on the certainty of the data, so the answer has
as many significant figures as in the least certain measurement.

> Excess digits are rounded off in the final answer according to a set of rules.
> The choice of laboratory device depends on the certainty needed.
> Exact numbers have as many significant figures as the calculation requires.

> Precision refers to how close values are to each other, and accuracy refers to how close
values are to the actual value.

> Systematic errors give values that are either all higher or all lower than the actual value.
Random errors give some values that are higher and some that are lower than the actual value.

> Precise measurements have low random error; accurate measurements have low systematic
error and low random error.

> A systematic error is often caused by faulty equipment and can be compensated for by calibration.

CHAPTER REVIEW GUIDE

Learning Objectives Relevant section (§) and/or sample problem (SP) numbers appear in parentheses.

Understand These Concepts 3. The nature of potential and kinetic energy and their inter-

1. The defining features of the states of matter (§1.1) conversion (§1.1) ) o
2. The distinction between physical and chemical properties 4. The process of approaching a phenomenon scientifically and
and changes (§1.1; SPs 1.1, 1.2) the distinctions between observation, hypothesis, experi-

ment, and model (§1.3)
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5. The common units of length, volume, mass, and temperature
and their numerical prefixes (§1.4)

6. The distinctions between mass and weight, heat and temper-
ature, and intensive and extensive properties (§1.4)

7. The meaning of uncertainty in measurements and the use of
significant figures and rounding (§1.5)

8. The distinctions between accuracy and precision and be-
tween systematic and random error (§1.5)

Key Terms

Master These Skills

1. Using conversion factors in calculations and a systematic
approach of plan, solution, check, and follow-up for solving
problems (§1.4; SPs 1.3-1.6)

2. Finding density from mass and volume (SP 1.7)

3. Converting among the Kelvin, Celsius, and Fahrenheit
scales (SP 1.8)

4. Determining the number of significant figures (SP 1.9) and
rounding to the correct number of digits (SP 1.10)

Page numbers appear in parentheses.

derived unit (13)
dimensional analysis (19)
energy (8)

exact number (31)
experiment (12)
extensive property (27)

accuracy (32)

base (fundamental) unit (13)

calibration (33)

Celsius scale (25)

chemical change (chemical
reaction) (5)

chemical property (5) gas (4)
chemistry (4) heat (25)
combustion (11) hypothesis (12)

composition (4)

controlled experiment (12)
conversion factor (18)
cubic meter (m®) (15)

data (12)

density (d) (23)

intensive property (27)
Kelvin (absolute) scale (26)
kelvin (K) (25)

kilogram (kg) (17)

kinetic energy (8)

liquid (4)

liter (L) (15) scientific method (12)
mass (17) second (s) (18)

matter (4) SI unit (13)

meter (m) (15) significant figures (28)
milliliter (mL) (15) solid (4)

model (theory) (13)
natural law (12)
observation (12)

state of matter (4)
systematic error (32)
temperature (7) (25)

physical change (5) thermometer (25)
physical property (5) uncertainty (28)
potential energy (8) variable (12)
precision (32) volume (V) (15)
property (5) weight (17)
random error (32)

round off (30)

Key Equations and Relationships Page numbers appear in parentheses.

1.1 Calculating density from mass and volume (23):
mass

Density =
volume

1.2 Converting temperature from °C to K (26):
T (in K) = T (in °C) + 273.15

BRIEF SOLUTIONS TO FOLLOW-UP PROBLEMS

1.3 Converting temperature from K to °C (26):
T (in °C) =T (in K) — 273.15

1.4 Converting temperature from °C to °F (26):
T (in °F) = £ T (in °C) + 32

1.5 Converting temperature from °F to °C (27):
T (in °C) = [T (in °F) — 32] 5

1.1A Chemical. The red-and-blue and separate red particles on
the left become paired red and separate blue particles on the
right.

1.1B Physical. The red particles are the same on the right and on
the left, but they have changed from being close together in the
solid state to being far apart in the gaseous state.

1.2A (a) Physical. Solid iodine changes to gaseous iodine.

(b) Chemical. Gasoline burns in air to form different
substances. (¢) Chemical. In contact with air, substances in torn
skin and blood react to form different substances.

1.2B (a) Physical. Gaseous water (water vapor) changes to
droplets of liquid water.

(b) Chemical. Different substances are formed in the milk
that give it a sour taste. (c) Physical. Solid butter changes to a
liquid.

1.3A The known quantity is 10,500 m; start the problem with
this value. Use the conversion factor 1 mi/15 min to convert dis-
tance in miles to time in minutes.

Time (min)

1 ket Imi  15mi
= 10,500 a1 x i

1()001a'f>< 1.609ls’<1°ﬂ>< 1 pad

= 98 min

See Road Map 1.3A.

1.3B Start the problem with the known quantity of 1.0 in; use
the conversion factor 1 virus particle/30 nm to convert from
length in nm to number of virus particles.
No. of virus particles

2.54cm  1x10" nm

— X
1 it 1 et

1 virus particle
30 nat

=10 X

= 8.5x10° virus particles
See Road Map 1.3B.
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Road Map 1.3A Road Map 1.3B 1.5B Start the problem with the known quantity of 3.25 kg
[ Dist ] [ Lenath G ] of apples. The conversion factors are constructed from the
istance (m) ength (in) equivalent quantities given in the problem: 1 Ib = 3 apples;
| 1000 m = 1km 1in =2.54 cm 1 apple = 159 mg potassium.
. 11y
[ Distance (km) ] [ Length (cm) ] Mass (g) =3.25 kg X m
y 1609 km =1mi 1cm=1x10"nm 3apptes 159 mg potassium lg
X X X
[ Distance (mi) ] [ Length (nm) ] 1l 1 apple 103mg
1mi =15 min y 30 nm =1 particle = 3.42 g potassium
See Road Map 1.5B.
[ Time (min) ] [ No. of particles ]
Road Map 1.5A Road Map 1.5B
21.4 pm 1d i
1.4A Radius of ribosome (dm) = S xS m [ Time (hr) ] [ Mass (kg) of apples ]
10" nat N 1hr =60 min ” 0.4536 kg =11b
=1.07x107" dm
Ti i Mass (Ib) of appl
Volume of ribosome (dm?®) = %nr3 = %(3.14)(1.07)(10_7 dm)? [ fme (min) ] [ ass (1b) of apples ]
= 5.13x107% dm® 1min=60s 11b = 3 apples
Volume of ribosome (pL) [ Time (s) ] [ No. of apples ]
13x10-2 garey (L 10°pL
= (5.13x10 ) @ 57 y 1s="15drops y 1apple =159 mg potassium
= 5.13x107" uL [ No. of drops ] [ Mass (mg) potassium ]
See Road Map 1.4A. 1drop = 65 mg v 10°mg=1g
1.4 Volume (L) = 8400 gt x 3.718;;1&11} y 11(;;1} [ Mass (mg) of solution ] [ Mass (g) potassium ]
103 mg=1g
=32,000 L
See Road Map 1.4B. [ Mesiarofsotution |
10% g =1kg
Road Map 1.4A Road Map 1.4B
[ Mass (kg) of solution ]
[ Diameter (nm) ] [ Volume (gal) ]
 d=2r y 19al=3785 dm? 1.6A Start the problem with the known value of 2050 m”. The
[ r (nm) ] Vor e conversion factors are constructed from 300 ft* = 1.5 fl oz
[ olume (dm") ] and 16 fl oz = 1 bottle.
10%nm =1dm Tdm? =1L 1 £7 15 floz 1 bottle
M A No. of bottles = 2050 m* x % x
[  (dm) ] [ Volume (L ] (0.3048)2 5%~ 30082 ~ 16 floz
=7 bottles
V= Y%
2,
[ V(dm3) ] [ Area (m®) ]
2 2 ,a2
1dm?3 =1L v (0:3048)° m* =11t
y 1L=10"pt [ Area (ft?) ]
[ Vi ] 300 f2 =15 fl oz
1.5A Start the problem with the known value of 8.0 h. The con- [ Volume (fl 0z) ]
version factors are constructed from the equivalent quantities
given in the problem: 1 s = 1.5 drops; 1 drop = 65 mg. y 160z =1bottle
Mass (kg) of solution [ No. of bottles ]
60min  60g  1.5dreps
=80k X — X
1 1 min 1%
65 mg lg 1kg
X X X
ldrop = 10°mg ~ 10° g
=2.8kg
See Road Map 1.5A.
\
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BRIEF SOLUTIONS TO FOLLOW-UP PROBLEMs ~ (continued)

00 g

10
1.6B Mass (g) = 75,000 kg x =7.5%x10"g
L, (5280)* ¥ 0.02832 o’
Volume (mL) = 45w X ————— X 35§t X —
(mL) 1 mi 188
1x10° car “ 1 mL
1 1 car
= 1.2x10" mL
Mass (g) of L 7.5x10" g
ass Ol mercur ermL = ——
& yP 1.2x10" mL
=6.2x107" g/mL
[ Area (miz) ]
1mi? = (5280)° ft2
[ Area (ftz) ]
V = area (ft%) x depth ()
[ Volume (ft3) ]
3_ 3
y 'f=002832m
[ Volume (m3) ]
3 _ 416 3
v Tm”>=10"cm
[ Mass (kg) ] [ Volume (cm3) ]
1kg=10%g Tem® =1mL
4
[ Mass (g) ] [ Volume (mL) ]

divide mass
by volume

[ Mass (g) of mercury in 1 mL of water ]

3

10
1.7A Mass (g) = 4.9x10* kg x £_ 4.9x10” g
1 kg

12,100 kmt 10°m  10°cm

Radius (cm) = 5 X et X T 6.05x10%cm
Volume (cm®) = 7’ = $(3.14)(6.05x10% cm)®
= 9.27x10*° cm’
Density (g/cm®) = % =53 g/em’
9.27x10* cm’
See Road Map 1.7A.
1.7B Mass (kg) of sample = 4.6 car X % X lloligg

=0.034 kg
See Road Map 1.7B.

Road Map 1.7A

[ Diameter (km) ]
d=2r
[ Radius (km) ]
Tkm =10>m
[ Radius (m) ]
1m=10%cm
[ Mass (kg) ] [ Radius (cm) ]
v 1kg=10%¢ V=%
[ Mass (g) ] [ Volume (cm®) ]

divide mass
by volume

[ Density (g/cm3) ]

Road Map 1.7B

(v )
 multiply by density
 www )
103 g=1kg
[ Mass (kg) ]

1.8A T (in °C) =234 K — 273.15 = -39°C
T (in °F) = 2 (=39°C) + 32 = —38°F
Answers contains two significant figures (see Section 1.5).
1.8B T (in °C) = (2325°F — 32) 3 = 1274°C
T (in °K) = 1274°C + 273.15 = 1547 K
1.9A (a) 31.070 mg, 5 sf
(b) 0.06060 g, 4 sf
(c) 850.°C, 3 sf
1.9B (a) 2.000x10*> mL, 4 sf
(b) 3.9x10™°m, 2 sf
(c) 4.01x10™*L, 3 sf

25.65 mL + 37.4 mL
1.10a 2205 mL*374mL _ o min

1108 154.64 g — 3526 ¢ 0523 o/
B 4 0emx512emx 6.752em o #Cm



https://iranchembook.ir/edu

iranchembook.ir/edu

PROBLEMS

Problems with colored numbers are answered in Appendix E and
worked in detail in the Student Solutions Manual. Problem sections
match those in the text and give the numbers of relevant sample prob-
lems. Most offer Concept Review Questions, Skill-Building Exercises
(grouped in pairs covering the same concept), and Problems in Context.
The Comprehensive Problems are based on material from any section.

Some Fundamental Definitions
(Sample Problems 1.1 and 1.2)
Concept Review Question

1.1 Scenes A-D represent atomic-scale views of different sam-
ples of substances:

(a) Under one set of conditions, the substances in A and B mix,
and the result is depicted in C. Does this represent a chemical or a
physical change?

(b) Under a second set of conditions, the same substances mix,
and the result is depicted in D. Does this represent a chemical or a
physical change?

(c) Under a third set of conditions, the sample depicted in C changes
to that in D. Does this represent a chemical or a physical change?
(d) After the change in part (c) has occurred, does the sample have
different chemical properties? Physical properties?

Skill-Building Exercises (grouped in similar pairs)

1.2 Describe solids, liquids, and gases in terms of how they fill a
container. Use your descriptions to identify the physical state (at
room temperature) of the following: (a) helium in a toy balloon;
(b) mercury in a thermometer; (c) soup in a bowl.

1.3 Use your descriptions from Problem 1.2 to identify the physi-
cal state (at room temperature) of the following: (a) the air in your
room; (b) tablets in a bottle of vitamins; (c) sugar in a packet.

1.4 Define physical property and chemical property. Identify each
type of property in the following statements:

(a) Yellow-green chlorine gas attacks silvery sodium metal to
form white crystals of sodium chloride (table salt).

(b) A magnet separates a mixture of black iron shavings and
white sand.

1.5 Define physical change and chemical change. State which
type of change occurs in each of the following statements:

(a) Passing an electric current through molten magnesium chlo-
ride yields molten magnesium and gaseous chlorine.

(b) The iron in discarded automobiles slowly forms reddish
brown, crumbly rust.

Chapter 1 - Problems 37

1.6 Which of the following is a chemical change? Explain your
reasoning: (a) boiling canned soup; (b) toasting a slice of bread;
(c) chopping a log; (d) burning a log.

1.7 Which of the following changes can be reversed by changing
the temperature: (a) dew condensing on a leaf; (b) an egg turning
hard when it is boiled; (c) ice cream melting; (d) a spoonful of
batter cooking on a hot griddle?

1.8 For each pair, which has higher potential energy?
(a) The fuel in your car or the gaseous products in its exhaust
(b) Wood in a fire or the ashes after the wood burns

1.9 For each pair, which has higher kinetic energy?
(a) A sled resting at the top of a hill or a sled sliding down the hill
(b) Water above a dam or water falling over the dam

Chemical Arts and the Origins of Modern Chemistry

Concept Review Questions

1.10 The alchemical, medical, and technological traditions were
precursors to chemistry. State a contribution that each made to the
development of the science of chemistry.

1.11 How did the phlogiston theory explain combustion?

1.12 One important observation that supporters of the phlogiston
theory had trouble explaining was that the calx of a metal weighs
more than the metal itself. Why was that observation important?
How did the phlogistonists respond?

1.13 Lavoisier developed a new theory of combustion that over-
turned the phlogiston theory. What measurements were central to
his theory, and what key discovery did he make?

The Scientific Approach: Developing a Model

Concept Review Questions

1.14 How are the key elements of scientific thinking used in the
following scenario? While making toast, you notice it fails to pop
out of the toaster. Thinking the spring mechanism is stuck, you
notice that the bread is unchanged. Assuming you forgot to plug in
the toaster, you check and find it is plugged in. When you take the
toaster into the dining room and plug it into a different outlet, you
find the toaster works. Returning to the kitchen, you turn on the
switch for the overhead light and nothing happens.

1.15 Why is a quantitative observation more useful than a non-
quantitative one? Which of the following is (are) quantitative? (a)
The Sun rises in the east. (b) A person weighs one-sixth as much
on the Moon as on Earth. (c) Ice floats on water. (d) A hand pump
cannot draw water from a well more than 34 ft deep.

1.16 Describe the essential features of a well-designed experiment.
1.17 Describe the essential features of a scientific model.

Measurement and Chemical Problem Solving
(Sample Problems 1.3 to 1.8)

Concept Review Questions
1.18 Explain the difference between mass and weight. Why is
your weight on the Moon one-sixth that on Earth?

1.19 When you convert feet to inches, how do you decide which
part of the conversion factor should be in the numerator and which
in the denominator?
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1.20 For each of the following cases, state whether the density
of the object increases, decreases, or remains the same:

(a) A sample of chlorine gas is compressed.

(b) A lead weight is carried up a high mountain.

(c) A sample of water is frozen.

(d) An iron bar is cooled.

(e) A diamond is submerged in water.

1.21 Explain the difference between heat and temperature. Does
1 L of water at 65°F have more, less, or the same quantity of en-
ergy as 1 L of water at 65°C?

1.22 A one-step conversion is sufficient to convert a temperature
in the Celsius scale to the Kelvin scale, but not to the Fahrenheit
scale. Explain.

1.23 Describe the difference between intensive and extensive prop-
erties. Which of the following properties are intensive: (a) mass;
(b) density; (c) volume; (d) melting point?

Skill-Building Exercises (grouped in similar pairs)
1.24 Write the conversion factor(s) for

(a) in® to m? (b) km? to cm?

(c) mi/h to m/s (d) Ib/ft to g/em’®

1.25 Write the conversion factor(s) for

(a) cm/min to in/s (b) m* to in®

(c) m/s to km/h? (d) gal/h to L/min

1.26 The average radius of a molecule of lysozyme, an enzyme in
tears, is 1430 pm. What is its radius in nanometers (nm)?

1.27 The radius of aobarium atom is 2.22x107'° m. What is its
radius in angstroms (A)?

1.28 What is the length in inches (in) of a 100.-m soccer field?

1.29 The center on your school’s basketball team is 6 ft 10 in tall.
How tall is the player in millimeters (mm)?

1.30 A small hole in the wing of a space shuttle requires a 20.7-cm*
patch. (a) What is the patch’s area in square kilometers (km?)?
(b) If the patching material costs NASA $3.25/in%, what is the cost
of the patch?

1.31 The area of a telescope lens is 7903 mm?. (a) What is the area
in square feet (ft)? (b) If it takes a technician 45 s to polish
135 mm?, how long does it take her to polish the entire lens?

1.32 Express your body weight in kilograms (kg).

1.33 There are 2.60x10" short tons of oxygen in the atmosphere
(1 short ton = 2000 1b). How many metric tons of oxygen are pres-
ent in the atmosphere (1 metric ton = 1000 kg)?

1.34 The average density of Earth is 5.52 g/cm®. What is its den-
sity in (a) kg/m’; (b) Ib/ft*?

1.35 The speed of light in a vacuum is 2.998x10% m/s. What is its
speed in (a) km/h; (b) mi/min?

1.36 The volume of a certain bacterial cell is 2.56 pm3 . (a) What
is its volume in cubic millimeters (mm®)? (b) What is the volume
of 10° cells in liters (L)?

1.37 (a) How many cubic meters of milk are in 1 qt (946.4 mL)?
(b) How many liters of milk are in 835 gal (1 gal =4 qt)?

1.38 An empty vial weighs 55.32 g. (a) If the vial weighs
185.56 g when filled with liquid mercury (d = 13.53 g/cm?),

what volume of mercury is in the vial? (b) How much would
the vial weigh if it were filled with the same volume of water
(d = 0.997 glem® at 25°C)?

1.39 An empty Erlenmeyer flask weighs 241.3 g. When filled
with water (d = 1.00 g/cm®), the flask and its contents weigh
489.1 g. (a) What is the volume of water in the flask? (b) How
much does the flask weigh when filled with the same volume of
chloroform (d = 1.48 g/cm?)?

1.40 A small cube of aluminum measures 15.6 mm on a side and
weighs 10.25 g. What is the density of aluminum in g/cm®?

1.41 A steel ball-bearing with a circumference of 32.5 mm weighs
4.20 g. What is the density of the steel in g/cm® (V of a sphere =
% 7, circumference of a circle = 27r)?

1.42 Perform the following conversions:

(a) 68°F (a pleasant spring day) to °C and K

(b) —164°C (the boiling point of methane, the main component of
natural gas) to K and °F

(c) 0 K (absolute zero, theoretically the coldest possible tempera-
ture) to °C and °F

1.43 Perform the following conversions:

(a) 106°F (the body temperature of many birds) to K and °C

(b) 3410°C (the melting point of tungsten, the highest for any
metallic element) to K and °F

(¢) 6.1x10° K (the surface temperature of the Sun) to °F and °C

Problems in Context

1.44 A 25.0-g sample of each of three unknown metals is added to
25.0 mL of water in graduated cylinders A, B, and C, and the final
volumes are depicted in the circles below. Given their densities, iden-
tify the metal in each cylinder: zinc (7.14 g/mL), iron (7.87 g/mL), or
nickel (8.91 g/mL).

Cc

1.45 The distance between two adjacent peaks on a wave is called
the wavelength.

(a) The wavelength of a beam of ultraviolet light is 247 nano-
meters (nm). What is its wavelength in meters?

(b) The wavelength of a beam of red light is 6760 pm. What is its
wavelength in angstroms (A)?

1.46 Each of the beakers depicted below contains two liquids that
do not dissolve in each other. Three of the liquids are designated
A, B, and C, and water is designated W.
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(a) Which of the liquids is (are) more dense than water and less
dense than water?

(b) If the densities of W, C, and A are 1.0 g/mL, 0.88 g/mL, and
1.4 g/mL, respectively, which of the following densities is possi-
ble for liquid B: 0.79 g/mL, 0.86 g/mL, 0.94 g¢/mL, or 1.2 g/mL?

1.47 A cylindrical tube 9.5 cm high and 0.85 cm in diameter is
used to collect blood samples. How many cubic decimeters (dm®)
of blood can it hold (V of a cylinder = 72h)?

1.48 Copper can be drawn into thin wires. How many meters of
34-gauge wire (diameter = 6.304x107* in) can be produced from
the copper in 5.01 1b of covellite, an ore of copper that is 66%
copper by mass? (Hint: Treat the wire as a cylinder: V of cylinder =
nr*h; d of copper = 8.95 g/em’.)

Uncertainty in Measurement: Significant Figures
(Sample Problems 1.9 and 1.10)

Concept Review Questions

1.49 What is an exact number? How are exact numbers treated
differently from other numbers in a calculation?

1.50 Which procedure(s) decrease(s) the random error of a mea-
surement: (1) taking the average of more measurements; (2) cali-
brating the instrument; (3) taking fewer measurements? Explain.

1.51 A newspaper reported that the attendance at Slippery Rock’s
home football game was 16,532. (a) How many significant figures
does this number contain? (b) Was the actual number of people
counted? (c) After Slippery Rock’s next home game, the news-
paper reported an attendance of 15,000. If you assume that this
number contains two significant figures, how many people could
actually have been at the game?

Skill-Building Exercises (grouped in similar pairs)

1.52 Underline the significant zeros in the following numbers:
(a) 0.41; (b) 0.041; (c) 0.0410; (d) 4.0100x10*.

1.63 Underline the significant zeros in the following numbers:
(a) 5.08; (b) 508; (c) 5.080x10’; (d) 0.05080.

1.54 Round off each number to the indicated number of signifi-
cant figures (sf): (a) 0.0003554 (to 2 sf); (b) 35.8348 (to 4 sf);
(c) 22.4555 (to 3 sf).

1.55 Round off each number to the indicated number of signifi-
cant figures (sf): (a) 231.554 (to 4 sf); (b) 0.00845 (to 2 sf);
(c) 144,000 (to 2 sf).

1.56 Round off each number in the following calculation to one
fewer significant figure, and find the answer:
19 x 155 x 8.3

32x29x%x47
1.57 Round off each number in the following calculation to one

fewer significant figure, and find the answer:
10.8 x 6.18 x 2.381

243 x 1.8 x 19.5

1.58 Carry out the following calculations, making sure that your
answer has the correct number of significant figures:

@ 2.795m X 3.10 m

g 2 22V

6.48 m

b V= %7””3 , where r = 17.282 mm

(¢) 1.110cm + 17.3 cm + 108.2 cm + 316 cm

1.59 Carry out the following calculations, making sure that your
answer has the correct number of significant figures:
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2420g+ 156 ¢ 7.87 mL
@————— (b)
48¢ 16.1 mL — 8.44 mL

(¢) V= nr?h, where r = 6.23 cm and h = 4.630 cm

1.60 Write the following numbers in scientific notation:
(a) 131,000.0; (b) 0.00047; (c) 210,006; (d) 2160.5.

1.61 Write the following numbers in scientific notation:
(a) 282.0; (b) 0.0380; (c) 4270.8; (d) 58,200.9.

1.62 Write the following numbers in standard notation. Use a ter-
minal decimal point when needed.
(a) 5.55x107; (b) 1.0070x10% (c) 8.85x1077; (d) 3.004x10™".

1.63 Write the following numbers in standard notation. Use a ter-
minal decimal point when needed.
(a) 6.500x107; (b) 3.46x107; (c) 7.5%10% (d) 1.8856x10°.

1.64 Convert the following into correct scientific notation:
(a) 802.5x107%; (b) 1009.8x107%; (c) 0.077x10™°.

1.65 Convert the following into correct scientific notation:
(a) 14.3x10"; (b) 851x107%; (c) 7500x107°.

1.66 Carry out each calculation, paying special attention to sig-
nificant figures, rounding, and units (J = joule, the SI unit of en-
ergy; mol = mole, the SI unit for amount of substance):

@ (6.626x107>*J - 5)(2.9979x10° m/s)

489x10~° m
b (6.022x10% molecules/mol) (1.23x10% g)
®) 46.07 g/mol
11
(¢) (6.022x10% atoms/mol)(1.28x107"® J/atom) (22 - 32>

where the numbers 2 and 3 in the last term are exact

1.67 Carry out each calculation, paying special attention to sig-
nificant figures, rounding, and units:
4.32x10" g
(3.1416)(1.95x10% cm)’
(1.84x10% g)(44.7 m/s)*
(b) >
© (1.07x10™* mol/L)*(3.8x10~° mol/L)

C
(8.35%107° mol/L) (1.48x107% mol/L)?

(@) 3 (The term § is exact.)
3

(The term 2 is exact.)

1.68 Which statements include exact numbers?
(a) Angel Falls is 3212 ft high.

(b) There are 8 known planets in the Solar System.
(c) There are 453.59 gin 1 Ib.

(d) There are 1000 mm in 1 m.

1.69 Which of the following include exact numbers?

(a) The speed of light in a vacuum is a physical constant; to six
significant figures, it is 2.99792x10® m/s.

(b) The density of mercury at 25°C is 13.53 g/mL.

(c) There are 3600 s in 1 h.

(a) In 2016, the United States had 50 states.

Problems in Context

1.70 How long is the metal strip shown below? Be sure to answer
with the correct number of significant figures.
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1.71 These organic solvents are used to clean compact discs:

Solvent Density (g/mL) at 20°C
Chloroform 1.492
Diethyl ether 0.714
Ethanol 0.789
Isopropanol 0.785
Toluene 0.867

(a) If a 15.00-mL sample of CD cleaner weighs 11.775 g at 20°C,
which solvent does the sample most likely contain?

(b) The chemist analyzing the cleaner calibrates her equipment
and finds that the pipet is accurate to £0.02 mL, and the balance is
accurate to +£0.003 g. Is this equipment precise enough to distin-
guish between ethanol and isopropanol?

1.72 A laboratory instructor gives a sample of amino-acid powder
to each of four students, I, II, III, and IV, and they weigh the
samples. The true value is 8.72 g. Their results for three trials are
1:8.72¢,8.74¢,8.70 g II: 8.56 g,8.772,8.83 g

I: 8.50 g, 848 g,851g 1V:841¢g,872¢g,855¢

(a) Calculate the average mass from each set of data, and tell
which set is the most accurate.

(b) Precision is a measure of the average of the deviations of each
piece of data from the average value. Which set of data is the most
precise? Is this set also the most accurate?

(c) Which set of data is both the most accurate and the most
precise?

(d) Which set of data is both the least accurate and the least
precise?

1.73 The following dartboards illustrate the types of errors often
seen in measurements. The bull’s-eye represents the actual value,
and the darts represent the data.

Exp. 1 Exp. I Exp. III Exp. IV

(a) Which experiments yield the same average result?
(b) Which experiment(s) display(s) high precision?
(c) Which experiment(s) display(s) high accuracy?
(d) Which experiment(s) show(s) a systematic error?

Comprehensive Problems

1.74 Two blank potential energy diagrams appear below. Beneath
each diagram are objects to place in the diagram. Draw the objects
on the dashed lines to indicate higher or lower potential energy
and label each case as more or less stable:
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(b) Two positive charges near
or apart from each other

@ WP o @
(a) Two balls attached to a relaxed
or a compressed spring

1.75 The scenes below illustrate two different mixtures. When
mixture A at 273 K is heated to 473 K, mixture B results.

273 K

(a) How many different chemical changes occur?
(b) How many different physical changes occur?

1.76 Bromine is used to prepare the pesticide methyl bromide and
flame retardants for plastic electronic housings. It is recovered
from seawater, underground brines, and the Dead Sea. The aver-
age concentrations of bromine in seawater (d = 1.024 g/mL) and
the Dead Sea (d = 1.22 g/mL) are 0.065 g/L and 0.50 g/L, respec-
tively. What is the mass ratio of bromine in the Dead Sea to that in
seawater?

1.77 An Olympic-size pool is 50.0 m long and 25.0 m wide.
(a) How many gallons of water (d = 1.0 g/mL) are needed to fill
the pool to an average depth of 4.8 ft? (b) What is the mass (in kg)
of water in the pool?

1.78 At room temperature (20°C) and pressure, the density of air
is 1.189 g/L. An object will float in air if its density is less than
that of air. In a buoyancy experiment with a new plastic, a chemist
creates a rigid, thin-walled ball that weighs 0.12 g and has a vol-
ume of 560 cm’.

(a) Will the ball float if it is evacuated?

(b) Will it float if filled with carbon dioxide (d = 1.830 g/L)?

(c) Will it float if filled with hydrogen (d = 0.0899 g/L)?

(d) Will it float if filled with oxygen (d = 1.330 g/L)?

(e) Will it float if filled with nitrogen (d = 1.165 g/L)?

(f) For any case in which the ball will float, how much weight
must be added to make it sink?

1.79 Asbestos is a fibrous silicate mineral with remarkably high
tensile strength. But it is no longer used because airborne asbestos
particles can cause lung cancer. Grunerite, a type of asbestos, has
a tensile strength of 3.5x10? kg/mm? (thus, a strand of grunerite
with a 1-mm? cross-sectional area can hold up to 3.5% 10 kg). The
tensile strengths of aluminum and Steel No. 5137 are 2.5x10* Ib/in’
and 5.0x10* Ib/in®, respectively. Calculate the cross-sectional
areas (in mm?) of wires of aluminum and of Steel No. 5137 that
have the same tensile strength as a fiber of grunerite with a cross-
sectional area of 1.0 pm?.

1.80 Earth’s oceans have an average depth of 3800 m, a total sur-
face area of 3.63x10® km?” and an average concentration of dis-
solved gold of 5.8x10~° g/L. (a) How many grams of gold are in
the oceans? (b) How many cubic meters of gold are in the oceans?
(¢) Assuming the price of gold is $1595/troy oz, what is the value
of gold in the oceans (1 troy oz = 31.1 g; d of gold = 19.3 g/cm®)?

1.81 Brass is an alloy of copper and zinc. Varying the mass per-
centages of the two metals produces brasses with different proper-
ties. A brass called yellow zinc has high ductility and strength and
is 34-37% zinc by mass. (a) Find the mass range (in g) of copper
in 185 g of yellow zinc. (b) What is the mass range (in g) of zinc
in a sample of yellow zinc that contains 46.5 g of copper?

1.82 Liquid nitrogen is obtained from liquefied air and is used
industrially to prepare frozen foods. It boils at 77.36 K. (a) What
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is this temperature in °C? (b) What is this temperature in °F?
(c) At the boiling point, the density of the liquid is 809 g/L and
that of the gas is 4.566 g/L.. How many liters of liquid nitrogen are
produced when 895.0 L of nitrogen gas is liquefied at 77.36 K?

1.83 A jogger runs at an average speed of 5.9 mi/h. (a) How fast
is she running in m/s? (b) How many kilometers does she run in
98 min? (c¢) If she starts a run at 11:15 am, what time is it after she
covers 4.75x10" ft?

1.84 Scenes A and B depict changes in matter at the atomic scale:

@ L
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(a) Which show(s) a physical change?

(b) Which show(s) a chemical change?

(c) Which result(s) in different physical properties?
(d) Which result(s) in different chemical properties?
(e) Which result(s) in a change in state?

1.85 If a temperature scale were based on the freezing point
(5.5°C) and boiling point (80.1°C) of benzene and the temperature
difference between these points was divided into 50 units (called
°X), what would be the freezing and boiling points of water in °X?
(See Figure 1.11.)

1.86 Earth’s surface area is 5.10x10° kmz; its crust has a mean
thickness of 35 km and a mean density of 2.8 g/cm®. The two most
abundant elements in the crust are oxygen (4.55x10° g/t, where t
stands for “metric ton”;1 t = 1000 kg) and silicon (2.72x10° g/t),
and the two rarest nonradioactive elements are ruthenium and rho-
dium, each with an abundance of 1x10™* g/t. What is the total
mass of each of these elements in Earth’s crust?
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Concepts and Skills to Review Before You Study This Chapter

> physical and chemical change (Section 1.1) > meaning of a scientific model (Section 1.3)

> states of matter (Section 1.1) > Sl units and conversion factors (Section 1.4)

> attraction and repulsion between charged particles (Section 1.1) > significant figures in calculations (Section 1.5)

Look closely at almost any sample of matter—a rock, a piece
of wood, a butterfly wing—and you’ll see that it’s made of

smaller parts. With a microscope, you’ll see still smaller parts. And, if you could
zoom in a billion times closer, you’d find, on the atomic scale, the ultimate particles
that make up all things.

Modern scientists are certainly not the first to wonder what things are made of.
The philosophers of ancient Greece did too, and most believed that everything was
made of one or, at most, a few elemental substances (elements), whose hotness, wet-
ness, hardness, and other properties gave rise to the properties of everything else.
Democritus (c. 460-370 BC), the father of atomism, took a different approach, and
his reasoning went something like this: if you cut a piece of, say, aluminum foil
smaller and smaller, you must eventually reach a particle of aluminum so small that
it can no longer be cut. Therefore, matter is ultimately composed of indivisible par-
ticles with nothing but empty space between them. He called the particles atoms
(Greek atomos, “uncuttable”) and proclaimed: “According to convention, there is a
sweet and a bitter, a hot and a cold, and ... there is order. In truth, there are atoms
and a void.” But, Aristotle, one of the greatest and most influential philosophers of
Western culture, said it was impossible for “nothing” to exist, and the concept of
atoms was suppressed for 2000 years.

Finally, in the 17" century, the English scientist Robert Boyle argued that, by
definition, an element is composed of “simple Bodies, not made of any other Bodies,
of which all mixed Bodies are compounded, and into which they are ultimately
resolved,” a description remarkably close to our idea of an element, with atoms being
the “simple Bodies.” The next two centuries saw rapid progress in chemistry and the
development of a “billiard-ball” image of the atom. Then, an early 20"-century burst
of creativity led to our current model of an atom with a complex internal structure.

IN THIS CHAPTER . . . We examine the properties and composition of matter on the macro-
scopic and atomic scales.

> We relate the three types of observable matter—elements, compounds, and mixtures—to
the atoms, ions, and molecules they consist of.

> We see how the defining properties of the types of matter relate to 18™-century laws
concerning the masses of substances that react with each other.

> We examine the 19”‘-century atomic model proposed to explain these laws.

> We describe some 20™- and 21%-century experiments that have led to our current under-
standing of atomic structure and atomic mass.

> We focus on the general organization of the elements in the periodic table and introduce

the two major ways that elements combine.

We derive names and formulas of compounds and calculate their masses on the atomic scale.

We examine some of the ways chemists depict molecules.

We classify mixtures and see how to separate them in the lab.

We present a final overview of the components of matter.

vV VvV v v
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Figure 2.1 Elements, compounds, and
mixtures on the atomic scale. The sam-
ples depicted here are gases, but the
three types of matter also occur as liquids
and solids.

ELEMENTS, COMPOUNDS, AND MIXTURES:
AN ATOMIC OVERVIEW

Based on its composition, matter can be classified into three types—elements, compounds,
and mixtures. Elements and compounds are called substances, matter with a fixed
composition; mixtures are not substances because they have a variable composition.

1. Elements. An element is the simplest type of matter with unique physical and
chemical properties. It consists of only one kind of atom and, therefore, cannot be
broken down into a simpler type of matter by any physical or chemical methods. Each
element has a name, such as silicon, oxygen, or copper. A sample of silicon contains
only silicon atoms. The macroscopic properties of a piece of silicon, such as color,
density, and combustibility, are different from those of a piece of copper because the
submicroscopic properties of silicon atoms are different from those of copper atoms;
that is, each element is unique because the properties of its atoms are unique.

In nature, most elements exist as populations of atoms, either separated or in
contact with each other, depending on the physical state. Figure 2.1A shows atoms
of an element in its gaseous state. Several elements occur in molecular form: a molecule
is an independent structure of two or more atoms bound together (Figure 2.1B). Oxygen,
for example, occurs in air as diatomic (two-atom) molecules.

2. Compounds. A compound consists of two or more different elements that are
bonded chemically (Figure 2.1C). That is, the elements in a compound are not just
mixed together: their atoms have joined in a chemical reaction. Many compounds,
such as ammonia, water, and carbon dioxide, consist of molecules. But many others,
like sodium chloride (which we’ll discuss shortly) and silicon dioxide, do not.

All compounds have three defining features:

o The elements are present in fixed parts by mass (have a fixed mass ratio). This is
so because each unit of the compound consists of a fixed number of atoms of each
element. For example, consider a sample of ammonia. It is 14 parts nitrogen by
mass and 3 parts hydrogen by mass because 1 nitrogen atom has 14 times the mass
of 1 hydrogen atom, and each ammonia molecule consists of 1 nitrogen atom and
3 hydrogen atoms:

Ammonia gas is 14 parts N by mass and 3 parts H by mass.
1 N atom has 14 times the mass of 1 H atom. ’
Each ammonia molecule consists of 1 N atom and 3 H atoms. \-H-

N

o A compound’s properties are different from the properties of its elements. Table 2.1
shows a striking example: soft, silvery sodium metal and yellow-green, poisonous
chlorine gas are very different from the compound they form—white, crystalline
sodium chloride, or common table salt!

o A compound, unlike an element, can be broken down into simpler substances—its
component elements—by a chemical change. For example, an electric current
breaks down molten sodium chloride into metallic sodium and chlorine gas.

A Atoms of an element

B Molecules of an element C Molecules of a compound D Mixture of two elements

and a compound
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Table 2.1 Some of the Very Different Properties of Sodium, Chlorine, and Sodium Chloride
Property Sodium Chlorine - Sodium Chloride
Melting point 97.8°C —101°C 801°C
Boiling point 881.4°C —34°C 1413°C
Color Silvery Yellow-green Colorless (white)
Density 0.97 g/em® 0.0032 g/cm’® 2.16 g/em®
Behavior in water Reacts Dissolves slightly . Dissolves freely

Source: (Sodium, Chlorine, Sodium chloride) © McGraw-Hill Education/Stephen Frisch, photographer

3. Mixtures. A mixture consists of two or more substances (elements and/or com-
pounds) that are physically intermingled, not chemically combined. Mixtures differ
from compounds as follows:

o The components of a mixture can vary in their parts by mass. A mixture of the
compounds sodium chloride and water, for example, can have many different parts
by mass of salt to water.

o A mixture retains many of the properties of its components. Saltwater, for instance,
is colorless like water and tastes salty like sodium chloride. The component prop-
erties are maintained because on the atomic scale, a mixture consists of the indi-
vidual units of its component elements and/or compounds (Figure 2.1D).

o Mixtures, unlike compounds, can be separated into their components by phys-
ical changes; chemical changes are not needed. For example, the water in salt-
water can be boiled off, a physical process that leaves behind solid sodium
chloride.

The following sample problem will help you to differentiate these types of
matter.

Distinguishing Elements, Compounds, and

SAMPLE PROBLEM 2.1 Mixtures at the Atomic Scale

Problem The scenes below represent atomic-scale views of three samples of matter:

Describe each sample as an element, compound, or mixture.

Plan We have to determine the type of matter by examining the component particles. If
a sample contains only one type of particle, it is either an element or a compound; if it
contains more than one type, it is a mixture. Particles of an element have only one kind
of atom (one color of sphere in an atomic-scale view), and particles of a compound
have two or more kinds of atoms.

Solution (a) Mixture: there are three different types of particles. Two types contain
only one kind of atom, either green or purple, so they are elements, and the third type
contains two red atoms for every one yellow, so it is a compound.

(b) Element: the sample consists of only blue atoms.

(¢) Compound: the sample consists of molecules that each have two black and six blue
atoms.
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FOLLOW-UP PROBLEMS
Brief Solutions for all Follow-up Problems appear at the end of the chapter.
2.1A Does each of the following scenes best represent an element, a compound, or a mixture?

(C)‘

2.1B Describe the following representation of a reaction in terms of elements, compounds,

and mixtures.
< J
N L e ©
L

SOME SIMILAR PROBLEMS 2.3, 2.4, and 2.9

> Summary of Section 21
> All matter exists as either elements, compounds, or mixtures.
> Every element or compound is a substance, matter with a fixed composition.

> An element consists of only one type of atom and occurs as a collection of individual atoms
or molecules; a molecule consists of two or more atoms chemically bonded together.

> A compound contains two or more elements chemically combined and exhibits different
properties from its component elements. The elements occur in fixed parts by mass because
each unit of the compound has a fixed number of each type of atom. Only a chemical change
can break down a compound into its elements.

> A mixture consists of two or more substances mixed together, not chemically combined. The
components exhibit their individual properties, can be present in any proportion, and can be

separated by physical changes.
m THE OBSERVATIONS THAT LED
TO AN ATOMIC VIEW OF MATTER

Any model of the composition of matter had to explain three so-called mass laws:
the law of mass conservation, the law of definite (or constant) composition, and the
law of multiple proportions.

Mass Conservation

The first mass law, stated by Lavoisier on the basis of his combustion experiments,
was the most fundamental chemical observation of the 18" century:

o Law of mass conservation: the fotal mass of substances does not change during
a chemical reaction.

The number of substances may change and, by definition, their properties must, but the
total amount of matter remains constant. Figure 2.2 illustrates mass conservation because
the lead nitrate and sodium chromate solutions (left) have the same mass as the solid
lead chromate in sodium nitrate solution (7ight) that forms after their reaction.
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Solid lead
chromate in

Lead nitrate + Sodium
solution m4 chromate

solution

—
o
BE o

Figure 2.2 The law of mass conservation.
Source: © McGraw-Hill Education/Stephen Frisch, photographer

Even in a complex biochemical change, such as the metabolism of the sugar
glucose, which involves many reactions, mass is conserved. For example, in the reac-
tion of, say, 180 g of glucose, with oxygen, we have

180 g glucose + 192 g oxygen gas — 264 g carbon dioxide + 108 g water
372 g material before — 372 g material after

Mass conservation means that, based on all chemical experience, matter cannot be
created or destroyed.

To be precise about it, however, we now know, based on the work of Albert Einstein
(1879-1955), that the mass before and after a reaction is not exactly the same. Some
mass is converted to energy, or vice versa, but the difference is too small to measure,
even with the best balance. For example, when 100 g of carbon burns, the carbon dioxide
formed weighs 0.000000036 g (3.6x10™® g) less than the sum of the carbon and oxygen
that reacted. Because the energy changes of chemical reactions are so small, for all
practical purposes, mass is conserved. Later in the text, you’ll see that energy changes
in nuclear reactions are so large that mass changes are easy to measure.

Definite Composition

The sodium chloride in your salt shaker is the same substance whether it comes from
a salt mine in Pakistan, a salt flat in Argentina, or any other source. This fact is
expressed as the second mass law:

o Law of definite (or constant) composition: no matter what its source, a particular
compound is composed of the same elements in the same parts (fractions) by mass.

The fraction by mass (mass fraction) is the part of the compound’s mass that each
element contributes. It is obtained by dividing the mass of each element in the com-
pound by the mass of the compound. The percent by mass (mass percent, mass %)
is the fraction by mass expressed as a percentage (multiplied by 100):

mass of element X in compound A

Mass fraction =
mass of compound A

Mass percent = mass fraction X 100

For an everyday example, consider a box that contains three types of marbles:
yellow ones weigh 1.0 g each, purple 2.0 g each, and red 3.0 g each. Each type makes
up a fraction of the total mass of marbles, 16.0 g. The mass fraction of yellow marbles
is their number times their mass divided by the total mass:

no. of yellow marbles X mass of yellow marbles

Mass fraction of yellow marbles =
total mass of marbles

3 marbtes x 1.0 ¢ / marbte
= 160¢ =0.19 16.0 g marbles
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The mass percent (parts per 100 parts) of yellow marbles is 0.19 x 100 = 19% by
et of 5-all mass. Similarly, the purple marbles have a mass fraction of 0.25 and represent 25%

compound ... g@\ by mass of the total, and the red marbles have a mass fraction of 0.56 and represent
56% by mass of the total.

In the same way, each element in a compound has a fixed mass fraction (and
mass percent). For example, calcium carbonate, the major compound in seashells,
marble, and coral, is composed of three elements—calcium, carbon, and oxygen.
The following results are obtained from a mass analysis of 20.0 g of calcium

No matter what

" carbonate:
CALCIUM CARBONATE X .

40 mass % calcium Analysis by Mass Mass Fraction Percent by Mass

12 mass % carbon _ (grams/20.0 g) (parts/1.00 part) (parts/100 parts)

48 mass % oxygen
8.0 g calcium 0.40 calcium 40% calcium
2.4 g carbon 0.12 carbon 12% carbon
9.6 g oxygen 0.48 oxygen 48% oxygen

200¢g 1.00 part by mass 100% by mass

... its elements

occur in the same .
proportion by mass. The mass of each element depends on the mass of the sample—that is, more than

20.0 g of compound would contain more than 8.0 g of calcium—but the mass fraction
is fixed no matter what the size of the sample. The sum of the mass fractions (or mass
percents) equals 1.00 part (or 100%) by mass. The law of definite composition tells
us that pure samples of calcium carbonate, no matter where they come from, always
contain 40% calcium, 12% carbon, and 48% oxygen by mass (Figure 2.3).

Figure 2.3 The law of definite compo-

sition. Calcium carbonate occurs in many Because a given element always constitutes the same mass fraction of a given
forms (such as marble, top, and coral, compound, we can use that mass fraction to find the actual mass of the element in
bottom). any sample of the compound:

Source: (top): © Punchstock RF; Mass of element = mass of compound X mass fraction

(bottom): © Alexander Cherednichenko/

Shutterstock com Or, more simply, we can skip the need to find the mass fraction first and use the

results of mass analysis directly:

Mass of element in sample

Road Map . mass of element in compound
r Y = mass of compound in sample X (2.1)

Mass (kg) of pitchblende mass of compound

For example, knowing that a 20.0-g sample of calcium carbonate contains 8.0 g of

multiply by mass ratio of uranium . . . .
i calcium, the mass of calcium in a 75.0-g sample of calcium carbonate can be calculated:

to pitchblende from analysis

) 8.0 g calcium

Mass (kg) of uranium Mass (g) of calcium = 75.0 g calcium-earbomnate X 200 - —- = 30.0 g calcium

1kg =1000 g

SAMPLE PROBLEM 2.2 Calculating the Mass of an Element in a Compound

| | |-

Mass (g) of uranium ]

Problem Pitchblende is the most important compound of uranium. Mass analysis of
an 84.2-g sample of pitchblende shows that it contains 71.4 g of uranium, with oxygen
the only other element. How many grams of uranium and of oxygen are in 102 kg of
pitchblende?

Plan We have to find the masses (in g) of uranium and of oxygen in a known mass

(102 kg) of pitchblende, given the mass of uranium (71.4 g) in a different mass of
> pitchblende (84.2 g) and knowing that oxygen is the only other element present. The

Mass (kg) of pitchblende

subtract mass (kg) of uranium

Mass (kg) of oxygen mass ratio of uranium to pitchblende in grams is the same as it is in kilograms.
J Therefore, using Equation 2.1, we multiply the mass (in kg) of the pitchblende sample
kg =1000 g by the ratio of uranium to pitchblende (in kg) from the mass analysis. This gives the

mass (in kg) of uranium, and we convert kilograms to grams. To find the mass of
\ oxygen, the only other element in the pitchblende, we subtract the calculated mass
Mass (g) of oxygen of uranium (in kg) from the given mass of pitchblende (102 kg) and convert

) kilograms to grams.

mPE P
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Solution Finding the mass (kg) of uranium in 102 kg of pitchblende:
mass (kg) of uranium in pitchblende

Mass (kg) of uranium = mass (kg) of pitchblende X mass (kg) of pitchblende

71.4 kg uranium

= 102 kg pitehblende x 842 - _— 86.5 kg uranium

Converting the mass of uranium from kg to g:

Mass (g) of uranium = 86.5 kg uranium X = 8.65%x10* g uranium

Finding the mass (in kg) of oxygen in 102 kg of pitchblende:

Mass (kg) of oxygen = mass (kg) of pitchblende — mass (kg) of uranium
= 102 kg — 86.5 kg = 15.5 kg oxygen

Converting the mass of oxygen from kg to g:

1000 g 4
Mass (g) of oxygen = 15.5 kg oxygen X I ke = 1.55%10" g oxygen

Check The analysis showed that most of the mass of pitchblende is due to uranium, so
the large mass of uranium makes sense. Rounding off to check the math gives

70
~100 kg pitchblende X Pl 82 kg uranium

FOLLOW-UP PROBLEMS

2.2A The mineral “fool’s gold” does not contain any gold; instead it is a compound
composed only of the elements iron and sulfur. A 110.0-g sample of fool’s gold
contains 51.2 g of iron. What mass of sulfur is in a sample of fool’s gold that contains
86.2 g of iron?

2.2B Silver bromide is the light-sensitive compound coated onto black-and-white film. A
26.8-g sample contains 15.4 g of silver, with bromine as the only other element. How
many grams of each element are on a roll of film that contains 3.57 g of silver bromide?

SOME SIMILAR PROBLEMS 2.22-2.25

Multiple Proportions

It’s quite common for the same two elements to form more than one compound—sulfur
and fluorine do this, as do phosphorus and chlorine and many other pairs of elements.
The third mass law we consider applies in these cases:

o Law of multiple proportions: if elements A and B react to form two compounds,
the different masses of B that combine with a fixed mass of A can be expressed as
a ratio of small whole numbers.

Consider two compounds of carbon and oxygen; let’s call them carbon oxides I and
II. These compounds have very different properties: the density of carbon oxide I is
1.25 g/L, whereas that of II is 1.98 g/L; I is poisonous and flammable, but II is not.
Mass analysis shows that

Carbon oxide I is 57.1 mass % oxygen and 42.9 mass % carbon
Carbon oxide II is 72.7 mass % oxygen and 27.3 mass % carbon

To demonstrate the phenomenon of multiple proportions, we use the mass percents
of oxygen and of carbon to find their masses in a given mass, say 100 g, of each com-
pound. Then we divide the mass of oxygen by the mass of carbon in each compound
to obtain the mass of oxygen that combines with a fixed mass of carbon:

Carbon Oxide | Carbon Oxide Il
g oxygen/100 g compound 57.1 72.7
g carbon/100 g compound 429 27.3
g oxygen/g carbon 371 _ 1.33 727 _ 2.66

42.9 273

@ Student Hot Spot

Student data indicate that you may struggle with
using mass fraction to calculate the mass of an
element in a compound. Access the Smartbook to
view additional Learning Resources on this topic.
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If we then divide the grams of oxygen per gram of carbon in II by that in I, we obtain
a ratio of small whole numbers:

2.66 g oxygen/g carboninIl 2
1.33 g oxygen/g carbon in | T

The law of multiple proportions tells us that in two compounds of the same ele-
ments, the mass fraction of one element relative to that of the other element changes
in increments based on ratios of small whole numbers. In this case, the ratio is 2/1—
for a given mass of carbon, compound II contains 2 times as much oxygen as I, not
1.583 times, 1.716 times, or any other intermediate amount. In the next section, we’ll
discuss the model that explained the mass laws on the atomic scale and learn the
identities of the two carbon oxides.

> Summary of Section 2.2

> The law of mass conservation states that the total mass remains constant during a chemical reaction.

> The law of definite composition states that any sample of a given compound has the same
elements present in the same parts by mass.

> The law of multiple proportions states that, in different compounds of the same elements, the
masses of one element that combine with a fixed mass of the other can be expressed as a
ratio of small whole numbers.

DALTON’S ATOMIC THEORY

With over 200 years of hindsight, it may be easy to see how the mass laws could be
explained by the idea that matter exists in indestructible units, each with a particular
mass and set of properties, but it was a major breakthrough in 1808 when John Dalton
(1766-1844) presented his atomic theory of matter.

Postulates of the Atomic Theory

Dalton expressed his theory in a series of postulates, presented here in modern terms:

1. All matter consists of atoms, tiny indivisible units of an element that cannot be
created or destroyed. (This derives from the “eternal, indestructible atoms” pro-
posed by Democritus more than 2000 years earlier and reflects mass conservation
as stated by Lavoisier.)

2. Atoms of one element cannot be converted into atoms of another element. In chem-
ical reactions, the atoms of the original substances recombine to form different sub-
stances. (This rejects the alchemical belief in the magical transmutation of elements.)

3. Atoms of an element are identical in mass and other properties and are different
from atoms of any other element. (This contains Dalton’s major new ideas: unique
mass and properties for the atoms of a given element.)

4. Compounds result from the chemical combination of a specific ratio of atoms of
different elements. (This follows directly from the law of definite composition.)

How the Theory Explains the Mass Laws

Let’s see how Dalton’s postulates explain the mass laws:

* Mass conservation. Atoms cannot be created or destroyed (postulate 1) or con-
verted into other types of atoms (postulate 2). Therefore, a chemical reaction cannot
possibly result in a mass change because atoms are just combined differently.

o Definite composition. A compound is a combination of a specific ratio of different
atoms (postulate 4), each of which has a particular mass (postulate 3). Thus, each
element in a compound must constitute a fixed fraction of the total mass.

e Multiple proportions. Atoms of an element have the same mass (postulate 3) and
are indivisible (postulate 1). The masses of element B that combine with a fixed
mass of element A must give a small, whole-number ratio because different num-
bers of B atoms combine with each A atom in different compounds.
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The simplest arrangement consistent with the mass data for carbon oxides I and
II in our earlier example is that one atom of oxygen combines with one atom of carbon
in compound I (carbon monoxide) and that two atoms of oxygen combine with one
atom of carbon in compound II (carbon dioxide):

Carbon oxide | Carbon oxide I
(carbon monoxide) (carbon dioxide)

Let’s work through a sample problem that reviews the mass laws.

SAMPLE PROBLEM 2.3 Visualizing the Mass Laws

Problem The scenes below represent an atomic-scale view of a chemical reaction:

Which of the mass laws—mass conservation, definite composition, and/or multiple
proportions—is (are) illustrated?

Plan From the depictions, we note the numbers, colors, and combinations of atoms
(spheres) to see which mass laws pertain. If the numbers of each atom are the same before
and after the reaction, the total mass did not change (mass conservation). If a compound
forms that always has the same atom ratio, the elements are present in fixed parts by mass
(definite composition). If the same elements form different compounds and the ratio of the
atoms of one element that combine with one atom of the other element is a small whole
number, the ratio of their masses is a small whole number as well (multiple proportions).

Solution There are seven purple and nine green atoms in each circle, so mass is conserved.
The compound formed has one purple and two green atoms, so it has definite composition.
Only one compound forms, so the law of multiple proportions does not pertain.

FOLLOW-UP PROBLEMS

2.3A The following scenes represent a chemical change. Which of the mass laws is
(are) illustrated?

2.3B Which sample(s) best display(s) the fact that compounds of bromine (orange) and
fluorine (yellow) exhibit the law of multiple proportions? Explain.

B
SOME SIMILAR PROBLEMS 2.14 and 2.15

51
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> Summary of Section 2.3

> Dalton’s atomic theory explained the mass laws by proposing that all matter consists of
indivisible, unchangeable atoms of fixed, unique mass.

> Mass is conserved during a reaction because the atoms retain their identities but are
combined differently.

> Each compound has a fixed mass fraction of each of its elements because it is composed of
a fixed number of each type of atom.

> Different compounds of the same elements exhibit multiple proportions because they each
consist of whole atoms.

m THE OBSERVATIONS THAT LED TO THE
NUCLEAR ATOM MODEL

Dalton’s model established that masses of elements reacting could be explained in terms
of atoms, but it did not account for why atoms bond as they do: why, for example, do
two, and not three, hydrogen atoms bond with one oxygen atom in a water molecule?

Moreover, Dalton’s “billiard-ball” model of the atom did not predict the existence
of subatomic charged particles, which were observed in experiments at the turn of the
20™ century that led to the discovery of electrons and the atomic nucleus. Let’s
examine some of the experiments that resolved questions about Dalton’s model and
led to our current model of atomic structure.

Discovery of the Electron and Its Properties

For many years, scientists had known that matter and electric charge were related.
When amber is rubbed with fur, or glass with silk, positive and negative charges
form—the same charges that make your hair crackle and cling to your comb on a dry
day (see photo). Scientists also knew that an electric current could decompose certain
compounds into their elements. But they did not know what a current was made of.

Cathode Rays To discover the nature of an electric current, some investigators tried
passing it through nearly evacuated glass tubes fitted with metal electrodes. When the
electric power source was turned on, a “ray” could be seen striking the phosphor-
coated end of the tube, which emitted a glowing spot of light. The rays were called
cathode rays because they originated at the negative electrode (cathode) and moved
to the positive electrode (anode).

Figure 2.4 shows some properties of cathode rays based on these observations.
The main conclusion was that cathode rays consist of negatively charged particles

Effect of electric charges.

Source: © McGraw-Hill Education/Bob
Coyle, photographer

Phosphor-coated end of tube

Cathode ray

OBSERVATION = CONCLUSION

@ Ray bends in === Consists of
magnetic field. charged
particles

Evacuated tube
(@) Ray bends toward => Consists of

Cathode positive plate negative
in electric field. particles

Positive plate ®) Ray is identical === Particles
for any cathode. found in

all matter

Figure 2.4 Observations that established the properties of cathode rays.
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found in all matter. The rays become visible as their particles collide with the few
remaining gas molecules in the evacuated tube. Cathode ray particles were later named
electrons. There are many familiar cases of the effects of charged particles colliding
with gas particles or hitting a phosphor-coated screen:

* In a “neon” sign, electrons collide with the gas particles in the tube, causing them
to give off light.

o The aurora borealis, or northern lights (see photo), occurs when Earth’s magnetic
field bends streams of charged particles coming from the Sun, which then collide
with gas particles in the atmosphere to give off light.

« In older televisions and computer monitors, the cathode ray passes back and forth
over the phosphor-coated screen, creating a pattern that we see as a picture. Aurora borealis display.

Source: © Roman Crochuk/Shutterstock.com

Mass and Charge of the Electron Two classic experiments and their conclusion
revealed the mass and charge of the electron:

1. Mass/charge ratio. In 1897, the British physicist J. J. Thomson (1856—1940)
measured the ratio of the mass of a cathode ray particle to its charge. By comparing
this value with the mass/charge ratio for the lightest charged particle in solution,
Thomson estimated that the cathode ray particle weighed less than mIW as much as
hydrogen, the lightest atom! He was shocked because this implied that, contrary to
Dalton’s atomic theory, atoms contain even smaller particles. Fellow scientists reacted
with disbelief to Thomson’s conclusion; some even thought he was joking.

2. Charge. In 1909, the American physicist Robert Millikan (1868-1953) measured
the charge of the electron. He did so by observing the movement of tiny oil droplets
in an apparatus that contained electrically charged plates and an x-ray source (Figure 2.5).
X-rays knocked electrons from gas molecules in the air within the apparatus, and the
electrons stuck to an oil droplet falling through a hole in a positively charged plate.
With the electric field off, Millikan measured the mass of the now negatively charged
droplet from its rate of fall. Then, by adjusting the field’s strength, he made the drop-
let slow and hang suspended, which allowed him to measure its total charge.

After many tries, Millikan found that the total charge of the various droplets was
always some whole-number multiple of a minimum charge. If different oil droplets
picked up different numbers of electrons, he reasoned that this minimum charge

Fine mist of oil is sprayed
into apparatus.

Oil droplets fall
through hole in
positively charged plates

X-rays knock electrons
from air molecules, and
they stick to droplets.

Electrically charged ————— o
plates influence
droplet’s motion.

X-ray
source

Observer times
droplet’s motion and
controls electric field.

Figure 2.5 Millikan’s oil-drop experiment for measuring an electron’s charge. The total charge
on an oil droplet is some whole-number multiple of the charge of the electron.
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A Experiment

Radioactive sample
emits beam of
o particles.

Beam strikes

gold foil. 5

Gold foil

Major deflection:
seen very rarely

Minor deflection:

seen occasionally

must be the charge of the electron itself. Remarkably, the value that he calculated
over a century ago was within 1% of the modern value of the electron’s charge,
—1.602x107" C (C stands for coulomb, the SI unit of charge).

3. Conclusion: calculating the electron’s mass. The electron’s mass/charge ratio,
from work by Thomson and others, multiplied by the value for the electron’s charge
gives the electron’s mass, which is extremely small:

mass 1 ke

c

Mass of electron = x charge = <—5.686><10‘ >(—1.602><10_19 Q)

=9.109x107* kg = 9.109x107 % g

Discovery of the Atomic Nucleus

The presence of electrons in all matter brought up two major questions about the
structure of atoms. Matter is electrically neutral, so atoms must be also. But if atoms
contain negatively charged electrons, what positive charges balance them? And if an
electron has such a tiny mass, what accounts for an atom’s much larger mass? To
address these issues, Thomson proposed his “plum-pudding” model—a spherical atom
composed of diffuse, positively charged matter with electrons embedded in it like
“raisins in a plum pudding.”

In 1910, New Zealand—born physicist Ernest Rutherford (1871-1937) tested this
model and obtained a very unexpected result (Figure 2.6):

1. Experimental design. Figure 2.6A shows the experimental setup, in which tiny,
dense, positively charged alpha (a) particles emitted from radium are aimed at
gold foil. A circular, zinc-sulfide screen registers the deflection (scattering angle)
of the a particles emerging from the foil by emitting light flashes when the par-
ticles strike it.

2. Hypothesis and expected results. With Thomson’s model in mind (Figure 2.6B),
Rutherford expected only minor, if any, deflections of the « particles because they

B Hypothesis: All a particles will go straight
through “plum-pudding” atoms.

Incoming
o particles

=
-

—

Particles strike zinc-sulfide

screen and produce flashes. Almost no

deflection

Cross section of gold foil:
"plum-pudding" atoms

C Actual result: A few a particles undergo

major deflections by nuclear atoms.

Incoming
« particles

N

No deflection:
seen most often

Major Minor
deflection deflection

Cross section of gold foil: atoms with tiny,
massive, positive nucleus

Figure 2.6 Rutherford’s a-scattering experiment and discovery of the atomic nucleus.
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should act as bullets and go right through the gold atoms. After all, he reasoned,
an electron should not be able to deflect an « particle any more than a Ping-Pong
ball could deflect a baseball.

3. Actual results. Initial results were consistent with this hypothesis, but then the unex-
pected happened (Figure 2.6C). As Rutherford recalled: “I remember two or three
days later Geiger [one of his coworkers] coming to me in great excitement and
saying, ‘We have been able to get some of the a particles coming backwards . . .’
It was quite the most incredible event that has ever happened to me in my life. It
was almost as incredible as if you fired a 15-inch shell at a piece of tissue paper
and it came back and hit you.” The data showed very few o particles deflected at
all and only 1 in 20,000 deflected by more than 90° (“coming backwards”).

4. Rutherford’s conclusion. Rutherford concluded that these few a particles were
being repelled by something small, dense, and positive within the gold atoms.
Calculations based on the mass, charge, and velocity of the o particles and the
fraction of these large-angle deflections showed that
* An atom is mostly space occupied by electrons.

* In the center is a tiny region, which Rutherford called the nucleus, that contains
all the positive charge and essentially all the mass of the atom.
He proposed that positive particles lay within the nucleus and called them protons.

Rutherford’s model explained the charged nature of matter, but it could not account
for all the atom’s mass. After more than 20 years, in 1932, James Chadwick (1891-1974)
discovered the neutron, an uncharged dense particle that also resides in the nucleus.

> Summary of Section 2.4

> Several major discoveries at the turn of the 20" century resolved questions about Dalton’s
model and led to our current model of atomic structure.

> Cathode rays were shown to consist of negative particles (electrons) that exist in all matter.
J. J. Thomson measured their mass/charge ratio and concluded that they are much smaller
and lighter than atoms.

> Robert Millikan determined the charge of the electron, which he combined with other data to
calculate its mass.

> Ernest Rutherford proposed that atoms consist of a tiny, massive, positively charged nucleus
surrounded by electrons.

THE ATOMIC THEORY TODAY

Dalton’s model of an indivisible particle has given way to our current model of an
atom with an elaborate internal architecture of subatomic particles.

Structure of the Atom

An atom is an electrically neutral, spherical entity composed of a positively charged
central nucleus surrounded by one or more negatively charged electrons (Figure 2.7,
next page). The electrons move rapidly within the available volume, held there by
the attraction of the nucleus. (To indicate their motion, they are often depicted as
a cloudy blur of color, darkest around a central dot—the nucleus—and becoming
paler toward the outer edge.) An atom’s diameter (~1x107"° m) is about 20,000
times the diameter of its nucleus (~5x10™"> m). The nucleus contributes 99.97% of
the atom’s mass, but occupies only about 1 quadrillionth of its volume, so it is
incredibly dense: about 10" g/mL! »

An atomic nucleus consists of protons and neutrons (the only exception is the
simplest nucleus, that of hydrogen, which is just a proton). The proton (p*) has a
positive charge, and the neutron (n’) has no charge; thus, the positive charge of
the nucleus results from its protons. The magnitudes of the charges possessed by a
proton and by an electron (e™) are equal, but the signs of the charges are opposite.
An atom is neutral because the number of protons in the nucleus equals the number
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The Tiny, Massive Nucleus

A few analogies can help you grasp
the incredible properties of the atomic
nucleus. A nucleus the size of the
period at the end of a sentence
would weigh about 100 tons, as much
as 50 cars! An atom the size of the
Houston Astrodome would have a
nucleus the size of a green pea that
would contain virtually all the stadi-
um’s mass. If the nucleus were about
1 cm in diameter, the atom would be
about 200 m across, or more than the
length of two football fields!
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Approximately 1100 m — | Approximately 5x107°m

Nucleus

¥
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Electrons, e |

(positive charge) /
(negative charge) J

Neutron, no
(no charge)

Nucleus

Figure 2.7 General features of the atom.

of electrons surrounding the nucleus. Some properties of these three subatomic
particles are listed in Table 2.2.

Atomic Number, Mass Number, and Atomic Symbol

The atomic number (Z) of an element equals the number of protons in the nucleus
of each of its atoms. All atoms of an element have the same atomic number, and the
atomic number of each element is different from that of any other element. All carbon
atoms (Z = 6) have 6 protons, all oxygen atoms (Z = 8) have 8 protons, and all
uranium atoms (Z = 92) have 92 protons. There are currently 118 known elements,
of which 90 occur in nature and 28 have been synthesized by nuclear scientists.

The mass number (A) is the total number of protons and neutrons in the nucleus
of an atom. Each proton and each neutron contributes one unit to the mass number.
Thus, a carbon atom with 6 protons and 6 neutrons in its nucleus has a mass number
of 12, and a uranium atom with 92 protons and 146 neutrons in its nucleus has a mass
number of 238.

The atomic symbol (or element symbol) of an element is based on its English,
Latin, or Greek name, such as C for carbon, S for sulfur, and Na for sodium (Latin
natrium). Often written with the symbol are the atomic number (Z) as a left subscript
and the mass number (A) as a left superscript, so element X would be X (Figure 2.8A).
Since the mass number is the sum of protons and neutrons, the number of neutrons ()
equals the mass number minus the atomic number:

Number of neutrons = mass number — atomic number, or N=A —-Z (2.2)

Thus, a chlorine atom, symbolized ;5Cl, has A = 35, Z =17, and N = 35 — 17 = 18.
Because each element has its own atomic number, we also know the atomic number
from the symbol. For example, instead of writing '2C for carbon with mass number 12,
we can write '2C (spoken “carbon twelve”), with Z = 6 understood. Another way to
name this atom is carbon-12.

Table 2.2 Properties of the Three Key Subatomic Particles

Charge Mass
Name (Symbol) Relative Absolute (C)* Relative (amu)* Absolute (g) Location in Atom
Proton (p*) 1+ +1.60218x107" 1.00727 1.67262x10~2 Nucleus
Neutron (n° 0 1.00866 1.67493x10™%* Nucleus
Electron (e”) 1- —-1.60218x107" 0.00054858 9.10939x107# Outside nucleus

*The coulomb (C) is the Sl unit of charge.

The atomic mass unit (amu) equals 1.66054x1072* g; discussed later in this section.
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Isotopes Mass
number |
All atoms of an element have the same atomic number but not the same mass number. e+ [ A Atomic
Isotopes of an element are atoms that have different numbers of neutrons and there- somic | 7 | symbol
fore different mass numbers. Most elements occur in nature in a particular isotopic number —|

composition, which specifies the proportional abundance of each of its isotopes. For A (p")
example, all carbon atoms (Z = 6) have 6 protons and 6 electrons, but only 98.89%
of naturally occurring carbon atoms have 6 neutrons (A = 12). A small percentage
(1.11%) have 7 neutrons (A = 13), and even fewer (less than 0.01%) have 8 (A = 14).
These are carbon’s three naturally occurring isotopes—'*C, °C, and '*C. A natural
sample of carbon has these three isotopes in these relative proportions. Five other
carbon isotopes—gc, 19c, "¢, BC, and '%C—have been created in the laboratory.
Figure 2.8B depicts the atomic number, mass number, and symbol for four atoms,
two of which are isotopes of the element uranium.

A key point is that the chemical properties of an element are primarily determined
by the number of electrons, so all isotopes of an element have nearly identical chemi-
cal behavior, even though they have different masses.

12
6

16
8

An atom of oxygen-16

. 92e”

Determining the Numbers of Subatomic Particles

SAMPLE PROBLEM 2.4 in the Isotopes of an Element

235
92

Problem Silicon (Si) is a major component of semiconductor chips. It has three
naturally occurring isotopes: “*Si, *’Si, and *°Si. Determine the numbers of protons,
electrons, and neutrons in an atom of each silicon isotope.

Plan The mass number (A; left superscript) of each of the three isotopes is given, which
is the sum of protons and neutrons. From the List of Elements on the text’s inside front
cover, we find the atomic number (Z, number of protons), which equals the number of
electrons. We obtain the number of neutrons by subtracting Z from A (Equation 2.2).

An atom of uranium-235
. 92e-
y e

Solution From the elements list, the atomic number of silicon is 14. Therefore,

238
92

Si has 14p*, 14e”, and 14n°(28 — 14)
»Si has 14p*, 14e”, and 15n°(29 — 14) '
0Si has 14p™, 14e”, and 16n°(30 — 14) B An atom of Granium-238

Figure 2.8 Atom notation. A, The
FOLLOW-UP PROBLEMS meaning of the 5X notation. B, Notations
2.4A Titanium, the ninth most abundant element, is used structurally in many objects, and spherical representations for four
such as electric turbines, aircraft bodies, and bicycle frames. It has five naturally atoms. (The nuclei are not drawn to scale.)
occurring isotopes: “°Ti, *'Ti, **Ti, “Ti, and *°Ti. How many protons, electrons, and
neutrons are in an atom of each isotope?

2.4B How many protons, electrons, and neutrons are in an atom of each of the following,
and which elements are represented by Q, R, and X? (a) 151Q (b) g(l,R (c) %X

SOME SIMILAR PROBLEMS 2.39-2.42

Atomic Masses of the Elements

The mass of an atom is measured relative to the mass of an atomic standard. The
modern standard is the carbon-12 atom, whose mass is defined as exactly 12 atomic
mass units. Thus, the atomic mass unit (amu) is ﬁ the mass of a carbon-12 atom.
Based on this standard, the 'H atom has a mass of 1.008 amu; in other words, a 2c
atom has almost 12 times the mass of an 'H atom. We will continue to use the term
atomic mass unit in the text, although the name of the unit has been changed to the
dalton (Da); thus, one '>C atom has a mass of 12 daltons (12 Da, or 12 amu). The
atomic mass unit is a relative unit of mass, but it is equivalent to an absolute mass
of 1.66054x107%* g.
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Finding Atomic Mass from Isotopic Composition The isotopic composition of an
element is determined by mass spectrometry, a method for measuring the relative
masses and abundances of atomic-scale particles very precisely (see the Tools of the
Laboratory essay at the end of this section). For example, using a mass spectrometer,
we measure the mass ratio of **Si to '*C as

Mass of 28Si atom
Mass of 12C standard

= 2.331411

From this mass ratio, we find the isotopic mass of the 28Gi atom, the mass of this
silicon isotope relative to that of '*C:

Isotopic mass of **Si = measured mass ratio X mass of '*C
= 2.331411 x 12 amu = 27.97693 amu

Along with the isotopic mass, the mass spectrometer gives the relative abundance
as a percentage (or fraction) of each isotope in a sample of the element. For
example, the relative abundance of 28 is 92.23% (or 0.9223), which means that
92.23% of the silicon atoms in a naturally occurring sample of silicon have a mass
number of 28.

From such data, we can obtain the atomic mass (also called atomic weight) of
an element, the average of the masses of its naturally occurring isotopes weighted
according to their abundances. Each naturally occurring isotope of an element con-
tributes a certain portion to the atomic mass. For instance, multiplying the isotopic
mass of *Si by its fractional abundance gives the portion of the atomic mass of Si
contributed by **Si:

Portion of Si atomic mass from 28Si = 27.97693 amu X 0.9223 = 25.8031 amu
(retaining two additional significant figures)

Similar calculations give the portions contributed by *’Si with a relative abundance
of 4.67% (28.976495 amu x 0.0467 = 1.3532 amu) and by *°Si with a relative
abundance of 3.10% (29.973770 amu X 0.0310 = 0.9292 amu). Adding the three
portions together (rounding to two decimal places at the end) gives the atomic mass
of silicon:

Atomic mass of Si = 25.8031 amu + 1.3532 amu + 0.9292 amu
= 28.0855 amu = 28.09 amu

Thus, the average atomic mass of an element can be calculated by multiplying the
mass of each naturally occurring isotope by its fractional abundance and summing
those values:

Atomic mass = X(isotopic mass)(fractional abundance of isotope) (2.3)

where the fractional abundance of an isotope is the percent natural abundance of the
isotope divided by 100.

The atomic mass is an average value; that is, while no individual silicon atom
has a mass of 28.09 amu, in the laboratory, we consider a sample of silicon to consist
of atoms with this average mass.

SAMPLE PROBLEM 2.5 Calculating the Atomic Mass of an Element

Problem Silver (Ag; Z = 47) has 46 known isotopes, but only two occur naturally,
lO7Ag and 1OgAg. Given the following data, calculate the atomic mass of Ag:

Isotope Mass (amu) Abundance (%)

Ag 106.90509 51.84
1©Ag 108.90476 48.16



https://iranchembook.ir/edu

iranchembook.ir/edu

2.5 . The Atomic Theory Today 59
Plan From the mass and abundance of the two Ag isotopes, we have to find the atomic Road Map
mass of Ag (weighted average of the isotopic masses). We divide each percent abundance
by 100 to get the fractional abundance and then multiply that by each isotopic mass to Mass (amu) of each isotope

find the portion of the atomic mass contributed by each isotope. The sum of the isotopic
portions is the atomic mass (Equation 2.3).

multiply by fractional abundance

Solution Finding the fractional abundances: of each isotope
Fractional abundance of 'Ag = 51.84/100 = 0.5184; similarly, 'Ag = 0.4816 Portion of atomic mass )
Finding the portion of the atomic mass from each isotope: from each isotope J
Portion of atomic mass from 'Ag = isotopic mass x fractional abundance add isotopic portions
= 106.90509 amu X 0.5184 = 55.42 amu ~
Portion of atomic mass from '“Ag = 108.90476 amu x 0.4816 = 52.45 amu [ Atomic mass

Finding the atomic mass of silver:
Atomic mass of Ag = 55.42 amu + 52.45 amu = 107.87 amu
Or, in one step using Equation 2.3:

Atomic mass of Ag = (isotopic mass of '’ Ag)(fractional abundance of '“’Ag)

+ (isotopic mass of 109Ag)(fractional abundance of 1OgAg)
(106.90509 amu)(0.5184) + (108.90476 amu)(0.4816)
= 107.87 amu

Check The individual portions seem right: ~100 amu X 0.50 = 50 amu. The portions
should be almost the same because the two isotopic abundances are almost the same.
We rounded each portion to four significant figures because that is the number of
significant figures in the abundance values. This is the correct atomic mass (to two
decimal places); in the List of Elements (inside front cover), it is rounded to 107.9 amu.

FOLLOW-UP PROBLEMS

2.5A Neon, a gas found in trace amounts in air, emits light in the visible range when
electricity is passed through it. Use the isotopic abundance data from the Tools of the
Laboratory essay at the end of this section and the following isotopic masses to
determine the atomic mass of neon: *’Ne has a mass of 19.99244 amu, >'Ne has a mass
of 20.99385 amu, and **Ne has a mass of 21.99139 amu.

2.5B Boron (B; Z = 5) has two naturally occurring isotopes. Find the percent abundances
of '°B and "'B given these data: atomic mass of B = 10.81 amu, isotopic mass of '’B =
10.0129 amu, and isotopic mass of "B = 11.0093 amu. (Hint: The sum of the fractional
abundances is 1. If x = abundance of '°B, then 1 — x = abundance of 11B.)

SOME SIMILAR PROBLEMS 2.47-2.50

The Atomic-Mass Interval From the time Dalton proposed his atomic theory
through much of the 20" century, atomic masses were considered constants of nature,
like the speed of light. However, in 1969, the International Union of Pure and
Applied Chemistry (IUPAC) rejected this idea because results from more advanced
mass spectrometers showed consistent variations in isotopic composition from source
to source.

In 2009, ITUPAC proposed that an atomic-mass interval be used for 10 elements
with exceptionally large variations in isotopic composition: hydrogen (H), lithium
(Li), boron (B), carbon (C), nitrogen (N), oxygen (O), silicon (Si), sulfur (S), chlorine
(Cl), and thallium (Th). For example, because the isotopic composition of hydrogen
from oceans, rivers, and lakes, from various minerals, and from organic sediments
varies so much, its atomic mass is now given as the interval [1.00784; 1.00811], which
means that the mass is greater than or equal to 1.00784 and less than or equal to
1.00811. It’s important to realize that the mass of any given isotope of an element is
constant, but the proportion of isotopes varies from source to source.


https://iranchembook.ir/edu

iranchembook.ir/edu

TOOLS OF THE
LABORATORY

ass spectrometry is a powerful technique for

measuring the mass and abundance of charged
particles from their mass/charge ratio (m/e). When a
high-energy electron collides with a particle, say, an
atom of neon-20, one of the atom’s electrons is
knocked away and the resulting particle has one posi-
tive charge, Ne* (Figure B2.1). Thus, its m/e equals
the mass divided by 1+.

Figure B2.2, part A, depicts the core of one type
of mass spectrometer. The sample is introduced (and
vaporized if liquid or solid), then bombarded by high-
energy electrons to form positively charged particles, in
this case, of the different neon isotopes. These are at-
tracted toward a series of negatively charged plates with slits in
them. Some particles pass through the slits into an evacuated tube
exposed to a magnetic field. As the particles enter this region,
their paths are bent, the lightest particles (lowest m/e) are de-
flected most and the heaviest particles (highest m/e) least. At the
end of the magnetic region, the particles strike a detector, which
records their relative positions and abundances (Figure B2.2, parts
B and C).

Mass spectrometry is now employed to measure the mass of
virtually any atom, molecule, or molecular fragment. The tech-
nique is being used to study catalyst surfaces, forensic materials,
fuel mixtures, medicinal agents, and many other samples, espe-
cially proteins (Figure B2.2, part D); in fact, John B. Fenn and
Koichi Tanaka shared part of the 2002 Nobel Prize in chemistry
for developing methods to study proteins by mass spectrometry.

neon atom.

An electron
is knocked

Figure B2.1

Lightest particles \

Electron beam knocks
electrons from atoms
(see Figure B2.1).

Sample enters
chamber and is
vaporized (if
necessary).

Charged particle beam

Heater

rr
Electron source ’

Electric field accelerates particles
toward magnetic region.

High-energy electron
collides with a

\ ource of
h-energy
rons
|

from the atom.

Mass Spectrometry

Positively charged neon
particle, Ne*, resuits.

9e”

20Ne

2ONe*
m/e =19.992435

away

Formation of a positively charged neon particle (Ne*).

PROBLEMS

B2.1 Chlorine has two naturally occurring isotopes, *>CI (abun-

dance 76%) and *'Cl (abundance 24%), and it occurs as diatomic

(two-atom) molecules. In a mass spectrum, peaks are seen for the

molecule and for the separated atoms.

a. How many peaks are in the mass spectrum?

b. What is the m/e value for the heaviest particle and for the
lightest particle?

B2.2 When a sample of pure carbon is analyzed by mass spec-
trometry, peaks X, Y, and Z are obtained. Peak Y is taller than X
and Z, and Z is taller than X. What is the m/e value of the isotope
responsible for peak Z?

Detecto .
5 r21 N Figure B2.2 The mass spec-
20Nt he trometer and its data. A, Particles
are separated by their m/e values.

B, The relative abundances of three
Ne isotopes. C, The percent abun-
dance of each isotope. D, The mass
spectrum of a protein molecule.
Each peak represents a molecular
fragment. Source: © James King-
Holmes/Oxford Centre for Molecu-
lar Sciences/Science Source.

227\t

Heaviest particles

Magnetic field separates particles
by their mass/charge ratio.
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The atomic-mass interval is important for very precise work, but because this text
uses four significant figures for atomic masses in calculations—for example, 1.008 amu
for the atomic mass of H—the change does not affect our discussions (see the List
of Elements inside the front cover). Also, such small differences in composition do
not overturn the basic idea of the law of definite composition: elements occur in a
fixed proportion by mass in a compound, no matter what the source (Section 2.2).

> Summary of Section 2.5

> An atom has a central nucleus, which contains positively charged protons and uncharged
neutrons and is surrounded by negatively charged electrons. An atom is neutral because
the number of electrons equals the number of protons.

> An atom is represented by the notation X, in which Z is the atomic number (number
of protons), A the mass number (sum of protons and neutrons), and X the atomic
symbol.

> An element occurs naturally as a mixture of isotopes, atoms with the same number of
protons but different numbers of neutrons. Each isotope has a mass relative to the "C
mass standard.

> The atomic mass of an element is the average of its isotopic masses weighted according to
their natural abundances. It is determined using a mass spectrometer.

ELEMENTS: A FIRST LOOK

I AT THE PERIODIC TABLE

At the end of the 18" century, Lavoisier compiled a list of the 23 elements known at
that time; by 1870, 65 were known; by 1925, 88; today, there are 118! By the mid-
19™ century, enormous amounts of information concerning reactions, properties, and
atomic masses of the elements had been accumulated. Several researchers noted recur-
ring, or periodic, patterns of behavior and proposed schemes to organize the elements
according to some fundamental property.

In 1871, the Russian chemist Dmitri Mendeleev (1836-1907) published the
most successful of these organizing schemes as a table of the elements listed by
increasing atomic mass and arranged so that elements with similar chemical proper-
ties fell in the same column. The modern periodic table of the elements, based
on Mendeleev’s version (but arranged by atomic number, not mass), is one of the
great classifying schemes in science and an indispensable tool to chemists—and
chemistry students.

Organization of the Periodic Table One common version of the modern periodic table
appears inside the front cover and in Figure 2.9 (next page). It is formatted as follows:

1. Each element has a box that contains its atomic number, atomic symbol, and atomic
mass. (A mass in parentheses is the mass number of the most stable isotope of that
element.) The boxes lie, from left to right, in order of increasing atomic number
(number of protons in the nucleus).

2. The boxes are arranged into a grid of periods (horizontal rows) and groups (ver-
tical columns). Each period has a number from 1 to 7. Each group has a number
from 1 to 8 and either the letter A or B. A newer system, with group numbers
from 1 to 18 but no letters, appears in parentheses under the number-letter desig-
nations. (The text uses the number-letter system and shows the newer group num-
ber in parentheses.)

3. The eight A groups (two on the left and six on the right) contain the main-group
elements. The ten B groups, located between Groups 2A(2) and 3A(13), contain
the transition elements. Two horizontal series of inner transition elements, the
lanthanides and the actinides, fit between the elements in Group 3B(3) and Group
4B(4) and are placed below the main body of the table.
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MAIN-GROUP MAIN-GROUP
ELEMENTS ELEMENTS
" r “ N
1A 8A
m (18)
! / [ Metals (mai 2
4 ——— Atomic number etals (main-group)
1 1C|)-(|)8 2A // [ Metals (transition) 3A 4A 5A 6A 7A 4%33
. @ Be | Atomic symbol [ Metals (inner transition) (13) | (4 | (15) | (1§ | (1) |+
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Figure 2.9 The modern periodic table.

Classifying the Elements One of the clearest ways to classify the elements is as
metals, nonmetals, and metalloids. The “staircase” line that runs from the top of
Group 3A(13) to the bottom of Group 6A(16) is a dividing line:

The metals (three shades of blue in Figure 2.9) lie in the large lower-left portion of
the table. About three-quarters of the elements are metals, including many main-group
elements and all the transition and inner transition elements. They are generally shiny
solids at room temperature (mercury is the only liquid) that conduct heat and electric-
ity well. They can be tooled into sheets (are malleable) and wires (are ductile).

The nonmetals (yellow) lie in the small upper-right portion of the table (with the
exception of the nonmetal hydrogen in the upper-left corner). They are generally
gases or dull, brittle solids at room temperature (bromine is the only liquid) and
conduct heat and electricity poorly.

The metalloids (green; also called semimetals), which lie along the staircase line,
have properties between those of metals and nonmetals.

Figure 2.10 shows examples of these three classes of elements.

1.

2.

Two major points to keep in mind:

In general, elements in a group have similar chemical properties, and elements in
a period have different chemical properties.

Despite the classification of elements into three types, in reality, there is a grada-
tion in properties from left to right and top to bottom.
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Cadmium

Copper (= 48?, - Lead

(2=29) = SS9 (z=82)

7 —
Chromium RS — __ Bismuth
(Z=24) = — (Z=83)

METALS

Arsenic
(Z=33)

Silicon Antimony Chlorine Bromine
(Z_: 14) (Z=151) (Z=17) (Z=35)

Tellurium Sulfur
(Z=52) (Z=16)

Carbgn D : lodine
(graphite) - (Z=53)

Z=6)

METALLOIDS : NONMETALS

Figure 2.10 Some metals, metalloids, and nonmetals. Source: © McGraw-Hill Education/Stephen Frisch, photographer

It is important to learn some of the group (family) names:

* Group 1A(1) (except for hydrogen)—alkali metals (reactive metals)
o Group 2A(2)—alkaline earth metals (reactive metals)

o Group 7A(17)—halogens (reactive nonmetals)

* Group 8A(18)—noble gases (relatively nonreactive nonmetals)

Other main groups [3A(13) to 6A(16)] are often named for the first element in the
group; for example, Group 6A(16) is the oxygen family.

Two of the major branches of chemistry have traditionally been defined by the
elements that each studies. Organic chemistry studies the compounds of carbon, spe-
cifically those that contain hydrogen and often oxygen, nitrogen, and a few other
elements. This branch is concerned with fuels, drugs, dyes, and the like. Inorganic
chemistry, on the other hand, focuses on the compounds of all the other elements and
is concerned with catalysts, electronic materials, metal alloys, mineral salts, and the
like. With the explosive growth in biomedical and materials sciences, the line between
these branches has, in practice, virtually disappeared.

SAMPLE PROBLEM 2.6 Identifying an Element from Its Z Value

Problem From each of the following Z values, give the name, symbol, and group
and period numbers of the element, and classify it as a main-group metal, transition
metal, inner transition metal, nonmetal, or metalloid: (a) Z = 38; (b) Z = 17;

(¢) Z=1217.

Plan The Z value is the atomic number of an element. The List of Elements inside the
front cover is alphabetical, so we look up the name and symbol of the element. Then
we use the periodic table to find the group number (top of the column) and the period
number (left end of the row) in which the element is located. We classify the element
from the color coding in the periodic table.
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Solution

(a) Strontium, Sr, is in Group 2A(2) and Period 5, and it is a main-group metal.

(b) Chlorine, Cl, is in Group 7A(17) and Period 3, and it is a nonmetal.

(c) Cobalt, Co, is in Group 8B(9) and Period 4, and it is a transition metal.

Check You can work backwards by starting at the top of the group and moving down
to the period to check that you get the correct Z value.

Comment Strontium is one of the alkaline earth metals, and chlorine is a halogen.
FOLLOW-UP PROBLEMS

2.6A Identify each of the following elements from its Z value; give the name, symbol,
and group and period numbers, and classify it as a main-group metal, transition metal,
inner transition metal, nonmetal, or metalloid: (a) Z = 14; (b) Z = 55; (¢) Z = 54.

2.6B Identify each of the following elements from its Z value; give the name, symbol,
and group and period numbers, and classify it as a main-group metal, transition metal,
inner transition metal, nonmetal, or metalloid: (a) Z = 12; (b) Z = 7; (¢) Z = 30.

SOME SIMILAR PROBLEMS 2.56 and 2.57

> Summary of Section 2.6

> In the periodic table, the elements are arranged by atomic number into horizontal periods
and vertical groups.

> Nonmetals appear in the upper-right portion of the table, metalloids lie along a staircase line,
and metals fill the rest of the table.

> Elements within a group have similar behavior, whereas elements within a period have
dissimilar behavior.

m COMPOUNDS: INTRODUCTION

TO BONDING

Aside from a few exceptions, the overwhelming majority of elements occur in nature
in compounds combined with other elements. Only a few elements occur free in
nature. The noble gases—helium (He), neon (Ne), argon (Ar), krypton (Kr), xenon
(Xe), and radon (Rn)—occur in air as separate atoms. In addition to occurring in
compounds, oxygen (O), nitrogen (N), and sulfur (S) occur in their most common
elemental form as the molecules O,, N,, and Sg, and carbon (C) occurs in vast, nearly
pure deposits of coal. And some metals—copper (Cu), silver (Ag), gold (Au), and
platinum (Pt)—are also sometimes found uncombined.

Elements combine in two general ways, and both involve the electrons of the
atoms of interacting elements:

1. Transferring electrons from atoms of one element to atoms of another to form ionic
compounds
2. Sharing electrons between atoms of different elements to form covalent compounds

These processes generate chemical bonds, the forces that hold the atoms together in
a compound. This section introduces compound formation, which we’ll discuss in
much more detail in later chapters.

The Formation of lonic Compounds

Ionic compounds are composed of ions, charged particles that form when an atom
(or small group of atoms) gains or loses one or more electrons. The simplest type of
ionic compound is a binary ionic compound, one composed of ions of two elements.
It typically forms when a metal reacts with a nonmetal:

* Each metal atom loses one or more electrons and becomes a cation, a positively
charged ion.

* Each nonmetal atom gains one or more of the electrons lost by the metal atom and
becomes an anion, a negatively charged ion.



https://iranchembook.ir/edu

iranchembook.ir/edu

2.7 - Compounds: Introduction to Bonding

In effect, the metal atoms transfer electrons to the nonmetal atoms. The resulting
large numbers of oppositely charged cations and anions attract each other by electro-
static forces and form the ionic compound. A cation or anion derived from a single
atom is called a monatomic ion; we’ll discuss polyatomic ions, those derived from
a small group of atoms, later.

The Case of Sodium Chloride All binary ionic compounds are solid arrays of oppo-
sitely charged ions. The formation of the binary ionic compound sodium chloride,
common table salt, from its elements is depicted in Figure 2.11. In the electron transfer,
a sodium atom loses one electron and forms a sodium cation, Na™. (The charge on the
ion is written as a right superscript. For a charge of 1+ or 1—, the 1 is not written; for
charges of larger magnitude, the sign is written affer the number: 2+.) A chlorine atom
gains the electron and becomes a chloride anion, Cl". (The name change when the
nonmetal atom becomes an anion is discussed in Section 2.8.) The oppositely charged
ions (Na™ and CI") attract each other, and the similarly charged ions (Na* and Na*, or
CI” and CI") repel each other. The resulting solid aggregation is a regular array of
alternating Na* and C1 ions that extends in all three dimensions. Even the tiniest vis-
ible grain of table salt contains an enormous number of sodium and chloride ions.

Coulomb’s Law The strength of the ionic bonding depends to a great extent on the
net strength of these attractions and repulsions and is described by Coulomb’s law,
which can be expressed as follows: the energy of attraction (or repulsion) between
two particles is directly proportional to the product of the charges and inversely
proportional to the distance between them.

charge 1 X charge 2

Energy «
24 distance

In other words, as is summarized in Figure 2.12 (next page),

* lons with higher charges attract (or repel) each other more strongly than do ions
with lower charges.

* Smaller ions attract (or repel) each other more strongly than do larger ions, because
the charges are closer to each other.

Predicting the Number of Electrons Lost or Gained Ionic compounds are neutral
because they contain equal numbers of positive and negative charges. Thus, there are
equal numbers of Na* and CI~ ions in sodium chloride, because both ions are singly
charged. But there are two Na® ions for each oxide ion, 0”7, in sodium oxide because
it takes two 1+ ions to balance one 2— ion.

Can we predict the number of electrons a given atom will lose or gain when it
forms an ion? For A-group elements, we usually find that metal atoms lose electrons
and nonmetal atoms gain electrons to form ions with the same number of electrons
as in an atom of the nearest noble gas [Group 8A(18)]. Noble gases have a stability
that is related to their number (and arrangement) of electrons. Thus, a sodium atom
(11e7) can attain the stability of a neon atom (10e”), the nearest noble gas, by losing
one electron. Similarly, a chlorine atom (17¢7) attains the stability of an argon atom
(18e7), its nearest noble gas, by gaining one electron. Thus, in general, when an ele-
ment located near a noble gas forms a monatomic ion,

* Metals lose electrons: elements in Group 1A(1) lose one electron, elements in
Group 2A(2) lose two, and aluminum in Group 3A(13) loses three.

* Nonmetals gain electrons: elements in Group 7A(17) gain one electron, oxygen
and sulfur in Group 6A(16) gain two, and nitrogen in Group 5A(15) gains three.

Figure 2.11 The formation of an ionic compound. A, The two elements as seen in the labora-
tory. B, The elements on the atomic scale. C, The electron transfer from Na atom to Cl atom to
form Na“ and CI” ions, shown schematically. D, Countless Na" and CI” ions attract each other and
form a regular three-dimensional array. E, Crystalline NaCl occurs naturally as the mineral halite.
Source: A(1-2), E: © McGraw-Hill Education/Stephen Frisch, photographer
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A o In the periodic table in Figure 2.9, it looks like the elements in Group 7A(17)
2:::7127;: ::g:z::: - are “closer” to the noble gases than th.e elements in Group 1A(1). Ip truth, both groups
v 22 are only one electron away from having the number of electrons in the nearest noble

gas. Figure 2.13 shows a periodic table of monatomic ions that has the left and right
sides joined so that it forms a cylinder. Note that fluorine (F; Z = 9) has one electron
fewer than the noble gas neon (Ne; Z = 10) and sodium (Na; Z = 11) has one electron
more; thus, they form the F~ and Na* ions. Similarly, oxygen (O; Z = 8) gains two
a 3 a d electrons and magnesium (Mg; Z = 12) loses two to form the O*~ and Mg** ions and
attain the same number of electrons as neon. In Figure 2.13, species in a row have
the same number of electrons.

Attraction increases
as size decreases.

Figure 2.12 Factors that influence the
strength of ionic bonding.

SAMPLE PROBLEM 2.7 Predicting the lon an Element Forms

Species in a row
(e.g., S%~, CI~, Ar, K*, Ca??)

have ”;e 7‘""9 number Problem What monatomic ions would you expect the following elements to form?
of electrons.

(a) Iodine (Z = 53) (b) Calcium (Z = 20) (¢) Aluminum (Z = 13)

Plan We use the given Z value to find the element in the periodic table and see where
its group lies relative to the noble gases. Elements in Groups 1A, 2A, and 3A lose
electrons to attain the same number as the nearest noble gas and become positive ions;
those in Groups 5A, 6A, and 7A gain electrons and become negative ions.

_.g/

[ [ [ [#[

Solution (a) I" Iodine (s3]) is in Group 7A(17), the halogens. Like any member of this
group, it gains 1 electron to attain the same number as the nearest Group 8A(18)
member, in this case, s;Xe.

(b) Ca%* Calcium (,0Ca) is in Group 2A(2), the alkaline earth metals. Like any Group 2A
member, it loses 2 electrons to attain the same number as the nearest noble gas, gAr.
(¢) A" Aluminum (13Al) is a metal in the boron family [Group 3A(13)] and thus loses
3 electrons to attain the same number as its nearest noble gas, oNe.

FOLLOW-UP PROBLEMS

Figure 2.13 The relationship between 2.7A What monatomic ion would you expect each of the following elements to form:
the ion an element forms and the nearest (@) 16S; (b) 1;Rb; (¢) ssBa?
noble gas.

2.7B What monatomic ion would you expect each of the following elements to form:
(@) 35St (b) 5O; (¢) 55Cs?
SOME SIMILAR PROBLEMS 2.70 and 2.71

Atoms far apart: No interactions. The Formation of Covalent Substances
Covalent substances form when atoms of elements share electrons, which usually
e occurs between nonmetals.
ey Covalent Bonding in Elements and Some Simple Compounds The simplest
. case of electron sharing occurs not in a compound but in elemental hydrogen, between
Atoms closer: Attractions (green arrows) two hydrogen atoms (H; Z = 1). Imagine two separated H atoms approaching each

between nucleus of one atom and electron .
of the other increase. Repulsions between other (Figure 2.14). As they get closer, the nucleus of each atom attracts the electron

nuclei and between electrons are very weak.  of the other atom more and more strongly. As the separated atoms begin to interpen-
etrate each other, repulsions between the nuclei and between the electrons begin to

’e\— increase. At some optimum distance between the nuclei, the two atoms form a
p@+ covalent bond, a pair of electrons mutually attracted by the two nuclei. The result is
< a hydrogen molecule, in which each electron no longer “belongs” to a particular H

atom: the two electrons are shared by the two nuclei. A sample of hydrogen gas

Optimum distance: H> molecule forms consists of these diatomic molecules (H,)—pairs of atoms that are chemically bound,

because attractions (green arrows) balance each pair behaving as a unit—not separate H atoms. Figure 2.15 shows other nonmet-
repulsions (red arrows). als that exist as molecules at room temperature.
Figure 2.14 Formation of a covalent Atoms of different elements share electrons to form the molecules of a covalent

bond between two H atoms. compound. A sample of hydrogen fluoride, for example, consists of molecules in
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Figure 2.15 Elements that occur as
molecules.

which one H atom forms a covalent bond with one F atom; water consists of mole-
cules in which one O atom forms covalent bonds with two H atoms:

Hydrogen fluoride, HF .

Water, HZO

Distinguishing the Entities in Covalent and lonic Substances There are two key
distinctions between the chemical entities in covalent substances and those in ionic

substances.

1. Most covalent substances consist of molecules. A cup of water, for example, consists
of individual water molecules lying near each other. In contrast, under ordinary con-
ditions, there are no molecules in an ionic compound. A piece of sodium chloride,
for example, is a continuous array in three dimensions of oppositely charged sodium

and chloride ions, not a collection of individual sodium chloride “molecules.”

2. The nature of the particles attracting each other in covalent and in ionic substances
is fundamentally different. Covalent bonding involves the mutual attraction between
two (positively charged) nuclei and the two (negatively charged) electrons that
reside between them. Ionic bonding involves the mutual attraction between positive

and negative ions.

Polyatomic lons: Covalent Bonds Within lons Many ionic compounds contain
polyatomic ions, which consist of two or more atoms bonded covalently and have a net
positive or negative charge. For example, Figure 2.16 shows that a crystalline form of
calcium carbonate (left) occurs on the atomic scale (cenfer) as an array of polyatomic
carbonate anions and monatomic calcium cations. The carbonate ion (7ight) consists of a
carbon atom covalently bonded to three oxygen atoms, and two additional electrons give
the ion its 2— charge. In many reactions, the polyatomic ion stays together as a unit.

Crystals of calcium carbonate

Array of Ca®* and cog‘ ions

Figure 2.16 The carbonate ion in
calcium carbonate.

Source: (calcium carbonate crystals)
© papal266/Shutterstock.com

Carbonate ion
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> Summary of Section 2.7

> Although a few elements occur uncombined in nature, the great majority exist in compounds.

> lonic compounds form when a metal transfers electrons to a nonmetal, and the resulting
positive and negative ions attract each other to form a three-dimensional array. In many
cases, metal atoms lose and nonmetal atoms gain enough electrons to attain the same
number of electrons as in atoms of the nearest noble gas.

> Covalent compounds form when elements, usually nonmetals, share electrons. Each covalent
bond is an electron pair mutually attracted by two atomic nuclei.

> Monatomic ions are derived from single atoms. Polyatomic ions consist of two or more
covalently bonded atoms that have a net positive or negative charge due to a deficit or
excess of electrons.

m COMPOUNDS: FORMULAS, NAMES,

AND MASSES

In a chemical formula, element symbols and, often, numerical subscripts show the
type and number of each atom in the smallest unit of the substance. In this section,
you’ll learn how to write the names and formulas of ionic and simple covalent com-
pounds, how to calculate the mass of a compound from its formula, and how to
visualize molecules with three-dimensional models. To make learning the names and
formula of compounds easier, we’ll rely on various rules, so be prepared for a bit of
memorization and a lot of practice.

Binary lonic Compounds

Let’s begin with two general rules:

* For all ionic compounds, names and formulas give the positive ion (cation) first
and the negative ion (anion) second.

* For all binary ionic compounds, the name of the cation is the name of the metal,
and the name of the anion has the suffix -ide added to the root of the name of the
nonmetal.

For example, the anion formed from bromine is named bromide (brom+ide). There-
fore, the compound formed from the metal calcium and the nonmetal bromine is
named calcium bromide.

In general, if the metal of a binary ionic compound is a main-group element (A
groups), it usually forms a single type of ion; if it is a transition element (B groups),
it often forms more than one. We discuss each case in turn.

Compounds of Elements That Form One lon The periodic table presents some
key points about the formulas of main-group monatomic ions (Figure 2.17):

* Monatomic ions of elements in the same main group have the same ionic charge;
the alkali metals—Li, Na, K, Rb, Cs, and Fr—form ions with a 1+ charge; the
halogens—F, Cl, Br, and I—form ions with a 1— charge; and so forth.

« For cations, ion charge equals A-group number: Na is in Group 1A and forms Na*,
Ba is in Group 2A and forms Ba*. (Exceptions in Figure 2.17 are Sn>* and Pb**.)

* For anions, ion charge equals A-group number minus 8; for example, S is in Group
6A (6 — 8 = —2) and thus forms S>~.

Try to memorize the A-group monatomic ions in Table 2.3 (all except Ag*, Zn**, and
Cd**) according to their positions in Figure 2.17. These ions have the same number
of electrons as an atom of the nearest noble gas.

Because an ionic compound consists of an array of ions rather than separate
molecules, its formula represents the formula unit, which contains the relative num-
bers of cations and anions in the compound. The compound has zero net charge, so
the positive charges of the cations balance the negative charges of the anions. For
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1A Figure 2.17 Some common monatomic ions of the elements. 7A 8A
) Most main-group elements form one monatomic ion. Most transi- (17) | (18)
tion elements form two monatomic ions. (Hg2" is a diatomic ion
1| H 2A but is included for comparison with ng".) 3A 4A 5A 6A H™
(2) (13) | (14 | (15 | (16)
2| Lit N3 | 0% | F-
3| Na* [Mg?*| 38 | 48 | 5B | 6B | 7B |———88———\ B 28 | A3t s | cI-
3) (4) (5) (6) (7) (8) (9) (10 (1) (12)
3 o ot cr2 >+ | Fe?' | co?* cut ot -
54 K Ca Mn Zn Br
o cr3t Fe3' | Co3" cu?
sn?
+ 2+ + 2t —
5| Rb Sr Ag™ | Cd S I
Hg2" Pb2*
6| cs* |Ba? 92 at
7

example, calcium bromide is composed of Ca** ions and Br~ ions, so two Br~ balance
each Ca”". The formula is CaBr,, not Ca,Br. In this and all other formulas,

* The subscript refers to the element symbol preceding it.
o The subscript 1 is understood from the presence of the element symbol alone (that

is, we do not write Ca;Br,). Common Monatomic

e The charge (without the sign) of one ion becomes the subscript of the other: Table 2.3 lons*
Ca@@ gives Ca;Bry or CaBr, Charge Formula Name
Cations

e The subscripts are reduced to the smallest whole numbers that retain the ratio of

ions. Thus, for example, for the Ca’" and O™ jons in calcium oxide, we get Ca,0,, 1+ H* hydrogen
which we reduce to the formula CaO."

Lit lithium

Na* sodium
The following two sample problems apply these rules. In Sample Problem 2.8, we K* potassium
name the compound from its elements, and in Sample Problem 2.9, we find the formula. Cs* cesium
Ag* silver
Mg** magnesium
. . . Ca?* calcium
SAMPLE PROBLEM 2.8 Naming Binary lonic Compounds o2t strontium
Lo . . Ba’* barium
Problem N?me the ionic compound formed from the following pairs of elements: Zn>t zine
(a) Magnesmm and pltrogen cd cadmium
(b) Iodine and cadmium . )
(c) Strontium and fluorine 3+ Al aluminum
(d) Sulfur and cesium Anions
Plan The key to naming a binary ionic compound is to recognize which element is the 1- H™ hydride
metal and which is the nonmetal. When in doubt, check the periodic table. We place the F~ fluoride
cation name first, add the suffix -ide to the nonmetal root, and place the anion name second. CI” chloride
Solution (a) Magnesium is the metal; nitr- is the nonmetal root: magnesium nitride. B_r_ !)ro.mide
(b) Cadmium is the metal; iod- is the nonmetal root: cadmium iodide. I iodide
(¢) Strontium is the metal; fluor- is the nonmetal root: strontium fluoride. (Note the spell- 2— 03 oxide
ing is fluoride, not flouride.) Sz sulfide
v (d) Cesium is the metal; sulf- is the nonmetal root: cesium sulfide. 3 N nitride
*Compounds of the mercury(l) ion, such as Hg,Cl,, and peroxides of the alkali metals, such as Na,0,, are the only two common *Listed by charge; those in boldface are

exceptions to this step: reducing the subscripts for these compounds would give the incorrect formulas HgCl and NaO. most common.
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FOLLOW-UP PROBLEMS

2.8A Name the ionic compound formed from the following pairs of elements:
(a) Zinc and oxygen

(b) Bromine and silver

(¢) Lithium and chlorine

(d) Sulfur and aluminum

2.8B Name the ionic compound formed from the following pairs of elements:
(a) Potassium and sulfur

(b) Iodine and barium

(¢) Nitrogen and cesium

(d) Sodium and hydrogen

SOME SIMILAR PROBLEMS 2.84-2.87

Determining Formulas of Binary lonic

SAMPLE PROBLEM 2.9 Compounds

Problem Write formulas for the compounds named in Sample Problem 2.8.

Plan We write the formula by finding the smallest number of each ion that gives the
neutral compound. These numbers appear as right subscripts to the element symbol.
Solution (a) Mg** and N°~; three Mg®" ions (6+) balance two N~ ions (6—): Mg;N,
(b) Cd** and I"; one Cd*" ion (2+4) balances two I” ions (2—): Cdl,

(¢) Sr** and F; one Sr** ion (2+) balances two F~ ions (2—): SrF,

(d) Cs* and S>7; two Cs™ ions (2+) balance one S*~ ion (24): Cs,S

Comment 1. The subscript 1 is understood and so not written; thus, in (b), we do not
write Cdllz.

2. lon charges do not appear in the compound formula; thus, in (c), we do not write
Sr**F;.

FOLLOW-UP PROBLEMS

2.9A Write the formula of each compound named in Follow-up Problem 2.8A.

2.9B Write the formula of each compound named in Follow-up Problem 2.8B.

SOME SIMILAR PROBLEMS 2.84-2.87

Compounds of Metals That Form More Than One lon As noted earlier, many
metals, particularly the transition elements (B groups), can form more than one ion.
Table 2.4 lists some examples; see Figure 2.17 for their placement in the periodic
table. Names of compounds containing these elements include a roman numeral
within parentheses immediately after the metal ion’s name to indicate its ionic charge.
For example, iron can form Fe®" and Fe™* ions. Iron forms two compounds with
chlorine: FeCl,, named iron(Il) chloride (spoken “iron two chloride”), which contains
Fe**; and FeCl,, named iron(IIl) chloride, which contains Fe**.

We are focusing here on systematic names, but some common (trivial) names are
still used. In common names for certain metal ions, the Latin root of the metal is
followed by either of two suffixes (see Table 2.4):

* The suffix -ous for the ion with the lower charge
* The suffix -ic for the ion with the higher charge

Thus, iron(II) chloride is also called ferrous chloride and iron(IIl) chloride is ferric
chloride. (Memory aid: there is an o in -ous and lower, and an i in -ic and higher.)
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Element lon Formula Systematic Name Common (Trivial) Name
Chromium crt chromium(II) chromous
cr* chromium(III) chromic
Cobalt Co™* cobalt(IT)
Co*t cobalt(III)
Copper Cu* copper(I) cuprous
Cu** copper(II) cupric
Iron Fe** iron(II) ferrous
Fe** iron(I11) ferric
Lead Pb** lead(IT)
Pb** lead(IV)
Mercury Hg%+ mercury(l) mercurous
Hg** mercury(IT) mercuric
Tin Sn** tin(II) stannous
Sn*t tin(IV) stannic

*Listed alphabetically by metal name; the ions in boldface are most common.

Determining Names and Formulas of lonic

SAMPLE PROBLEM 2.10 ~ Compounds of Metals That Form More Than One lon

Problem Give the systematic name for the formula or the formula for the name:

(a) Tin(Il) fluoride (b) Crl; (¢) Ferric oxide (d) CoS
Solution (a) Tin(Il) ion is Sn**; fluoride is F~. Two F~ ions balance one Sn** ion:
tin(IT) fluoride is SnF,. (The common name is stannous fluoride.)

(b) The anion is I", iodide, and the formula shows three I". Therefore, the cation must be
Cr**, chromium(IIl) ion: Crl; is chromium(IIl) iodide. (The common name is chromic
iodide.)

(¢) Ferric is the common name for iron(IIl) ion, Fe*; oxide ion is O*". To balance the
charges, the formula is Fe,O;. [The systematic name is iron(IIT) oxide.]

(d) The anion is sulfide, S*~, which requires that the cation be Co**. The name is cobalt(Il)
sulfide.

FOLLOW-UP PROBLEMS

2.10A Give the systematic name for the formula or the formula for the name:

(a) lead(IV) oxide (a component of car batteries); (b) Cu,S; (¢) FeBr,; (d) mercuric
chloride

2.10B Give the systematic name for the formula or the formula for the name:

(a) copper(Il) nitride; (b) Pbl,; (¢) chromic sulfide; (d) FeO

SOME SIMILAR PROBLEMS 2.88 and 2.89

Compounds That Contain Polyatomic lons

Many ionic compounds contain polyatomic ions. Table 2.5 on the next page lists some
common polyatomic ions. Remember that the polyatomic ion stays together as a
charged unit. The formula for potassium nitrate is KNO5: each K™ balances one NO5.
The formula for sodium carbonate is Na,COs: two Na*t balance one CO3~. When two or
more of the same polyatomic ion are present in the formula unit, that ion appears in
parentheses with the subscript written outside. For example, calcium nitrate contains

2.8 - Compounds: Formulas, Names, and Masses

Table 2.4 Some Metals That Form More Than One Monatomic lon*

@ Student Hot Spot

Student data indicate you may struggle with
formulas of ionic compounds that include
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Common Polyatomic

Table 2.5 lons*

Formula Name

Cations

NH; ammonium

H;0* hydronium

Anions

CH;CO0™ acetate

(or C;H307)

CN™ cyanide

OH™ hydroxide

ClO™ hypochlorite

ClO; chlorite

ClO3 chlorate

ClO; perchlorate

NO; nitrite

NO3 nitrate

MnOj; permanganate

CO5~ carbonate

HCO3 hydrogen carbonate
(or bicarbonate)

CrO;~ chromate

Cr,0% dichromate

03" peroxide

PO;~ phosphate

HPO;~ hydrogen phosphate

H,PO; dihydrogen
phosphate

SO3~ sulfite

SO;~ sulfate

HSO; hydrogen sulfate

(or bisulfate)

*Boldface ions are the most common.

Prefix
per
[%2]
IS
o
©
o
ot
o
o
= hypo

Figure 2.18 Naming oxoanions. Pre-
fixes and suffixes indicate the number of

Root Suffix

root ate
root ate
root ite
root ite

O atoms in the anion.

one Ca** and two NOj ions and has the formula Ca(NOs),. Parentheses and a sub-
script are only used if more than one of a given polyatomic ion is present; thus,
sodium nitrate is NaNO;, not Na(NO3).

Families of Oxoanions As Table 2.5 shows, most polyatomic ions are oxoanions
(or oxyanions), those in which an element, usually a nonmetal, is bonded to one or
more oxygen atoms. There are several families of two or four oxoanions that differ
only in the number of oxygen atoms. The following naming conventions are used
with these ions.

With two oxoanions in the family:

e The ion with more O atoms takes the nonmetal root and the suffix -are.
e The ion with fewer O atoms takes the nonmetal root and the suffix -ize.

For example, SOZ_ is the sulfaze ion, and SO%‘ is the sulfize ion; similarly, NOj is
nitrate, and NO; is nitrize.
With four oxoanions in the family (a halogen bonded to O) (Figure 2.18):

e The ion with the most O atoms has the prefix per-, the nonmetal root, and the
suffix -ate.

o The ion with one fewer O atom has just the root and the suffix -ate.

The ion with two fewer O atoms has just the root and the suffix -ize.

e The ion with the least (three fewer) O atoms has the prefix /iypo-, the root, and
the suffix -ite.

For example, for the four chlorine oxoanions,

ClOy is perchlorate, ClOj is chlorate, ClO; is chlorite, ClO™ is hypochlorite

Hydrated lonic Compounds Ionic compounds called hydrates have a specific
number of water molecules in each formula unit. The water molecules are shown after
a centered dot in the formula and named with a Greek numerical prefix before the

word hydrate (Table 2.6). To give just two examples,
MgSO,-7H,O magnesium sulfate ieprahydrate
(seven water molecules in each formula unit)

Washing soda: Na,COs-10H,0 sodium carbonate decahydrate
(ten water molecules in each formula unit)

Epsom salt:

The water molecules, referred to as “waters of hydration,” are part of the hydrate’s
structure. Heating can remove some or all of them, leading to a different substance.
For example, when heated strongly, blue copper(Il) sulfate pentahydrate (CuSO,4:5H,0)
is converted to white copper(Il) sulfate (CuSOy,).

Copper(ll) sulfate

Copper(ll) sulfate pentahydrate
Source: © McGraw-Hill Education/Charles Winters/Timeframe Photography, Inc.
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Numerical Prefixes for

Determining Names and Formulas of lonic
Compounds Containing Polyatomic lons Hydrates and Binary

Table 2.6
Covalent Compounds*

SAMPLE PROBLEM 2.11 (|nc|uding Hydrates)

Problem Give the systemzfltic name for the formula or the formula for the name: Number Prefix
(a) Fe(ClO,), (b) Sodium sulfite (¢) Ba(OH),-8H,0 1
mono-
Solution (a) ClOjy is perchlorate, which has a 1— charge, so the cation must be Fe**. 2 di-
The name is iron(Il) perchlorate. (The common name is ferrous perchlorate.) 3 tri-
(b) Sodium is Na*; sulfite is SO%‘, and two Na' ions balance one SO%‘ ion. The formula 4 tetra-
is Nast3. 5 penta—
(c) Ba®" is barium; OH™ is hydroxide. There are eight (octa-) water molecules in each 6 hexa-
formula unit. The name is barium hydroxide octahydrate. 7 hepta-
FOLLOW-UP PROBLEMS 8 octa-
2.11A Give the systematic name for the formula or the formula for the name: 9 nona-
(a) cupric nitrate trihydrate; (b) zinc hydroxide; (c¢) LiCN. 10 deca-
2.11B Gin? the systematic name for the formula or the fc.)rmule.l for the name: “It is common practice to drop the final @
(a) ammonium sulfate; (b) Ni(NO3),-6H,0; (c) potassium bicarbonate. from the prefix when naming binary cova-
SOME SIMILAR PROBLEMS 2.90 and 2.91 lent oxides (see the Comment in Sample
’ ’ Problem 2.14).

@ Student Hot Spot

Student data indicate that you may struggle with
o, writing formulas of ionic compounds containing
Recognizing Incorrect Names and Formulas of polyatomic ions. Access the Smartbook to view

SAMPLE PROBLEM 2.12 lonic Compounds additional Learning Resources on this topic.

Problem Explain what is wrong with the name or formula at the end of each statement,
and correct it:

(a) Ba(C,H;30,), is called barium diacetate.

(b) Sodium sulfide has the formula (Na),SOs.

(¢) Iron(Il) sulfate has the formula Fe,(SO,)s.

(d) Cesium carbonate has the formula Cs,(CO3).

Solution (a) The charge of the Ba”" ion must be balanced by two C,H;0; ions, so the
prefix di- is unnecessary. For ionic compounds, we do not indicate the number of ions
with numerical prefixes. The correct name is barium acetate.

(b) Two mistakes occur here. The sodium ion is monatomic, so it does not require paren-
theses. The sulfide ion is S*~, not SO%‘ (which is sulfite). The correct formula is Na,S.
(c) The roman numeral refers to the charge of the ion, not the number of ions in the
formula. Fe** is the cation, so it requires one SO;™ to balance its charge. The correct
formula is FeSO,. [Fe,(SO,); is the formula for iron(IIl) sulfate.]

(d) Parentheses are not required when only one polyatomic ion of a particular kind is
present. The correct formula is Cs,COs.

FOLLOW-UP PROBLEMS

2.12A State why the formula or name at the end of each statement is incorrect, and
correct it:

(a) Ammonium phosphate is (NH3),PO,.

(b) Aluminum hydroxide is AIOH;.

(c) Mg(HCOs), is manganese(II) carbonate.

2.12B State why the formula or name at the end of each statement is incorrect, and
correct it:

(a) Cr(NOy); is chromic(II) nitride.

(b) Ca(NO,), is cadmium nitrate.

(¢) Potassium chlorate is P(C1O,).

SOME SIMILAR PROBLEMS 2.92 and 2.93
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Acid Names from Anion Names

Acids are an important group of hydrogen-containing compounds that have been used
in chemical reactions since before alchemical times. In the laboratory, acids are typi-
cally used in water solution. When naming them and writing their formulas, we con-
sider acids as anions that have one or more hydrogen ions (H") added to them to give
a neutral compound. The two common types of acids are binary acids and
oxoacids:

1. Binary acid solutions form when certain gaseous compounds dissolve in water. For
example, when gaseous hydrogen chloride (HCI) dissolves in water, it forms hydro-
chloric acid, which is named as follows:

Prefix hydro- + nonmetal root + suffix -ic 4+ separate word acid
hydro + chlor + ic + acid

or hydrochloric acid. This naming pattern holds for many compounds in which
hydrogen combines with an anion that has an -ide suffix.
2. Oxoacid names are similar to those of the oxoanions, except for two suffix changes:
e -ate in the anion becomes -ic in the acid
e -ite in the anion becomes -ous in the acid
Thus, following this pattern:
Oxyanion root + suffix -ic or -ous + separate word acid
105 is iodite, and HIO, is iodous acid.
NOj3 is nitrite, and HNOj is nitric acid.
The oxoanion prefixes /ypo- and per- are retained:
BrOj is perbromate, and HBrO, is perbromic acid.

Note that the prefix hydro- is not used when naming oxoacids.

Determining Names and Formulas of

SAMPLE PROBLEM 2.13 Anions and Acids

Problem Name each of the following anions, and give the name and formula of the
acid derived from it: (a) Br™; (b) IO3; (¢) CN™; (d) HSOj.

Solution (a) The anion is bromide; the acid is hydrobromic acid, HBr.

(b) The anion is iodate; the acid is iodic acid, HIO;.

(c) The anion is cyanide; the acid is hydrocyanic acid, HCN.

(d) The anion is hydrogen sulfate; the acid is sulfuric acid, H,SO,. (In this case, the suf-
fix is added to the element name sulfur, not to the root, sulf-.)

FOLLOW-UP PROBLEMS

2.13A Write the formula and name for the anion of each acid: (a) chloric acid;
(b) hydrofluoric acid; (¢) acetic acid; (d) nitrous acid.

2.13B Name each of the following acids, and give the name and formula of its anion:
(a) H,SO; (two anions); (b) HBrO; (¢) HCIO,; (d) HI.

SOME SIMILAR PROBLEMS 2.94 and 2.95

Binary Covalent Compounds

Binary covalent compounds are typically formed by the combination of two nonmet-
als. Some are so familiar that we use their common names, such as ammonia (NHj),
methane (CH,), and water (H,O), but most are named systematically:

* The element with the lower group number in the periodic table comes first in the
name. The element with the higher group number comes second and is named with
its root and the suffix -ide. For example, nitrogen [Group 5A(15)] and fluorine
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[Group 7A(17)] form a compound that has three fluorine atoms for every nitrogen
atom. The name and formula are nitrogen trifluoride, NF;. (Exception: When the
compound contains oxygen and any of the halogens chlorine, bromine, or iodine,
the halogen is named first.)

o If both elements are in the same group, the one with the higher period number is
named first. Thus, one compound that the Group 6A(16) elements sulfur (Period 3)
and oxygen (Period 2) form is sulfur dioxide, SO..

* Covalent compounds use Greek numerical prefixes (see Table 2.6) to indicate
the number of atoms of each element. The first element in the name has a prefix
only when more than one atom of it is present; the second element usually has
a prefix.

Determining Names and Formulas of Binary

SAMPLE PROBLEM 2.14 Covalent Compounds

Problem (a) What is the formula of carbon disulfide?

(b) What is the name of PCls?

(c) Give the name and formula of the compound whose molecules each consist of two
N atoms and four O atoms.

Solution (a) The prefix di- means “two.” The formula is CS,.

(b) P is the symbol for phosphorus; there are five chlorine atoms, which is indicated by
the prefix penta-. The name is phosphorus pentachloride.

(¢) Nitrogen (N) comes first in the name (lower group number). The compound is
dinitrogen tetroxide, N,O,.

Comment Note that, as the first elements in the name, carbon in (a) and phosphorus in
(b) do not have the prefix mono-. In (c), the a at the end of the Greek prefix is dropped
when the prefix is added to -oxide. Similarly, “hexa-oxide” becomes hexoxide, “deca-
oxide” becomes decoxide, and so forth.

FOLLOW-UP PROBLEMS

2.14A Give the name or formula for (a) SOs; (b) SiO,; (¢) dinitrogen monoxide;
(d) selenium hexafluoride.

2.14B Give the name or formula for (a) SCl,; (b) N,Os; (¢) boron trifluoride;
(d) iodine tribromide.

SOME SIMILAR PROBLEMS 2.98 and 2.99

Recognizing Incorrect Names and Formulas

SAMPLE PROBLEM 2.15  of Binary Covalent Compounds

Problem Explain what is wrong with the name or formula at the end of each statement,
and correct it:

(a) SF, is monosulfur pentafluoride.

(b) Dichlorine heptoxide is Cl,Og.

(¢) N,0O3 is dinitrotrioxide.

Solution (a) There are two mistakes. Mono- is not needed if there is only one atom

of the first element, and the prefix for four is tetra-, not penta-. The correct name is
sulfur tetrafluoride.

(b) The prefix hepta- indicates seven, not six. The correct formula is Cl,0.

(c) The full name of the first element is needed, and a space separates the two element
names. The correct name is dinitrogen trioxide.

FOLLOW-UP PROBLEMS

2.15A Explain what is wrong with the name or formula at the end of each statement,
and correct it:

(a) S,Cl, is disulfurous dichloride.

(b) Nitrogen monoxide is N,O.

(¢) BrCl; is trichlorine bromide.

75
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2.15B Explain what is wrong with the name or formula at the end of each statement,
and correct it:

(a) P,Og is tetraphosphorous hexaoxide.

(b) SFg is hexafluorosulfide.

(c) Nitrogen tribromide is NiBRj.

SOME SIMILAR PROBLEMS 2.100 and 2.101

The Simplest Organic Compounds: Straight-Chain Alkanes

Organic compounds typically have complex structures that consist of chains, branches,
and/or rings of carbon atoms that are also bonded to hydrogen atoms and, often, to
atoms of oxygen, nitrogen, and a few other elements. At this point, we’ll name just
the simplest organic compounds. Rules for naming other organic compounds are pro-
vided in Chapter 15.

Hydrocarbons, the simplest type of organic compound, contain only carbon and
hydrogen. Alkanes are the simplest type of hydrocarbon; many function as important
fuels, such as methane, propane, butane, and the mixture that makes up gasoline. The
simplest alkanes to name are the straight-chain alkanes because the carbon chains
have no branches. Alkanes are named with a root, based on the number of C atoms
in the chain, followed by the suffix -ane.

Table 2.7 gives names, molecular formulas, and space-filling models (discussed
shortly) for the first 10 straight-chain alkanes. Note that the roots of the four smallest
alkanes are new, but those for the larger ones are the same as the Greek prefixes
shown in Table 2.6 (with the final -a dropped).

The First 10
Straight-Chain
Alkanes

Table 2.7

Name (Formula) Model
Methane (CHy)

Ethane (C,Hg)

Propane (C;Hg)
Butane (C,;H;o)
Pentane (CsHyy)
Hexane (C¢Hyy)

Heptane (C;H,¢) .
' Molecular Masses from Chemical Formulas

In Section 2.5, we calculated the atomic mass of an element. Using the periodic table
and the formula of a compound, we calculate the molecular mass (also called the
molecular weight) of a molecule or formula unit of the compound as the sum of the
atomic masses:

Octane (CgHg)
Nonane (CyH,)

Decane (CyHy,)

jigasesse

Molecular mass = sum of atomic masses (2.4)

The molecular mass of a water molecule (using atomic masses to four significant
figures from the periodic table) is

Molecular mass of H,O = (2 X atomic mass of H) + (1 X atomic mass of O)
= (2 X 1.008 amu) + 16.00 amu = 18.02 amu

Ionic compounds don’t consist of molecules, so the mass of a formula unit is some-
times called the formula mass instead of molecular mass. For example, for calcium
chloride, we have

Formula mass of CaCl, = (1 X atomic mass of Ca) + (2 X atomic mass of Cl)
= 40.08 amu + (2 X 35.45 amu) = 110.98 amu

We can use atomic masses, not ionic masses, because electron loss equals electron
gain, so electron mass is balanced.

To calculate the formula mass of a compound with a polyatomic ion, the number
of atoms of each element inside the parentheses is multiplied by the subscript outside
the parentheses. For barium nitrate, Ba(NO3),,

Formula mass of Ba(NOs),

= (1 X atomic mass of Ba) + (2 X atomic mass of N) + (6 X atomic mass of O)
= 137.3 amu + (2 X 14.01 amu) + (6 X 16.00 amu) = 261.3 amu

In the next two sample problems, the name or molecular depiction is used to find
a compound’s molecular or formula mass.
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SAMPLE PROBLEM 2.16 Calculating the Molecular Mass of a Compound

Problem Using the periodic table, calculate the molecular (or formula) mass of
(a) Tetraphosphorus trisulfide
(b) Ammonium nitrate

Plan We first write the formula, then multiply the number of atoms (or ions) of each
element by its atomic mass (from the periodic table), and find the sum.

Solution
(a) The formula is P,S;.

Molecular mass = (4 X atomic mass of P) + (3 X atomic mass of S)
= (4 x 30.97 amu) + (3 X 32.06 amu)
= 220.06 amu

(b) The formula is NH4;NO;. We count the total number of N atoms even though they
belong to different ions:

Formula mass
= (2 X atomic mass of N) + (4 X atomic mass of H) + (3 X atomic mass of O)

= (2 x 14.01 amu) + (4 x 1.008 amu) + (3 X 16.00 amu)
= 80.05 amu

Check You can often find large errors by rounding atomic masses to the nearest 5 and
adding: (a) (4 x 30) + (3 x 30) = 210 = 220.06. The sum has two decimal places
because the atomic masses have two. (b) (2 X 15) + 4 + (3 x 15) = 79 ~ 80.05.

FOLLOW-UP PROBLEMS

2.16A What is the molecular (or formula) mass of each of the following?
(a) Hydrogen peroxide
(b) Cesium carbonate

2.16B What is the molecular (or formula) mass of each of the following?
(a) Sulfuric acid
(b) Potassium sulfate

SOME SIMILAR PROBLEMS 2.104 and 2.105

Using Molecular Depictions to Determine
SAMPLE PROBLEM 2.17  Formula, Name, and Mass

\/

Problem Each scene represents a binary compound. Determine its formula, name, and
molecular (or formula) mass.

@ sodium

@ fluorine v w

. nitrogen

Plan Each of the compounds contains only two elements, so to find the formula, we
find the simplest whole-number ratio of one atom to the other. From the formula, we
determine the name and the molecular (or formula) mass.

77
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Solution (a) There is one brown sphere (sodium) for each yellow sphere (fluorine), so
the formula is NaF. A metal and nonmetal form an ionic compound, in which the metal
is named first: sodium fluoride.

Formula mass = (1 X atomic mass of Na) + (1 X atomic mass of F)
= 22.99 amu + 19.00 amu = 41.99 amu

(b) There are three yellow spheres (fluorine) for each blue sphere (nitrogen), so the for-
mula is NF;. Two nonmetals form a covalent compound. Nitrogen has a lower group
number, so it is named first: nitrogen trifluoride.

Molecular mass = (1 X atomic mass of N) + (3 X atomic mass of F)
= 14.01 amu + (3 X 19.00 amu) = 71.01 amu

Check (a) For binary ionic compounds, we predict ionic charges from the periodic
table (see Figure 2.13). Na forms a 1+ ion, and F forms a 1— ion, so the charges
balance with one Na* per F~. Also, ionic compounds are solids, consistent with

the picture. (b) Covalent compounds often occur as individual molecules, as in the
picture. Rounding in (a) gives 25 + 20 = 45; in (b), we get 15 + (3 x 20) = 75, so
there are no large errors.

FOLLOW-UP PROBLEMS

2.17A Determine the name, formula, and molecular (or formula) mass of the compound
in each scene below:

(a) (b)
@ sodium ‘ .
@ oxygen
' nitrogen ‘ . .
)

2.17B Determine the name, formula, and molecular (or formula) mass of the compound
in each scene below:

(a) (b)

@ magnesium

0 chlorine

W) fluorine

e
LA

2 @

<

SOME SIMILAR PROBLEMS 2.108 and 2.109

Representing Molecules with Formulas and Models

In order to represent objects too small to see, chemists employ a variety of formulas
and models. Each conveys different information, as shown for water:

* A molecular formula uses element symbols and, often, numerical subscripts to give
the actual number of atoms of each element in a molecule of the compound.
(Recall that, for ionic compounds, the formula unit gives the relative number of
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each type of ion.) The molecular formula of water is H,O: there are two H atoms
and one O atom in each molecule.

H,O

A structural formula shows the relative placement and connections of atoms in
the molecule. It uses symbols for the atoms and either a pair of dots (electron-
dot formula, left) or a line (bond-line formula, right) to show the bonds between
the atoms. In water, each H atom is bonded to the O atom, but not to the other
H atom.

H:O:H H—O—H
models shown throughout this text, colored balls represent atoms.

A ball-and-stick model shows atoms as balls and bonds as sticks, and the angles
between the bonds are accurate. Note that water is a bent molecule (with a
bond angle of 104.5°). This type of model doesn’t show the bonded atoms
overlapping (see Figure 2.14) or their accurate sizes, so it exaggerates the dis-

tance between them.
J& 9

104.5°

A space-filling model is an accurately scaled-up image of the molecule, so it shows
the relative sizes of the atoms, the relative distances between the nuclei (centers
of the spheres), and the angles between the bonds. However, bonds are not shown,
and it can be difficult to see each atom in a complex molecule.

2

Every molecule is minute, but the range of molecular sizes, and thus molecular
masses, is enormous. Table 2.8 on the next page shows the two types of formulas
and models for some diatomic and small polyatomic molecules, as well as space-
filling models of portions of two extremely large molecules, called macromolecules,
deoxyribonucleic acid (DNA) and nylon.

> Summary of Section 2.8

>

An ionic compound is named with cation first and anion second: metal name nonmetal
root + -ide. For metals that can form more than one ion, the charge is shown with a
roman numeral: metal name(charge) nonmetal root + -ide.

Oxoanions have suffixes, and sometimes prefixes, attached to the root of the element
name to indicate the number of oxygen atoms.

Names of hydrates have a numerical prefix indicating the number of associated water
molecules.

Acid names are based on anion names.

For binary covalent compounds, the first word of the name is the element farther
left or lower down in the periodic table, and prefixes show the numbers of

each atom.

The molecular (or formula) mass of a compound is the sum of the atomic masses.

Chemical formulas give the number of atoms (molecular) or the arrangement of atoms
(structural) of one unit of a compound.

Molecular models convey information about bond angles (ball-and-stick) and relative atomic
sizes and distances between atoms (space-filling).

«

Hydrogen, H

Carbon, C

Nitrogen, N

Oxygen, O

Group 1A(1),
e.g., lithium, Li

Phosphorus, P

-

Sulfur, S

Chlorine, CI

Group 8A(18),
e.g., neon, Ne
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Table 2.8 Representing Molecules

Molecular Formula
(Molecular Mass,

Name in amu) Bond-Line Formula Ball-and-Stick Model Space-Filling Model
Carbon monoxide CcO c=o0
(28.01)
Nitrogen dioxide NO, N
(46.01) o 0
H H H H
Butane C4H,o [ T
(58.12) H—<|3—<|3—<|3—<|3—H
H H H H
ASpiI‘iIl C9H304 |
(acetylsalicylic acid) (180.15) o0
H
| \ _H
H\C/C\C/O\C/C\
[ [ I H
N N
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m MIXTURES: CLASSIFICATION
AND SEPARATION

In the natural world, matter usually occurs as mixtures. A sample of clean air, for example,
consists of many elements and compounds physically mixed together, including O,, N,
CO,, the noble gases [Group 8A(18)], and water vapor (H,O). The oceans are complex
mixtures of dissolved ions and covalent substances, including Na®, Mg2+, CI, SO7, 0O,,
CO,, and of course H,O. Rocks and soils are mixtures of numerous compounds, including
calcium carbonate (CaCOs), silicon dioxide (SiO,), aluminum oxide (Al,O3), and iron(III)
oxide (Fe,0;). And living things contain thousands of substances—carbohydrates, lipids,
proteins, nucleic acids, and many simpler ionic and covalent compounds.
There are two broad classes of mixtures:

* A heterogeneous mixture has one or more visible boundaries among the compo-
nents. Thus, its composition is not uniform, but rather varies from one region of
the mixture to another. Many rocks are heterogeneous, having individual grains of
different minerals. In some heterogeneous mixtures, such as milk and blood, the
boundaries can be seen only with a microscope.

* A homogeneous mixture (or solution) has no visible boundaries because the com-
ponents are individual atoms, ions, or molecules. Thus, its composition is uniform.
A mixture of sugar dissolved in water is homogeneous, for example, because the
sugar molecules and water molecules are uniformly intermingled on the molecular
level. We have no way to tell visually whether a sample of matter is a substance
(element or compound) or a homogeneous mixture.

Although we usually think of solutions as liquid, they exist in all three physical
states. For example, air is a gaseous solution of mostly oxygen and nitrogen mole-
cules, and wax is a solid solution of several fatty substances. Solutions in water, called
aqueous solutions, are especially important in chemistry and comprise a major por-
tion of the environment and of all organisms.

Recall that mixtures differ from compounds in three major ways:

1. The proportions of the components of a mixture can vary.

2. The individual properties of the components in a mixture are observable.
3. The components of a mixture can be separated by physical means. Figure 219 The distinction between
mixtures and compounds. A, A mixture
of iron and sulfur consists of the two ele-
ments. B, The compound iron(ll) sulfide

The difference between a mixture and a compound is well illustrated using iron
and sulfur as components (Figure 2.19). Any proportions of iron metal filings and
powdered sulfur form a mixture. The components can be separated with a magnet . o<cie of an array of Fe2" and S ions.
because iron metal is magnetic. But if we heat the container strongly, the components Source: © McGraw-Hill Education/Stephen
will form the compound iron(Il) sulfide (FeS). The magnet can then no longer remove Frisch, photographer
the iron because it exists as Fe’* ions chemically bound to $*~ ions.

Chemists have devised many procedures for separating a mixture into its com-
ponents, and the Tools of the Laboratory essay at the end of this section describes
some common ones.

An Overview of the Components of Matter

Understanding matter at the observable and atomic scales is the essence of chemistry.
Figure 2.20 on the next page is a visual overview of many key terms and ideas in
this chapter.

> Summary of Section 2.9
> Heterogeneous mixtures have visible boundaries among the components.

> Homogeneous mixtures (solutions) have no visible boundaries because mixing occurs at the
molecular level. They can occur in any physical state.

> Components of mixtures (unlike those of compounds) can have variable proportions, can be
separated physically, and retain their properties.

> Separation methods are based on differences in physical properties and include filtration
(particle size), crystallization (solubility), distillation (volatility), and chromatography (solubility).
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MATTER

¢ Anything with mass and volume
¢ Exists in three physical states: solid, liquid, gas

MIXTURES
* Two or more elements or compounds physically combined in variable proportions
* Components retain their properties

/ Heterogeneous Mixtures Homogeneous Mixtures (Solutions)
¢ Visible parts * No visible parts
* Differing regional composition e Same composition throughout

—m-<j:>

C | « Filtration
t\ e Crystallization
* Distillation
C | * Chromatography
H
A
N
G
E
S
SUBSTANCES
¢ Fixed composition throughout
N / Elements Compounds
I e Composed of one type of atom * Two or more elements chemically
I ¢ Classified as metal, nonmetal, or combined in fixed parts by mass
T[T metalloid * Properties differ from those of
LT T T ¢ Simplest type of matter that retains component elements
characteristic properties ¢ Molecular (formula) mass is sum
* May occur as individual atoms or of atomic masses

diatomic or polyatomic molecules
Atomic mass is average of isotopic
masses weighted by abundance

CHEMICAL CHANGES

Atoms lonic
/ Blistians (p+) iG] PR ¢ lons arise through e™ transfer

(n9) in tiny, massive, positive from metal to nonmetal
B
AUEELS Solids composgd ofar'ray of
« Atomic number (Z) = no. of p+ mutual!y attracting cations
and anions

Mass number (A) =
no. of p* + no. of n®
Electrons (e7) occupy
surrounding volume;

e Formula unit represents the
fixed cation/anion ratio

no.of p* =no. of e~ Covalent
¢ Often consist of separate
Y molecules
¢ * Atoms (usually nonmetals)
3 bonded by e~ pair mutually
attracted (shared) by both
nuclei

Figure 2.20 The classification of matter from a chemical point of view.


https://iranchembook.ir/edu

iranchembook.ir/edu

TOOLS OF THE . . .
LABORATORY Basic Separation Techniques
Some of the most challenging laboratory procedures involve Figure B2.4 Procedure for column
separating mixtures and purifying the components. All of the ‘ | chromatography.

techniques described here depend on the physical properties of
the substances in the mixture; no chemical changes occur.
Filtration is based on differences in particle size and is often
used to separate a solid from a liquid, which flows through the
tiny holes in filter paper as the solid is retained. In vacuum filtra-

Ink mixture is placed on
stationary phase.

tion, reduced pressure below the filter speeds the flow of the lig- Solvent Fresh solvent flows
uid through it. Filtration is used in the purification of tap water. (mobile through column.
Crystallization is based on differences in solubility. The phase) Components move
solubility of a substance is the amount that dissolves in a fixed at different rates.
volume of solvent at a given temperature. Since solubility often Stationary Component most
increases with temperature, the impure solid is dissolved in hot phase packed soluble in mobile \ )
solvent and when the solution cools, the purified compound so- in column ﬁ,h;f;gigf; ;ﬂgfs
lidifies (crystallizes). A key component of computer chips is puri- moves fastest.
fied by a type of crystallization. p b 3 Latertime 1 5 ,
Distillation separates components through differences in i
volatility, the tendency of a substance to become a gas. Simple £ _\ {
distillation separates components with large differences in vola- Collecting flasks Components are
tility, such as water from dissolved ionic compounds (Figure collected separately.

B2.3). As the mixture boils, the vapor is richer in the more volatile
component, in this case, water, which is condensed and collected
separately. Fractional distillation (discussed in Chapter 13) uses

are separated as this solution, called the mobile phase, flows
through a solid (or viscous liquid) called the stationary phase. A

many vaporization-condensation steps to separate components ~ component with lower solubility in the stationary phase moves
with small volatility differences, such as those in petroleum. through 1t faster than a component with a higher solubility. Figure
Chromatography is also based on differences in solubility. B2.4 depicts the separation of inks by column chromatography.

The mixture is dissolved in a gas or liquid, and the components In arelated technique called gas-liquid chromatography (GLC),
the mobile phase is an inert gas, such as helium, that carries a gas-

Thermometer Mixture is heated and volatile eous mixture of components into a long tube packed with the station-
\ component vaporizes. ary phase (Figure B2.5, part A). The components emerge separately

) and reach a detector. A chromatogram has numerous peaks, each
Vapors in contact . . .
with cool glass representing the amount of a specific component (Figure B2.5,
condense to form part B). High-performance (high-pressure) liquid chromatography
pure liquid (HPLC) is similar to GLC, but the mixture need not be vaporized, so
distillate. more heat-sensitive components can be separated.

| Ty
finy 4 T Problem

B2.3 Name the technique(s) and briefly describe the procedure
for separating each of the following mixtures into pure compo-
nents: (a) table salt and pepper; (b) drinking water contaminated
with soot; (c) crushed ice and crushed glass; (d) table sugar dis-
solved in ethanol; (e) two pigments (chlorophyll @ and chlorophyll
b) from spinach leaves.

Water-cooled
Distilling condenser
flask

Solubility in stationary phase

N\ 20
Wat-er out Water in Distillate collected 18
to sink )
in separate flask. 16
3 14
C
g 12
3
= 10
S
o 8
3
8 6
4
A  Gaseous mixture (blue and red) is carried Component (blue) that is more soluble 2
into column with mobile phase. in stationary phase moves slower. 0 I e P e
Figure B2.5 Principle of gas-liquid chromatography (GLC). The stationary phase is 22 24 26 28 30 32 34 36
shown as a viscous liquid (gray circles) coating the solid beads (yellow) of an inert packing. B Time (minutes)
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CHAPTER REVIEW GUIDE

Chapter 2 - The Components of Matter

Learning Objectives

Understand These Concepts

Relevant section (§) and/or sample problem (SP) numbers appear in parentheses.

Master These Skills

1. The defining characteristics of the three types of matter— 1. Distinguishing elements, compounds, and mixtures at the
element, compound, and mixture—on the macroscopic and atomic scale (SP 2.1)
atomic levels, and of the particles within them—atoms, 2. Using the mass ratio of element to compound to find the
molecules, and ions (§2.1) mass of an element in a compound (SP 2.2)

2. The significance of the three mass laws—mass conservation, 3. Visualizing the mass laws (SP 2.3)
definite composition, and multiple proportions (§2.2) 4. Determining the numbers of subatomic particles in the

3. The postulates of Dalton’s atomic theory and how it explains isotopes of an element (SP 2.4)
the mass laws (§2.3) 5. Calculating an atomic mass from isotopic composition

4. The major contribution of experiments by Thomson, (SP 2.5)

Millikan, and Rutherford to our understanding of atomic 6. Identifying an element from its Z value (SP 2.6)
structure (§2.4) 7. Predicting the ion an element forms (SP 2.7)

5. The structure of the atom, the main features of the subatomic 8. Naming and writing the formula of an ionic compound
particles, and the importance of isotopes in determining formed from the ions in Tables 2.3-2.5 (SPs 2.8-2.12, 2.17)
atomic mass (§2.5) 9. Naming and writing the formula of an acid and its anion

6. The format of the periodic table and the general location and (SP 2.13)
characteristics of metals, metalloids, and nonmetals (§2.6) 10. Naming and writing the formula of a binary covalent com-

7. The essential features of ionic and covalent compounds and pound (SPs 2.14, 2.15, 2.17)
the distinction between them (§2.7) 11. Calculating the molecular or formula mass of a compound

8. The types of mixtures and their properties (§2.9) (SP2.16,2.17)

Key Terms Page numbers appear in parentheses.

anion (64) covalent bond (66) hydrate (72) molecule (44)
aqueous solution (81) covalent compound (64) ion (64) monatomic ion (65)
atom (50) crystallization (83) ionic compound (64) neutron (n°) (55)
atomic mass (58) dalton (Da) (57) isotope (57) nonmetal (62)
atomic mass unit (amu) (57) distillation (83) isotopic mass (58) nucleus (55)

atomic number (Z) (56)
atomic symbol (56)
binary covalent

electron (e7) (55)
element (44)
filtration (83)

oxoanion (72)
percent by mass (mass
percent, mass %) (47)

law of definite (or constant)
composition (47)
law of mass conservation (46)

compound (74) formula mass (76) law of multiple period (61)
binary ionic compound (64) formula unit (68) proportions (49) periodic table of the
cathode ray (52) fraction by mass (mass mass number (A) (56) elements (61)
cation (64) fraction) (47) mass spectrometry (58) polyatomic ion (67)
chemical bond (64) group (61) metal (62) proton (p*) (55)
chemical formula (68) heterogeneous mixture (81) metalloid (semimetal) (62) substance (44)
chromatography (83) homogeneous mixture mixture (45) volatility (83)
compound (44) (solution) (81) molecular mass (76)

Key Equations and Relationships

Page numbers appear in parentheses.

2.1 Finding the mass of an element in a given mass of
compound (48):

2.3 Calculating the average atomic mass of the isotopes of an
element (58):

Mass of element in sample = mass of compound in sample
mass of element in compound

Atomic mass = X(isotopic mass)(fractional abundance of isotope)

2.4 Determining the molecular mass of a formula unit of a
mass of compound compound (76):

2.2 Calculating the number of neutrons in an atom (56): Molecular mass = sum of atomic masses

Number of neutrons = mass number — atomic number
or N=A-Z7
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BRIEF SOLUTIONS TO FOLLOW-UP PROBLEMS

2.1A (a) There is only one type of atom (blue) present, so this
is an element. (b) Two different atoms (brown and green) ap-
pear in a fixed ratio of 1/1, so this is a compound. (c) These
molecules consist of one type of atom (orange), so this is

an element.

2.1B There are two types of particles reacting (left circle), one
with two blue atoms and the other with two orange; the depiction
shows a mixture of two elements. In the product (right circle),
all the particles have one blue atom and one orange; this is a
compound.

2.2A Mass (g) of fool’s gold

86.2 o 110.0 g fool’s gold
= 002 BHON X T o

= 185 g fool’s gold

(110.0 — 51.2 g sulfur)

Mass (g) of sulfur = 185 g foetsgotd X

110.0 g foetsgotd
= 98.9 g sulfur
2.2B Mass (g) of silver
35705 ) 15.4 g silver
=3.57 gsilver-bromide - ;
©%26.8 g silverbromide

= 2.05 g silver

Mass (g) of bromine

= 3.57 gsilverbromide X
= 1.52 g bromine

(26.8 — 15.4 g bromine)
26.8 g silver-brommide

2.3A There are 12 black atoms and 14 red atoms in each circle
(mass conservation). In the right circle, there are molecules of
two compounds—one compound has one black and one red
atom, and the other has one black and two red atoms (multiple
proportions). Each compound has a fixed ratio of black-to-red
atoms (definite composition).

2.3B Sample B. Two bromine-fluorine compounds appear. In
one, there are three fluorine atoms for each bromine; in the other,
there is one fluorine for each bromine. Therefore, the masses of
fluorine that combine with a given mass of bromine are in a

3/1 ratio.

2.4A Titanium has an atomic number of 22. Mass number — 22 =
number of neutrons.

““Ti has 22p™, 22¢7, and (46 — 22) =24n°.
“"Ti has 22p*, 22¢™, and (47 — 22) = 25n°.
*8Ti has 22p™, 22¢7, and (48 — 22) = 26n°.
“OTi has 22p™, 22¢7, and (49 — 22) = 27n°.
Ti has 22p*, 22e™, and (50 — 22) = 28n".
2.4B (a)5p*,5e¢~, (11 -5 =6n"; Q=B
(b) 20p*, 20e™, (41 —20) =21n’;R = Ca
(¢) 53p™, 53¢, (131 —53) =78n"; X =1
2.5A First, divide the percent abundance value (Figure B2.2C,

Tools of the Laboratory) by 100 to obtain the fractional value
for each isotope. Multiply each isotopic mass by the fractional

value, and add the resulting masses to obtain neon’s atomic
mass:

Atomic mass of Ne
= (isotopic mass of PNe)(fractional abundance of *’Ne)
+ (isotopic mass of 2INe)(fractional abundance of *'Ne)
+ (isotopic mass of 2Ne)(fractional abundance of **Ne)

= (19.99244 amu)(0.9048) + (20.99385 amu)(0.0027)
+ (21.99139 amu)(0.0925)

= 20.18 amu
2.5B 10.0129x + [11.0093(1 — x)] = 10.81; 0.9964x = 0.1993;

x =0.2000 and 1 — x = 0.8000; percent abundance of
9B = 20.00%; percent abundance of ''B = 80.00%

2.6A (a) Silicon, Si; Group 4A(14) and Period 3; metalloid
(b) Cesium, Cs; Group 1A(1) and Period 6; main-group metal
(c) Xenon, Xe; Group 8A(18) and Period 5; nonmetal

2.6B (a) Magnesium, Mg; Group 2A(2) and Period 3; main-
group metal

(b) Nitrogen, N; Group 5A(15) and Period 2; nonmetal

(c) Zinc, Zn; Group 2B(12) and Period 4; transition metal

2.7A (a) S*~; (b) Rb™; (c) Ba**
2.7B (a) St**; (b) 0% (c) Cs*

2.8A (a) Zinc oxide; (b) silver bromide; (c) lithium chloride;
(d) aluminum sulfide

2.8B (a) Potassium sulfide; (b) barium iodide; (c) cesium nitride;
(d) sodium hydride

2.9A (a) ZnO; (b) AgBr; (c¢) LiCl; (d) Al,S;

2.9B (a) K,S; (b) Bal,; (¢) Cs;N; (d) NaH

2.10A (a) PbO,; (b) copper(I) sulfide (cuprous sulfide); (c) iron(IT)
bromide (ferrous bromide); (d) HgCl,

2.10B (a) CuzN,; (b) lead(Il) iodide; (¢) Cr,S5; (d) iron(II) oxide
2.11A (a) Cu(NOs3),*3H,0; (b) Zn(OH),; (c) lithium cyanide
2.11B (a) (NH4),SOy; (b) nickel(Il) nitrate hexahydrate;

(¢) KHCO;4

2.12A (a) (NH4);PO,; ammonium is NH} and phosphate is POI".
(b) AI(OH)3; parentheses are needed around the polyatomic ion OH™.

(¢) Magnesium hydrogen carbonate; Mg** is magnesium and can
have only a 2+ charge, so (I) is not needed in the name; HCO3 is
hydrogen carbonate (or bicarbonate).

2.12B (a) Chromium(III) nitrate; the -ic ending is not used with
roman numerals; NO3 is nitrate.

(b) Calcium nitrite; Ca*" is calcium and NO3 is nitrite.

(c) KClO5; potassium is K* and chlorate is C1O3; parentheses are
not needed when only one polyatomic ion is present.

2.13A (a) ClOg3, chlorate; (b) F~, fluoride; (¢c) CH;COO™

(or C,H505), acetate; (d) NO3, nitrite

2.13B (a) Sulfurous acid; add one H* ion to hydrogen sulfite,
HSO;3, or two H* to sulfite, SO% (b) hypobromous acid,

hypobromite, BrO™; (c) chlorous acid, chlorite, C105;
(d) hydriodic acid, iodide, I”
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2.14A (a) Sulfur trioxide; (b) silicon dioxide; (¢) N,O; (d) SeF¢
2.14B (a) Sulfur dichloride; (b) dinitrogen pentoxide;

(c) BF3; (d) IBr3

2.15A (a) Disulfur dichloride; the -ous suffix is not used.

(b) NO; the name indicates one nitrogen.

(c) Bromine trichloride; Br is in a higher period in Group 7A(17),
so it is named first.
2.15B (a) Tetraphosphorus hexoxide; the name of the element
phosphorus ends in -us not -ous, and the prefix hexa- is short-
ened to hex- before oxide. (b) Sulfur hexafluoride; sulfur has a
lower group number so it comes first, and fluorine gets the -ide
ending. (c) NBrj; nitrogen’s symbol is N, and the second letter of
a symbol is lowercase: bromine is Br.
2.16A (a) Hydrogen peroxide is H,O,.
Molecular mass
= (2 X atomic mass of H) + (2 X atomic mass of O)
= (2 X 1.008 amu) + (2 X 16.00 amu) = 34.02 amu
(b) Cesium carbonate is Cs,COs;.

Formula mass
= (2 x atomic mass of Cs) + (1 X atomic mass of C)
+ (3 X atomic mass of O)

= (2 x 132.9 amu) + 12.01 amu + (3 X 16.00 amu)
= 325.8 amu
2.16B (a) Sulfuric acid is H,SO,.

Molecular mass
= (2 X atomic mass of H) + (1 X atomic mass of S)
+ (4 X atomic mass of O)

= (2 X 1.008 amu) + 32.06 amu + (4 X 16.00 amu)
= 98.08 amu

PROBLEMS

Problems with colored numbers are answered in Appendix E and
worked in detail in the Student Solutions Manual. Problem sections
match those in the text and give the numbers of relevant sample
problems. Most offer Concept Review Questions, Skill-Building
Exercises (grouped in pairs covering the same concept), and Prob-
lems in Context. The Comprehensive Problems are based on mate-
rial from any section or previous chapter.

Elements, Compounds, and Mixtures: An Atomic Overview
(Sample Problem 2.1)

Concept Review Questions

2.1 What is the key difference between an element and a
compound?

2.2 List two differences between a compound and a mixture.

2.3 Which of the following are pure substances? Explain.

(a) Calcium chloride, used to melt ice on roads, consists of two
elements, calcium and chlorine, in a fixed mass ratio.

(b) Sulfur consists of sulfur atoms combined into octatomic
molecules.

(b) Potassium sulfate is K,SO,.

Formula mass
= (2 X atomic mass of K) + (1 X atomic mass of S)
+ (4 X atomic mass of O)

= (2 X 39.10 amu) + 32.06 amu + (4 X 16.00 amu)
= 174.26 amu

2.17A (a) Na,O. This is an ionic compound, so the name is
sodium oxide.

Formula mass
= (2 X atomic mass of Na) + (1 X atomic mass of O)
= (2 X 22.99 amu) + 16.00 amu = 61.98 amu

(b) NO,. This is a covalent compound, and N has the lower group
number, so the name is nitrogen dioxide.

Molecular mass
= (1 x atomic mass of N) + (2 X atomic mass of O)

= 14.01 amu + (2 X 16.00 amu) = 46.01 amu
2.17B (a) Magnesium chloride, MgCl,
Formula mass
= (1 x atomic mass of Mg) + (2 X atomic mass of Cl)
= (1 x 24.31 amu) + (2 X 35.45 amu) = 95.21 amu
(b) Chlorine trifluoride, CIF;
Molecular mass
= (1 x atomic mass of Cl) + (3 X atomic mass of F)
= 35.45 amu + (3 X 19.00 amu) = 92.45 amu

(c) Baking powder, a leavening agent, contains 26-30% sodium hy-
drogen carbonate and 30-35% calcium dihydrogen phosphate by mass.
(d) Cytosine, a component of DNA, consists of H, C, N, and O
atoms bonded in a specific arrangement.

2.4 Classify each substance in Problem 2.3 as an element, com-
pound, or mixture, and explain your answers.

2.5 Explain the following statement: The smallest particles unique
to an element may be atoms or molecules.

2.6 Explain the following statement: The smallest particles unique
to a compound cannot be atoms.

2.7 Can the relative amounts of the components of a mixture
vary? Can the relative amounts of the components of a compound
vary? Explain.

Problems in Context

2.8 The tap water found in many areas of the United States leaves
white deposits when it evaporates. Is this tap water a mixture or a
compound? Explain.
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2.9 Each scene below represents a mixture. Describe each one in
terms of the number(s) of elements and/or compounds present.

(¢)

2.10 Samples of illicit “street” drugs often contain an inactive
component, such as ascorbic acid (vitamin C). After obtaining a
sample of cocaine, government chemists calculate the mass of
vitamin C per gram of drug sample and use it to track the drug’s
distribution. For example, if different samples of cocaine obtained
on the streets of New York, Los Angeles, and Paris all contain
0.6384 g of vitamin C per gram of sample, they very likely come
from a common source. Do these street samples consist of a com-
pound, element, or mixture? Explain.

The Observations That Led to an Atomic View of Matter
(Sample Problem 2.2)

Concept Review Questions

2.11 Why was it necessary for separation techniques and methods
of chemical analysis to be developed before the laws of definite
composition and multiple proportions could be formulated?

2.12 To which class(es) of matter—elements, compounds, and/or
mixtures—do the following apply: (a) law of mass conservation;
(b) law of definite composition; (c) law of multiple proportions?

2.13 In our modern view of matter and energy, is the law of mass
conservation still relevant to chemical reactions? Explain.

2.14 Identify the mass law that each of the following observations
demonstrates, and explain your reasoning:

(a) A sample of potassium chloride from Chile contains the same
percent by mass of potassium as one from Poland.

(b) A flashbulb contains magnesium and oxygen before use and
magnesium oxide afterward, but its mass does not change.

(c) Arsenic and oxygen form one compound that is 65.2 mass %
arsenic and another that is 75.8 mass % arsenic.

2.15 Which of the following scenes illustrate(s) the fact that com-
pounds of chlorine (green) and oxygen (red) exhibit the law of
multiple proportions? Name the compounds.

2.16 (a) Does the percent by mass of each element in a compound
depend on the amount of compound? Explain.

(b) Does the mass of each element in a compound depend on the
amount of compound? Explain.

2.17 Does the percent by mass of each element in a compound
depend on the amount of that element used to make the com-
pound? Explain.

Chapter 2 - Problems 87

Skill-Building Exercises (grouped in similar pairs)

2.18 State the mass law(s) demonstrated by the following experi-
mental results, and explain your reasoning:

Experiment 1: A student heats 1.00 g of a blue compound and
obtains 0.64 g of a white compound and 0.36 g of a colorless gas.

Experiment 2: A second student heats 3.25 g of the same blue
compound and obtains 2.08 g of a white compound and 1.17 g of
a colorless gas.

2.19 State the mass law(s) demonstrated by the following experi-
mental results, and explain your reasoning:

Experiment 1: A student heats 1.27 g of copper and 3.50 g of
iodine to produce 3.81 g of a white compound; 0.96 g of iodine
remains.

Experiment 2: A second student heats 2.55 g of copper and 3.50 g
of iodine to form 5.25 g of a white compound; 0.80 g of copper
remains.

2.20 Fluorite, a mineral of calcium, is a compound of the metal
with fluorine. Analysis shows that a 2.76-g sample of fluorite
contains 1.42 g of calcium. Calculate the (a) mass of fluorine in
the sample; (b) mass fractions of calcium and fluorine in fluorite;
(c) mass percents of calcium and fluorine in fluorite.

2.21 Galena, a mineral of lead, is a compound of the metal with
sulfur. Analysis shows that a 2.34-g sample of galena contains
2.03 g of lead. Calculate the (a) mass of sulfur in the sample;
(b) mass fractions of lead and sulfur in galena; (c) mass percents
of lead and sulfur in galena.

2.22 Magnesium oxide (MgO) forms when the metal burns in air.
(a) If 1.25 g of MgO contains 0.754 g of Mg, what is the mass ratio
of magnesium to magnesium oxide?

(b) How many grams of Mg are in 534 g of MgO?

2.23 Zinc sulfide (ZnS) occurs in the zincblende crystal structure.
(a) If 2.54 g of ZnS contains 1.70 g of Zn, what is the mass ratio
of zinc to zinc sulfide?

(b) How many kilograms of Zn are in 3.82 kg of ZnS?

2.24 A compound of copper and sulfur contains 88.39 g of metal
and 44.61 g of nonmetal. How many grams of copper are in
5264 kg of compound? How many grams of sulfur?

2.25 A compound of iodine and cesium contains 63.94 g of metal
and 61.06 g of nonmetal. How many grams of cesium are in 38.77 g
of compound? How many grams of iodine?

2.26 Show, with calculations, how the following data illustrate the
law of multiple proportions:

Compound 1: 47.5 mass % sulfur and 52.5 mass % chlorine
Compound 2: 31.1 mass % sulfur and 68.9 mass % chlorine

2.27 Show, with calculations, how the following data illustrate
the law of multiple proportions:

Compound 1: 77.6 mass % xenon and 22.4 mass % fluorine
Compound 2: 63.3 mass % xenon and 36.7 mass % fluorine

Problems in Context

2.28 Dolomite is a carbonate of magnesium and calcium. Analysis
shows that 7.81 g of dolomite contains 1.70 g of Ca. Calculate the
mass percent of Ca in dolomite. On the basis of the mass percent
of Ca, and neglecting all other factors, which is the richer source
of Ca, dolomite or fluorite (see Problem 2.20)?
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2.29 The mass percent of sulfur in a sample of coal is a key factor
in the environmental impact of the coal because the sulfur combines
with oxygen when the coal is burned and the oxide can then be
incorporated into acid rain. Which of the following coals would
have the smallest environmental impact?

Mass (g) of Mass (g) of
Sample Sulfur in Sample
Coal A 378 11.3
Coal B 495 19.0
Coal C 675 20.6

Dalton’s Atomic Theory
(Sample Problem 2.3)

Concept Review Questions

2.30 Which of Dalton’s postulates about atoms are inconsistent
with later observations? Do these inconsistencies mean that
Dalton was wrong? Is Dalton’s model still useful? Explain.

2.31 Use Dalton’s theory to explain why potassium nitrate from
India or Italy has the same mass percents of K, N, and O.

The Observations That Led to the Nuclear Atom Model

Concept Review Questions

2.32 Thomson was able to determine the mass/charge ratio of the
electron but not its mass. How did Millikan’s experiment allow
determination of the electron’s mass?

2.33 The following charges on individual oil droplets were obtained
during an experiment similar to Millikan’s: —3.204x107" C;
—4.806x107"" C; —8.010x10™" C; —1.442x10™"* C. Determine a
charge for the electron (in C, coulombs), and explain your
answer.

2.34 Describe Thomson’s model of the atom. How might it ac-
count for the production of cathode rays?

2.35 When Rutherford’s coworkers bombarded gold foil with
o particles, they obtained results that overturned the existing
(Thomson) model of the atom. Explain.

The Atomic Theory Today
(Sample Problems 2.4 and 2.5)

Concept Review Questions

2.36 Define atomic number and mass number. Which can vary
without changing the identity of the element?

2.37 Choose the correct answer. The difference between the mass
number of an isotope and its atomic number is (a) directly related
to the identity of the element; (b) the number of electrons; (c) the
number of neutrons; (d) the number of isotopes.

2.38 Even though several elements have only one naturally occur-
ring isotope and all atomic nuclei have whole numbers of protons
and neutrons, no atomic mass is a whole number. Use the data
from Table 2.2 to explain this fact.

Skill-Building Exercises (grouped in similar pairs)

2.39 Argon has three naturally occurring isotopes, Ar, *®*Ar,
and *°Ar. What is the mass number of each isotope? How many
protons, neutrons, and electrons are present in each?

2.40 Chlorine has two naturally occurring isotopes, *>Cl and *'CI.
What is the mass number of each isotope? How many protons,
neutrons, and electrons are present in each?

2.41 Do both members of the following pairs have the same num-
ber of protons? Neutrons? Electrons?
(@) 'S0 and 'J0  (b) jpArand 5K (c) $9Co and S3Ni

Which pair(s) consist(s) of atoms with the same Z value? N value?
A value?

2.42 Do both members of the following pairs have the same num-
ber of protons? Neutrons? Electrons?

(a)3Hand3He  (b) '¢Cand 5N  (c) 'F and '§F

Which pair(s) consist(s) of atoms with the same Z value? N value?
A value?

2.43 Write the %4 X notation for each atomic depiction:

(a) (b) ‘ (c)

2.44 Write the %X notation for each atomic depiction:

(a) (b) ©

2.45 Draw atomic depictions similar to those in Problem 2.43 for
(@) 53Ti: (b) Se: (¢) 'sB.

2.46 Draw atomic depictions similar to those in Problem 2.43 for
(@) *53Pb: (b) 3Be; (c) 35As.

2.47 Gallium has two naturally occurring isotopes, “Ga (isotopic
mass = 68.9256 amu, abundance = 60.11%) and "'Ga (isotopic
mass = 70.9247 amu, abundance = 39.89%). Calculate the atomic
mass of gallium.

2.48 Magnesium has three naturally occurring isotopes, “*Mg
(isotopic mass = 23.9850 amu, abundance = 78.99%), 25Mg
(isotopic mass = 24.9858 amu, abundance = 10.00%), and 26Mg
(isotopic mass = 25.9826 amu, abundance = 11.01%). Calculate
the atomic mass of magnesium.

2.49 Chlorine has two naturally occurring isotopes, *CI (isotopic
mass = 34.9689 amu) and *’Cl (isotopic mass = 36.9659 amu). If
chlorine has an atomic mass of 35.4527 amu, what is the percent
abundance of each isotope?

2.50 Copper has two naturally occurring isotopes, **Cu (isotopic
mass = 62.9296 amu) and ®Cu (isotopic mass = 64.9278 amu). If
copper has an atomic mass of 63.546 amu, what is the percent
abundance of each isotope?
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Elements: A First Look at the Periodic Table
(Sample Problem 2.6)

Concept Review Questions

2.51 How can iodine (Z = 53) have a higher atomic number yet a
lower atomic mass than tellurium (Z = 52)?

2.52 Correct each of the following statements:

(a) In the modern periodic table, the elements are arranged in or-
der of increasing atomic mass.

(b) Elements in a period have similar chemical properties.

(c) Elements can be classified as either metalloids or nonmetals.

2.53 What class of elements lies along the “staircase” line in the
periodic table? How do the properties of these elements compare
with those of metals and nonmetals?

2.54 What are some characteristic properties of elements to the
left of the elements along the “staircase”? To the right?

2.55 The elements in Groups 1A(1) and 7A(17) are all quite reac-
tive. What is a major difference between them?

Skill-Building Exercises (grouped in similar pairs)

2.56 Give the name, atomic symbol, and group number of the element
with each Z value, and classify it as a metal, metalloid, or nonmetal:
@Z=32Mb)Z=15(c)Z=2([d)Z=3(e)Z=42

2.57 Give the name, atomic symbol, and group number of the
element with each Z value, and classify it as a metal, metalloid, or
nonmetal:

(@)Z=33(b)Z=20(c)Z=35(d)Z=19(e)Z=13

2.58 Fill in the blanks:

(a) The symbol and atomic number of the heaviest alkaline earth

metal are and

(b) The symbol and atomic number of the lightest metalloid in

Group 4A(14) are and

(c) Group 1B(11) consists of the coinage metals. The symbol and

atomic mass of the coinage metal whose atoms have the fewest

electrons are and

(d) The symbol and atomic mass of the halogen in Period 4 are
and

2.59 Fill in the blanks:
(a) The symbol and atomic number of the heaviest nonradioactive

noble gas are and
(b) The symbol and group number of the Period 5 transition element
whose atoms have the fewest protons are and

(c) The elements in Group 6A(16) are sometimes called the
chalcogens. The symbol and atomic number of the first metallic
chalcogen are and

(d) The symbol and number of protons of the Period 4 alkali metal
atom are and

Compounds: Introduction to Bonding
(Sample Problem 2.7)
Concept Review Questions

2.60 Describe the type and nature of the bonding that occurs be-
tween reactive metals and nonmetals.

2.61 Describe the type and nature of the bonding that often occurs
between two nonmetals.

2.62 How can ionic compounds be neutral if they consist of posi-
tive and negative ions?
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2.63 Given that the ions in LiF and in MgO are of similar size,
which compound has stronger ionic bonding? Use Coulomb’s law
in your explanation.

2.64 Are molecules present in a sample of BaF,? Explain.
2.65 Are ions present in a sample of P,O4? Explain.

2.66 The monatomic ions of Groups 1A(1) and 7A(17) are all
singly charged. In what major way do they differ? Why?

2.67 Describe the formation of solid magnesium chloride (MgCl,)
from large numbers of magnesium and chlorine atoms.

2.68 Describe the formation of solid potassium sulfide (K,S)
from large numbers of potassium and sulfur atoms.

2.69 Does potassium nitrate (KNO;) incorporate ionic bonding,
covalent bonding, or both? Explain.
Skill-Building Exercises (grouped in similar pairs)

2.70 What monatomic ions would you expect potassium (Z = 19)
and bromine (Z = 35) to form?

2.71 What monatomic ions would you expect radium (Z = 88)
and selenium (Z = 34) to form?

2.72 For each ionic depiction, give the name of the parent atom,
its mass number, and its group and period numbers:

(a) (b) (c) N

2.73 For each ionic depiction, give the name of the parent atom,
its mass number, and its group and period numbers:

(b) (¢)

2.74 An ionic compound forms when lithium (Z = 3) reacts with
oxygen (Z = 8). If a sample of the compound contains 8.4x10%!
lithium ions, how many oxide ions does it contain?

2.75 An ionic compound forms when calcium (Z = 20) reacts
with iodine (Z = 53). If a sample of the compound contains
7.4%10%' calcium ions, how many iodide ions does it contain?

2.76 The radii of the sodium and potassium ions are 102 pm and
138 pm, respectively. Which compound has stronger ionic attrac-
tions, sodium chloride or potassium chloride?

2.77 The radii of the lithium and magnesium ions are 76 pm and
72 pm, respectively. Which compound has stronger ionic attrac-
tions, lithium oxide or magnesium oxide?

Compounds: Formulas, Names, and Masses
(Sample Problems 2.8 to 2.17)
Concept Review Questions

2.78 What information about the relative numbers of ions and the
percent masses of elements is contained in the formula MgF,?
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2.79 How is a structural formula similar to a molecular formula?
How is it different?

2.80 Consider a mixture of 10 billion O, molecules and 10 billion
H, molecules. In what way is this mixture similar to a sample
containing 10 billion hydrogen peroxide (H,0,) molecules? In
what way is it different?

2.81 For what type(s) of compound do we use roman numerals in
the names?

2.82 For what type(s) of compound do we use Greek numerical
prefixes in the names?

2.83 For what type of compound are we unable to write a molecu-
lar formula?

Skill-Building Exercises (grouped in similar pairs)

2.84 Give the name and formula of the compound formed from
each pair of elements: (a) sodium and nitrogen; (b) oxygen and
strontium; (¢) aluminum and chlorine.

2.85 Give the name and formula of the compound formed from
each pair of elements: (a) cesium and bromine; (b) sulfur and
barium; (c¢) calcium and fluorine.

2.86 Give the name and formula of the compound formed from
each pair of elements:
(a) 12L and gM (b) 30L and 16M (C) 17L and 38M

2.87 Give the name and formula of the compound formed from
each pair of elements:
(a) 7Q and 3sR (b) §Q and ;3R (¢) 0Q and 53R

2.88 Give the systematic names for the formulas or the formulas
for the names:
(a) tin(IV) chloride; (b) FeBrs; (¢) cuprous bromide; (d) Mn,Os.

2.89 Give the systematic names for the formulas or the formulas
for the names: (a) CoO; (b) mercury(I) chloride; (c) chromic
oxide; (d) CuBr,.

2.90 Give the systematic names for the formulas or the formulas
for the names:

(a) Na,HPOy; (b) ammonium perchlorate; (c¢) Pb(C,H;0,),-3H,0;
(d) sodium nitrite.

2.91 Give the systematic names for the formulas or the formulas
for the names: (a) Sn(SO3),; (b) potassium dichromate; (¢) FeCOs;
(d) potassium carbonate dihydrate.

2.92 Correct each of the following formulas:
(a) Barium oxide is BaO..

(b) Iron(II) nitrate is Fe(NO3);.

(c) Magnesium sulfide is MnSO;.

2.93 Correct each of the following names:

(a) Cul is cobalt(Il) iodide.

(b) Fe(HSO,); is iron(II) sulfate.

(c) MgCr,05 is magnesium dichromium heptaoxide.

2.94 Give the name and formula for the acid derived from each of
the following anions:
(a) hydrogen carbonate (b) 10}

(c) cyanide (d) HS™

2.95 Give the name and formula for the acid derived from each of
the following anions:
(a) perchlorate (c) bromite

(b) NO3 (d) H,PO;

2.96 Many chemical names are similar at first glance. Give the
formulas of the species in each set:

(a) Ammonium ion and ammonia

(b) Magnesium sulfide, magnesium sulfite, and magnesium sulfate
(c) Hydrochloric acid, chloric acid, and chlorous acid

(d) Cuprous bromide and cupric bromide

2.97 Give the formulas of the compounds in each set:
(a) Lead(II) oxide and lead(IV) oxide

(b) Lithium nitride, lithium nitrite, and lithium nitrate
(c) Strontium hydride and strontium hydroxide

(d) Magnesium oxide and manganese(Il) oxide

2.98 Give the name and formula of the compound whose mol-
ecules consist of two sulfur atoms and four fluorine atoms.

2.99 Give the name and formula of the compound whose mol-
ecules consist of two chlorine atoms and one oxygen atom.

2.100 Correct the name to match the formula of the following
compounds: (a) calcium(II) dichloride, CaCl,; (b) copper(Il)
oxide, Cu,0; (c) stannous tetrafluoride, SnF,; (d) hydrogen chlo-
ride acid, HCI.

2.101 Correct the formula to match the name of the following
compounds: (a) iron(IIl) oxide, Fe;Oy4; (b) chloric acid, HCI;
(c) mercuric oxide, Hg,O; (d) potassium iodide, P,I;.

2.102 Write the formula of each compound, and determine its
molecular (formula) mass: (a) ammonium sulfate; (b) sodium
dihydrogen phosphate; (c) potassium bicarbonate.

2.103 Write the formula of each compound, and determine its
molecular (formula) mass: (a) sodium dichromate; (b) ammonium
perchlorate; (c) magnesium nitrite trihydrate.

2.104 Calculate the molecular (formula) mass of each com-
pound: (a) dinitrogen pentoxide; (b) lead(Il) nitrate; (c) calcium
peroxide.

2.105 Calculate the molecular (formula) mass of each compound:
(a) iron(II) acetate tetrahydrate; (b) sulfur tetrachloride; (c) potas-
sium permanganate.

2.106 Give the number of atoms of the specified element in a
formula unit of each of the following compounds, and calculate
the molecular (formula) mass:

(a) Oxygen in aluminum sulfate, Al,(SOy);

(b) Hydrogen in ammonium hydrogen phosphate, (NH4),HPO,
(c) Oxygen in the mineral azurite, Cu;(OH),(CO3),

2.107 Give the number of atoms of the specified element in a
formula unit of each of the following compounds, and calculate
the molecular (formula) mass:

(a) Hydrogen in ammonium benzoate, CsHsCOONH,

(b) Nitrogen in hydrazinium sulfate, N,HsSO,

(c) Oxygen in the mineral leadhillite, Pb,SO4(CO;),(OH),

2.108 Give the formula, name, and molecular mass of the follow-
ing molecules:

(a) (b)
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2.109 Give the formula, name, and molecular mass of the follow-
ing molecules:

(a) (b)

Problems in Context

2.110 Before the use of systematic names, many compounds had
common names. Give the systematic name for each of the following:
(a) Blue vitriol, CuSO,4-5H,0

(b) Slaked lime, Ca(OH),

(c) Oil of vitriol, H,SO,

(d) Washing soda, Na,CO;

(e) Muriatic acid, HCI

(f) Epsom salt, MgSO,-7H,0

(g) Chalk, CaCO;

(h) Dry ice, CO,

(i) Baking soda, NaHCO;

(j) Lye, NaOH

2.111 Each circle contains a representation of a binary compound.
Determine its name, formula, and molecular (formula) mass.

(a)‘l (b)sa
- 2 @ &
@ o

@ oxygen
@ nitrogen

0 chlorine

Mixtures: Classification and Separation

Concept Review Questions

2.112 In what main way is separating the components of a mix-
ture different from separating the components of a compound?

2.113 What is the difference between a homogeneous and a het-
erogeneous mixture?

2.114 [s a solution a homogeneous or a heterogeneous mixture?
Give an example of an aqueous solution.

Skill-Building Exercises (grouped in similar pairs)

2.115 Classify each of the following as a compound, a homoge-
neous mixture, or a heterogeneous mixture: (a) distilled water;
(b) gasoline; (c) beach sand; (d) wine; (e) air.

2.116 Classify each of the following as a compound, a homoge-
neous mixture, or a heterogeneous mixture: (a) orange juice;
(b) vegetable soup; (c) cement; (d) calcium sulfate; (e) tea.

Problems in Context

2.117 Which separation method is operating in each of the follow-
ing procedures?

(a) Pouring a mixture of cooked pasta and boiling water into a
colander

(b) Removing colored impurities from raw sugar to make refined
sugar

2.118 A quality-control laboratory analyzes a product mixture using
gas-liquid chromatography. The separation of components is more
than adequate, but the process takes too long. Suggest two ways, other
than changing the stationary phase, to shorten the analysis time.
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Comprehensive Problems

2.119 Helium is the lightest noble gas and the second most abun-
dant element (after hydrogen) in the universe.

(a) The radius of a helium atom is 3.1x107"! m; the radius of its
nucleus is 2.5%107"> m. What fraction of the spherical atomic
volume is occupied by the nucleus (V of a sphere = 77°)?

(b) The mass of a helium-4 atom is 6.64648x107%* g, and each of
its two electrons has a mass of 9.10939x10~** g. What fraction of
this atom’s mass is contributed by its nucleus?

2.120 From the following ions (with their radii in pm), choose the
pair that forms the strongest ionic bond and the pair that forms the
weakest:

Ton: Mg”* K* Rb* Ba** CI° O I
Radius: 72 138 152 135 181 140 220
2.121 Give the molecular mass of each compound depicted below,
and provide a correct name for any that are named incorrectly.

monosulfur

./é\‘.dichloride

Q

(a) boron (b)

fluoride

dinitride

(¢) phosphorus  (d)
pentoxide

trichloride

2.122 Polyatomic ions are named by patterns that apply to ele-
ments in a given group. Using the periodic table and Table 2.5,

give the name of each of the following: (a) SeOf‘; (b) AsO3™;
(c) BrO3; (d) HSeOy; (e) TeO%’.

2.123 Ammonium dihydrogen phosphate, formed from the reac-
tion of phosphoric acid with ammonia, is used as a crop fertilizer
as well as a component of some fire extinguishers. (a) What are
the mass percentages of N and P in the compound? (b) How much
ammonia is incorporated into 100. g of the compound?

2.124 Nitrogen forms more oxides than any other element. The
percents by mass of N in three different nitrogen oxides are
(1) 46.69%, (II) 36.85%, and (III) 25.94%. For each compound,
determine (a) the simplest whole-number ratio of N to O and
(b) the number of grams of oxygen per 1.00 g of nitrogen.

2.125 The number of atoms in 1 dm® of aluminum is nearly the
same as the number of atoms in 1 dm? of lead, but the densities of
these metals are very different (see Table 1.5). Explain.

2.126 You are working in the laboratory preparing sodium chlo-
ride. Consider the following results for three preparations of the
compound:
Case 1: 39.34 g Na + 60.66 g Cl, — 100.00 g NaCl
Case 2:39.34 gNa + 70.00g Cl, —
100.00 g NaCl + 9.34 g Cl,
Case 3: 50.00 g Na + 50.00gCl, —
82.43 g NaCl + 17.57 g Na

Explain these results in terms of the laws of conservation of mass
and definite composition.

2.127 Scenes A-I on the next page depict various types of matter
on the atomic scale. Choose the correct scene(s) for each of the
following:

(a) A mixture that fills its container
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(b) A substance that cannot be broken down into simpler ones

(c) An element with a very high resistance to flow

(d) A homogeneous mixture

(e) An element that conforms to the walls of its container and
displays an upper surface

(f) A gas consisting of diatomic particles

(g) A gas that can be broken down into simpler substances

(h) A substance with a 2/1 ratio of its component atoms

(1) Matter that can be separated into its component substances by
physical means

() A heterogeneous mixture

(k) Matter that obeys the law of definite composition

2.128 The seven most abundant ions in seawater make up more
than 99% by mass of the dissolved compounds. Here are their
abundances in units of mg ion/kg seawater: chloride 18,980; so-
dium 10,560; sulfate 2650; magnesium 1270; calcium 400; potas-
sium 380; hydrogen carbonate 140.

(a) What is the mass % of each ion in seawater?

(b) What percent of the total mass of ions is represented by so-
dium ions?

(c) How does the total mass % of alkaline earth metal ions com-
pare with the total mass % of alkali metal ions?

(d) Which make up the larger mass fraction of dissolved compo-
nents, anions or cations?

2.129 The following scenes represent a mixture of two mona-
tomic gases undergoing a reaction when heated. Which mass
law(s) is (are) illustrated by this change?

273 K —> 450K —> 650K

2,130 When barium (Ba) reacts with sulfur (S) to form bar-
ium sulfide (BaS), each Ba atom reacts with an S atom. If 2.50 cm®
of Bareacts with 1.75 cm® of S, are there enough Ba atoms to react
with the S atoms (d of Ba = 3.51 g/em®; d of S = 2.07 g/cm?)?

2.131 Succinic acid (below) is an important metabolite in biologi-
cal energy production. Give the molecular formula, molecular
mass, and the mass percent of each element in succinic acid.

2.132 Fluoride ion is poisonous in relatively low amounts: 0.2 g of
F~ per 70 kg of body weight can cause death. Nevertheless, in order
to prevent tooth decay, F~ ions are added to drinking water at a con-
centration of 1 mg of F~ ion per L of water. How many liters of fluo-
ridated drinking water would a 70-kg person have to consume in
one day to reach this toxic level? How many kilograms of sodium
fluoride would be needed to treat an 8.50x107-gal reservoir?

2.133 Antimony has many uses, for example, in infrared devices
and as part of an alloy in lead storage batteries. The element has
two naturally occurring isotopes, one with mass 120.904 amu and
the other with mass 122.904 amu. (a) Write the 4X notation for
each isotope. (b) Use the atomic mass of antimony from the peri-
odic table to calculate the natural abundance of each isotope.

2.134 Dinitrogen monoxide (N,O; nitrous oxide) is a greenhouse
gas that enters the atmosphere principally from natural fertilizer
breakdown. Some studies have shown that the isotope ratios of
>N to N and of '*0 to '°0 in N,O depend on the source, which
can thus be determined by measuring the relative abundances of
molecular masses in a sample of N,O.

(a) What different molecular masses are possible for N,O?

(b) The percent abundance of "N is 99.6%, and that of '°0 is
99.8%. Which molecular mass of N,O is least common, and which
is most common?

2.135 Use the box color(s) in the periodic table below to identify
the element(s) described by each of the following:

H_EN

N

:H

(a) Four elements that are nonmetals

(b) Two elements that are metals

(c) Three elements that are gases at room temperature

(d) Three elements that are solid at room temperature

(e) One pair of elements likely to form a covalent compound

(f) Another pair of elements likely to form a covalent compound
(g) One pair of elements likely to form an ionic compound with
formula MX

(h) Another pair of elements likely to form an ionic compound
with formula MX

(i) Two elements likely to form an ionic compound with for-
mula M,X
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(j) Two elements likely to form an ionic compound with for-
mula MX,

(k) An element that forms no compounds

(1) A pair of elements whose compounds exhibit the law of mul-
tiple proportions

2.136 The two isotopes of potassium with significant abundances
in nature are *’K (isotopic mass = 38.9637 amu, 93.258%) and K
(isotopic mass = 40.9618 amu, 6.730%). Fluorine has only one
naturally occurring isotope, '°F (isotopic mass = 18.9984 amu).
Calculate the formula mass of potassium fluoride.

2.137 Boron trifluoride is used as a catalyst in the synthesis of
organic compounds. When this compound is analyzed by mass
spectrometry (see Tools of the Laboratory: Mass Spectrometry,
following Section 2.5), several different 1+ ions form, including
ions representing the whole molecule as well as molecular frag-
ments formed by the loss of one, two, and three F atoms. Given
that boron has two naturally occurring isotopes, 1B and "B, and
fluorine has one, '°F, calculate the masses of all possible 1+ ions.

2.138 Nitrogen monoxide (NO) is a bioactive molecule in blood.
Low NO concentrations cause respiratory distress and the forma-
tion of blood clots. Doctors prescribe nitroglycerin, C3HsN;Oo, and
isoamyl nitrate, (CH;),CHCH,CH,ONO,, to increase the blood
level of NO. If each compound releases one molecule of NO per
atom of N it contains, calculate the mass percent of NO in each.

2.139 TNT (trinitrotoluene; below) is used as an explosive in con-
struction. Calculate the mass of each element in 1.00 Ib of TNT.

2.140 Nuclei differ in their stability, and some are so unstable that
they undergo radioactive decay. The ratio of the number of neu-
trons to number of protons (N/Z) in a nucleus correlates with its
stability. Calculate the N/Z ratio for (a) '**Sm; (b) *°Fe; (c) *’Ne;
(d) 107Ag. (e) The radioactive isotope B8y decays in a series of
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nuclear reactions that includes another uranium isotope, 24U, and
three lead isotopes, 214pp, 21%pp_ and 2°°Pb. How many neutrons,
protons, and electrons are in each of these five isotopes?

2.141 The anticancer drug Platinol (cisplatin), Pt(NH;),Cl,, reacts
with a cancer cell’s DNA and interferes with its growth. (a) What
is the mass % of platinum (Pt) in Platinol? (b) If Pt costs $51/g,
how many grams of Platinol can be made for $1.00 million (as-
sume that the cost of Pt determines the cost of the drug)?

2.142 From the periodic table below, give the name, symbol,
atomic number, atomic mass, period number, and group number of
(a) the building-block elements (red), which occur in nearly every
biological molecule, and (b) the macronutrients (green), which are
either essential ions in cell fluids or are part of many biomolecules.

N ]
T

2.143 The block diagram below classifies the components of mat-
ter on the macroscopic scale. Identify blocks (a)—(d).

[ (c) ] [Solutions

2.144 Which of the steps in the following process involve(s) a
physical change and which involve(s) a chemical change?
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Concepts and Skills to Review Before You Study This Chapter

> atomic mass (Section 2.5) > molecular and structural formulas and ball-and-stick and
space-filling models (Section 2.8)

> names and formulas of compounds (Section 2.8)

> molecular (or formula) mass (Section 2.8)

hemistry is, above all, a practical science. Imagine that you’re

a biochemist who has extracted a substance with medicinal
activity from a tropical plant: what is its formula, and what quantity of metabolic
products will establish a safe dosage level? Or, suppose you're a chemical engineer
studying rocket-fuel thrust (see photo): what amount of propulsive gases will a fuel
produce? Perhaps you’re on a team of environmental chemists examining coal sam-
ples: what quantity of air pollutants will a sample produce when burned? Or, maybe
you’re a polymer chemist preparing a plastic with unusual properties: how much of
this new material will the polymerization reaction yield? You can answer countless
questions like these with a knowledge of stoichiometry (pronounced “stoy-key-AHM-
uh-tree”; from the Greek stoicheion, “element or part,” and metron, “measure”), the
study of the quantitative aspects of formulas and reactions.

IN THIS CHAPTER . . . We relate the mass of a substance to the number of chemical entities
comprising it (atoms, ions, molecules, or formula units) and apply this relationship to formulas
and equations.
> We discuss the mole, the chemist’s unit for amount of a substance, and use it to convert
between mass and number of entities.
> We also use the mole concept to derive a chemical formula from the results of mass analysis.
> We compare three types of chemical formulas.
> We learn how to write chemical equations and how to balance them in terms of the amounts
of substances reacting and produced.
> We calculate the amounts of reactants and products in a reaction and see why one of the
reactants limits the amount of product that can form and, thus, the reaction yield.

THE MOLE

In daily life, we often measure things by weighing or by counting: we weigh coffee
beans or bananas, but we count eggs or pencils. And we use mass units (a kilogram
of coffee beans) or counting units (a dozen pencils) to express the amount. Similarly,
the daily routine in the laboratory involves measuring substances. We want to know
the numbers of chemical entities—atoms, ions, molecules, or formula units—that react
with each other, but how can we possibly count or weigh such minute objects? As
you’ll see, chemists have devised a unit, called the mole, to count chemical entities
by weighing a very large number of them.

Defining the Mole

The mole (abbreviated mol) is the SI unit for amount of substance. It is defined as
the amount of a substance that contains the same number of entities as the number
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— of atoms in 12 g of carbon-12. This number, called Avogadro’s number (in honor
- &

Imagine a Mole of . ..

A mole of any ordinary object is a
staggering amount: a mole of periods
(.) lined up side by side would equal
the radius of our galaxy; a mole of
marbles stacked tightly together
would cover the continental United
States 70 miles deep. However, atoms
and molecules are not ordinary ob-
jects: you can swallow a mole of water
molecules (about 18 mL) in one gulp!

S

32.06

1 molecule of H,O
1 formula unit of NaCl

Figure 3.1 One mole (6.022x10%
entities) of some familiar substances.
From left to right: 1 mol of copper (63.55 g),
of liquid H,0 (18.02 g), of sodium chloride
(table salt, 58.44 g), of sucrose (table sugar,
342.3 g), and of aluminum (26.98 g).

Source: © McGraw-Hill Education/Charles
Winters/Timeframe Photography, Inc.

16 1 atom of S
1 atom of Fe has a mass of 55.85 amu and 1 mol (6.022x10* atoms) of Fe has a mass of 55.85 g

has a mass of
has a mass of 58.44 amu

of the 19™-century Italian physicist Amedeo Avogadro), is enormous: <

One mole (1 mol) contains 6.022x10% entities (to four significant figures)  (3.1)

A counting unit, like dozen, tells you the number of objects but not their mass; a mass
unit, like kilogram, tells you the mass of the objects but not their number. The mole
tells you both—the number of objects in a given mass of substance:

1 mol of carbon-12 contains 6.022x10? carbon-12 atoms and has a mass of 12 g

What does it mean that the mole unit allows you to count entities by weighing the
sample? Suppose you have a sample of carbon-12 and want to know the number of
atoms present. You find that the sample weighs 6 g, so it is 0.5 mol of carbon-12 and
contains 0.5(6.022x10%), or 3.011x10* atoms:

6 g of carbon-12 is 0.5 mol of carbon-12 and contains 3.011x10* atoms

Knowing the amount (in moles), the mass (in grams), and the number of entities
becomes very important when we mix different substances to run a reaction. The
central relationship between masses on the atomic scale and on the macroscopic scale
is the same for elements and compounds:

e Elements. The mass in atomic mass units (amu) of one atom of an element is the
same numerically as the mass in grams (g) of 1 mole of atoms of the element.
Recall from Chapter 2 that each atom of an element is considered to have the
atomic mass given in the periodic table. Thus,

has a mass of 32.06 amu and 1 mol (6.022x10% atoms) of S has a mass of 32.06 g

Note, also, that since atomic masses are relative, 1 Fe atom weighs 55.85/32.06 as
much as 1 S atom, and 1 mol of Fe weighs 55.85/32.06 as much as 1 mol of S.

e Compounds. The mass in atomic mass units (amu) of one molecule (or formula
unit) of a compound is the same numerically as the mass in grams (g) of 1 mole
of the compound. Thus, for example,

and 1 mol (6.022x10% molecules) of H,O
and 1 mol (6.022x10% formula units) of NaCl

18.02 amu has amass of 18.02 g

has a mass of 58.44 g

Here, too, because masses are relative, 1 H,O molecule weighs 18.02/58.44 as
much as 1 NaCl formula unit, and 1 mol of H,O weighs 18.02/58.44 as much as
1 mol of NaCl.

The two key points to remember about the importance of the mole unit are

e The mole lets us relate the number of entities to the mass of a sample of those
entities.

* The mole maintains the same numerical relationship between mass on the
atomic scale (atomic mass units, amu) and mass on the macroscopic scale

(grams, g).

In everyday terms, a grocer does not know that there are 1 dozen eggs from their
weight or that there is 1 kilogram of coffee beans from their count, because eggs and
coffee beans do not have fixed masses. But, by weighing out 63.55 g (1 mol) of cop-
per, a chemist does know that there are 6.022x10% copper atoms, because all copper
atoms have an atomic mass of 63.55 amu. Figure 3.1 shows 1 mole of some familiar
elements and compounds.

Determining Molar Mass

The molar mass () of a substance is the mass of a mole of its entities (atoms, mol-
ecules, or formula units) and has units of grams per mole (g/mol). The periodic table
is indispensable for calculating molar mass:
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1. Elements. To find the molar mass, look up the atomic mass and note whether

the element is monatomic or molecular.

* Monatomic elements. The molar mass of a monatomic element is the periodic table
value in grams per mole.* For example, the molar mass of neon is 20.18 g/mol,
and the molar mass of gold is 197.0 g/mol.

*  Molecular elements. You must know the formula of a molecular element to deter-
mine the molar mass (see Figure 2.15). For example, in air, oxygen exists most
commonly as diatomic molecules, so the molar mass of O, is twice that of O:

Molar mass () of O, =2 X M of O =2 x 16.00 g/mol = 32.00 g/mol
The most common form of sulfur exists as octatomic molecules, Sg:
M oof Sg =8 X M of S =8 % 32.06 g/mol = 256.5 g/mol

2. Compounds. The molar mass of a compound is the sum of the molar masses
of the atoms in the formula. Thus, from the formula of sulfur dioxide, SO,, we know
that 1 mol of SO, molecules contains 1 mol of S atoms and 2 mol of O atoms:

M of SO, = M of S + (2 X M of O) = 32.06 g/mol + (2 X 16.00 g/mol) = 64.06 g/mol
Similarly, for ionic compounds, such as potassium sulfide (K,S), we have
M of KoS = 2 X M of K) + M of S = (2 x 39.10 g/mol) + 32.06 g/mol = 110.26 g/mol

Thus, subscripts in a formula refer to individual atoms (or ions) as well as to
moles of atoms (or ions). Table 3.1 summarizes these ideas for glucose, C¢H;,04, the
essential sugar in energy metabolism. Glucose

Table 3.1 Information Contained in the Chemical Formula of Glucose, C¢H1,0¢ (# = 180.16 g/mol)
Carbon (C) Hydrogen (H) Oxygen (O)
Atoms/molecule of compound 6 atoms 12 atoms 6 atoms
Moles of atoms/mole of compound 6 mol of atoms 12 mol of atoms 6 mol of atoms
Atoms/mole of compound 6(6.022x10%) atoms 12(6.022x10%) atoms 6(6.022x10%) atoms
Mass/molecule of compound 6(12.01 amu) = 72.06 amu 12(1.008 amu) = 12.10 amu 6(16.00 amu) = 96.00 amu
Mass/mole of compound 72.06 g 12.10 g 96.00 g

Converting Between Amount, Mass, and Number
of Chemical Entities

One of the most common skills in the lab—and on exams—is converting between
amount (mol), mass (g), and number of entities of a substance.

1. Converting between amount and mass. If you know the amount of a substance, you
can find its mass, and vice versa. The molar mass (.#), which expresses the equiva-
lence between 1 mole of a substance and its mass in grams, is the conversion factor
between amount and mass:

no. of grams 1 mol
1 mol or no. of grams

*  From amount (mol) to mass (g), multiply by the molar mass to cancel the mole unit:

no. of grams

M = t (mol) X
ass (g) = amount (mol) Lol

(3.2)

*The mass value in the periodic table has no units because it is a relative atomic mass, given by the atomic mass (in
amu) divided by 1 amu (5 mass of one '2C atom in amu):

atomic mass (amt)
& mass of 2C (amm)
Therefore, you use the same number (with different units) for the atomic mass and for the molar mass.

Relative atomic mass =
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MASS (g)

of element

A (g/mol)

AMOUNT (mol)

of element

Avogadro’s
number
(entities/mol)

ATOMS
(or MOLECULES)

of element

Figure 3.2 Mass-mole-number
relationships for elements.

Road Map

Amount (mol) of Ag

multiply by . of Ag
(1 mol Ag =107.9 g Ag)

Mass (g) of Ag

* From mass (g) to amount (mol), divide by the molar mass (multiply by 1/.%)
to cancel the mass unit:
Amount (mol) () x — 3.3
mount (mol) = mass — .

no.of-grams (3.3)
2. Converting between amount and number. Similarly, if you know the amount (mol),
you can find the number of entities, and vice versa. Avogadro’s number, which
expresses the equivalence between 1 mole of a substance and the number of entities

it contains, is the conversion factor between amount and number of entities:

6.022x10% entities 1 mol
or
1 mol 6.022x10% entities

e From amount (mol) to number of entities, multiply by Avogadro’s number to
cancel the mole unit:

6.022x 107 entiti
No. of entities = amount (mol) X 1 mo‘ten s (3.4)

* From number of entities to amount (mol), divide by Avogadro’s number to
cancel the number of entities:

1 mol
X 23
6.022%10~ entities

Amount (mol) = no.-ofentities (3.5)

Amount-Mass-Number Conversions Involving Elements We begin with amount-
mass-number relationships of elements. As Figure 3.2 shows, convert mass or number
of entities (atoms or molecules) to amount (mol) first. For molecular elements, Avog-
adro’s number gives molecules per mole.

Let’s work through several sample problems that show these conversions for
some elements.

Converting Between Mass and Amount

SAMPLE PROBLEM 3.1 of an Element

Problem Silver (Ag) is used in jewelry and tableware but no longer in U.S. coins. How
many grams of Ag are in 0.0342 mol of Ag?

Plan We know the amount of Ag (0.0342 mol) and have to find the mass (g). To
convert units of moles of Ag to grams of Ag, we multiply by the molar mass of Ag,
which we find in the periodic table (see the road map).

Solution Converting from amount (mol) of Ag to mass (g):
107.9 g Ag

M fAg=0.0342 molAg x ——————
ass (g) of Ag gx7 I Ag

= 3.69 g Ag

Check We rounded the mass to three significant figures because the amount (in mol)
has three. The units are correct. About 0.03 mol X 100 g/mol gives 3 g; the small mass
makes sense because 0.0342 is a small fraction of a mole.

FOLLOW-UP PROBLEMS
Brief Solutions for all Follow-up Problems appear at the end of the chapter.

3.1A Graphite is the crystalline form of carbon used in “lead” pencils. How many
moles of carbon are in 315 mg of graphite? Include a road map that shows how you
planned the solution.

3.1B A soda can contains about 14 g of aluminum (Al), the most abundant element in
Earth’s crust. How many soda cans can be made from 52 mol of Al? Include a road
map that shows how you planned the solution.

SOME SIMILAR PROBLEMS 3.12(a) and 3.13(a)
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SAMPLE PROBLEM 3.2 Amount of an Element

Problem Gallium (Ga) is a key element in solar panels, calculators, and other light-
sensitive electronic devices. How many Ga atoms are in 2.85x10~° mol of gallium?

Plan We know the amount of gallium (2.85%107> mol) and need the number of Ga
atoms. We multiply amount (mol) by Avogadro’s number to find number of atoms
(see the road map).

Solution Converting from amount (mol) of Ga to number of atoms:

6.022x10% Ga atoms

No. of Ga atoms = 2.85x107> mel-Ga x
0. 0 a atoms a 1 -

= 1.72x10*' Ga atoms

Check The number of atoms has three significant figures because the number of
moles does. When we round amount (mol) of Ga and Avogadro’s number, we have
~(3><10_3 mol)(6><1023 atoms/mol) = 18><1020, or 1.8x10?' atoms, SO our answer
seems correct.

FOLLOW-UP PROBLEMS

3.2A At rest, a person inhales 9.72x10?' nitrogen molecules in an average breath of air.
How many moles of nitrogen atoms are inhaled? (Hint: In air, nitrogen occurs as a
diatomic molecule.) Include a road map that shows how you planned the solution.

3.2B A tank contains 325 mol of compressed helium (He) gas. How many He atoms
are in the tank? Include a road map that shows how you planned the solution.

SOME SIMILAR PROBLEMS 3.12(b) and 3.13(b)

For the next sample problem, note that mass and number of entities relate directly
to amount (mol), but not to each other. Therefore, to convert between mass and num-
ber, first convert to amount.

Converting Between Number of Entities and

Problem Iron (Fe) is the main component of steel and, thus, the most important metal
in industrial society; it is also essential in the human body. How many Fe atoms are in
95.8 g of Fe?

Plan We know the mass of Fe (95.8 g) and need the number of Fe atoms. We cannot
convert directly from mass to number of atoms, so we first convert to amount (mol) by
dividing the mass of Fe by its molar mass. Then, we multiply amount (mol) by
Avogadro’s number to find number of atoms (see the road map).

Solution Converting from mass (g) of Fe to amount (mol):

1 mol Fe
A t 1) of Fe = 95.8 X———=172mol F
mount (mol) of Fe gkFe 55.85 mol Fe
Converting from amount (mol) of Fe to number of Fe atoms:
6.022x10> atoms Fe
No. of Fe at = 1.72 molFe X
o. of Fe atoms € ] <

= 1.04x10** atoms Fe

Check Rounding the mass and the molar mass of Fe, we have ~100 g/(~60 g/mol) =
1.7 mol. Therefore, the number of atoms should be a bit less than twice Avogadro’s
number: <2(6x10%) = <1.2x10%, so the answer seems correct.

Comment The two steps can be combined into one:

1 mol-Fe y 6.022x10% atoms Fe
55.85 g Fe 1 melFe

Amount (mol) of Fe = 95.8 gFe x = 1.04x10** atoms Fe

3.1 -« The Mole

Road Map

99

-

Amount (mol) of Ga

L

multiply by Avogadro’s number
(1 mol Ga = 6.022x10°3 Ga atoms)

Number of Ga atoms

Road Map

Mass (g) of Fe

divide by ./ of Fe
(55.85 g Fe =1mol Fe)

~

Amount (mol) of Fe

|

multiply by Avogadro’s number
(1mol Fe = 6.022x1023 Fe atoms)

Number of Fe atoms
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FOLLOW-UP PROBLEMS

3.3A Manganese (Mn) is a transition element essential for the growth of bones. What is
the mass in grams of 3.22x10* Mn atoms, the number found in 1 kg of bone? Include
a road map that shows how you planned the solution.

3.3B Pennies minted after 1982 are made of zinc plated with a thin coating of copper
(Cu); the copper layer on each penny has a mass of 0.0625 g. How many Cu atoms are
in a penny? Include a road map that shows how you planned the solution.

SOME SIMILAR PROBLEMS 3.12(c) and 3.13(c)

Amount-Mass-Number Conversions Involving Compounds Only one new step
is needed to solve amount-mass-number problems involving compounds: we need
the chemical formula to find the molar mass and the amount of each element in the
compound. The relationships are shown in Figure 3.3, and Sample Problems 3.4
and 3.5 apply them to compounds with simple and more complicated formulas,
respectively.

Figure 3.3 Amount-mass-number
relationships for compounds. Use the MASS (g)

chemical formula to find the amount (mol) of compound
of each element in a compound.

A (g/mol)

chemical

formula AMOUNT (mol)
AMOUNT (mol)
of compound <r:> of elements

in compound

Avogadro’s
number
(molecules/mol)

MOLECULES
(or formula units)
of compound

Converting Between Number of Entities and
SAMPLE PROBLEM 3.4 Mass of a Compound |

Road Map
N Problem Nitrogen dioxide is a component of urban smog that forms from gases in car
Mass (g) of NO, exhaust. How many molecules are in 8.92 g of nitrogen dioxide?
J Plan We know the mass of compound (8.92 g) and need to find the number of molecules.
divide by . (g/mol) As you just saw in Sample Problem 3.3, to convert mass to number of entities, we have
(46.01 g NO, = 1 mol NO») to find the amount (mol). To do so, we divide the mass by the molar mass (), which
N we calculate from the molecular formula (see Sample Problem 2.16). Once we have the
Amount (mol) of NO, amount (mol), we multiply by Avogadro’s number to find the number of molecules (see
J the road map).

multiply by Avogadro’s number
(1 mol NO, = 6.022x10%
NO, molecules) M= (1 X MofN) + (2 x M of O)

= 14.01 g/mol + (2 x 16.00 g/mol)
= 46.01 g/mol

Solution The formula is NO,. Calculating the molar mass:

Number of molecules of NO,
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Converting from mass (g) of NO, to amount (mol):
1 mol NO,

46.01 gNO,
= 0.194 mol NO,

Amount (mol) of NO, = 8.92 g NO; X

Converting from amount (mol) of NO, to number of molecules:
6.022x10* NO, molecules
1 mol-NO,
= 1.17x10* NO, molecules

No. of molecules = 0.194 mol-NO, X

Check Rounding, we get (~0.2 mol)(6x10%) = 1.2x10%, so the answer seems correct.
FOLLOW-UP PROBLEMS

3.4A Fluoride ion is added to drinking water to prevent tooth decay. What is the mass
(g) of sodium fluoride in a liter of water that contains 1.19x10" formula units of the
compound? Include a road map that shows how you planned the solution.

3.4B Calcium chloride is applied to highways in winter to melt accumulated ice. A
snow-plow truck applies 400 Ib of CaCl, per mile of highway. How many formula units

of the compound are applied per mile? Include a road map that shows how you planned
the solution.

SOME SIMILAR PROBLEMS 3.14-3.19

Converting Between Number of Entities and

Problem Ammonium carbonate is a white solid that decomposes with warming. It has
many uses, for example, as a component in baking powder, fire extinguishers, and
smelling salts.

(a) How many formula units are in 41.6 g of ammonium carbonate?

(b) How many O atoms are in this sample?

Plan (a) We know the mass of compound (41.6 g) and need to find the number of Road Map
formula units. As in Sample Problem 3.4, we find the amount (mol) and then multiply
by Avogadro’s number to find the number of formula units. (A road map for this step bumber of formula units of (NH4)2CO3 ]
would be the same as the one in Sample Problem 3.4.) (b) To find the number of O

atoms, we multiply the number of formula units by the number of O atoms in one multiply by number of

formula unit (see the road map). O atoms in one formula unit

Solution (a) The formula is (NH,),COs (see Table 2.5). Calculating the molar mass: [;fg;r?:rlssllmit of (NH4);CO3 =

M= (2% MEN) + (8 X M of H) + (1 X M of C) + (3 X M of O)
= (2% 14.01 g/mol N) + (8 x 1.008 g/mol H) + 12.01 g/mol C + (3 x 16.00 g/mol O) [
= 96.09 g/mol (NH,),CO;

Number of O atoms ]

Converting from mass (g) to amount (mol):
1 mol (NH,),CO;

A t (mol) of (NH,),CO; = 41.6 X
mount (mol) of (NH,),CO; g (NH7)7CO3 96.09 5 (NH:),C05
= 0.433 mol (NH,),CO;

Converting from amount (mol) to formula units:

Formula units of (NH4),CO;3; = 0.433 mol-(NH;)>€O;3
6.022%10% formula units (NH,),CO;
1 moL(NH7)7CO;3
= 2.61x10% formula units (NH,),COs

(b) Finding the number of O atoms:

No. of O atoms = 2.61x10% formula units (NH;);,CO; X
= 7.83%10% O atoms

3 O atoms

1 formulaunit- (NH;),CO;
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Check In (a), the units are correct. Since the mass is less than half the molar mass
(~42/96 < 0.5), the number of formula units should be less than half Avogadro’s
number (~2.6x10%/6.0x10* < 0.5).

Comment A common mistake is to forget the subscript 2 outside the parentheses in
(NH,),CO;, which would give a much lower molar mass.
FOLLOW-UP PROBLEMS
3.5A Tetraphosphorus decoxide reacts with water to form phosphoric acid, a major
industrial acid. In the laboratory, the oxide is a drying agent.
(a) What is the mass (g) of 4.65x10?* molecules of tetraphosphorus decoxide?
(b) How many P atoms are present in this sample?
@ Student Hot Spot 3.5B Calcium phosphate is added to some foods, such as yogurt, to boost the calcium
Student dota indicate that e with content and is also used as an anticaking agent.
Coivir:ﬁnga Selpwleceanemasas,yn(w’glzsé;(;ur?ugmeb\grl (a) How many formula units are in 75.5 g of calcium phosphate?
of entities. Access the Smartbook to view (b) How many phosphate ions are present in this sample?

additional Learning Resources on this topic. SOME SIMILAR PROBLEMS 3.14-3.19

The Importance of Mass Percent

For many purposes, it is important to know how much of an element is present in a
given amount of compound. A biochemist may want the ionic composition of a min-
eral nutrient; an atmospheric chemist may be studying the carbon content of a fuel;
a materials scientist may want the metalloid composition of a semiconductor. In this
section, we find the composition of a compound in terms of mass percent and use it
to find the mass of each element in the compound.

Determining Mass Percent from a Chemical Formula Each element contributes
a fraction of a compound’s mass, and that fraction multiplied by 100 gives the element’s
mass percent. Finding the mass percent is similar on the molecular and molar scales:

e For a molecule (or formula unit) of compound, use the molecular (or formula)
mass and chemical formula to find the mass percent of any element X in the
compound:

atoms of X in formula X atomic mass of X (amu)
Mass % of element X = x 100
molecular (or formula) mass of compound (amu)

o For a mole of compound, use the molar mass and formula to find the mass percent
of each element on a mole basis:

moles of X in formula X molar mass of X (g/mol)
Road Map Mass % of element X = x 100 (3.6)
mass (g) of 1 mol of compound

As always, the individual mass percents add up to 100% (within rounding). In Sample
Problem 3.6, we determine the mass percent of each element in a compound.

Amount (mol) of element X in
1 mol of ammonium nitrate

multiply by . (g/mol) of X

Mass (g) of X in 1 mol of ] Calculating the Mass Percent of Each Element
ammonium nitrate

SAMPLE PROBLEM 3.6 in a Compound from the Formula

divide by mass (g) of

1 mol of compound Problem The effectiveness of fertilizers depends on their nitrogen content. Ammonium

nitrate is a common fertilizer. What is the mass percent of each element in ammonium
nitrate?

Mass fraction of X in ammonium nitrate ]

Plan We know the relative amounts (mol) of the elements from the formula, and we
have to find the mass % of each element. We multiply the amount of each element by
its molar mass to find its mass. Dividing each element’s mass by the mass of 1 mol of
ammonium nitrate gives the mass fraction of that element, and multiplying the mass
Mass % of X in ammonium nitrate ] fraction by 100 gives the mass %. The calculation steps for any element (X) are shown
in the road map.

multiply by 100

| | |
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Solution The formula is NH,NO; (see Table 2.5). In 1 mol of NH,NO;, there are 2 mol
of N, 4 mol of H, and 3 mol of O.

Converting amount (mol) of N to mass (g): We have 2 mol of N in 1 mol of NH;NO;, so
Mass (g) of N = ZMXM= 28.02gN
1 metN
Calculating the mass of 1 mol of NH;NO;:
M= (2 X MofN) + (4 X MofH) + (3 X M of O)

= (2 x 14.01 g/mol N) + (4 x 1.008 g/mol H) + (3 x 16.00 g/mol O)

= 80.05 g/mol NH,NO;
Finding the mass fraction of N in NH,NO;:

total mass of N 28.02gN

Mass fraction of N = of T mol NH,NO, — 80.05 g NH;NO, — 0000
Changing to mass %:
Mass % of N = mass fraction of N x 100 = 0.3500 x 100
= 35.00 mass % N
Combining the steps for each of the other elements in NH,NOj:
4 mobH x 1.008 g H
Mass % of H = — DO H XA OTH o LmelH 00
mass of 1 mol NH;NO; 80.05 g NH,NO;
= 5.037 mass % H
16.00 g O
mol O x . of O 3 metO X T oro
Mass % 0f O = s of 1 mol NELNO, = 190 = 50,05 e NN, <10

= 59.96 mass % O

Check The answers make sense. The mass % of O is greater than that of N because
there are more moles of O in the compound and the molar mass of O is greater. The
mass % of H is small because its molar mass is small. The sum of the mass percents
is 100.00%.

Comment From here on, you should be able to determine the molar mass of a
compound, so that calculation will no longer be shown.

FOLLOW-UP PROBLEMS

3.6A In mammals, lactose (milk sugar) is metabolized to glucose (C¢H,,Og), the key
nutrient for generating chemical potential energy. Calculate the mass percent of C in
glucose.

3.6B For many years, compounds known as chlorofluorocarbons were used as
refrigerants, until it was discovered that the chlorine atoms in these compounds destroy
ozone molecules in the atmosphere. The compound CCL3F is a chlorofluorocarbon with
a high chlorine content. Calculate the mass percent of CI in CCLF.

SOME SIMILAR PROBLEMS 3.20-3.23

Determining the Mass of an Element from Its Mass Fraction Sample Problem
3.6 shows that an element always constitutes the same fraction of the mass of a given
compound (see Equation 3.6). We can use that fraction to find the mass of element
in any mass of a compound:

mass of element in 1 mol of compound
Mass of element = mass of compound X (3.7)
mass of 1 mol of compound

103
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For example, to find the mass of oxygen in 15.5 g of nitrogen dioxide, we have
2 mol X . of O (g/mol)

mass (g) of 1 mol NO,
32.00g0O

46.01 g NO,

Mass (g) of O = 15.5 g NO, X

= 15.5 gNO; x =108g0

Calculating the Mass of an Element in a

SAMPLE PROBLEM 3.7 Compound

Problem Use the information in Sample Problem 3.6 to determine the mass (g) of
nitrogen in 650. g of ammonium nitrate.

Plan To find the mass of N in the sample of ammonium nitrate, we multiply the mass of
the sample by the mass of 2 mol of N divided by the mass of 1 mol of ammonium nitrate.

Solution Finding the mass of N in a given mass of ammonium nitrate:
2 mol N X . of N (g/mol)
mass (g) of 1 mol NH;NO;
28.02gN
80.05 g NH;NO3

Check Rounding shows that the answer is “in the right ballpark™: N accounts for about
one-third of the mass of NH;NO; and % of 700 g is 233 g.

FOLLOW-UP PROBLEMS

3.7A Use the information in Follow-up Problem 3.6A to find the mass (g) of C in 16.55 g
of glucose.

3.7B Use the information in Follow-up Problem 3.6B to find the mass (g) of Cl in 112 g
of CCLyF.

SOME SIMILAR PROBLEMS 3.27 and 3.28

Mass (g) of N = mass (g) of NH,NO; X

= 650. g NHzNO; X = 228gN

> Summary of Section 3.1

> A mole of substance is the amount that contains Avogadro’s number (6.022x10%) of
chemical entities (atoms, ions, molecules, or formula units).

> The mass (in grams) of a mole of a given entity (atom, ion, molecule, or formula unit) has
the same numerical value as the mass (in amu) of the entity. Thus, the mole allows us to
count entities by weighing them.

> Using the molar mass (., g/mol) of an element (or compound) and Avogadro’s number as
conversion factors, we can convert among amount (mol), mass (g), and number of entities.

> The mass fraction of element X in a compound is used to find the mass of X in a given
amount of the compound.

m DETERMINING THE FORMULA
OF AN UNKNOWN COMPOUND

In Sample Problems 3.6 and 3.7, we used a compound’s formula to find the mass
percent (or mass fraction) of each element in it and the mass of each element in any
size sample of it. In this section, we do the reverse: we use the masses of elements
in a compound to find the formula. Then, we look briefly at the relationship between
molecular formula and molecular structure.

Let’s compare three common types of formula, using hydrogen peroxide as an
example:

* The empirical formula is derived from mass analysis. It shows the lowest whole
number of moles, and thus the relative number of atoms, of each element in the
compound. For example, in hydrogen peroxide, there is 1 part by mass of hydrogen
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for every 16 parts by mass of oxygen. Because the atomic mass of hydrogen is
1.008 amu and that of oxygen is 16.00 amu, there is one H atom for every O atom
(a 1/1 H/O atom ratio). Thus, the empirical formula is HO.

Recall from Section 2.8 that

e The molecular formula shows the actual number of atoms of each element in a
molecule: the molecular formula of hydrogen peroxide is H,O,, twice the empirical
formula. Notice that the molecular formula exhibits the same 1/1 H/O atom ratio
as in the empirical formula.

e The structural formula also shows the relative placement and connections of atoms
in the molecule: the structural formula of hydrogen peroxide is H—O—O—H.

Let’s focus on how to determine empirical and molecular formulas.

Empirical Formulas

A chemist studying an unknown compound goes through a three-step process to find
the empirical formula:

1. Determine the mass (g) of each component element.
2. Convert each mass (g) to amount (mol), and write a preliminary formula.
3. Convert the amounts (mol) mathematically to whole-number (integer) subscripts.
To accomplish this math conversion,
* Divide each subscript by the smallest subscript, and
e If necessary, multiply through by the smallest integer that turns all subscripts
into integers.

Sample Problem 3.8 demonstrates these steps.

Determining an Empirical Formula from

SAMPLE PROBLEM 3.8 Amounts of Elements

Problem A sample of an unknown compound contains 0.21 mol of zinc, 0.14 mol of
phosphorus, and 0.56 mol of oxygen. What is the empirical formula?

Plan We are given the amount (mol) of each element as a fraction. We use these Road Map
fractional amounts directly in a preliminary formula as subscripts of the element
symbols. Then, we convert the fractions to whole numbers. Amount (mol) of each element ]

Solution Using the fractions to write a preliminary formula, with the symbols Zn for
zinc, P for phosphorus, and O for oxygen: use nos. of moles as subscripts

Zn 1Py 140 56

Converting the fractions to whole numbers: -
Preliminary formula
1. Divide each subscript by the smallest one, which in this case is 0.14:
Zn0.21P0,1400,56 I Zn1.51:’1.004.0 change to integer subscripts
0.14 0.14 0.14
2. Multiply through by the smallest integer that turns all subscripts into integers. We
multiply by 2 because that makes 1.5 (the subscript for Zn) into an integer: Empirical formula ]

Zn(1 50)P1.02)Ouoa) — ZnsP200s0,  or  Zn3Py0g
Check The integer subscripts must be the smallest integers with the same ratio as the
original fractional numbers of moles: 3/2/8 is the same ratio as 0.21/0.14/0.56.

Comment A more conventional way to write this formula is Zn3(PO,),; this compound
is zinc phosphate, formerly used widely as a dental cement.

FOLLOW-UP PROBLEMS

3.8A A sample of a white solid contains 0.170 mol of boron and 0.255 mol of oxygen.
What is the empirical formula?

3.8B A sample of an unknown compound contains 6.80 mol of carbon and 18.1 mol of
hydrogen. What is the empirical formula?

SOME SIMILAR PROBLEMS 3.42(a), 3.43(a), and 3.50
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Sample Problems 3.9-3.11 show how other types of compositional data are used to
determine chemical formulas.

Determining an Empirical Formula from

SAMPLE PROBLEM 3.9 Masses of Elements

Problem Analysis of a sample of an ionic compound yields 2.82 g of Na, 4.35 g of Cl,
and 7.83 g of O. What are the empirical formula and the name of the compound?

Plan This problem is similar to Sample Problem 3.8, except that we are given element
masses that we must convert into integer subscripts. We first divide each mass by the
element’s molar mass to find the amount (mol). Then we construct a preliminary
formula and convert the amounts (mol) to integers.

Solution Finding amount (mol) of each element:

Amount (mol) of Na = 2.82 g Na x N8 _ 6 103 ol N
mount (mt = Z. = V\u. m
ou ol) O a 2299g/Nﬁ (0} a
1 mol Cl
Amount (mol) of Cl = 4.35 €1 X — =" = 0.123 mol CI
mount (mol) o g€l 3545 mo
Amount (mol) of O = 7.83 26 x 219 _ (489 mol 0
mount (mol) o = /. — = 0L. mo
16.00 2O

Constructing a preliminary formula: Nag ;53Clg 12300 459
Converting to integer subscripts (dividing all by the smallest subscript):

NaMClMOw — Nal_oocll‘oooigg ~ N31C1104, or NaClO4
0.123 0123 0.123

The empirical formula is NaClO,4; the name is sodium perchlorate.

Check The numbers of moles seem correct because the masses of Na and CI are
slightly more than 0.1 of their molar masses. The mass of O is greatest and its molar
mass is smallest, so it should have the greatest number of moles. The ratio of
subscripts, 1/1/4, is the same as the ratio of moles, 0.123/0.123/0.489 (within rounding).
FOLLOW-UP PROBLEMS

3.9A A sample of an unknown compound is found to contain 1.23 g of H, 12.64 g of
P, and 26.12 g of O. What is the empirical formula and the name of the compound?

3.9B An unknown metal M reacts with sulfur to form a compound with the formula
M,S;. If 3.12 g of M reacts with 2.88 g of S, what are the names of M and M,S;? [Hint:
Determine the amount (mol) of S, and use the formula to find the amount (mol) of M.]

SOME SIMILAR PROBLEMS 3.42(b), 3.43(b), 3.46, and 3.47

Molecular Formulas

If we know the molar mass of a compound, we can use the empirical formula to
obtain the molecular formula, which uses as subscripts the actual numbers of moles
of each element in 1 mol of compound. For some compounds, such as water (H,0O),
ammonia (NH;), and methane (CH,), the empirical and molecular formulas are identi-
cal, but for many others, the molecular formula is a whole-number multiple of the
empirical formula. As you saw, hydrogen peroxide has the empirical formula HO.
Dividing the molar mass of hydrogen peroxide (34.02 g/mol) by the empirical formula
mass of HO (17.01 g/mol) gives the whole-number multiple:

molar mass (g/mol) 34.02 g/mol
empirical formula mass (g/mol) ~ 17.01 g/mol

Whole-number multiple = =2.000 =2

Multiplying the empirical formula subscripts by 2 gives the molecular formula:
H1x2)O1x2) gives H,0,

Since the molar mass of hydrogen peroxide is twice as large as the empirical formula
mass, the molecular formula has twice the number of atoms as the empirical formula.
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Instead of giving compositional data as masses of each element, analytical labo-
ratories provide mass percents. We use this kind of data as follows:

Assume 100.0 g of compound to express each mass percent directly as a mass (g).
Convert each mass (g) to amount (mol).

Derive the empirical formula.

Divide the molar mass of the compound by the empirical formula mass to find the
whole-number multiple and the molecular formula.

b

Determining a Molecular Formula from

SAMPLE PROBLEM 3.10  Elemental Analysis and Molar Mass

Problem During excessive physical activity, lactic acid (.# = 90.08 g/mol) forms in
muscle tissue and is responsible for muscle soreness. Elemental analysis shows that this
compound has 40.0 mass % C, 6.71 mass % H, and 53.3 mass % O.

(a) Determine the empirical formula of lactic acid.

(b) Determine the molecular formula.

(a) Determining the empirical formula

Plan We know the mass % of each element and must convert each to an integer
subscript. The mass of the sample of lactic acid is not given, but the mass percents are
the same for any sample of it. Therefore, we assume there is 100.0 g of lactic acid and
express each mass % as a number of grams. Then, we construct the empirical formula
as in Sample Problem 3.9.

Solution Expressing mass % as mass (g) by assuming 100.0 g of lactic acid:
Mass (g) of C = —0-0PAS COYMASS 00 00— 400 g C
100 parts by mass
Similarly, we have 6.71 g of H and 53.3 g of O.

Converting from mass (g) of each element to amount (mol):

1 mol C

1
A t 1) of C = fC X ———==40.0 X ————
mount (mol) o mass o g€ 1201 g€

M of C

Similarly, we have 6.66 mol of H and 3.33 mol of O.
Constructing the preliminary formula: Cs33Hg 660333

=3.33mol C

Converting to integer subscripts by dividing each subscript by the smallest subscript:

C3433H6.660 333 — Cl'oon_ooo]'OO = C]HQO], the empirical formula is CHzo

Check The numbers of moles seem correct: the masses of C and O are each slightly
more than 3 times their molar masses (e.g., for C, 40 g/(12 g/mol) > 3 mol), and the
mass of H is over 6 times its molar mass of 1.

(b) Determining the molecular formula

Plan The molecular formula subscripts are whole-number multiples of the empirical
formula subscripts. To find this multiple, we divide the molar mass given in the problem
(90.08 g/mol) by the empirical formula mass, which we find from the sum of the elements’
molar masses. Then we multiply each subscript in the empirical formula by the multiple.

Solution The empirical formula mass is 30.03 g/mol. Finding the whole-number multiple:
A of lactic acid ~90.08 g/mol
A of empirical formula ~ 30.03 g/mot

Determining the molecular formula:

CisaH3)00x3 = C3HgO3

Whole-number multiple = =3.000 =3

Check The calculated molecular formula has the same ratio of moles of elements (3/6/3)
as the empirical formula (1/2/1) and corresponds to the given molar mass:
A of lactic acid = (3 X M of C) + (6 X M of H) + (3 X A of O)
= (3 x 12.01 g/mol) + (6 x 1.008 g/mol) + (3 x 16.00 g/mol)
= 90.08 g/mol
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FOLLOW-UP PROBLEMS

3.10A One of the most widespread environmental carcinogens (cancer-causing agents)
is benzo[a]pyrene (/# = 252.30 g/mol). It is found in coal dust, cigarette smoke, and
even charcoal-grilled meat. Analysis of this hydrocarbon shows 95.21 mass % C and
4.79 mass % H. What is the molecular formula of benzo[a]pyrene?

3.10B Caffeine (/# = 194.2 g/mol) is a stimulant found in coffee, tea, many soft drinks,
and chocolate. Elemental analysis of caffeine shows 49.47 mass % C, 5.19 mass % H,
28.86 mass % N, and 16.48 mass % O. What is the molecular formula of caffeine?

SOME SIMILAR PROBLEMS 3.44, 3.45, and 3.51

Combustion Analysis of Organic Compounds Still another type of compositional
data is obtained through combustion analysis, a method commonly used to measure
the amounts of carbon and hydrogen in a combustible organic compound. The
unknown compound is burned in an excess of pure O,; during the combustion, the
compound’s carbon and hydrogen react with the oxygen to form CO, and H,O,
respectively, which are absorbed in separate containers (Figure 3.4). By weighing the
absorbers before and after combustion, we find the masses of CO, and H,O produced
and use them to find the masses of C and H in the compound; from these results, we
compounds. A sample of an organic find the empirical formula. Man.y organic Compound§ also cont;.lin oxygen, nit.rogen,
compound is burned in a stream of O,. or a halogen. As long as the third element doesn’t interfere with the absorption of
The resulting H,0 is absorbed by H,0 and CO,, we calculate its mass by subtracting the masses of C and H from the
Mg(ClO,),, and the CO, is absorbed by original mass of the compound.

NaOH on asbestos.

Figure 3.4 Combustion apparatus for
determining formulas of organic

Stream of O,

\ - ®

Other substances

SOFELE T not absorbed

H20 absorber

Sample of compound containing
C, H, and other elements

Determining a Molecular Formula from
SAMPLE PROBLEM 3.11 Combustion Analysis

Problem Vitamin C (# = 176.12 g/mol) is a compound of C, H, and O found in
many natural sources, especially citrus fruits. When a 1.000-g sample of vitamin C is
burned in a combustion apparatus, the following data are obtained:

Mass of CO, absorber after combustion = 85.35 g
Mass of CO, absorber before combustion = 83.85 g
Mass of H,O absorber after combustion = 37.96 g
Mass of H,O absorber before combustion = 37.55 g

What is the molecular formula of vitamin C?

Plan We find the masses of CO, and H,O by subtracting the mass of each absorber
before the combustion from its mass after combustion. From the mass of CO,, we use
Equation 3.7 to find the mass of C. Similarly, we find the mass of H from the mass of
H,0. The mass of vitamin C (1.000 g) minus the sum of the masses of C and H gives
the mass of O, the third element present. Then, we proceed as in Sample Problem 3.10:
calculate the amount (mol) of each element using its molar mass, construct the empirical
formula, determine the whole-number multiple from the given molar mass, and construct
the molecular formula.
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Solution Finding the masses of combustion products:
Mass (g) of CO, = mass of CO, absorber after — mass before
=8535g—-83.85g=1.50gCO,
Mass (g) of H,O = mass of H,O absorber after — mass before
=3796 g — 37.55g=0.41gH,0
Calculating masses (g) of C and H using Equation 3.7:
mass of element in 1 mol of compound

Mass of element = mass of compound X
mass of 1 mol of compound

1 mol C X M of C 1201 gC
M fC= f CO, X =150g€O0 x ——————
ass (g) of € = mass of CO, X of 1 mol CO, 2% 4401 g.CO,
=0.409¢gC
2mol H X . of H 2016 gH
Mass (g) of H = mass of HO X o o2 0.41 g H,0 % LT DER
mass of 1 mol H,O 18.02 g H-O
=0.046 gH

Calculating mass (g) of O:
Mass (g) of O = mass of vitamin C sample — (mass of C + mass of H)
=1.000g — (0409 g + 0.046 g) =0.545¢g O

Finding the amounts (mol) of elements: Dividing the mass (g) of each element by its
molar mass gives 0.0341 mol of C, 0.046 mol of H, and 0.0341 mol of O.

Constructing the preliminary formula: Cg341Hg 04600.0341

Determining the empirical formula: Dividing through by the smallest subscript gives
Co03a1H004600.0341 = Cr.00H1301.00

0.0341 0.0341 0.0341
We find that 3 is the smallest integer that makes all subscripts into integers:

C(1‘00><3)H(1A3><3)O(1‘00><3) = C3.00H3A903‘00 ~ C3H4O3

Determining the molecular formula:

A of vitamin C _ 176.12 g/mol
A of empirical formula  88.06 g/mot

C(3><2)H(4><2)0(3><2) = CeHgO4

Check The element masses seem correct: carbon makes up slightly more than 0.25 of the
mass of CO, (12 g/44 g > 0.25), as do the masses in the problem (0.409 g/1.50 g > 0.25).
Hydrogen makes up slightly more than 0.10 of the mass of H,O (2 g/18 g > 0.10), as
do the masses in the problem (0.046 g/0.41 g > 0.10). The molecular formula has the

same ratio of subscripts (6/8/6) as the empirical formula (3/4/3) and the preliminary
formula (0.0341/0.046/0.0341), and it gives the known molar mass:

(6 X M of C) + (8 X M of H) + (6 X M of O) = M of vitamin C
(6 x 12.01 g/mol) + (8 x 1.008 g/mol) + (6 x 16.00 g/mol) = 176.12 g/mol
Comment The subscript we calculated for H was 3.9, which we rounded to 4. But, if
we had strung the calculation steps together, we would have obtained 4.0:
2016 gH y 1 mol H » 1
18.02gH,0 1.008gH  0.0341 mol

=2.000=2

Whole-number multiple =

Subscript of H = 0.41 g H,O X X3 =40

FOLLOW-UP PROBLEMS

3.11A A dry-cleaning solvent (# = 146.99 g/mol) that contains C, H, and Cl is suspected
to be a cancer-causing agent. When a 0.250-g sample was studied by combustion analysis,
0.451 g of CO, and 0.0617 g of H,O were formed. Find the molecular formula.

3.11B Anabolic steroids are sometimes used illegally by athletes to increase muscle
strength. A forensic chemist analyzes some tablets suspected of being a popular steroid.
He determines that the substance in the tablets contains only C, H, and O and has a
molar mass of 300.42 g/mol. When a 1.200-g sample is studied by combustion analysis,
3.516 g of CO, and 1.007 g of H,O are collected. What is the molecular formula of the
substance in the tablets?

SOME SIMILAR PROBLEMS 3.48 and 3.49
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Table 3.2 Some Compounds with Empirical Formula CH,0 (Composition by Mass: 40.0% C, 6.71% H, 53.3% O)
Molecular Whole-Number M
Name Formula Multiple (g/mol) Use or Function
Formaldehyde CH,O 1 30.03 Disinfectant; biological preservative
Acetic acid C,H,0, 2 60.05 Acetate polymers; vinegar (5% solution)
Lactic acid C3Hg0; 3 90.08 Causes milk to sour; forms in muscles during exercise
Erythrose C,HgO, 4 120.10 Forms during sugar metabolism
Ribose CsH,,05 5 150.13 Component of many nucleic acids and vitamin B,
Glucose CeH ;04 6 180.16 Major nutrient for energy in cells ®
@ @ 2‘ _.--. L “‘/. ‘: "r
1 . 8 e YW . A
® . @ &9 ? 7 ‘\ ‘;‘ * w e
s ot ol - K , g ]
-f. - JQ‘ 3 9 - J’ /.
CH,0 C,H,40, C3HgO3 C4HgOy4 CsH; 05 CeH 1204

Chemical Formulas and Molecular Structures; Isomers

A formula represents a real, three-dimensional object. The structural formula makes
this point, with its relative placement of atoms, but do empirical and molecular for-
mulas contain structural information?

1. Different compounds with the same empirical formula. The empirical formula
tells nothing about molecular structure because it is based solely on mass analysis. In
fact, different compounds can have the same empirical formula. NO, and N,O, are
inorganic cases, and there are numerous organic ones. For example, many organic
compounds have the empirical formula CH, (the general formula is C,H,,, with n an
integer greater than or equal to 2), such as ethylene (C,H4) and propylene (C;Hg),
starting materials for two common plastics. Table 3.2 shows some biological com-
pounds with the same empirical formula, CH,O.

2. Isomers: Different compounds with the same molecular formula. A molecular
formula also tells nothing about structure. Different compounds can have the same
molecular formula because their atoms can bond in different arrangements to give
more than one structural formula. Isomers are compounds with the same molecular
formula, and thus molar mass, but different properties. Constitutional, or structural, iso-
mers occur when the atoms link together in different arrangements. Table 3.3 shows

Table 3.3 Two Pairs of Constitutional Isomers
C,Hqo C,HsO
Property Butane 2-Methylpropane Ethanol Dimethyl Ether
A (g/mol) 58.12 58.12 46.07 46.07
Boiling point -0.5°C —11.6°C 78.5°C —25°C
Density (at 20°C) 0.00244 g/mL (gas) 0.00247 g/mL (gas) 0.789 g/mL (liquid) 0.00195 g/mL (gas)
P 1 00 [
Structural formula H_T_(l:_?_fl:_H H—(|Z—C—(|i—H H—c|:—<|:—o—H H—clz—o—cl:—H
H H H H H H H H H H
H—?—H
H

Space-filling model
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two pairs of examples. The left pair, butane and 2-methylpropane, share the molecu-
lar formula C4H;,. One has a four-C chain and the other a one-C branch off a three-
C chain. Both are small alkanes, so their properties are similar, but not identical. The
two compounds with the molecular formula C,HsO have very different properties;
indeed, they are different classes of organic compound—one is an alcohol and the
other an ether.

As the numbers of the different kinds of atoms increase, the number of constitu-
tional isomers—that is, the number of structural formulas that can be written for a
given molecular formula—also increases: C,H4O has two structural formulas (Table 3.3),
C;HgO has three, and C4H;O seven. Imagine how many there are for C;sH;oN;0,4S!
Of all the possible isomers with this molecular formula, only one is the antibiotic
ampicillin (Figure 3.5). We’ll discuss constitutional and other types of isomerism fully
later in the text.

Summary of Section 3.2

> From the masses of elements in a compound, their relative numbers of moles are found,
which gives the empirical formula.

> |f the molar mass of the compound is known, the molecular formula, the actual numbers of
moles of each element, can also be determined, because the molecular formula is a whole-
number multiple of the empirical formula.

> Combustion analysis provides data on the masses of carbon and hydrogen in an organic
compound, which are used to obtain the formula.

> Atoms can bond in different arrangements (structural formulas). Two or more compounds with
the same molecular formula are constitutional isomers.

WRITING AND BALANCING CHEMICAL
EQUATIONS

Thinking in terms of amounts, rather than masses, allows us to view reactions as
interactions among large populations of particles rather than as involving grams of
material. For example, for the formation of HF from H, and F,, if we weigh the
substances, we find that

Macroscopic level (grams): 2.016 g of H, and 38.00 g of F, react to form 40.02 g of HF

This information tells us little except that mass is conserved. However, if we convert
these masses (g) to amounts (mol), we find that

Macroscopic level (moles): 1 mol of H, and 1 mol of F, react to form 2 mol of HF

This information reveals that an enormous number of H, molecules react with just as
many F, molecules to form twice as many HF molecules. Dividing by Avogadro’s
number gives the reaction between individual molecules:

Molecular level: 1 molecule of H, and 1 molecule of F, react to form 2 molecules of HF

Thus, the macroscopic (molar) change corresponds to the submicroscopic (molecular)
change (Figure 3.6). This information forms the essence of a chemical equation, a

k ;\.\ &
1 mol H2 1 mol F2 2 mol HF
2.016 ¢ + 38.00g 40.02 g
4 2
Divide by Divide by Divide by
Avogadro’s Avogadro’s Avogadro’s
\ number. \ number. \ number.
. + “ 1 %
-’ - W W
1 molecule H, 1 molecule F, 2 molecules HF
2.016 amu 38.00 amu 40.02 amu

H,(g) + F,(9) _— 2HF(g)

w—H

b % -
8P
T

Figure 3.5 The antibiotic ampicillin.

t-' & " o §

Figure 3.6 The formation of HF on the
macroscopic and molecular levels and
written as a balanced chemical equation.
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statement that uses formulas to express the identities and quantities of substances
involved in a chemical or physical change.

Steps for Balancing an Equation To present a chemical change quantitatively, an
equation must be balanced: the same number of each type of atom must appear on
both sides. As an example, here is a description of a chemical change that occurs in
many fireworks and in a common lecture demonstration: a magnesium strip burns in
oxygen gas to yield powdery magnesium oxide. (Light and heat are also produced,
but we are concerned here only with substances.) Converting this description into a
balanced equation involves the following steps:

1. Translating the statement. We first translate the chemical statement into a “skele-

ton” equation: the substances present before the change, called reactants, are
placed to the left of a yield arrow, which points to the substances produced during
the change, called products:

reactants yield product

r N

__ Mg + _0, —8 __MgO

magnesium and oxygen  yield magnesium oxide

At the beginning of the balancing process, we put a blank in front of each formula
to remind us that we have to account for its atoms.

. Balancing the atoms. By shifting our attention back and forth, we match the

numbers of each type of atom on the left and the right of the yield arrow. In each
blank, we place a balancing (stoichiometric) coefficient, a numerical multiplier
of all the atoms in the formula that follows it. In general, balancing is easiest
when we

o Start with the most complex substance, the one with the largest number of dif-

ferent types of atoms.
* End with the least complex substance, such as an element by itself.
In this case, MgO is the most complex, so we place a coefficient 1 in that blank:

([ X J
_Mg+__ O, —> 1MgO
To balance the Mg in MgO, we place a 1 in front of Mg on the left:

[ ] [ X
1AMg+__ 0, —> _1MgO

The O atom in MgO must be balanced by one O atom on the left. One-half an O,
molecule provides one O atom:

[ ] o L X 4
1 Mg+ 30, —> 1MgO

In terms of numbers of each type of atom, the equation is balanced.

3. Adjusting the coefficients. There are several conventions about the final coefficients:

e In most cases, the smallest whole-number coefficients are preferred. In this case,
one-half of an O, molecule cannot exist, so we multiply the equation by 2:

[ X oo ( X J
2Mg + 10, — 2MgO

e We used the coefficient 1 to remind us to balance each substance. But, a coef-
ficient of 1 is implied by the presence of the formula, so we don’t write it:

(X J
o0 e ( X J
2Mg + O, —> 2MgO

(This convention is similar to not writing a subscript 1 in a formula.)
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4. Checking. After balancing and adjusting the coefficients, we always check that the
equation is balanced:

o0 00 o0 00
Reactants (2 Mg, 2 O) — products (2 Mg, 2 O)

5. Specifying the states of matter. The final equation also indicates the physical state
of each substance or whether it is dissolved in water. The abbreviations used for
these states are shown in the margin. From the original statement, we know that
the Mg “strip” is solid, O, is a gas, and “powdery” MgO is also solid. The bal-
anced equation, therefore, is

2Mg(s) + O,(g) — 2MgO(s)
As you saw in Figure 3.6, balancing coefficients refer to both individual chemical

entities and moles of entities. Thus,

2 atoms of Mg and 1 molecule of O, yield 2 formula units of MgO

2 moles of Mg and 1 mole of O, yield 2 moles of MgO
Figure 3.7 depicts this reaction on three levels:
* Macroscopic level (photos), as it appears in the laboratory
o Atomic level (blow-up circles), as chemists imagine it (with darker colored atoms

representing the stoichiometry)
*  Symbolic level, in the form of the balanced chemical equation

Keep in mind several key points about the balancing process:

* A coefficient operates on all the atoms in the formula that follows it:

2MgO means 2 X (MgO), or 2 Mg atoms + 2 O atoms
2Ca(NOs), means 2 X [Ca(NOj3),], or 2 Ca atoms + 4 N atoms + 12 O atoms

MACROSCOPIC
VIEW

ATOMIC-SCALE

[BAANCED amgs) + Ole) . 2Mgow) )

Figure 3.7 A three-level view of the reaction between magnesium and oxygen.
Source: (all): © McGraw-Hill Education/Charles Winters/Timeframe Photography, Inc.
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e Chemical formulas cannot be altered. Thus, in step 2 of the example, we cannot
balance the O atoms by changing MgO to MgO, because MgO, is a different
compound.

o Other reactants or products cannot be added. Thus, we cannot balance the O atoms
by changing the reactant from O, molecules to O atoms or by adding an O atom
to the products. The description of the reaction mentions oxygen gas, which con-
sists of O, molecules, not separate O atoms.

o A balanced equation remains balanced if you multiply all the coefficients by the
same number. For example,

4Mg(s) + 20,(g) —> 4MgO(s)
is also balanced because the coefficients have all been multiplied by 2. However,
by convention, we balance an equation with the smallest whole-number coefficients.
« While atoms must be conserved in a chemical equation, each side of the equation
may not have the same number of molecules or moles. In the reaction between
magnesium and oxygen, three moles of reactants (Mg and O,) produce only two
moles of product (MgO).

SAMPLE PROBLEM 3.12  Balancing a Chemical Equation

Problem Within the cylinders of a car’s engine, the hydrocarbon octane (CgH;g), one of
many components of gasoline, mixes with oxygen from the air and burns to form
carbon dioxide and water vapor. Write a balanced equation for this reaction.

Solution

1. Translate the statement into a skeleton equation (with coefficient blanks). Octane and
oxygen are reactants; “oxygen from the air” implies molecular oxygen, O,. Carbon dioxide
and water vapor are products:

_CgH]g + _02 —_— _C02 + _HQO
2. Balance the atoms. Start with the most complex substance, CgH5, and balance O, last:
LCngg + _02 e _C02 + _H20

The C atoms in CgHg end up in CO,. Each CO, contains one C atom, so 8 molecules of
CO, are needed to balance the 8 C atoms in each CgHg:

iCSHIS + _02 —_— iCOZ + _Hzo

The H atoms in CgH,g end up in H,O. The 18 H atoms in CgH,g require the coefficient 9 in
front of H,O:

LCngg + _02 — &COZ +2H20

There are 25 atoms of O on the right (16 in 8CO, plus 9 in 9H,0), so we place the coef-
ficient Z in front of Oy:

1 CHys + 3 0, — 8 CO, + 9 H,0
3. Adjust the coefficients. Multiply through by 2 to obtain whole numbers:
2CgH g + 250, — 16CO, + 18H,0
4. Check that the equation is balanced:
Reactants (16 C, 36 H, 50 O) — products (16 C, 36 H, 50 O)
5. Specify states of matter. CgHg is liquid; O,, CO,, and H,O vapor are gases:
2CsH 3(1) + 250,(g) — 16CO,(g) + 18H,0(g)

Comment This is an example of a combustion reaction. Any compound containing C
and H that burns in an excess of air produces CO, and H,O.

FOLLOW-UP PROBLEMS

3.12A Write a balanced equation for each of the following:
(a) A characteristic reaction of Group 1A(1) elements: chunks of sodium react violently
with water to form hydrogen gas and sodium hydroxide solution.
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(b) The destruction of marble statuary by acid rain: aqueous nitric acid reacts with calcium
carbonate to form carbon dioxide, water, and aqueous calcium nitrate.

(¢) Halogen compounds exchanging bonding partners: phosphorus trifluoride is prepared
by the reaction of phosphorus trichloride and hydrogen fluoride; hydrogen chloride is the
other product. The reaction involves gases only.

3.12B Write a balanced equation for each of the following:

(a) Explosive decomposition of dynamite: liquid nitroglycerine (C3HsN3;Oq) explodes to
produce a mixture of gases—carbon dioxide, water vapor, nitrogen, and oxygen.

(b) A reaction that takes place in a self-contained breathing apparatus: solid potassium
superoxide (KO,) reacts with carbon dioxide gas to produce oxygen gas and solid potas-
sium carbonate.

(¢) The production of iron from its ore in a blast furnace: solid iron(IIl) oxide reacts with
carbon monoxide gas to produce solid iron metal and carbon dioxide gas.

SOME SIMILAR PROBLEMS 3.58-3.63

Visualizing a Reaction with a Molecular Scene A great way to focus on the
rearrangement of atoms from reactants to products is by visualizing an equation as a
molecular scene. Here’s a representation of the combustion of octane we just balanced
in Sample Problem 3.12:

PPOO®
2D eeese 1S
w+§§§§§*§§§§+

2CgH ;5() + 250,(8) — 16CO,(g) + 18H,0(g)

Now let’s work through a sample problem to do the reverse—derive a balanced
equation from a molecular scene.

Writing a Balanced Equation from a

Problem The following molecular scenes depict an important reaction in nitrogen
chemistry (nitrogen is blue; oxygen is red):

Write a balanced equation for this reaction.

Plan To write a balanced equation, we first have to determine the formulas of the
molecules and obtain coefficients by counting the number of each type of molecule.
Then, we arrange this information in the correct equation format, using the smallest
whole-number coefficients and including states of matter.

Solution The reactant circle shows only one type of molecule. It has two N and five

O atoms, so the formula is N,Os; there are four of these molecules. The product circle
shows two different types of molecules, one type with one N and two O atoms, and the
other with two O atoms; there are eight NO, and two O,. Thus, we have

4N205 e 8N02 + 202

115
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Writing the balanced equation with the smallest whole-number coefficients and all
substances as gases:

2N,05(g) — 4NO,(g) + O,(g)
Check Reactant (4 N, 10 O) — products (4 N, 8 + 2 = 10 O)

FOLLOW-UP PROBLEMS

3.13A Write a balanced equation for the important atmospheric reaction depicted below
(carbon is black; oxygen is red):

3.13B Write a balanced equation for the important industrial reaction depicted below

(nitrogen is dark blue; hydrogen is light blue):
> A chemical equation has reactant formulas on the left of a yield arrow and product formulas

SOME SIMILAR PROBLEMS 3.56 and 3.57
on the right.

|

> Summary of Section 3.3

> A balanced equation has the same number of each type of atom on both sides.

> Balancing coefficients are integer multipliers for all the atoms in a formula and apply to the
individual entities or to moles of entities.

m CALCULATING QUANTITIES OF

REACTANT AND PRODUCT

A balanced equation is essential for all calculations involving chemical change: if you
know the number of moles of one substance, the balanced equation tells you the
numbers of moles of the others.

Stoichiometrically Equivalent Molar Ratios from
the Balanced Equation

In a balanced equation, the amounts (mol) of substances are stoichiometrically
equivalent to each other, which means that a specific amount of one substance is
formed from, produces, or reacts with a specific amount of the other. The quantita-
tive relationships are expressed as stoichiometrically equivalent molar ratios that
we use as conversion factors to calculate the amounts. For example, consider the



https://iranchembook.ir/edu

iranchembook.ir/edu
3.4 - Calculating Quantities of Reactant and Product 117

equation for the combustion of propane, a hydrocarbon fuel used in cooking and
water heating:

C3Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g)
If we view the reaction quantitatively in terms of CsHg, we see that

1 mol of C;Hg reacts with 5 mol of O,
1 mol of C;Hg produces 3 mol of CO,
1 mol of C3Hg produces 4 mol of H,O

Therefore, in this reaction,

1 mol of C3Hjy is stoichiometrically equivalent to 5 mol of O,
1 mol of C;Hg is stoichiometrically equivalent to 3 mol of CO,
1 mol of C;Hg is stoichiometrically equivalent to 4 mol of H,O

We chose to look at C3Hg, but any two of the substances are stoichiometrically equiva-
lent to each other. Thus,

3 mol of CO, is stoichiometrically equivalent to 4 mol of H,O
5 mol of O, is stoichiometrically equivalent to 3 mol of CO,

and so on. A balanced equation contains a wealth of quantitative information relating
individual chemical entities, amounts (mol) of substances, and masses of substances,
and Table 3.4 presents the quantitative information contained in the equation for the
combustion of propane.

Here’s a typical problem that shows how stoichiometric equivalence is used to
create conversion factors: in the combustion of propane, how many moles of O, are
consumed when 10.0 mol of H,O are produced? To solve this problem, we have to
find the molar ratio between O, and H,O. From the balanced equation, we see that
for every 5 mol of O, consumed, 4 mol of H,O is formed:

5 mol of O, is stoichiometrically equivalent to 4 mol of H,O

As with any equivalent quantities, we can construct two conversion factors, depending
on the quantity we want to find:

5 mol O, 4 mol H,O
Bttt 2 or ittt el
4 mol H,O 5 mol O,

Table 3.4 Information Contained in a Balanced Equation

Viewed in Reactants — Products
Terms of CsHg(g) +  501(9) — 3C0O,x(9) +  4H0(g)
Molecules 1 molecule C5Hg + 5 molecules O, — 3 molecules CO, + 4 molecules H,O

R @ 9 "00
@ o - ‘a
® & -

Amount (mol) 1 mol C3Hg + 5 mol O, - 3 mol CO, + 4 mol H,O

Mass (amu) 44.09 amu C;Hg + 160.00 amu O, - 132.03 amu CO, + 72.06 amu H,O

Mass (g) 44.09 g C3Hg + 160.00 g O, - 132.03gCO,  +72.06 g H,0
—_—

Total mass (g) 204.09 g 204.09 g
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Source: © McGraw-Hill Education/Stephen
Frisch, photographer

Since we want to find the amount (mol) of O, and we know the amount (mol) of
H,0, we choose “5 mol O,/4 mol H,O” to cancel “mol H,O:

5 mol O
Amount (mol) of O, consumed = 10.0.melH,0 X = _12.5mol 0,
4 moH1,0
mol H,O _— mol O,

molar ratio as
conversion factor
Be sure to note that the 5/4 ratio between O, and H,O is a molar ratio and not a mass
ratio:
5 mol O, = 4 mol H,0O but 5g0,#4¢gH0
You cannot solve this type of problem without the balanced equation. Here is an
approach for solving any stoichiometry problem that involves a reaction:

1. Write the balanced equation.

2. When necessary, convert the known mass (or number of entities) of one substance
to amount (mol) using its molar mass (or Avogadro’s number).

3. Use the molar ratio in the balanced equation to calculate the unknown amount
(mol) of the other substance.

4. When necessary, convert the amount of that other substance to the desired mass
(or number of entities) using its molar mass (or Avogadro’s number).

Figure 3.8 summarizes the possible relationships among quantities of substances in a
reaction, and Sample Problems 3.14-3.16 apply three of them in the first chemical
step of converting copper ore to copper metal.

MASS (g) MASS (g)

of substance A of substance B

M (g/mol) of A (g/mol) of
substance A substance B

molar ratio from
balanced equation

AMOUNT (mol) | | AMOUNT (mol)

of substance A of substance B

Avogadro’s Avogadro’s
number number
(entities/mol) (entities/mol)

ENTITIES ENTITIES

of substance A of substance B

Figure 3.8 Summary of amount-mass-number relationships in a chemical equation. Start at any
box (known) and move to any other (unknown) by using the conversion factor on the arrow. As
always, convert to amount (mol) first.

Calculating Quantities of Reactants and

SAMPLE PROBLEM 3.14  Products: Amount (mol) to Amount (mol)

Problem In a lifetime, the average American uses more than a half ton (>500 kg) of copper
in coins, plumbing, and wiring. Copper is obtained from sulfide ores, such as chalcocite
[copper(I) sulfide] by a multistep process. After initial grinding, the ore is “roasted”

(heated strongly with oxygen gas) to form powdered copper(l) oxide and gaseous sulfur
dioxide. How many moles of oxygen are required to roast 10.0 mol of copper(I) sulfide?

Plan We always write the balanced equation first. The formulas of the reactants are
Cu,S and O,, and the formulas of the products are Cu,O and SO,, so we have

2CW,S(s) + 30,(g) —> 2Cu,0(s) + 2S04(g)
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We know the amount of Cu,S (10.0 mol) and must find the amount (mol) of O, that is Road Map
needed to roast it. The balanced equation shows that 3 mol of O, is needed to roast 2 mol
of Cu,S, so the conversion factor for finding amount (mol) of O, is 3 mol O,/2 mol Amount (mol) of Cu,S ]
Cu,S (see the road map).
Solution Calculating the amount of O,: molar ratio
(2 mol Cu,S =3 mol Oy)
Amount (mol) of O, = 10.0 mol- €3S x — ot 02
mount (m = 10. P
ou ol) O ) 2 B :

Amount (mol) of Oy

= 15.0 mol O, ]

Check The units are correct, and the answer is reasonable because this molar ratio of
0O, to Cu,S (15/10) is identical to the ratio in the balanced equation (3/2).

Comment A common mistake is to invert the conversion factor; that calculation would be
2 mol Cu,S  6.67 mol’ Cu,S
3molO,  1molO,

The strange units should alert you that an error was made in setting up the
conversion factor. Also note that this answer, 6.67, is less than 10.0, whereas the
equation shows that there should be more moles of O, (3 mol) than moles of Cu,S
(2 mol). Be sure to think through the calculation when setting up the conversion
factor and canceling units.

FOLLOW-UP PROBLEMS
3.14A Thermite is a mixture of iron(Ill) oxide and aluminum powders that was once
used to weld railroad tracks. It undergoes a spectacular reaction to yield solid

aluminum oxide and molten iron. How many moles of iron(IIl) oxide are needed to form
3.60x10° mol of iron? Include a road map that shows how you planned the solution.

Amount (mol) of O, = 10.0 mol Cu,S X

3.14B The tarnish that forms on objects made of silver is solid silver sulfide; it can
be removed by reacting it with aluminum metal to produce silver metal and solid
aluminum sulfide. How many moles of aluminum are required to remove 0.253 mol
of silver sulfide from a silver bowl? Include a road map that shows how you planned
the solution.

SOME SIMILAR PROBLEMS 3.69(a) and 3.70(a)

Calculating Quantities of Reactants and

SAMPLE PROBLEM 3.15  products: Amount (mol) to Mass (g)

Problem During the roasting process, how many grams of sulfur dioxide form when
10.0 mol of copper(I) sulfide reacts?

Plan We use the balanced equation in Sample Problem 3.14, but here we are given Road Map

amount of reactant (10.0 mol of Cu,S) and need the mass (g) of product (SO,) that forms.

We find the amount (mol) of SO, using the molar ratio (2 mol SO,/2 mol Cu,S) and then Amount (mol) of Cu,S ]
multiply by its molar mass (64.07 g/mol) to find the mass (g) of SO, (see the road map).

Solution Combining the two conversion steps into one calculation, we have molar ratio
(2 mol Cu,S =2 mol SO5)
2 molSO, 64.07 g SO, 641 250
X =
2 mot€wS 1 molSO; Elas ]

Mass (g) of SO, = 10.0 mel-€usS X

Amount (mol) of SO,

Check The answer makes sense, since the molar ratio shows that 10.0 mol of SO, is

formed and each mole weighs about 64 g. We rounded to three significant figures. multiply by .2 (g/mol)

(1mol SO, = 64.07 g SO,)
FOLLOW-UP PROBLEMS
3.15A In the thermite reaction (see Follow-up Problem 3.14A), what amount (mol) of Mass (g) of SO, ]
iron forms when 1.85x10% formula units of iron(II) oxide react? Include a road map

that shows how you planned the solution.

3.15B In the reaction that removes silver tarnish (see Follow-up Problem 3.14B), how
many moles of silver are produced when 32.6 g of silver sulfide reacts? Include a road
map that shows how you planned the solution.

SOME SIMILAR PROBLEMS 3.69(b), 3.70(b), 3.71(a), and 3.72(a)



https://iranchembook.ir/edu

iranchembook.ir/edu
120 Chapter 3 - Stoichiometry of Formulas and Equations

Calculating Quantities of Reactants and

SAMPLE PROBLEM 3.16 Products: Mass to Mass

Problem During the roasting of chalcocite (see Sample Problem 3.14), how many
kilograms of oxygen are required to form 2.86 kg of copper(I) oxide?

Road Map Plan In this problem, we know the mass of the product, Cu,O (2.86 kg), and we need
p N the mass (kg) of O, that reacts to form it. Therefore, we must convert from mass of
Mass (kg) of Cup0 product to amount of product to amount of reactant to mass of reactant. We convert
J the mass of Cu,O from kg to g and then to amount (mol). Then, we use the molar ratio
1k = 103 (3 mol 0,/2 mol Cu,0) to find the amount (mol) of O, required. Finally, we convert
9= e the amount of O, to g and then kg (see the road map).
1 ) Solution Converting from kilograms of Cu,0O to moles of Cu,O: Combining the mass
Mass (g) of Cu0 unit conversion with the mass-to-amount conversion gives
divide by .4 (g/mol) ‘ Amount (mol) of Cu,0 = 2.86 kg Cuz0 X 10°¢  _LmolCu0 _ 00 1Cu0
(14310 g Cu,0 =1 mol Cu,0) : : 7 1kg T 143.10 g CusO ' :
Converting from moles of Cu,O to moles of O,:
A