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Atoms,

and lons

o fully appreciate a science like chemistry, we must understand
something of its origins. In this chapter we will see how chemistry
developed, paying particular attention to the crucial experiments
and fundamental laws that form the basis of modem chemistry. We
will also consider chemical nomenclature and introduce some of the most
important chemical concepts.

JE The Early History of Chemistry

PURPOSE .

B To give a bricl account of early chemical discoveries.

Chemistry has been important since ancient times. The processing ol natural
ores to produce metals for ornaments and weapons and the use of embalming fluids
are two examples of chemical phenomena that were utilized prior to 1000 B.c.
_ The Greeks were the [irst to try to explain why chemical changes oceur. By
about 400 B.c. they had proposed that all matter was composed of four fundamental
- substances: fire, earth, water, and air. The Greeks also considered the guestion of
-.. whether matter is continuous, and thus infinitely divisible into smaller pieces, or
- composed of small indivisible particles. One supporter of the latter position was
o Democritus, who used the term afomos (which later became atoms) to describe
“these ultimate particles. However, because the Grecks had no experiments to test

- their ideas, no definitive conclusion about the divisibility of matter was reached.
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The next 2000 years of chemical history were dominated by a pseudoscience
called alchemy. Alchemists were often mystics and fakes who were obsessed with
the idea of turning cheap metals into gold. However, this period also saw important
discoveries: elements such as mercury, sulfur, and antimony were discovered, and
alchemists learned how to prepare the mineral acids

The foundations for modern chemistry were laid in the sixteenth century with
the devclopment of systematic metallurgy (extraction of metals from ores) by a
German, Georg Bauer, and the medicinal application of minerals by a Swiss alche-
mist called Paracelsus.

The first person to perform truly quantitative physical experiments was Robert
Boyle (1627-1691), who carefully measurcd the relationship between the pressure
and volume of gases. When Boyle published his book, The Sceptical Chemist, in
1661, the quantitative sciences of physics and chemistry were born. In addition to
his results on the quantitative behavior ol gases, Boyle's other major contribution to
chemistry consisted of his ideas about the chemical elements. Boylc held no precon-
ceived notion about the number of elements. In his view a substance was an element
unless it could be broken down into two of mors simpler substances. As Boyle’s
experimental definition of an element became generally accepted, the list of known

i
i
i

The Alchemists, an oll on slate elements began to grow, and the Greek system of four elements finally died. Al-
painting by Jan van der Straet in though Boyle was an excellent scientist, he was not always right. For example, he
1570. chmg to the alchemist’s views that metals were not true clements and that a way

would eventually be found to change one metal to another.

The phenomenon of combustion evoked intense interest in the seventeenth and
eightecnth centuries. The German chemist Georg Stahl (1660-1734) suggested that
a substance he called phlogiston flowed out of the burning material. Stahl postulated
that a substance burning in a closed container eventually stopped burning, because
the air in the container became saturated with phlogiston. Oxygen gas, discovered
by Joseph Priestley (1733-1804), an English clergyman and scientist (Fig. 2.1},
was found to support vigorous combustion and was thus suppoesed to be low in
phlogiston. In fact, oxygen was originally called “*dephlogisticated air.”’

Figure 2.1

Joseph Priestley was bom in England on March
13, 1733, and showed a great talent for
science and languages from an early age.
Priestley performed many important scientific
experiments, among them the discovery that
the gas produced by the fermentation of grain
{later identified as carbon dioxide) could be
dissolved in water to produce the pleasant
drink called seltzer. Also, as a result of meeting
Benjamin Frankiin in London in 1766, Priestley
became interested in electricity and was the
first to observe that graphite was an electrical
conductor. However, Priestley’s greatest

~ discovery occumed in 1774 when he isolated
oxygen by heating mercuric oxide.

Because of his nonconformist political

- views (he supported both the American and

i French revolutions), he was forced to leave

- England (@ mob bumed his house in

Birrmingham in 1791). He spent his last decade

peacefully in the United States, and clied in 1804.

32 O Chapter Two  Atoms, Molecules, and lons
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92 Fundamental Chemical Laws

PURPOSE

£l To describe and illustrate the laws of conservation of mass, definite proportion,
and multiple proportions. :

By the late eighteenth century, combustion hud been studied extensively; the
gases carbon dioxide, nitrogen, hydrogen, and oxygen had been discovered; and the
list of elements continued to grow. However, it was Antoine: Lavoisier {1743~
1794), u French chemist (Fig. 2.2), who finally explained the true nature of com-
bustion, thus clearing the way for the tremendous progress that was made near the
end of the eighteenth century. Lavoisier, like Boyle, regarded measurement as the
essential operation of chemistry. His cxperiments, in which he carefully weighed
the reactants and the products of various reactions, showed that mass was neither
created nor destroyed. Lavoisier's discovery of this law of conservation of mass
was the basis for the developments in chemistry in the nineteenth century.

Lavoisier’s quantilalive experiments showed that combustion involved oxXygen
{which Lavoisier named), not phlogiston. He also discovered that life was sup-
ported by a process that also involved oxygen and was similar in many ways Lo
combustion. In 178% Lavoisier published the first modern chemistry textbook, Ele-
mentary Treatise on Chemistry, in which he presented a unified picture of the
chemical knowledge assembled up to that Gme. Unfortunately, in the same year the
text was published, the French Revolution broke out. Lavoisier, who had been
associated with collecting taxes for the government, was executed on the guillotine
as an cnemy of the people in 1794,

After 1800 chemistry was dominated by scicntists who, following Lavoisier’s
lead, performed carcful weighing experiments to study the course of chemical reac-
tions and to determine the composition of various chemical compounds. One of
these chemists, a Frenchman, Joscph Proust (1754-1826), showed that a given
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Figure 2.2

Antoing tavoisier was bom in Paris on
Algust 26, 1743, Although Laveisier's
father wanted his son to follow him
Nt the legai profession, young
Lavoisier was fascinated by science.
From the beginning of his scientific
career, Lavoisier recognized the
importance of accurate
measurements. His careful weighings
showed that mass was conserved in
chemical reactions and that
combustion involves reaction with
oxygen. Alse, he wiote the first
modern chemistry textoook. It is not
surprising that Lavoisier is often called
the father of modemn chemistry.

To help support his scientific
work, Lavoisier invested in a private
tax-collecting firm and married the
daughter of one of the company
executives. His connection to the tax
collectors proved fatal, for radical
French revolutionaries demanded his
execution, which occurred on the
auilictine on May 8, 1794,




compound always contains exactly the same proportion of elements by weight. For
example, Proust {ound that the substance copper carbonate is always 5.3 parts
copper to 4 parts OXygen to 1 part carbon (by mass). The principle of the constant
composition of compounds, originally called Proust’s law, is now known as the law
of definite proportion,

Proust’s discovery stimulated John Dalton (1766—1844), an English school-
teacher (Fig, 2.3), to think about atoms. Dulton reasoned that if elcments were
composcd of tiny individual pacticles, a given compound should always coniain the
same combination of these atoms. This concept explained why the same relative
masses of elements were always found 1n a given compound.

But Dalton discovered another principle that convinced him cven more of the
existence of atoms. He noted, for exarmple, that curbon and oxygen formed two
different compounds that contained different relative amounts of carbon and oxygen
as shown by the following data:

i Figure 2.3_

John. Dalion (1766-1844), an Weight of oxygen that combines
Englishman, bagan teaching at & with 1 ¢ of carbon

Quaker school when he was 12. His

fascination with science included an r Compound I 133 g
intense Interest in meteorology {he Compound 1T 2166 ¢
tept careful daily weather records for L ; |

44 vears), which led to an interest in

the gases C;f the alr agiltthshirsutl)tmsﬂtate Dalton noted that compound II contained twice as much oxygen per gram of carbon
TOMS. o & . ; : .

components, S1oms as compound I, a (act that could be easily explained 1n terms of atoms. Compouad [

known for his aomic theory, in which . i S i :
e postulated that the fundamental might be CO, and compound I might be CO,. This principle, which was found to

: differences among atorms are their apply to compounds of olher clements as well, became known as the law of multi-
' masses. He was the first 10 prepare 3 ple proportions: when two elemenis form a series of compounds, the ratios of the
table of relative atormic weights. masses of the second element that combine with | gram of the first element can

Dalton was a humble man with

several apparent handicaps: he, Was always be reduced to small whole numbers. _

poor; he was not articulate; he was To make sure the significance of this observation is clear, in Sample Exercisc
not a skilled experimentalist; and he 9 1 we will consider data for a scries of compounds consisting of nitrogen and
was color-oiind, a tericle probiem uXygen.

for a chemist. In spite of these
disachvantages, he heiped t@
revolutionize the science of
- chemistry. Sampie Exercise 2.1

The following data were collected for several compounds of nitrogen and oxygen:

Mass of nitrogen thal combines

with 1 g of oXygen

Compound 1 1.750 g
Compeund T 08730 2
Compound I 0.4375 g
. —_—

Show how these data illustrate the law of multiple proportions.

Solution

For the law of multiple proportions to hold, the ratios of the masses of nitrogen
combining with 1 gram of oxygen in each pair of compounds should be small whale
qumbers. We therefore compute the ratios as follows:

34 T} Chapter Two  Atoms, Molecules, and lons
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0 the I 0.437s 1
lative These results support the law of multiple proportions.
I
of the - f
1 two o . . . _
cyaen The significance of the data in Sample Exercisc 2.1 is that compound I contains
; twice as much nitrogen (N) per gram of oxygen (0) as docs compound T and that
compound IT contains twice as much nitrogen per gram of oxygen as does com- i
pound III. In terms of the numbers of atoms combining, these data can be explained i
by any of the following formulas*: !
Compound | N.O NO N4O-
Compound Il NO or NO; or N,O, .
Compound III NO, NO, N0, ;
In fact an infinite number of other possibilities exists. Dalton could not deduce i
arbon absolute formulas from the available data on relative masses. However, the data on ' :
und 1. the composition of compounds in terrns of the relalive masses of the elements i
wnd to supported his hypothesis that each element consisted of a certain type of atom and i
m}‘:]:" that compounds were formed [rom specific combinations of atoms. ?
af tne !
nt Can i
ercise 2 3 ) .
o and L. Dalton’s Atomic Theory 5
PURPOSE . |
LI To describe Dalton’s theory of atoms and show the significance of Gay-Lus-
) sac’s experiments.
ygen In 1808 Dalton published A New System of Chemical Phxlosophy in which he
presented his theory of atoms: i
1. Each element is made up of tiny pariicles called atoms.
2. The atoms of a given element are identical; the aloms of different elements are !
different in some fundamental way or ways. !
3. Chemical compounds are formed when atoms combine with each other. A given :
compound always has the same relative numbers and iypes of atoms. !
4. Chemical reactions involve reorganization of the aloms—changes in the way
they are bound together. The atoms themyselves are not changed in a chemical
reaciion.
Itn;lge]n : "Subsmipt\ are used to show the numbers of atoms present. 'I'he number ! is understood and thus is not
whole

written. The symhbals for the clements and the wiiting of chemical [ormulas will be illustrated further in
Seclmns 2.6 and 2.7.

2.3 Dalton’s Atomic Theory | ]
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It is instructive to consider Dalton’s reasoning on the relative masses ot the
atoms of the various elements. [n Dalton’s time water was known to be composad of
the elements hydrogen and oxygen, with 8 grams of oxygen present for every |
gram of hydrogen. If the formula for water were OH, an oxygen atom would have 1o
have 8 times the mass of a hydrogen atom. However, if the formula (or water were
H,O (two atoms of hydrogen for every oxygen atom), this would mean that each
atom of oxygen is 16 times as heavy as each atom of hydrogen {since the ratio of the
mass of one oxygen to that of fwo hydrogens is 8 to 1). Because the formula for
water wus not then known, Dalton could not specify the relative masses of oxygen
and hydrogen unambiguously. To solve the problem, Dalton made a fundamental
assumption: he decided that nature would be as simple as possible. This assumption
: led him to conclude that the formula for water should be OH. He thus assigned
: hydrogen a mass of | and oxygen a mass of 8.

Using similar reasoning for other compounds, Dalton prepared the first table of
atomic masses {called atomic weights by chemists, since mass is alten determined
by comparison to a standard mass—u process called weighing). Many of the masses
wete later proved to be wrong because of Dalton’s incorrect assumptions about the
formulas of certain compounds, but the construction of a table of masses was an
e important step forward.

Although not recognized as such for muny years, the keys to determining abso-
lute formulas for compounds were provided in the experimental work of the French
chemist Joseph Gay-Lussac (1778—1850) and by the hypothesis of an Italian chem-
ist named Amadeo Avogadro (1776-1856). In 1809 Gay-Lussac performed experi-
ments in which he measnred (under the same conditions of temperature and pres-
sure) the volumes of gases that reacted with each other. For example, Guy-Lussac
found that 2 volumes of hydrogen react with 1 volume of oxygen to form 2 volumes
ol gaseous water and that 1 volume of hydrogen reacts with | volume of chlorine to

j form 2 volumes of hydrogen chloride. Thesc results are represented schematically
| ‘ in Fig. 2.4

In 1811 Avogadro interpreted these results by proposing that, at the same
temperature and pressure, egual volumes of different guses contain the same rum-
ber of particles. This assumption (called Avogadro’s hypothesis) makes sense if
the distances hetween the particles in a gas are very great compared to the sizes of
the particles. Under these conditions the volume of a gas is determined by the
number of molccules present, not by the size of the individual particles.

4 - T ~. TS S

T N A e
: | . ‘ ;
+ ——— ; :
e Iy T = ! ;

e R S e N s
2 volumes hydrogen comivines 1 volume to form 2 volnmes :
with oxygen Laseous water '

. + ' ; L e—— : i
Figure 2.4 P | |
. N L EN ]
A representation of some of Gay- T B e
Lussag SA experimental results on 1 volume hydrogen combines 1 volume to form 2 volumes hydrbgen
combining gas volumes. with chlorine chioride

36 [0 Crapter Two  Atoms, Molecules, and lons
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f the

4 If Avogadro’s hypothesis is correct, Gay-Lussac’s result,
,;:]()11 2 volumes of hydrogen react with | volume of OXygen
Ve Lo ' —> 2 volumes of walter vapor
WLTC can be expressed as follows:
each .
i[ the 2 molecules® of hydrogen react with 1 molecule of oxygen
a for — 2 molecules of water
ygen These observations can best be explained by assuming that gaseous hydrogen, oxy- i
ental gen, and chlorine are all composed of diatomic (two-atom) molecules: H;, O, and :
ption Cl,, respectively. Gay-Lussac’s results can then be represented as shown in Fig. !
igned 2.5. (Note that this reasoning suggests that the formula for water is H,0, not OH as |
Dalton believed,) |
e of I
nined :
asses @—@ i
1t the + '
abso-
rench
‘heerrl;- Figure 2.5 i
lll:::res— ®_® + A representation of combining gases I
at the molecular level. The circles ;
LU8Sac represent atoms in the molecules. ;
arnes :
ne to !
cally Unfortunately, Avogadro’s interpretations were not accepted by most chemists |
and a half-century of confusion followed, in which many different assumptions i
same were made about formulas and atomic masses. '
U During the nineteenth century painstaking measurements were made of the
1se if masses of various elements that combined to form compounds, From these experi-
es of ments a list of relative atomic masses could be determined. One of the chemists
vy the involved in adding to this list was a Swede named Jins Jakob Berzelius (1779—
1848), who discovered the elements cerium, selenium, silicon, and thorium and
developed the modern symbols for the elements used in writing the formulas of
} compounds.
1
|

O f@w Early Experiments to ;
Z.“t | Characterize the Atom

" PURPOSE
'8 To summarize the experiments that characterized the structure of the atom.

Dalton’s atomic theory caused chemistry to become more systematic and more
- -'sensible. The concept of atoms was clearly a good idea, and scientists became very
. Antetested in the structure of the atom.

-7 molecule is & collection of atomms (see Section 2.6).

24 Early Experiments to Characterize the Atom  [] 37
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Figure 26

1, ). Thomson (1856-1940) was an
English physicist at Cambridse
University. He received the MNobel
Prize in physics in 1906.

Source of electrical pntential——l

Glass tabe

Strcam of pegative
particles {clectrons)

() Vo

Partially evacualed wbe
Meral electrodes——
Fiqure 2.7

Schematic of a cathode-ray tube. A
stream of electrons passes Letween

the electrodes. The fast-moving

electrons excite the gas in the tube,

causing a glow between the
electrodes.

Applied
clectric field

Electrode Electrode
Figure 2.8

Deflection of cathade rays by an
applied electric field.

The Electron

‘The first imporiant experiments that led to an understanding of the composition of
the atom were done by the English physicist 1. 7. Thomson (Fig. 2.6}, who studicd
clectrical discharges in partially evacuated tubes called cathode-ray tubes (Fig. 2.7)
during the period [rom 1898 to 1903, Thomson found that, when high voltage was
applied to the tube, a “ray’” he called a cathode ray (because it emanated [rom the
negative clectrode, or cathode} was produced. Because this ray was produced al the
negative electrode and was repelled by the negative pole of an applied electric field
(sce Fig. 2.8}, Thomson postulated that the ray was a stream of negatively charged
which he called electrons. By experiments in which he measured the

particles,
I electrons in a magnetic lield, Thomson determined the

deflection of the beam 0
charge-to-mass ratio of an electromn:

€ . 8
L= —1.76 X 10° Cig
m

where e represents the charge on {he elcctron in coulombs and m represents the

electron mass in grams.
One of ‘Thomson’s primary goals in his cathode-ray tubc experiments was 1o

gain an understanding of {he structure of the atom. He reasoned that, since electrons
could be produced from electrodes made of various types of metals, all atoms must
contain clectrons. Since aloms were known to be electrically neutral, Thomson
further assumed that atoms also must contain some positive charge. Thomson postu-
lated* that an atom consisted of a diffuse cloud of positive charge with the negative
electrons embedded randomly in it. This model, shown in Fig. 2.9, is oflen called
the plum pudding model becavse the electrons are Jike raisins dispersed in a pudding
(the positive charge cloud), as in plum pudding. a favorite Bnglish desscrt.

n 1909 Robert Millikan (1868—1953), working at the University of Chicago,
performed very clever experiments involving charged oil drops. These experiments
allowed him to determine the magnitude of the electron charge (see Fig, 2.10). With
this value and the charge-to-mass ratio determimed by Themson. Millikan was able
10 culeulare the mass of the electron as 911 % 10~ gram.

Spherical cloud
of positive charge

Figure 2.9

One of the early models of the atom
was Thomson's plum pudding model,
in which the electrons were piciured
as embedded in a positively charged
spherical cioud, in the same way 85
raisins are distibuted in an old-
fashicned plum pudding.

#although . |. Thomson is generally given cred
by the Boglish mathematician and physicist William Thomsan
related to 1. J. Thomson}.

it for this model, the idea was apparently first suggested
{hetler known as Lord Kelvin and not

38 1] Chapter Two Atoms, Molecules, and lons
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Radioactivity

In the late ninefeenth century, it was discovered that certain elements produce high-
energy radiation. For example, in 1896 the French scientist Henri Becquerel found
that a piece of a mineral containing uranium could produce its image on a photo-
graphic plate in the absence of light. Ilc attributed this phenomenen to a spontane-
ous crnission of radiation by the uranium, which he called radioactivity. Studies in
the early twentieth century demonstrated three types of radioactive emission:
gamma () rays, beta () particles, and alpha (a) particles. A vy ray is high-energy
“light’’; a B particle is a high-specd electron; and an @ particle has a 2+ charge,
that is, a charge twice that of the electron and with the opposite sign. The mass of
an a particle 1s 7300 times that of the electron. More modes of radioactivity are now
known, and we will discuss them in Chapter 21, Ilere we will consider only a
particles because they were used in some crucial early experiments.

The Nuclear Atom

In 1911 Emest Rutherford (Fig. 2.11), who performed many of the pioncering
cxperiments to explore radioactivity, carried out an experiment to test Thomson's
plum pudding model. The experiment involved dirceting @ particles at a thin sheet
of metal [oil, as illustrated in Fig. 2.12. Rutherford rcasoned that, if Thomson’s
model were accurate, the massive « particles should crash through the thin foil like
cannonballs through gauze, as shown in Fig. 2.13(a). He expected the @ particles to
travel through the foil, with, at the most, very minor deflections in their paths. The
results of the experiment were very different from those Rutherford anticipated.
Although most of the « particles passcd straight through, many of the particles were
deflected at large angles, as shown in Fig. 2.13(b), and somc were reflected, never
hitting the detector. This outcome was a great surprise to Rutherford. {He wrote that
this result was comparable to shooting a howitzer at a picce of paper and having the
shell reflected back.)

Rutherford knew from these results that the plum pudding model for the atom
could not be correct. The large deflections of the a particles could only be caused by
acenter of concentrated positive charge, as illustrated in Fig. 2.13(h). Most of the &
Particles pass dircctly through the foil because the atom is mostly open space. The
deflected @ particles are those that had a *“close encounter”” with the positive center
of the atom, and the few reflected o particles are those that made a “‘direct hit” on
the much more massive positive center.

Figure 2.10

A schematic representation of the
apparatus Millikan used to determine
the charge on the electron. The fall of
charged ol droplets due to gravity
can be halted by adjusting the
voltage across the two plates. The
voltage and the mass of an oil drop
can then be used to caloylate the
charge on the oil drop. Millikan's
experiments showed that the charge
on an ol drop is always a whole-
number multiple of the electron
charge.

Figure 2.11

Ernest Rutherford (1871-1937) was
bom on a farm in New Zealand. In
1895 he placed second in a
scholarship competition to attend
Cambridge University, but was
awarded the scholarship when the
winner decided to stay home and
get married. As a scientist in England,
Rutherford did much of the early
waork on characterizing radioactivity,
He named the @ and B particies and
the  ray and ccined the term half
fife to describe an important atribute
of radicactive elements. His
experiments on the behavior of «
particles striking thin metal foils led
him to postulate the nuckear atom. He
also invented the name proton for
the nucieus of the hydrogen atom.
He received the Nobel Prize in
chemistry in 1908,

9.4 Farly Pxperiments to Characterize the Atom 1] 39
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Some alpha
particles are
scatlered

Beam of

Hlectrons Uranium souree of
alpha particles

scattered Positive alpha particles, embedded

throughout charge in a lead block
\ / to absorb most of the
Lo radiation

(a}

. i
Luminescent Thin metal foil Most particles pass
screen to straight through foil
deflect scattered

alpba particles

Figure 2.12
Rutherford’s experiment on a-particle tombardment of metal foil.

In Rutherford’s mind these results could only be explained in terms of a pu-
clear atom-—an atom with a dense center of positive charge (the nucleus) with
® electrons moving around at a distance that is large relative to the nuclear radins.

Figure 2.13

(a) The results of the metal foil
experiment If Thomson's model were
correct. (0) Actual results.

The Modern View of Atomic
5 Structure—AN Introduction

PURPOSE
O To describe features of subatomic particles.
B To explain the use of the symbol 4X to describe a given atom.

In the years since Thomson and Rutherford, a great deal has been learned about
atomic structure. Because much of this material will be covered in detail in later
chapters, only an introduction will be given here. The simplest view of the atom is
that it consists of a tiny nucleus (with a radius of about 10™!% cm) and electrons that

Nucleus move about the nuclens at an average distance of about 10~% cm away from it (see
Fig. 2.14). ;

As we will see later, the chemistry of an atom mainly results from its electrons.
For this reason chemists can be satisfied with a relatively crude nuclear model. The
nucleus is assumed to contain protons, which have a positive charge equal in
magnitude to the electron’s negative charge, and neutrons, which have the same
mass as a proton but no charge. The-relative masses and charges of the electron,
proton, and neutron are shown in Table 2.1,

Two striking things about the nucleus are its small size compared to the overall
size of the atom and its extremely high density. The tiny nucleus accounts for

Figure 2.14 almost all of the atom’s mass. Jts great density is dramatically demonstrated by the
A nuclear atom viewed in cross fact that a piece of nuclear material about the size of a pea would have a mass of 250
section. million tons!

40 [0 Chapter Two Atorrs, Molecules, and lons
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The Mass and Charge of the Electron, Proton, and Neutron

Particle Mass Charge*

Electron 9.11 X 107 % g 1- ’
Proton 1.67 X 107 ¢ 1+

Newtron 167 X 107 g none

*The magnitude of the charge of the electron and the proton is 1.60 X 107! C,

Table 2.1 i
s pass .
zh foil An important question to consider at this point is “‘If all atoms are composed of i
these same components, why do different atoms have different chemical proper- |
ties?’”” The answer to this question lies in the number and arrangement of the elec- o '
trons. The electrons comprise most of the atomic volume and thus are the parts that :
““intermingle’” when atoms combine to form molecules. Therefore, the number of
electrons posscssed by a given atom greatly affects its ability to interact with other :
atoms. As aresult, the atoms of different clements, which have different numbers of
 nu- protons anFl electrons, show differept 'chemica] behavior. l
with A sodium atom has 11 protons in its nucleus. S_mce atoms have no net cheu.‘ge, !
i the number of electrons must equal the number of protons. Therefore, a sodium |
1s. atom has 11 electrons moving around its nucleus. It is always true that a sodium ;
atom has 11 protons and 11 electrons, However, each sodinm atom also has neu- i
trons in its nucleus, and different types of sodium atoms exist that have different |
numbers of neutrons. For example, consider the sodium atoms represented in Fig, !
2.15. These two atoms are isotopes, or atoms with the same number of protons but
different numbers of neutrons. Note that the symbol for one particular type of
sodium atom is written
Mass number -, 3
{iNa < Flement symbol ,
Alomic Number .
where the atomic number Z (number of protons) is written as a subscript and the
bout mass number A (the total number of protons and neutrons) is written as a super-
later script. (The particular atom represented here is called “‘sodium twenty-three.”” Tt
\m is has 11 electrons, 11 protons, and 12 neutrons.) Because the chemistry of an atom is
. that due to its electrons, isotopes show almost identical chemical properties. In nature
(see elements are usually found as a mixture of isotopes. :
[OI1S. Nucleus MNucleus I
The 11 protons 11 protons !
al in 12 neutrons 13 nealrons 1'
SATme !
tron, !
rerall Figure 2.15 I
s for Twe isotopes of sodium. Both have !
y the eleven protons and electrons, but JI
[ 250 P N1 Electrons Na 31 Hlectrons they differ in the number of neutrons

1 1 in their nuclei. ]

95 The Modem View of Atomic Structure—An inroduction [ 41
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sample Exercise 2.2

Write the symbol for the atom that has an atomic aumber of 9 and a mass number of
19. How many electrons and how many neutrons does this atom have!?

Solution
The atomic namber 9 means the atom has 9 protons. This element is called fluorine,
symbolized by F. The atom is represented as

13F

and is called ““fluorine nineteen.” Since the atom has 9 protons, it must also have 9
electrons to achieve electrical ncatrality. The mass number gives the total nomber of
protons and ncutrons, which means that this atom has 10 neutrons.

Qé ( Molecuies and lons

PURPOSE
©  To introdnce basic ideas of bonding in molecules.
0l To show various ways of represcnting molecules.

From a chemist’s viewpoint the most interesting characteristic of an atom is its
ability to combine with other atoms to form compounds. It was John Dalton who
first recognized that chemical compounds were collections of atoms, but he could
not determine the structure of atoms or their means for binding to cach other.
During the twentieth century we have learned that atoms have electrons and that
these electrons participate in bonding one atom to another. We will discuss bonding
thoroughly in Chapters 8 and 9; here we will introduce some simple bonding 1deas
that will be useful in the next few chapters.

The forces that hold atoms together in compounds are called chemical bonds.
To covalent bonds atoms share One wauy that atoms can form bonds is by sharing electrons. These bonds are called
ilestrons. covalent bonds, and Lhe resulting collection of atoms is called a molecule, Mole-
cules can be represented in several different ways. The simplest method is the
chemieal formula, in which the symbols for the elements arc used to indicate the
types of atoms present and subscripts are uscd to indicate the relative numbers of
atoms. For example, the formula for carbon dioxide is CO,, meaning that each
molecule contains 1 atom of carbon and 2 atoms of oxygen.
Examples of molecules that contain covalent bonds are hydrogen (H), waker
(H,0), oxygen (O7), ammonia (NHs), and methane (CH4). More information about
a molecule is given by its structural formula, in which the individnal bonds are
shown (indicated by lines). Structural formulas may or may not indicate the actual
shape of the molecule. For example, water might be represented as

H—O—H or

/O\
H H

49 1 Chapter Two Afoms, Molecules, and lons
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The structure on the tight shows the actual shape of the water molecule. Scicntists
know from cxperimental evidence that the molecule looks like this. (We will study
the shapes of molecules further in Chapter 8.) Other examples of structural formulas
are

or H

i
T—2Z—T

Ammonia Methane

In the actual structures on the right the central atom and the solid lines are under-
stood to be in the plane of the paper. Atoms connected to the central atom by dashed
lines arc behind the plane of the paper, and atoms connected to the central atom by
wedges are in front of the plane of the page.

In a compound composed of molecules, the individual molecules move around
as independent units. For example, a sample of methane gas is represented in Fig.
~» 2.16 using space-filling models. These models show the relative sizes of the atoms
+ as well as their relative orientation in the molecule. More cxumiples are shown in
i+ Fig. 2.17. Ball-and-stick models are also used to represent molecules. The ball-
" and-stick structure of methane is shown in Fig. 2.1%.

Cco, CO
{carbon dinxide) (carbon monoxide)

H,0 H,
[water) (hydrogen}

F'i'gure 2.16 9y O

{ozonc) (n;;_vgen)

:Space-filling model of rmethane gas.

+:This type of model shows both the "

[feletive sizes of the atoms i the Figure 217

-Molecule and their spatial Space-filing models of various
relationships, molecules.
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Ball-and-stick model of methane.
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A second type of chemical bond results from attractions among ions. An ion is
an atom or group of atoms that has a net positive or negative charge. The best
known ionic compound 1% copunon table salt, or sodium chloride, which forms
when neutral chlorine and sedium react.

To sec how ions are formed, consider what happens when an electron is trans-
ferred from sodium to chlorine (the neutrons in the nuclei will be ignored):

i Neutral sodium Sodium ion
atom (Na) (Na')

Minus 1
electron |
—_—

11 electrons 10 electrons

With one electron stripped off, the sodium, with its 11 protons and only 10 elec-
trons, now has a net 1-+ charge—it has become a positive ion. A positive ion is
called a cation. The sodium ion is written as Na™, and the process can be repre-
sented in shorthand form as

Nag — Nat + ¢~

If an electron is added to chlorine,

Neutral chlorine Chlotine ion
atom (C1) {C17)

17 electrons 18 electrons

the 18 electrons produce a net 1 — charge; the chlorine has become an ion with a
negative charge—an anion. The chloride ion is written as Cl~, and the process is
represented as

Cl+e — Cl™

Because anions and cations have opposite charges, they attract each other. This
force of attraction between oppositely charged ions is called an ionic bond. Sodium
metal and chlorine gas (a green gas composed of Cl, molecules) react to form solid
sodium chloride, which contains many Na™ and C1™ ions packed together as shown
in Fig. 2.19(a). The solid forms the beautiful colorless cubic crystals shown in Fig.
2.19(b).

A solid consisting of oppositely charged ions is called an ionic solid, or a salt.
lonic solids can consist of simple ions, as in sodium chloride, or of polyatomic
(many-atom) ions, as in ammonium nitrate (NH;NQ3), which contains ammoninm
cations (NH. ') and nitrate anions (NOs 7). The ball-and-stick models of these ions
are shown in Fig, 2,20.

44 [0 Chapter Two  Aloms, Molecules, and fons
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Licuics and Soids

rou have only to think about water to appreciate how different the
three states of matter are. Flying, swimming, and ice skating are all
done in contact with water in its various forms. Clearly the arrange-
ments of the water molecules must be significantly different in its
gas, liquid, and solid forms.

In Chapter 5 we saw that a gas can be pictured as a substance whose
component particles are far apart, are in rapid random motion, and exert
relatively small forces on each other. The kinetic molecular model was con-
structed to account for the ideal behavior that most gases approach at high
temperatures and low pressures.

Solids are: cbviously very different from gases. Gases have low clensity,
high compressibility, and compietely fill a container. Solids have much
Sreater densities, are compressible only 1© a very slight extent, and are
rigicd—a solid maintains its shape irrespective of its container. These prep-
erties indicate that the components of a solid are close together and exert
large attractive forces on each other. So a model for solids will be very
different from that for gases.

The properties of liquids lie somewhere between those of solids and
of gases, but not midway between, as can be seen from some of the
properties of the three states of water. For example, compare the enthalpy
change for the melting of ice at 0°C (the heat of fusion) to that for vaparizing
liquid water at 100°C (the heat of vaporization):

H,O(s) — H,00)  AH%, = 6.02 kl/mol
HO() — H,0(g) AH, = 41.2 kl'mol
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CONTENTS

n this chapter we reencounter two very important classes of compounds,
acids and bases. We will explore their interactions and apply the funda- 141 The Nature of Acicis and
mentals of chemical eqiuilibria discussed in Chapter 13 to systems involv- Bases ;
ing proton-transfer reactions. 142 Add Srength

Acid-base chemistry is important in a wide variety of everyday applica- \;;‘Zt:r 3 an Acic and 8 ]
tions. There are complex systems in our bodies that carefully control the 143 The pH Scale :

acidity of our blood, since even small deviations may lead to sericus illness 144 Calculating the pH of Strong

and death. The same sensitivity is seen In other life forms. If you have ever Acid Solutions

had tropical fish or goidfish, you know how important it is to monitor and 145 Cal_culah?g‘the pH of Weak

control the acidity of the water in the aguarium. AC}ﬁeS;HUtS”Z ixture of
A;ids and bqses are also important.industrialiy. For example, the vast Weal Acids

quantity of sulfuric acid manufactured in the United States each vear Is Percent Dissoclation

needed to produce fertilizers, polymers, steel, and many other materials 146  Bases
(see the Chemical Impact in Chapter 3). 147 Polyprotic Acids \

The influence of acids on living things has assumed special importance gzﬁiﬂo’z; Qdd

in the United States, Ca.nada,_ and Europe in recent years &s a result of e 148 Acic-Base Properties of Saits
phenomenon of acid rain. This problem is complex and has diplomatic and Salts That Produce Neutral
economic overtones that make it all the more difficult to soive. Solutions

Salts That Produce Basic ‘

Solutions

RBase Strength in Agueous

Solution

di 4’ Q’E ‘ The Nature of Acids and Bases Salts That Produce Acidic

Solutions

PURPOSE 149  The Effect of Structure on

. . N Acid-Base Properties
Aqe T S gz 5 1 ate ¢ . ' g : .
O  To discuss two models of acids and bases and to relute cquilibrium concepts o 1410 Acid-Base Properties of

acid dissociation. Oxidles

1411 The Lewis Acid-Base Model

14,12 Strategy for Solving Acid-Base
Problems—A Summary

Acids were [irst recognized as substances that taste sour. Vinegar tasics sour
because it is a dilute solution of acetic acid; citric acid is responsible for the sour
tastc of a [emon. Bases, sometimes called alkalis, are characterized by their bitter

559
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Dans tanie chomsnls) taste and slippery fecl. Commercial preparations for unclogging drains are highly
basic.

The first person to recognize the essential nature of acids and bases was Svante
Arrhenius. Based on his cxperiments with electralytes, Arrhenius postulated that
acids produce hydrogen [ons i aqueous solution, while bases produce hydroxide
ions. Al the time. the Arrhenius concept of acids und bases was a major step
forward in yuantifying acid-base chemistry, but this concept is limited because it
applies only to agueous solutions and allows for only one kind of base—the hydrox-
ide ion. A more general definition of acids and bases was suggested by the Danish
chemist Johannes Bronsted and the English chemist Thomas Lowry. In terms of the
Brinsted-Lowry model, an acid is a proton (H *) donor, and a base is a proton
ucceptor. For example, when gascous HC1 dissolves in water, cach HC1 molecule
donates a proton to a waler molecule, and so qualifies as 1 Bronsted-Lowry acid.
The molecule that accepts the proton in this case, water, is a Bronsted-Lowry base.

To understand how waler cam act as a base, we need to remember that the
oxygen of the water molecule has two unshared clectron pairs, either of which can
form a covalent bond with an H™ ion. When gaseous HC! dissolves, the following
TEaction Occurs:

BN i . +
H—CI): + H—Cl —— Hf(|)7~—H + CY

H ' H .

The label on a bottle of concentrated Note that the proton is transferred from the HCI molecule to the water molecule to
hydrochloric acid. form H,0O*, which is called the hydronium jon.
The general reaction that occurs when an acid is dissolved in waler can best be
represented as

HA(aq) + ILOW = H,0" (ag) ~ A (aq) (14.1)
Acid Base Conjugate Conjugate
acid hase

This representation emphasizes the significant role ol the polar water molecule in
pulling the proton [tom the acid. Note that the conjuzate base is everything that
remains of the acid molecule after a proton is lost. The conjugate acid is formed
when the proton is transferred to the base. A conjugate acid-base pair consists of
two substances related to each other by the donating and accepting of a single
proton. [n Equation (14.1) there are two conjugate acid-basc pairs: HA and A™, and
H,O and HO".

It is important to note that Equation (14.1) really represcnls competition for
the proton between the two buses HO and A I HaO is a much stronger base than
A", that is, il H,0 has a much greater affinity for H* than does A, the equilibrium
position will be far to the right. Most of the acid dissolved will be in the ionized
form. Conversely, if A™ is a much stronger base than H;O, the equilibrium position
will lie far to the left. In this case most of the acid dissolved will be present at
equilibrium as HA.

The equilibrium expression for the reaction given in Equation (14.1) is

_H0'NAT] [H YA (14.2)
[HA] [HA]

where K, iy called the acid dissociatibn constant. Both H,0 (ug) and H™ (ag) arc
commounly used to represent the hydrated proton. In this book we will often use
simply H', but you should remember that it is hydrated in aqueous solutions.

a
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In Chapter 13 we saw that the concentration of a pure solid or a pure liquid is
always omitted from the equilibrium expression. In a dilute solution we can assuine
that the concentration of liquid waler remains cssentially constant when an acid is
W dissolved. Thus the term [H>O] is not included in Cquation (14.2), and the equilib-
rium expression for K, has the same form as that for the simple dissociation

HA(ag) = H (aq) + A" (aq)

R et e e

You should not forget, however, thal water plays an important role in causing the
acid 1o dissociale.

Note that X, is the equilibrium constant lor the reaction in which a proton is
removed from HA to form the conjugale base A~. We usc K, to represent oaly this
type of reaction. Knowing this, you can wrile the K, expression [or any acid, even
one that is totally unfamiliar to you. As you do Sample Excrcise 14.1, focus on the
definition of the reaction corresponding to K.

SRR

Bample Exercise 14.1

Write the simple dissociation reaction (omitting water) [or each of the following
acids:

hydrochloric acid (HCT)

acetic acid (HC,H,0,)

the ammaonium ion (NH:™)

the anilinium ion (C4HNH; ™)

the hydrated aluminum(IID ion [AKH,0)6)

e e T e

Solution

HCliag) = H' (agq) + C1” (ag)

HC,H304(aq) = H' (ag) + CoH30: ™ (ag)

NH4 ¥ (ag) = H (ag) + NHa(ag)

1 CbHSNH3+((Iq) = H+(GQ) b CoHsNHo(ag)

{ Although this formula looks complicated, writing the reaction is simple if you
| concentrate on the meaning of K,. Removing a proton, which can only come
f from one of the water molecules, leaves one OH™ and five H,O molecules
attached to the Al*! ion. So the reaction is

L

. [AlH:0)6]" ' (ag) = H (agq) + [AIH0)sOH]* ' (ag) g
1 The Bronsted-Lowry model is not limited 10 aqueous solutions; it can be ex-
g tended Lo reactions in the gas phase. For example, we discussed the reaction be-
tween gaseous hydrogen chloride and ammonia when we studied diflusion (Section
1 sy
t - NHa(g) + HCI(g) = NH4CI(s)

In this reaction a proton is donated by the hydrogen chloride to the ammonia, us
shown by these Lewis structures:

)
H H :

€ H—I\\I:/—\ﬁ—(_‘j: - H—I\'Jﬁ—-H + [(_1]_

4 i

14.1 The Nature of Acids and Bases . [ 561 |
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Note that this is not considered an acid-base reaction according to the Arrhenius

concept.

1 "’%ﬂ Y Acid Strength

PURPOSE
B To relate acid strength Lo the position of the dissociation cquilibrium.

: ‘: O  To discuss the autoionization of water.
l The strength of an acid is defined by the equilibrium position of its dissociation
reaction:

HA(ag) + H,O <= H;0 (ag) + A (ag)

A strong acid is one [or which this equilibrium lies far to the right. This means that
almost all the original HA is dissociated at equilibrivmn [see Fig. 14.1(a)]. There i3
an important connection between the strength of an acid and that of its conjugate
base. A strong acid yields a weak conjugate base—onc that has a low affinity fora
proton, A strong acid can also be described as an acid whose conjugate base is a
much weaker base than water (see Fig. 14.2). In this case the water molecules win
the competition for the H' ions.

Conversely, a weak acid is one for which the equilibrium lies Jar to the left.
Most of the acid originally placed in the solution is still present as HA at equilib-
rium. That is, a weak acid dissociales only o a very small extent i aqueous solu-
tion [see Fig. 14.1(b)]. In contrast to a strong acid, a weak acid has a conjugate basc

After dissociation,
Before dissociation at equilibrium
HA H" A-

Relative
conjugate
basc strength

Relative
ucid strength

Figure 14.1
()

Graphical representation of the
behaviar of acids of different
strengths in agueous solution. (a) A
strong acid is completely dissociated.
(D) In contrast, only a small fraction
of the molecules of a weak acid are
dissaciated at equilitrium.

HA HA

(k)

Figure 14.2

| The relaticnship of acid strength and
conjugate base strength for the dissociation

i reaction
’ HALag) 1 HoO) = HaO (ag) + A (a) Sy
Acid Conjugate L ‘L
base
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s i that is a much stronger base than water. In this case a water molecule is not very ;
successful in pulling an H™ ion from the conjugale base. A weak acid yields a |
relatively strong conjugate base. : N
The various ways of describing the strength of an acid are summarized in Table ‘
14.1. ‘
Yarious Ways to Describe Acid Strength
Property Strong acid Weak acid
I f
_ K. value K, is large K, is small
i Position of the dissociation Far to the right Far to the lefi 1
on cquilibriam
Equilibrivm concentration of H' [H7] == [HA|y [(H] < [HA], Fomeans mnch ks than ‘
compared to original Fopnwans ameh are 0
concenlralion of HA
hat Strength of conjugate basc A” much weaker A” much stronger
> 1% RS compared to that of warcr base than H;0 base than H,O |
ate i i
T a E Table 14.1 ‘
5 a g
vin _ . . . . . o
The common strong acids are sulfuric acid (IT,804(ag)), hydrochloric acid  PFurchlogi: seid can explode 10 bl
ofi (HCl{ag)), nitric acid (HNOs)(ag), and perchloric acid TIC104(ag)). Sulluric acid — soproperty.
lib: is actually a diprotic acid, an acid having two acidic protons. The acid H;50, is a
Tlu £ strong acid, virtnally 100% dissociated in water: €2
- f . i
e B |
ase HoSO4(ag) — HT (ag) + TS0, (ag) Loyt e Ot
but the HSO,4™ ion is a weak acid: 0 |
HSO, (ag) = H (ag) + S04 {(ag) Batane aviil '
Most acids arc oxyacids, in which the acidic proton is attached to an oxygen 0 :

atom. The strong acids mentioned above, excepl hydrochloric acid, arc typical

examples. Many common weuk acids, such as phosphoric acid (H;PO.), nitrous *"\\

acid (HNQO-), and hypochlorous acid (HOCI), arc also oxyacids. Organic acids, 0 Ty

those with a carbon-atom backbone, commonly contain the carboxyl group: Nir aoid .
O |

. C</ o

O—H ot H

Acids of this type are usually weak. Examples are acetic acid (CH;COOH), often (s

written HC,H0,, and benzoic acid (CgHsCOOH). frarchioric 2o

There are some important acids in which the acidic profon is attached to an
atom other than oxygen. The most significant of these are the hydrohalic acids HX,
where X represents a halogen atom.

Tuble 14.2 contains a list of common monoprotic acids (those having one
acidic proton) and their K, values. Note that the strong acids are not listed. When a
strong acid molecule such as 1Cl, for example, is placed in water, the position of !
the dissociation equilibrivm i

HCl{ag) = H*(ag) 1 Cl™(aq)

149 Acid Strength 11 D63
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A
1 i — - — i ]
} ; valnes of K, for Some Cummon Monoprotic Acids
i Formula Name Value of K,*¥
o ;’3 T SO, Hydrogen SL‘llfkltt: ion 1.2 % 10“; 4 ;\
| : f\ o HCIO, Chlerous acid 1.2 % 10 -
a - HC,H,C10; Monochloracetic acid 135 % 103 % B
‘ i UF Hydrofluoric acid 722%™ g
; HNO, Nitrous acid 4.0 % 107* <
E HC,HO, Acetic acid 1.8 % 107° =
| e i | [AKFLO6) Hydrated aluminum(1i) ion L4x1n? .%D
o HOCI Hypochlorous acid 35 x 107" 3
R HCN Hydrocyanic acid 6.2 % 1070 2
SRS NH. Ammonium o1 5.6 % 10710 I
E HOC:Hs Phenel 1.6 % 107 C
: .\.‘ ] T TALICEE I LH #The units of &, are mol/L, bul are customarily omilted. c
I — )
i 3 !
Table 14.2
5 G _ _
e S lies so far to the right that [HCI] cannot he measured accurately. This prevents an
4 LR & - P
accurate calculation of Ky
. it _ Hner)
S ! [HCI] :
e { Yy}
s N i . Very small und
¥ B highly wncestain
; VA Cample Exercisz 14.2
L Using Table 14.2, arrange the following species according to their strength as bases:

1,0, F~, C1 , NO, . CN".

ack Solution
Remember that water is a stronger base than the conjugate base of a strong acid, but
a2 weaker base than the conjngate base of a weak acid. This leads to the following

order:
Cl" < H,0 < conjugale bases of weak acids
Weukest bascs ——— — Strongesl bascs
We can arder the remaining conjugate bases by recognizing that the strength of an
acid is inversely related to the strength of its conjugate base. Since from Table 14.2
we have
K, for HF > K, for HNO, > K, for HCN

the hasc strengths increasc as follows:

F < NO;” <CN™-
The combined order of increasing base strength is

Cl- < H,0 <F <NO, <CN

564 |1 Chapter Fourteen Acids and Bases
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Water as an Acid and a Base

A substance is said to be amphoteric if it can behave either as an acid or uy a base. B
Water is the most common amphoteric substance, We can see this clearly in the i
autoionization of water, which involves the transfer of a proton from vne water
molecule to another to produce a hydroxide ion and a hydronium ion:

/,‘H\_

+ ' [

0’ 0 =
7 w

In this feaction one water molecule acts as an acid by furnishing a proton, and the
other acls as a base by accepting the proton.

Autoionization can eccur in other liquids besides water. For example, in liquid
ammonia the autoionizalion reaction is

| /?\ 1 " PQ*HT
_H H HJ

The autoionization reaction for water

2H,0(D) = H;0 ™ (ag) + OH ™ (ag) B

leads to the equilibrium expression [

K, = [H;O"|[OH"] = [H7|[OH"] 0

where K, called the ion-product constant (or the dissociation constant), always
relers to the autoionization of water,

at Experiment shows that at 25°C

ng e [H"] = [OH™| = 1.0 x 1077 M
which means that at 25°C
K, = [H']JOH"] = (1.0 % 1077 mol/L}1.0 % 10 7 mol/L) W = IO )
= 1.0 X 107'* mol¥/L* SRR T
The units are customurily omitted. ]
It is imporiant to recognize the meaning of Ky, In any aqueous solution at J‘

25°C, nro matter what it contins, the product of | H*] and [OH ] must always equal |
1.0 ¥ 1074, Therc are three possible situations:

1. A neutral solution, where [H*| = [OH™]. |
2. An acidic solution, where [H'] > [OH |. i
3. A basic solution, where [OH™]> [H*].

In each case, however, at 25°C

K, =[HTJOH 1= 10x10 "

149 Acid Strength 11 505 |
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566 [ Chapter Fourteen

Sampie Exercise 14.2 _
Calenlate [H'] or [OH™] as required for each of the following solutions at 25°C,
and state whether the solution is nentral, acidic, or basic.

a. 1.0 x 10 * M OH"

Selution
K, = [HTJ[OH 1= 10X {014, Since [OH ]is 1.0 % 10" ® M, solving for [H"]
pives

1% 107" 10x 107"

= —= —=1.0x10°M
1R [OH™1 1.0 % 1077 ’
Since [OH™| = [H*], the solution is basic.
b. 1.0 x 1077 M OH™.
Seolutiom
As in part a, solving for [H"] gives
_ 1.0x 10" toxw™" .
[H7] = — = ——=1.0%x10 "M
[{OH ] 1.0 x 10
Since [H'| = [OH™], the solution is peutral.
c. 10.0MH".
Solution
Solving for [OH™] gives
10x 107" 1.0x107" :
o] = = —=1.0x107" M

[H'] 10.0

Since [H'] = [OH |, the solution is acidic.

Since K, is an equilibrivm constant, it varics with temperature. The effect of
temperalure is considered in Sample Exercise 14.4.

Sample Exercise 14.4
At 60°C the value of K is 1 x 1071,

a. Using Le Chitelier’s principle, predict whether the reaction
2H,O() == H30 (ag) + OH (ag)
is cxothermic or endothermic,
b. Calculate [H'] and |OH™] in a neutral solution at 60°C.

Solution
a. K, increases from 1 x 10 ' at 25°C 10 1 X 10713 ar 60°C. Le Chitelict’s
principle states that if a system at cquilibrium is heated, it will adjust to con-
sume energy. Since the value of £, increases with temperature, we must think
of energy as a reactant, and so the process must be endothermic.
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b. At 60°C
[HTJ[OH™| = | x 107 '3
For a neutral solution n

H'N=OH |=VI®x 10 P=3x10"M

JE 4‘3 The pH Scale

PURPOSE

B To define pH, pOH, and pK and 1o introduce general methods for solving
acid-base problems.

Because [H] in an aqucous solution is typically quite small, the pH scale 1w o
provides a convenient way to represent solution ucidity. The pH is a log scale based  sepusent
on 10 where

ot adidiny

pH = —log[H"] .
Thus for a solution where .

H']=10x107M
pH = —(~7.00) = 7.00

At this point we need to discuss significant figures for logarithms. The rule is  Appeadin £ bas aroviow of fogs P
that the number of decimal places in the log is equal to the rumber of significant :
figures in the original number. Thus

2 significant figures : \%
[HT 1 =1.0x10°M !
pH = 9.00

%7 decimal places

Similar log scales are used for representing other quantities, for example:
pOH = —log|OH ]
pK = —log K -

5

Since pH is a log scale based on 10, the pH changes by 1 for every power of 10 For BT 1= 10, aphi = 1
change in [H *]. For cxample, a solution of pH 3 has an H™ concentration 10 times ]
that of a solution of pH 4 and 100 tmes that of a solution of pH 5. Also note that j
because pH is defined as —log|H™ |, the pH decreases as [H™ | increases. The pH i} Fal (ML ‘
scale and the pH values for several common substances are shown in Fig. 14.3.

The pH of a solution is usually measured using a pH meter, an electronic device
with a probe that can be inscrted into a solution of unknown pH. The probe contains
an geidic aqueous solution enclosed by a special glass membrane that allows migra-
tion of H* ions. If the unknown solution has a different pH [rom the solution in the
probe, an electrical potential results, which is rcgistered on the meter (sec Fig.
14.4).

w iy
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Figure 14.4

A typical pH meter. The probe at the

right is placed in the solution with

unknown pH. The difference between

the [H'1 in the soiution sealed into
the probe and the (H7]in the
solution being analyzed is translated
into an electrical potential and
registered on the meter as 8 pH
readling.

Sampie Exercise 14.5
Calculate pH and pOH for cach of the following solutions at 25°C:

a. 1.0x 107 M OH" b. 1.0 M H".
Solufion
a. [H'] = lO?] = 11%111%_]: =1.0x 107" M
pH = —log[H*] = —log(1.0 x 10" ') = 11.00
pOH = —log[OH ™| = —log(1.0 X 10" %) = 3.00
b. [OH"] = Ky _ 10X 107 10X 107" M

[H*] 1.0
pH = —log[H*] = —log(1.0) = 0
pOH = —log{OH | = —log(1.0 X 107 = 14.00

It is useful to consider the log form of the expression

K. = [H']0H]

That is, log K, = log[H™] + loglOH™]
or —log Ky = —log[H™] ~ loglOH™]
Thus pK, = pH + pOH

568 [0 Chapter Fourteen  Acids and Bases

(14.3)

Lupin Ex. 1035 (Page 27 of 190)



14.3)

Since Ky, = 1.0 x 10714,
pKo = —log(1.0 % 10714 = 14.00
Thus, for any aqueous solution at 25°C, pH and pOH add up to [4.00.
pH + pOH = 14.00 (14.4)

Sample Exercise 14.6 ___

The pH of a sample of human blood was measured to be 7.41 at 25°C. Calculate
pOH, [H™], and [OH ] for the sample.

Solution
Since pH + pOH = 14.00,
pOH = 14.00 — pH = 14.00 — 7.41 = 6.59
To find [H*] we mmust go back to the definition of pH:
pH = —log[H™]
Thus 7.41 = ~log[H*| or log[H™]= -7.41

We need to know the antilog of —7.41. As shown in Appendix 1.2, taking the
antilog is the same as exponentiation, that is,

antilog(r) = 10"

There are different methods for carrying out the antilog operation on various calcu-

lators. The most common are the key and the two-key sequence.
Consult the user’s manual for your calculator to find out how to do the antilog
aperation.

Smce pH = —log[H"'],

—pH = log[H"]
and [H'] can be calculated by taking the antilog of —pH:
[HT] = antilog(—pH)
In the present case
[H'] = antilog(—pH) = antilog(—7.41) = 10774 = 3,9 x 107*
Similarly, [OH™] = antilog{—pO1H), and
[OH ] = antilog(—6.59) = 107> =26 x 1077 M

Now that we have considered all of the [undamental definitions relevant to
acid-base solutions, we can proceed to a quantitative description of the equilibria
present in these solutions. The main reason that acid-base problems scem ditficult is
that a typical aqueous solution contains many components so the problems tend to
be complicated. However, you can deal with these problems successfully if vou use
the following general stralegies:

Think chemistry. Focus on the solution components and their reactions. It will
dlmost always be possible to choose one reaction that 1s the most important.

14.3 The pH Scale
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matic. Acid-base problems require 4 step-by-siep approach.

Be svste
11 acid-base problems are similar in many ways, impor-

B Be flexible. Although a
tant differences do occur. Treat cach problem as a separate enlity. Do not try to

force a given problem o matching any you have colved hefore. Look for both 5
the similaritics and the differences. "f;
B Be patient. The complete ¢olution to a complicated problem cannot be scen a.
immediately in all its detail. Pick the problem apart into its workable steps. Sor
Be confident. Look within the problem for the solution, and let the problem a.
guide you. Assume that you can think it out. Do not rely on memorizing solu-
; tions to problems. In fact, memorizing solutions is usually detrimental because
: you tend to try to force a new problem (o be the same as one you have seen
before. Understand and think; don't just memorize. ate
X — - - Wi
AE 4 Calculating the pH of ©
4’ Strong Acid Solutions 10
1
PURPOSE 7
O To demonstrate the systematic lreatment of solutions of strong acids. Tt
When we deal with acid-base cquilibria, i is essential 1o focus on the solution cc
components and their chemistry. For example, what species are present inalOM di
solation of HCI? Since hydrochloric acid is a strong acid, we assume thal it is
completely dissociated. Thus, althongh the label on the bottle says 1.0 M HCL, the
solution contains virtnally no HCI molecules. Typically, container labels indicate
the substance(s) nscd to make ap the solution, but do not necessarily describe the i
solution components after dissolution. Thus a 1.0 M HCl solution contains H' and
Cl * ions rather than HCI molecules. St
The next step in dealing with aqueous solutions is to determine which compo- N
gents are significant and which can be ignored. We necd to focus on the major H
species, those solution components present in relatively large amounts. In 1.0 M t
HCI, for example, the major species are Ht, CI~, and H,0. Since this is a very 7
acidic solution, O™ is present only n tiny amounts and is classed as a minor
species. In attacking acid-base problems, the Importance of writing the major spe-
Adwerys wriie Hhe major speies cies in the solution as the [irst step cannot be overemphasized. This single step is the
present o dhe sdulion. key to solving these problents successfully. _
To illnstrate the main ideas involved, let us caleulate the pH of 1.0 M HCI. We
first lisl the major species: H', Cl °, and H;O. Since we want to calculate the pH, )
we will focns on those major species that can furnish H*. Obviously, we must
consider HY from the dissociation of HC1. However, H,0 also (urnishes H* by
autoionization, which is often represented by the simple dissociation reaction P
1,0() = H' (ag) + OH (ag) C
But is autoionization an important source of H F jons? In pure water at 25°C, {H11s -
g : . ] 10~7 M. Tn 1.0 M HCI solution, the water will produce even less than 1w mMAar,
. The I 7. §.m::-1 m; sirong acid drives since by Le Chitelier’s principle, the H' from the dissociated HCT will dnve the H
) the equiibrmem TLO = HY - OH7 position of the water equilibrium to the left. Thus the amount of T contributed by t
(O i0 the b waler is negligible compared to the | 0 M H* from the dissociation of HCI. There- ¢
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fore, we can say that [II™| in the solution is 1.0 M. The pH is then

PH = -loglH"] = ~log(1.0) = 0

Sample Exercise 14.7

a. Calculate the pH of 0.10 M HNO,.
Solution
a. Simce HNOjq is a strong acid, the major species in solution are:
H*, NO;~, and H,0

The concentration of HNQj is virtually 7ero, since the acid completely dissoci-
ates in water. Also, [OH™] will be very small because the H ions from the acid
will drive the equilibrium

H,O0()) = H" (ag) + OH (ag)

to the left. That is, this is an acidic solution where [H '] {OH | and so [OH | <
1077 M. The sources of H" are

1. H* from HNO, (0.10 M).

2. H* from H,0

The number of H* ions contributed by the autoionization of water will be very small
compared to the 0.10 A contributed by the HNO; and can be neglected. Since the
dissolved HNO; is the only important source of H' ions in this solution,

(H'1=0.10M and pH= —log(0.10) = 1.00

b. Culculate the pH of 1.0 x 1071° 37 HCI.

Solution

Normally, in an aqueous solution of HCI the major species are IT", C1~, and H,0.
However, in this case the amount of HCI in solution is so smull that it has no effect;
the only major species is HyO. Thus the pH will be that of pure water, or pH =
7.00.

i Calcuiating the pH of
5 Weak Acid Solutions

PURPOSE

LI To demonstrate the systematic treatment of solutions of weak acids,
@ ‘To show how to calculate percent dissociation.

Since a weak acid dissolved in water can be viewed as a prototype of almost
any equilibrinm occurring in aqueous solution, we will proceed carctully and sys-
tematically. Although some of the procedures we develop here may seem superflu-
ous, they will become essential as the problems become more complicated. We will

14.5 Calculating the pH of Weak Acid Salutions
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develop the necessary strategies by calculating the pH ol a 1.00 M solution of HF

(K, =7.2%107%.

‘The first step, as always, is lo write the major species in the solution. From its
small K, value, we know that hydroflueric acid is a weak acid and will be dissoci-
ated only to a slight extent. Thus, when we write the major speeies, the hydrofluoric
acid will be represented in its dominunt form, as IF. The major species in solution
are: HF and HaO.

The next step (since this is a pH problem) is to decide which of the major
jons. Actually, both major species can do 5o

Fivst, aiw

regenl o L

species can furnish HY
HF(aq) = H' (ag) + F(aq) K,=72%x107%
H,O() == H'(aq) + OH (ag) Ky = 1.0 107"
But in aqueous solutions typically one source of H ' cun be singled out us dominunt.
By comparing K, for HF to K. for H,0, we scc that hydrofluoric acid, although

weak, is still a much stronger acid than water. Thus we will assume that hydro-
fluoric acid will be the dominant sousce of H*, We will ignore the tiny contribution

by water.
Therclore, it is the dissociation of HF that will determinc the equilibyium con-

centration of HT and hence the pH:
HF(ag) = H'(ag) + F(agp)

The equilibrivm expression 18
[H)F 1

K,=72%107%=
1HF]

To solve the equilibrium problem, we follow the procedurcs developed in
Chapter 13 lor gas-phase cquilibria. First, we list (he initial concentrations, the
concentrations before the reaction of interest has proceeded to equilibrium. Before
any HF dissociates, the concentrations of the species in the equilibrium are;

[HF], = 1.00 M Fln=0 H'le=10"M=0

(Note that the zero value for [H ]y is an approximation, since we are neglecting the
H'* ions from the autoionization of water.)

The next step is to determine the change required (o reach equilibrium, Since
some HE will dissociate to come to equilibrium (but that amount is presently un-
known), we let x be the change in the concentration of IIF that is required to achieve
equilibrium. That is, we assume that x mol/L of HF will dissociate 1o produce
x mol/L. H* and x mol/L [~ as the system adjusts to its equilibrium position. Now
the equilibrium concentrations can be defined in terms of x:

[HF] = [HF]y — x = 1.00 — x
[ET]=[F Jotx=0+x=x
[HY1=[H ] tx=0+tx=x
Substituting these equilibrium concentrations inlo the equilibrium cxpression
gives
HYTF | (0

K,=72%x 1074 =——+—=
|HF) 1.00 — x
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This expression produces a quadratic equation that can be solved using the quadratic
formula, as for the gas-phase systems in Chapter 13. However, since K, for HF is
so small, HF will dissociate only slightly, and x is expecied to be small. This will
allow us Lo simplify the calculation. If x is very small comparcd to 1,00, the term in
the denominator can be approximated as follows:

1.00 — x = 1.0

The equilibrium expression then becomes

72 %10 4= B0 X&)
' 100 —x  1.00

which yields

£ = (72X 10%1.00)=72x%x 1074
x=V72X10%=27x 102

How valid is the approximation that [H¥] = 1.00 M? Because this question will
arise oflen in connection with acid-base cquilibrium calculations, we will consider it
carefully. The validity of the: approximation depends on how much accuracy we
demand for the calculated value of {H']. Typically, the K, values for acids are
known to an accuracy of only about £5%. It is reasonable therefore to apply this
figure when determining the validity of the approximation

[HAlp — x = [HA]y
We will use the following test.

We first calculate the value of x by making the following approximation

B xZ XZ
[HAly —x  [HAL

a

where
2= K,JHAl, and x=VEK,J[HAl,

We then compare the sizes of x and [HA],. If the expression

X 100
[HAJo

is less than or equal to 5%, the value of x is so small that the approximation
[HAlo — x = [HA]o
will be considered valid.
In our example
x=2.7 % 107 mol/L
[HA], = [HF]o = 1.00 mal/L
and

; 2.7 x 1072
L 100 =222 100 =2.7%
[HA g 1.00

The approximation we made is considered valid, and the value of x calculated using

The validity o ap approximation

shonild ehwave be chocked,

14.5 Calculating the pH of Weak Acid Solutions L]
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that approximation is acceptable. Thus

= |H"1=2.7X 1072 M and  pIl = —log(2.7 x 107 %) =157

This problem illustrates all the important steps for solving a typical equilibrium
problem involving a weak acid. ‘These steps urc summarized as follows:

Solving Weak Acid Equilibrium Problems

B List the major species in the solution.

B Choose the specics that can produce HY, and writc balanced equations for the
reactions producing IT7.

@ Using the values of the equilibrium constants for the reactions you have written,
decide which equilibrium will dominate in producing H ™.

B Write the cquilibrium cxpression for the dominant cquilibrium.
List the initial concentrations of the specics participating in the dominant equi-
librium. ;

Define the change needed to achieve equilibrium; that 1s, define x.

B Write the equilibrium concentrations in terms of x.

Substitute the equilibrium concentrations into the equilibrium expression.
Solve for x the “‘easy”’ way; thatl is, by assuming that [HA]y — x = [HA]p.

4 Use the 5% rule to verify whether the approximation is valid.
@ Calculate [H7] and pH.

We use this systematic approach in Sample Exercise 14.8.

Samnple Exercise 14.8

The hypochlorite ion (OCIT) is a strong oxidizing agent often found in household
bleaches and disinfectunts, It is also the active ingredient that forms when swim-
ming pool water is treated with chlorine. In addition te jts oxidizing abilities, the
hypochlorite ion has a relatively high affinity for protons (it is a much stronger base
than Cl~, for example) and forms the weakly acidic hypochlorous acid (HOCI,
K, = 3.5 % 107%). Calculate the pH of a0.100 M aqueous solution of hypochlorous
acid.

Solution

STED 1
We list the major species. Since HOC! is a weak acid and remains maostly
undissociated, the major species in a 0.100 M HOCY solution are

HOC1 and HO

STEP 2

Both species can produce H':
HOCHaq) = H'(ag) + OCl (ag) K, =3.5x 107°
H-O() = H" (ag) + OH (ag) K, =10x 1071

STEP 3
; Since HOCI is a significantly stronger acid than HoO, it will dominate in the
IS production of HY. : B
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STEP 4
We therefore use the following cquilibrium expression;

+ _
ium _ K,=35x10%= _Ui@ﬂ
[HOCT]
STEP 3
The initial concentrations appropriate for this equilibrium arc
E [HOC1], = 0.100 M
- the : [OC1I ], =0
Ly [H o =0  (We ncglect the contribution from H-0.)
ten, STEP 6
Since the systemn will reach equilibrium by the dissociation of HOCI, let x be
the amount of HOCI (in mol/L) that dissociates in reaching cquilibrium. -
qui- : |
4 - STEP 7 ;
The equilibrium concentrations in terms of x are
i
[HOCI] = [HOCly — x = 0.100 — x \r
|OCT 1= [OCI o+ x =0 + x = x :
Alp. [H¥ [ =[H'lp + x=0+x=x ‘
STEP §
Substituting these concentrations into the equilibrium cxpression gives 1
K,=35% 10 = 20 5
0.100 — x -
e STEP 9
Lold Since K, is so small, we can expect a small value for x. Thus we make the
o approximation {HA |y — x = [HA], or 0.100 — x == 0. 100, which leads to the
- expression X
the l &
base s x* X2 i
K.=35x107%= = !
)Cl, 0.100 - x  0.100
rous . . :
Solving for x gives 3
x=59x10 7
STEP 10
The upproximation 0.100 - x == 0,100 must be validated. To do this, we com- :
stly i
pare x to [HOC!|,:
x 5.9 % 107 -
: X 100 = — X 100 = ——— - X 100 = 0.059% e
[HA s [HOC1], 0.100 ;
Since this value is much less than 5%, the approximation is considered valid.
STEP 11
We calculate [H™] and pH: ‘
H1=x=59%107"M and pH=4.23 j
the g
14.5 Calculating the pH of Weak Acid Solutions [ 575
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The pH of a Mixture of Weak Acids

two wealk acids of very differcnt strengths. This case

cies  Sometimes a solution contains
is considered in Samplc Excrcise 14.9. Note that the steps arc again followed

{though not labeled).

sample Exercise 14.9

Caleulate the pH of a solution that contains 1.00 M HCN (K,= 6.2 % 107'% and
5.00 M HNOQ, (K, = 4.0 % 16™%). Also calculate the concentration of cyanide ion

(CN7) in this solution at equilibrinm,
Solution
Since HCN and HNOQ, arc both weak acids and arc largely undissociated, the major
gpecics in the solution are:
HCN, HNO,;, and HO.

All three of these components produce H'.

HCN(ag) = H*(agq) + CN {(ag) K,=62x10 %
HNOs(aq) = H(ag) -+ NO, ™ (aq) K,=40x 107"
H,0() = H* (ag) + OH (ug) K.=10x10""

A mixture of three acids might lead to a very complicated problem. However, the
situation is greatly simplified by the lact that, even though HNO; is a weak acid, it
is much sironger than the other two acids present (as revealed by the K values).
Thus HNO, can be assumed to be the dominant producer of H', and we will focus
on the equilibrium expression:
|[H'INO, ]

[HNO, |

K,=4.0x 107 =

The initial concentrations, the definition of x, and the equilibrium concentrations

are as follows:

Equilibrinm
concentration (mol/L)

Initial
concentration (mol/L)

Egg()}%“ = S'OO x moliL 1INO; %ggofll = 5.00 — x
= = =x
[ ]20 ;’ 0 dissociates [[—I*]sz N |

Substituting the equilibrinm concentrations in the equilibrium expression and mak-
ing the approximation that 5.00 —x = 5.00, gives
{0)(x) %

K,=4.0x% 1074 = = -
5.00 —x  5.00

We solve for x:
r=4353x 1072
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Using the 5% rule, we show thal the approximation is valid:

4.5 % 1072
X 100 = — 10
5.00

.
— X 100 = 0.90%
[HNO,J, Y

Therefore
[H']=x=45%x107M and pH=1.35

We also want to calculate the equilibrinm concentration of cyanide ion in this
solution. The CN ™ ions in this solution come from the dissociation of HCN:

HCN(ag) = H* (ag) + CN" (ag)

Although the position of this equilibrium lies far to the left and does not contribute
significantly 1o [IT7], HCN is the only source of CN~. Thus we must consider the
extent of the dissociation of HCN to calculate [CN™]. The equilibrium expression
for the above Teaction is

[H'l[CN"]

K,=62»10 =
[HCN]

We know [H'] for this solution from the results for the first part of the prob-  in couwldinm
lem. It is important to understand that there is only one kind of H' in this solution. 1t dist
docs not matter from which acid the H* ions originate. The equilibrium value of ¥« &
[H™] for the HCN dissociation is 4.5 X 107 M, even though the H™ was contrib-
uted almost entirely from dissociation of HNQO,. What is |[HCN] at equilibrium? We
know [HCN), = 1.00 M, and since K, for HCN is so small, a negligible amount of
HCN will dissociate. Thus

[HCN] = [HCN]y — amount of HCN dissociated = [HCN], = 1.00 M

Since [H'] and [HCN] are known, we can find [CN™ ] from the equilibrium expres-

siom:
K =62 % 1010 = [HIIENT] _ 4.5 X 10 %)[CN"|
L [HCN]| £.00
6.2 > 10719(1.00
[CN™] = ( e 10),(2 o 14x10 M

Note the significance of this result. Since [CN7] = 1.4 X 107® M, and HCN is
the only source of CN', this means that only 1.4 X 107® mol/L of HCN has disso-
ciated. This is a very small amount compared Lo the initial concentration of HCN,
which is cxactly what we would expeet from its very small K, value, and [HCN] =
1.00 M as assumed.

Percent Dissociation

Itis often useful to specify the amount of weak acid that has dissociated in achieving
equilibrium in an aqueous solution. The percent dissociation is defined as follows:
amount dissociated (mol/L)

Percent dissociation = —— - X 100 (14.5)
initial concentration (mol/L)
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For example, we found earlier that in a 1.00 M solution of HF, [H"|=2.7 % TH
102 M. To reach equilibrium, 2.7 % 1072 mol/L of the original 1.00 M HF dissoci- ‘
ates, so
dissoci Z?XIO_zmdﬂJX100 5 79,
gsociution = —————— ——— = 2.
Percent dIsSOCHt 1.00 mol/L. ’ b
For a given weuk ucid, the percent dissociation increases as the acid becomes
more dilute. For example, the percent dissociation of acetic acid (HC,H,0,, K, =
1.8 x 1079 is significantly greater ina 0.10 M solution than in a 1.0 M solution, as
is demonstrated in Sample Exercise 14.10.
Tt
Sample Exercise 14,10
Calculate the percent dissociation of acetic acid (K, = 1.8 1079 in each of the “an
following solutions:
B
a. 1L.OOM HC2H302
b, 0.100 M HCHA02 -
Solution
4. Since acetic acid is a weak acid, the major species n this solution are IIC;H40x i
: : and H,O. Both specics are weak acids, but acetic acid is much stronger than e
i water. Thus the dominant equilibrium will be 1
; is
HC,H;0,(ag) = H (ug) + CoH50; {ag) 2
i
¥ and the equilibrium expression is e
ng
: H[CaH 05
Ka:J.SXIO’ﬁzLJ][ ALO ] _
: [HC>H50,] Ce
:I b The initial concentrations, definition of x. and the equilibrium concentrations are as
3 follows:
TI
Initial Equilibrium
conceniration (molL) concentration (mol/l.)
[HCQH}(_)QI() =1.00M ; [}I(‘,ZHJOQI =1.00—-x
|CoH:05 = 0 xmwobl HEMOs, 01,0, 7= x N
dissociates S
[ l1==x 1€

[ll;ll'l az ()

Inscrting the equilibrium concentrations into the equilibrium expression and making
the usual approximation that x is small compared to [HAly, pives

o)

LHV[ NCH30, ] _ 7@')(11) o
[HC,H0,] 1.00 — x 1.00

K,—18x107°=
ar

Thus
P 18%107° and x=42x107*

The approximation 1.00 — x = 1.00 is valid by the 5% rule 50
IH']=x=42x 10 M

578 [ Chapter Fourteen Acids and Bases

Lupin Ex. 1035 (Pge 37 of 190)



7 % The percent dissociation is

S0Ci-
[H'] 4.2 x 1073
e X100 = —————— x 100 = .42
[HCILO, g 1.00 ’
b. This is a similar problem cxeept that in this casc [HC,1T30,]y — ¢.100 M.
Analysis of the priblem leads to the expression
oMmes g
K. = . - [HY N 00 x*
a - L =1.8%1077 = AHTIICHA0,7] _ W x
M, as A {HC,H,0,| 0.100 —x  0.100
' Thus
x=[H]=13x1073M
[ the : N and
L 1.3 x 1073
Percent dissociation = 1:x10 X 100 = 1.3%
0.10
1.0 ' The results in Sample Exercise 14,10 show two important (acts. The concentra-
£ b tion of H™ jon at equilibrium is smaller in the 0.10 M acetic acid solution than in the
than : , . . _ . .
- 1.0 M acetic acid solution, as we would expect. However, the percent dissociation
Is significantly greater in the 0.10 M solution than in the 1.0 M solution. This is a
general result. For solutions of any weak acid HA, [H'] decreases as [HAJ, de-  The more dilute the weak acid
creases, bul the percent dissociation increases as [HAJ, decreases. This phenome-  sedwion, the greater the pervent
non can be explained as follows. dissociation.
Consider the weak acid HA with the initial concentration [HA ]y, where at
equilibrinrm
e as k [HA] = [ITA]y — x == [IIA],
: M =f{A"]=x
Thus |
o - AT @ |
T HA] [HA |
|
Now suppose cnough water is added suddenly to dilute the solution by a factor of :
10. The new concentrations before any adjustment occurs are
L |
Lking [AT lnew = [H' Jyew = Ta" ’
[HAL, '
TIA|pe = —— ‘
(1A oen = — |

and (2, the reaction quotient, is . I
(L) (L)
1070107 1k 1

[HA], 10[1A], 10 °®
10
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More More

dilute concentrated
Acid concentration ‘
l Percent dissociation >

H* concentration J

Figure 14.5

The effect of dilution on the percent
dissociation and [H'] of a weak acid
solution.

Since (@ is less than K., the system must adjust to the right to reach the new
equilibrinm position. Thus the percent dissociation increases when the acid is di-
luted. This behavior is summarized in Fig. 14.5. In Sample Exercise 14.11 we sec
how the percent dissociation can be used to calculate the K, value for a weak acid.

Sample Exercise 14.17

Lactic acid (HC:HsO3) is a waste product that accumulates in muscle tissue during
exertion, leading to pain and a feeling of fatigue. In a 0.100 M aqueous solution,
lactic acid is 3.7% dissociated. Caleulate the value of K, for this acid.

Solution .

From the small value for the percent dissociation, it is clear that HC,H;0; is a weak
acid. Thus the major species in the solution are the undissociated acid and waler:
HC:Hs05 and H,0O. But although HC3H50; is a weak acid, it js much stronger than
water and will be the dominant source of H* ‘in the solution. The dissociation
reaction 1is

HC3H503(HC_{) = H+(aq) + C3H503_(aq)
and the equilibrium cxpression is
_ [HYICHS04 7
: [HC3H;504]

The initial and equilibrium concentrations are as follows:

Initial concentration Equilibrivm concentration
[HC;H;041p = 0.10 M X rIl(llJ'l:__> [A1CH;0:] = 0.10 — x
[C]Hsog “10 = () HC3H503 [C31]5037] =X
H =0 dissociates [H*]=x

The change needed to reach equilibrium can be obtained from the percent dissocia-
tion and Equation (14.5). For this acid

x X
Percent dissociation = 3.7% = —————— X 100 = X 100
rcent dissociation i 11000 0.10
3.7 _a
and x=——(0.10) = 3.7 X 107" moliL
100

Now we can calculate the equilibrivm concentrations:

[HC:Hs05] = 0.10 — x = 0,10 M (to the correct number of significant figures)
[CsHsO; 1= [HY] =x =37 x 10" M

These concentrations can now he used to calculate the value of K, for lactic acid:

_ HYICH05 1 (3.7 X 107)(3.7 x 1079
[HC3H503] D. 10

=1.4x 107

i
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e @4’6 ‘ Bases

see
cid.
PURPOSE
i1 To introduce equilibria involving strong and weak bases. ‘
— O To show how to calculate pH for basic solutions. B
in .
ong According to the Arrthenius concept, a base is a substance that produces OH™ I
’ ions in aqucous solution. According to the Bronsted-Lowry model, a basc is a o s fote acio im0t s i
proton acceptor. The bases sodium hydroxide (NaOH) and potassium hydroxide ke
(KOH) fulfill both criteria. They contain OH ™ ions in the solid lattice and, behaving
sak ; as normal clectrolytes, dissociate completely when dissolved in aqueous solution:
ter: AR NaOH(s) — Na¥'(ag) + OH (ag)
han
ion leaving virtually no undissociated NaOH. Thus a 1.0 M NaOH solution really con-

tains 1.0 M Na™ and 1.0 M OH ™. Because of their complete dissociation, NaOH
and KOH are called strong bases in the same sense as we defined strong acids,

All the hydroxides of the Group 1A elements (LiOH, NaOH, KOH, RbOH,
and CsOH) are strong bases, but only NaOH and KOH are common laboratory
reagents because the lithium, mbidium, and cesium compounds are expensive. The
alkaline earth (Group 2A) hydroxides—Mg(OH),, Ca(OH),, and Sr(OH),—are ;
also strong bases. For these compounds, two moles of hydroxide jon are produced
for cvery mole of metal hydroxide dissolved in aqueous solution.

The alkaline earth hydroxides are not very soluble and are used only when the
solubility factor is not important. In fact, the low solubility of these bases can
sometimes be an advantage. For example, many antacids are suspensions of metal
hydroxides such as aluminum hydroxide and magnesium hydroxide. The low solu-
bility of these compounds prevents a large hydroxide ion concentration that would
harm the tissucs of the mouth, esophagus, and stomach. Yet these suspensions
furnjsh plenty of hydroxide ion to react with the stomach acid, since the salts
_ dissolve as this reaction proceeds.
1a- i Calcium hydroxide, Ca(OH),, often called slaked lime, is widely used in in-
dustry because it is inexpensive and plentiful, For example, slaked lime is used in
scrubbing stack gases to remove sulfur dioxide from the exhaust of power plants and =~ afoiss
factories. In the scrubbing process a suspension of slaked lime is sprayed into the © i
stack gases to react with sulfur dioxide gas according to the following steps:

50x(g) + HO() = H,505(eq)
Ca(OH),(ag) + H,805(ag) = CaS0s(s) + 2H,0(D

e

Slaked lime is also widely used in water treatment plants for softening hard
°5) water, which involves the removal of ions such as Ca?* and Mg?™, which hamper
[ e the action of detergents. The softening method most often employed in waler treat-
ment plants is the lime-soda process, in which lime (CaO) and soda ash (Na;CO4)
are added to the water. As we will see in more detail later in this chapter, the CO2
ion reacts with water to produce the HCO;™ ion. When the lime js added to the
water, il forms slaked Jime i

CaO(s) + HyO(!) — Ca(OH)(ag)

14.6 Bases [ 581
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A bhuse does not have ta congain
nydroxile ion.

which then reacts with the HCOs™ ion from the added soda ash and a Ca®* lon in
the hard water Lo produce calcium carbonale:

Ca(OH)yag) + Ca® ' + 2HCO,™ — 2CaCOs(s) + 2H20()
A

From hard waler

2+

Thus for every mole of Ca(OID); consumed, 1 mole of Ca** 1s removed (rom the
hard water, thereby softening it. Some hard wuter naturally contains bicarhonate
ions. In this case, no soda ash is needed —simply adding the lime produces the

softening.
Caleulating the pH of a strong base solution is relatively simple, as illustrated

in Sample Exercise 14.12.

Sample Exercise 14.12
Calculate the pH of a 5.0 % 1072 M NaOH solution.

El

Solution

The major species in this solution are
Nat, OH™ (both from the dissolved NaOH),

and Hzo

Although autoionization of water also produces OH  ions, Lhe pIl will be domu-
nated by the OH ~ ions from the dissolved NaOH. Thus, in the solution

[OH | =5.0%10 = M

and the concentration of H*' can be calculated from K

| K. 1.0 % 107" s
H']= = —=20x107% M
|OH™] 5.0 % 1072
pH = 12.70

Note this is a basic solution [or which
{OH™| > [H"] and pH=>7

The added OH~ from the sult has shifted the water autoionization cquilibrium
H.O() = H ' (aq) + OH {ag)

ta the left, significantly lowering [H 7] cempared to that in pure water.

Many types of proton acceptors (bases) do not contain the hydroxide ion. How-
ever, when dissolved in water, these substances increase the concentration of hy-
droxide ion because of their reaction with water. For example, ammonia reacts with
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water as follows:

NHai(ag) + H:O(l) = NH, " (ug) + OH (ug) |

The ammonia molecule accepts a proton and (hus functions as a base. Water is the

acid in this reaction, Note that even though the hase ammonia contains no hydroxide
ion, it still increases the concentration of hydroxide jon to vield a basic solution. s
the Bases like ammmonia typically have at lcast one unshared pair of electrons that is f
Jate capable of forming a bond with a proton. The reaction of un ammonia molecule with }
the 4 waler molecule can he represented as follows:
ied H e 1
H% '&—01\ - H;N '—H + :0—I1"
H H H
e There are many bases like ummonia that produce hydroxide ion by reaction with _
water. [n most of these bases, the lone pair is located on a nilrogen alom. Some ;‘
examples are “,
N N N N -
H (‘/‘\H HC’,P\CH HC/P\(‘H H/‘\(‘ H @ :
L. - an & . - . - s
H H i cplHs HoCls N ;=i
Methylamine Dimethylamine Trimethylamine Ethylamince Pyridine i
Note that the first four bases can be thought of as substituted ammonia molecules ‘;
mi- with hydrogen atoms replaced by methyl (CIL:) or ethyl (C5II5) groups. The pyri-
_dine molccule is like benzene ’
N |
© except that a nitrogen atom repluces one of the carbon atoms in the rin g, The general y
reuction hetween a base {B) and water is given by: |
1
Biag) + H,O()) = BH"(ag) + OH (ag) (14.6)
Base Acid Conjugate Conjugate . ‘
acid base l !
The equilibrium constant for this general reaction is !
um
[BHT|JOH™|
Kn=—"7""7"7"7
|BI
where Ky, always refers to the reaction of a base with water to form the conjugate
—_— acid and the hydroxide ion. ;
Bases of the type represented by B in Equation (14.6) compete with OH™, a i
- very strong base, for the H™ ion. Thus their Ky, values tend Lo be small (for example,
hy- for ammoniu, Ky, = 1.8 X 1077), and they are called weak bases. The values of K,
Ath for some common weak bases are listed in Table 14.3.
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Values of K, for Some Common Weak Bases

Conjugate
Name Formula acid K,

Ammonia NH; - NH,* 1.8 x 1077
Methylamine CHaNH, CH,NH,™* 4,38 x 107%
Ethylamine C,HsNH- C,HNH;* 56 x 1074
Aniline CHsNH; CgHsNH; ' 3.8x10
Pyridine CsH:N CsHsNH* 1.7 %1077

Table 14.3

wrd el

3
A7 Use v .
approsch for weak huase cquitibrima Typically, pH calculations for solutions of weak hases arc very similar to those
probieis. for weak acids, as illustrated by Sample Exercises 14.13 and 14.14.

Sampie Exercise 14.13
. Calculate the pH for a 15.0 M solution of NH; (K, = 1.8 X 1073).

Solution

Since ammonia is a weak base, as can be seen from its small Ky, value, most of the
dissolved NH; will remain as NH;. Thus the major species in solution are

N-[Ig, and HQO
Both of these substances can produce OH™ according to the reactions:
NH,(ag) + H,000) = NH,* (ag) + OH ™ (ag) Ky,=18x10"
H,0(!) = H"(ag) + OH (aq) K, =10x 101

However, the contribution from water can be neglected, since Ky, ® K. The equi-
librium for NH; will dominate, and the equilibrium expression to be used is

_ [NH4 JJOH™]
[NH;]

Kb =1.8% 10_5

The appropriate concentrations arc

Initial Equilibrium
concentration (mol/L) concentration (mol/L)

x mol/L
NH; reacts with
H,0O to reach
equilibrinm

iNHslp = 15.0
[NH4+ Iﬂ =10
[OH | = O

[NHjl = 15.0 - x
INH;'1=1x
[OHT| = x

Substituting the equilibrium concentrations in the equilibrium expression and mak-
ing the usual approximation gives

ko= 18 x 105 = NHOHTL - ) X
o [NHa] 150-x 150

Thus x=16x10"7

The 5% tulc validates the approximation, and so

[OH ]=1.6 % 107° M
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hose

f the

qui-

nak-

Since we know that X, must be satisfied for (his solution, we can calculate [H~
follows:
‘ K 1.0 x 10~
H=— = ——— _ —3x 10 M
| [OH™] 1.6 x 1072 6.3 %1
Therefore
pH = 12.20

] as

Sample Exercise 14,13 illustrates how a typical weak base equilibrium problem

should be solved. Note two additional important points:

1. We calculated [H*] from K, and then calculated the pH, but another method is

available. The pOH could have been calculated from [OH ] and then used in
Equation (14.3):
pKw = 14.00 = pH + pOH
pH = 14,00 — pOH
. In a 15.0 M NH; solutien, the equilibrium concentrations of NH,™ and OH™
are each 1.6 X 107> M. Only a small percentage,
1.6 X 1072

® =0.11%
150 100=0 o

of the ammonia reacts with water. Bottles containing 15.0 M NH; solution are
often labeled 15.0 M NH,OH, but as you can see from these results, 15.0 M
NHj is actvally a much more accurate description of the solution contents.

Sample Exercise 14.14

Calculate the pH of a 1.0 M solution of methylamine (K, = 4.38 % 10~%,

Solution

Since methylamine (CH;NH,) is a weak base, the major species in solution are

CH;NH; and H,0

Both are bases; however waler can be neglected as a source of OH |, so the domi-

nant equilibrium is
CH3NHx{(aq) + H,O() = CH3NH; " (ug) + OH (ag)
and

K, = 4.38 x 10 4 — [CHNHS"JIOH ]
=4, _ I NHLTIOH ]

[CH;NH,]
The concentrations are as foliows:
Initial Fquilibrium
concentration (mol/L) concentration (mol/L)

x molLL. CH NH,

[CH3NH;], = 1.0 [CHsNH;] =10 — x

[CH;NH, Jo = 0 reacts wih O, [CHLNH, '] = x
[OH Jo = 0 (o reach [OH']=x
cquilibrium
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i‘ Suhstitutin
ing the usual approximation gives
ICH:NH; "IOHT) _ @)

[CH3NH;)

g the equilibrivm concentrations in the equilibrium expression and mak-

K, =438 x 1077 =

r=2.1 %1077

1.0—x 1.0

The approximation is valid by the 5% rule, so

[OH ]=x=21%10 %M

pOH = 1.68

pH = 14.00 — 1.68 = 12.32

e have scen that many

bases have nitrogen
| atoms with one lone pair
and can be viewed as
substituted ammonia molecules, with
the general formula RNHp_y.
Compounds of this type are called
amines, Amines are widely distrib-
uted in animals and plants, and com-
plex amines oficn serve as messen-
gers or reghlators. For cxample, in
the human nervous system, therc are
two amince stimulants, rorepineph-
rine und adrenaline.

oH
HO.

7w CHCH,NH,
B

Notepinephrine

OH
HO, CHCH.NHCH;
HO
Adrenaline

Ephedrine, widely used us a decon-
pestant, was a known drug in China
over 2000 years ago. Indians in Mex-
ico and the Southwest have used the
hallucinogen mescaline, extracted
from peyote cactus, for centuries.

O—H H M

|
H—(———C-—N-—CH
|

o

Ephedrine

CH,CH,NH,

0 0

0O

|
CH;

Mescaline

CHa

Muany other drugs, such as co-
deine and guinine, are amines, but
they are usually not used in their pure

amine [orms. Instead, they are
treated with an acid to become acid
salts. An cxample of an acid salt is
ammonin chloride, obtained by the
reaction:

NH, + HCl — NH,CI

Amines can also be protonated in this
way. The resulting acid salt, written
as AHCI, (where A represents the
amine), contains AH and CI7. In
general, the acid salts are more stable
and more soluble in water than the
parenl amines. For instance, the par-
ent amine of the well-known local
anacsthetic novocaine is water-insol-
uble, while the acid salt is much
more soluble.

Q H H H

'H-CH

I L] ] S
C—O-—-—C——CrN\
N

. CH.CH-

H HC

O

N

v

Novocaine hydrochloride
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”% 47 ’ Polyprotic Acids

PURPOSE
& To describe the dissociation equilibria of acids with more than one acidic pro-
torn.

Some important acids, such as sulfuric acid (1,SO.) and phosphoric acid
(H:PO,), can furnish more than one proton and are called polyprotic acids. A
polyprotic acid always dissociates in a stepwise manner, one proton at a time. For
example, the diprotic (two-proton) acid cqrbonic acid (H:CO3), which is so impor-
tant in maintaining a constant pH in human blood, dissociates in the following steps:

+ -
H.COs(ag) == H (ag) + HCO: (ag) K = [H][HCO, |

) =43 x 1y’
‘ [H2COs5]

HYCOS]

HCO, (aq) = H'(ag) + CO2~ K, = = 5.6 % (oM
s (@) =) 3,005 () K =

The successive K, values for the dissociation cquilibria are designated K, and K, .
Note that the conjugate buse HCO5™ of the first dissociation equilibrium becomes
the acid in the second step.

Carbonic acid is formed when carbon dioxide gas is dissolved in water. In fact,
the first dissociation step for carbonic acid is best represented by the rcaction

COx(ag) + HO0() = H*(ag) + HCO; (ag)

since relatively lttle HoCO; actually exists in solution. However, it is convenicnt to
consider C'O, in water as H,CO4 so that we can treat such solutions using the
familiar dissocialion rcactions for weak acids.

Phosphoric acid 1s a triprotic acid (three protons) that dissociates in the fol-
lowing steps:

_ [H'[H:PO,"]

H.PO = H* + H.PO,~ K, = =75%x 10 °®
3POy(ag) (aq) P04 " (ag) a [A,PO.]
H¥||HPO,*
HyPO, (agy = H'(ag) + HPO,” (ag) K, = [—i%]- =6.2x 107"
' |H2 PO, 7]
H*||POS
HPO, “(ag) = I (ag) + PO’ (aq) K. = [lhl“,]— = 4.8 x 107"
[HPO4 ]

For a typical weak polyprotic acid,
K:i1 > Il(:l2 = Il(u3

That is, the acid involved at each siep of the dissociation is successively weaker, as
shown by the stepwisc dissociation constants given in Table 14.4. These values
indicate that the loss of a second or third proton occurs less readily than the loss of
the first proton. This is not surprising; as the negative charge on the acid increases,
it becomes more difficult to remove the positively charged proton.

Lupin Ex. 1035 (Page 46 of 190)
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Stepwise Dissociation Constznts for Several Common Polyprotic Acids
Name Formula K, K., Ky,
Phosphoric acid HL PO, 75% 1077 6.2 107° 4.4 %1071
Arsenic acid H3AsO, 5% 107° § % 107° 6x 1071
Carbonic acid H,CO, 43 % 1077 5.6 x 107"
Sulfuric acid HzS50, Large 1.2x 1072
Sulfurous acid Ha50, 1.5% 1072 1.0 % 1077
Hydrosulfuric acid ~ Hz8 1.0 % 1077 1.3 x 1074
Oxalic acid H,C0, 6.5 % 1072 6.1 % 1073
Ascorbic acid HC0s  7.9%10°° 1.6 % 10712
(vitamin C)
Table 14.4 P

Although we might expect the pH caleulations for solutions of pol yprotic acids
to be complicated, the most common cases are surprisingly straightforward. To
illustrate, we will consider a typical case, phosphoric acid, and a unique casc,

sulfuric acid.

Phosphoric Acid

Phosphoric acid is typical of most weak polyprotic acids in that the successive K,
values are very different. For example, the ratios of successive K, values (from

Table 14.4) are

K, 7.5 % 1077
b= e = 12 X0

K, 62x10°°8

2

K, 6.2 % 1078
- 2 =13 X 10

K, 48x107"

Thus the relative acid strengths are

H.PO, = H.PO, = HPO,*

For & solution pr
a fyplual poiyprotic

«l by dissofvipg  This means that in a solution prepared by dissolving H3PO, in water, only the first
' g dissociation step makes an important contribution to [H *1. This greatly simplifies
the pH calculations for phosphoric acid solutions, as is illustratcd in Sample Exer-
cise 14.15. :

onty the st divseck

pnporTant in deterumping

Sample Exercise 14.15

Calculate the pH of a 5.0 M H;PO, solution and the equilibrium concentrations of
the species H3P04, H2P04 , HPO427, and PO437 .

Solution
o The major species in solution are H3PO4 and H,O. None of the dissociation prod-
P ucts of HyPO, is written, since the K, values are all so small that they will be minor
species. The dominant equilibrium will be the dissociation of H,PO,:
H:POu(ag) = H' (ag) + H:PO4 (ag)
[H][H:PO4 7]

where K, =15%x1077=
[HaPO4]
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The concentrations are as follows:

™ [ni.tial Equilibrium ]
o concentration (mol/L) concentration (mol/l.) 1
[HzPOyuly = 5.0 x mol/L [HPO,] = 5.0 — x
[H2+PO47]Q =) H3PO4 [H2P04_] =x !
H'lp=0 dissociates [H*] = x .

Substituting the equilibrium concentrations into the expression for X, and making
the usual approximation gives

K, =7.5%107% = H'IHPO, ] () +°

[H:PO, ] 50-x 5.0 |§
acids Thus i
. To x=1.9% 10" )
case, . . o t
Since 1.9 X 107" is less than 5% of 5.0, the approximation is acceptable, and ;
H']=x=0.19M "
pH = 0.72 ll
© K. So far, we have determined that
from ‘
[HT] = [H,PO,"1=0.19 M
and ’ i
[HsPO ] =30—x=48 M ;
The concentration of HPO,*~ can be obtained by using the expression for K,: :
, [HPO,2™ : :
K, =62Xx107% = 1HLJHHPO. 7]
[H:PO,"] ‘
where {‘
[H+] = [H2P04 7] =019 M
 first Thus _ ‘
lifies [HPO,2 ] =K, =62 X 1078 M |
xer- To calculate [PO,3~], we use the expression for K, and the values of [H'] and .
[HPO4>~] calculated above:
S HT|[PO,3 0.19[PO,3~
L= [H™][ 247 ] — 48 % 013 = [ 444]
ns of ’ [HPO4 ] (6.2 x107%
4.8 X 10 ¥)6.2 x 1078
PO, 7] = ( X ) 6% 101 M
0.19
pl_'Od' These tesults show that the second and third dissociation steps do not make an
11NoT

important contribution to [H"]. This is apparent from the fact that [HHPO,"] is
6.2 x 107% M, which means that only 6.2 X 10~ ® mol/L. of H,PO,  has dissoci-
ated. The value of [PO,*~] shows that the dissociation of HPO,2™ is even smaller. |
We must, however, use the second and third dissociation steps to calculate i
[HPO,*"] and [PO,>"] since these steps are the only sources of these ions.
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Sulfuric Acid

Sulluric acid is unique among the common acids in that it is @ strong acid in its first
dissociation step and a weak acid in its second step.

H,SO04(ag) — H (ag) + H80,™ (ag) K, is very large
H50, (ag) = H*(ag) + SO4” " (ag) K, =12x 1072
Sample LExercise 14.16 iltustrates how 1o calculate the pH for sulfuric acid

solutions,

Sample Exercise §4.15 .
Calculate the pH of a 1.0 M HzSO4 solution.

Solution
The major species in the solution are:

H+ s HSO47 5 and HQO

where the first two ions are produced by the complete first dissociation step of
H,SO,. The concentration of H* in this solution will be at least 1.0 M, since this
amount is produced by the first dissociation step of HySO4. We must now answer
this question: docs the HSO,— ion dissociate cnough to prodace a signilicant contri-
bution to the concentration ol H*? This question can be answered by calculating the
equilibrium concentrations for the dissociation reaction of HSO4™:

HSO. (ag) = H¥(ag) + SO (ag)

wherc
H™|[SO.2
K, =12x107%= [——l{%i
B [HSO,7]
The concentrations are as follows:
Initial Equilibrium
concentration (mol/L) concentration (mol/L)

x mol/L. HSO.™

[HSO, ]o = 1.0 [HSOy 1= 1.0 — x

dissociates A

SOl = 0 soclates A
[[H—T j .ﬂl 0 to reach [IS_I?" _ 0‘: :]
v equilibrium H'1=1.0+x |

Note that TH 1, is not equal to zero, as it usually is for a weak acid, because the first
dissociation step has already occurred. Substituting the equilibrium concentrations
into the expression for K, and making the usual approximation gives

-+ 2— - -
K, =12x10 %= IH_ ][503 | .0+ 0w (1.0)(x) .
: [H504 ] 1.0 —x (1.0) i
Thus
x=1.2x 1077

Since 1.2 % 1072 is 1.2% of 1.0, the approximation is valid according to the 5%
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rule. Note that x is not equal to [H¥] in this case. Instead ‘
s first MY =10M+x=10M+ (1.2 x 105 M
=1.0M (to the correct number of significant figures)
Thus the dissociation of HSQ,~ does not make a significant contribution to the
concentration of H', and
[H1=1.0M and pH=0
- acid ‘ P
Sample Exercise 14.16 illustrates the most common case for sulluric acid in Cwlv in dilule 250 seludons dors
which only the first dissociation makes an important contribution to the concentra- e secnnd dissoclation sten conmihnge
tion of H. In solutions more dilute than 1.0 M (for example, 0.10 M H,80,), the  siguificantiy o 1],
disseciation of HSO,™ is important, and solving the problem requires use of the
quadratic [ormula, as shown in Sample Excrcise 14.17.
Sample Exercise 14.77
; Caleulate the pH of a 1.00 % 1072 M H,80, solution.
cp © .
: this Solution |
1S WeT : The major species in solution are H*, HSO,™, and H,O. Procecding as in Sample !
ontir- Exercise 14.16, we consider the dissociation of TISO,~, which leads 1o the follow- |
g the : ing concentrations: |
Initial Equilibrium
concentration (mol/1.) concentration (mol/L)
VL HSO,™
[HSO4 I, = 0.0100  ~ n;?qqmufc; [HSO, ] = 0.0100 — x
(SO lo=0 o 505 =x
[H Jp = 0.0100 o Teac [H] — 0.0100 ~ x
7 cquilibrium
from dissociation
of H.50,
Substituting the equilibrium concentrations into the expression for K, gives
HT)|50.2 (00100 + x)ix
12x1072 =g, = 1100 ] @ "
? |[HSO4 ] (0.0100 — x
II' we make the usual approximation, then 0.010 + x == 0.010 and 0.010 — x =
0.110, and we have
first g , (00100 + (@ _ (©.0100%
tioms ks ' 1.2 X 107 = Sl —-
: (0.0100 - x) (0.0100)
The calculated value of x is
x=1.2 X107 =0.012
This value is larger than 0.010, clearly a ridiculous result. Thus we cannot make the '
usual upproximation and must instead solve the quadratic equation, The cxpression
0.0100 + x)(x
- 1.2 % 10*2 — (*ﬁ._,_mﬂ
: 5% : (0.0100 — x)
14.7 Polyprotic Acids [ 591
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leads to
(1.2 X 1079(0.0100 — x) = (0.0100 + x)(x)

(1.2 X 1074 = (1.2 X 107 9)x = (1.0 X 107%)x + 2*
24 (22x10Hx—(1.2x107H =0

This equation can be solved using the quadratic formula

_ —bh Vb — dac
* 2a
whereq = 1,5 = 2.2 x 1072, and ¢ = —1.2 x 107%, Use of the quadratic formula
gives one negative root (which cannot be correct) and one positive root,
x=4.5x10"°

Thus
[H'] = 0.0100 + x = 0.0100 + 0.0045 = 0.0145

and pH = 1.84
Note that in this case the second dissociation step produces abeut half as many H*

ions as the initial step does.
This problem can also be solved by successive approximations, a method illus-

trated in Appendix 1.4.

To summarize, a typical weuk polyprotic acid has successive K, values so much
smaller than the first value that only the first dissociation step makes a significant
contribution to the equilibrium concentration of H' . This means that the calculation
of the pH for a solution of a weuk polyprotic acid is identical to that for a solution of
a weak monoprotic acid. Sulfuric acid is unigue in being a strong acid in its first
dissociation step and a weak acid in its second step. For relatively concentrated
solutions of sulfuric acid (1.0 M or higher), the large concentration of H™ from the
first dissociation step represses the second step, which can be neglected as a contrib-
utor of H* ions. For dilute solutions of sulfuric acid, the sccond step does make a
significant contribution, and the quadratic equation is used to solve for x.

fi 4’8 ) Acid-Base Properties of Salts

PURPOSE

O  To explain why certain salts give acidic or basic solutions and to show how to
calculate the pH of these solutions.

Salt is simply another name for ionic compound. When a salt dissolves in
water, we assume that it breaks up into its ions, which move about independently. at
least in dilute solutions. Under certain conditions these ions can behave as acids or
bases. In this section we explore such rcactions.

599 [ Chapter Fourteen Acids and Bases
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Salts That Produce Neutral Solutions

Recall that the conjugate base of a strong acid has virtually no affinity for protons as
compared to that of the water molecule. This is why strong acids completely disso-
ciate in aqueous solution. Thus, when anions such as Cl™ and NO; ™ are placed in
water, they do not combine with H* and have no effect on the pH. Cations such as
K™ and Na™ from strong bases have no affinity for H* nor-can they produce HY,
and so they too have no effect on the pH of an agqueous solution, Salts that consist of
the cations of strong bases and the anions of strong acids have no effect on (H™]
when dissolved in water. This means that aqueous solutions of salts such as KCI,
NaCl, NaNQj;, and KENOj are ncutral (have a pH of 7).

Salts That Produce Basic Solutions

In an aqueous solution of sodium acetate (NaC,H.O,), the major species are:
Nﬂ+ s CzHgOz_ R and Hzo

What are the acid-base properties of cach component? The Na™ ion has neither acid
nor base properties. The C,H50, ™ ion is the conjugate base of acetic acid, a weak
acid. This means that C;H;0,™ has a significant affinity for a proten and is a basc.
Finally, water is a weakly amphoteric substance.

The pH of this solution will be determincd by the C;H.0O, 1ion. Since
C,H;0,7 is a base, it will react with the best proton donor available. In this case,
water is the only source of protons, and the reaction between the acetate ion and
water 18

C2H302_(aq) + Hzo([) = HC2H302(aq) + OH_(HQ) (14.7)

Note that this reaction, which yields a basic solution, involves a hase reacting with
water to produce hydroxide ion and a conjugate acid. We have defined K, as the
equilibrium constant for such a reaction. In this case

_ [HGH50,][OH 7]

Ky —
[C,H:0,7]

The value of K, for acetic acid is well known (1.8 X 10”). But how can we
obtain the Ky value for the acetate ion? The answer lies in the relationships among
K,. K, and K. Note that when the expression for K, for acetic acid is multiplied by
the expression for K, for the acetate ion, the result is K

[H'ICH:0571 o JHEHOF]IOH |

K, XKy = = [H'][OH ] =K
[HCH5G7] [CoH:057T "
This is a very important result. For any weak acid and its conjugate base,
Ka X Kb = KW

Thus, when either K, or K|, is known, the other can be calculated. For the acetate
ion,
Ky Lox 10 ™

Ky = = ~—=5.6x1071°
Kﬂ (fOT HC2H302) 1.8 x 107

This is the Ky, value for the reaction described by equation (14.7). Note that it is
obtained from the K, value of the parent weak acid, in this case acetic acid. The

14.8 Acid-Base Properties of Salts [ 593
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sodinm acetate solution is an example of an important general case. For any salt
whose cation has neutral properties (such as Na* or K™) and whose anion is the
conjugate base of a weak acid, the aqueous solution will be basic, The K, value for
the anjon can be obtained from the relationship K, = K/K,. Equilibrium calcula-
tions of this type are illustrated in Sample Exercise 14.18.

Sample Exercise 14.18
Calculate the pH of a 0.30 M NaF solution. The X, value [or HF is 7.2 X 107,

Solution

The major specics in solution are: Na*, F~, and ILO.
Since HF is a weak acid, the F~ 1on must have a significant affinity for protons,
and the dominant reaction will be

F {ag) + .0 = HF{ag) + OH (ag)

which yields the K expression

’ [F]
The value of Ky, can be calculated from K., and the K, value for HF;
K, 1.0 x 107
Ky=———"——= """ — =14 x 107!
°T K, (for HF) 7.2 x 1074
The concentrations are as follows:
Initial Eguilibrium
concenlration (mol/L) conceniration (mol/L)
x mol/lL F~
[Fle=030 e [F1=030—x
|OH™ g = 0 2 o feac [OH ]=x
equilibrium
Thus Eo=14 <107 "= |HFJ|OH™ | = ()x) . _xz
“ b [F | 030 —x  0.30
x=2.0x107°

The approximation is valid by the 5% rule, and so
[OH | =x=20x10"°M
pOH = 5.69
pH = 14.00 — 5.69 = 8.31

As expected, the solution is basic.

Base Strength in Aqueous Solution

To emphasize the concept of basc strength, let us consider the basic properties of the
cyanide ion. One relevant reaction is the dissociation ol hydrocyanic acid in water:

HCN(ag) + HoO(D) = Ha0 " (ug) + CN ™ (ag) K,=62x 101

594 [0 Chapter Fourtteen  Acids and Bases
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satli Since HCN is such a weak acid, CN™ appeurs to be a strong base, showing a very
the high affinity for H* compared to H,O, with which it is competing. However, we
s for also need to look at the reaction in which cyanide ion reacts with water:
ula- -
CN7(aq) + HO() == HCN(ag) + OH (aqg)

where
S K, 10x10 "
=4 P = =16x10°7

K, 62x]1p 0

In this reaction CN™ appears to be a weuk base; the K, value is only 1.6 x 1075,

ek What accounts for this apparent difference in base strength? The key idea is that in
ons, O the reaction of CN  with H,O, CN ™ iy competing with OH™ for HT, instead of
compefing with H>0, as it does in the HCN dissociation reaction, These equilibria
show the following relative base strengths:

OH™ > CN™ > H,0 |

Similar arguments can be made for ather **weak’® bases, such as ammonia, the
acetate ion, the fluoride iony and so on,

Salts That Produce Acidic Solutions

Some salts produce acidic solutions when dissolved in water. Tar example, when |
solid NILLCI is dissolved in water, NH," and C1~ ions are present, with NIH.™ i
behaving as a weak acid: 1

NIL,"(ag) = NHa(ag) + H (aq) !

The CI' ion, having virtually no af(inity for H" in water, does not aficct the pH of
the solution.

In general, salts of which the cation is the conjugate acid of a weak base
produce acidic solutions.

Sample Exercise 14.19
Calcuiate the pH of a 0. 10 M NIL,Cl solution. The K, value for NH; is 1.8 % 107°.

Solution

The major species in solution are: NH, ", C1™, and H;Q. Note that both NH, ™ and
H-O can produce H". The dissociation reaction for the NH,™ ion is

NH,"(aq) = NHalag) + H" (ag)
for which

- _ INHjIH"}
T INHSY
Note that although the K, value for NH; is given, the reaction correspanding to Ky, !
" the o is not appropriate here, since NHj is not a major species in the solution. Instead, the i
iter: given value of Ky, is used to calculate X, for NH,' from the relationship: I
|
Ka X Kb = KW

14.8 Acid-Base Properties of Salts ] D95
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Section 1LY contains @ further
discussion of the aciclly of hydrated
NS,

Thus
K., 1.0 x 107

+) = = — 5.6 % 1071
Ky (for NH. ) = 20 NHyy | 1.8 X 107°

Although NH,™ is a very weak ucid, as indicated by its K, value, it is stronger than
H.O and thus will dominate in the produciion of HT. Thus we will focus on the
di;sociatiou reaction of NH, " to calculate the pH in this solution.

We solve the weak acid problem in the usual way:

T Initial Equilibrium
concentration {(mol/L) concentration (mol/L)

x mol/L NH,*

dissociates [NH;] = 0.10 — x

{NH; 15 = 0.10

[NEI?’]G =0 Tt reach INHs] = »
= F o=
[H o equilibrium [H7] =~
Thus
[HIINH:] 0w &

56% 107V =K, = = -
? NH."]  0.10—x 0.10

x=75%10""°
The approximation is valid by the 5% rule, so

B =x=75%10"°M and pH=5.13

A second type of salt that produces an acidic solution is one that contains a
highly charged metal ion. For example, when solid aluminum chloride (AICI5) is
dissolved in water, the resnlting solntion is significantly acidic. Although the ALY
ion is not itsclf a Bronsted-Lowry acid, the hydrated ion Al(H,0)*™ formed in
watcr is a weak acid:

Al(H,0)5 ' (ag) = AOH)(H,0)s* (ag) + H{(aq)

The high charge on the metal ion polarizes the O-—H bonds in the allached water
molecules, making the hydrogens in these water molecules more acidic than those
in frce water molecules. Typically, the higher the charge on the metual ion, the
stronger the acidity of the hydrated ion.

Sample Exgrclse 14,90

Calculate the pH of a 0.010 M AICl; solution. The K, valuc lor Al(H,0)*" is
1.4 x 1077).
Solution

The majc_Jr species in solution are: AlH)>", €1, and HyO. Since the
AI(H.O)" ion is a stronger acid than water, the dominant equilibrium is

AlH,0)6*' = ALOH)(H,0)5*" + H'

2 b+
and 1.4 X105 =K, = [AOH)YH0)s” JIH™|
[AI(H;0)s" "]

5%6 [0 Chapter Fourteen Acids and Bases
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This is a typical weak acid problem which we can solve with the usual procedures.

Initial Equilibrium
concentration (mol/L) concentration (mol/L)

x mol/L

[AOH)H 05" T =0 dissociates  JAIOI)(H,0)> ] = x
[H'lg =0 o reach Ht]=x
cquilibrium

[AI(H,0)5 1 = 0.010 ~ AI{OHy) [AI(HO)+] = 0.010 — x

Thus

_ IAOHH0)* 'JHYT ()
[AI(H0)6* ]

1410 °=F

d

x=37x107%

Since the approximation is valid by the 5% rule,

[H*1=x=37X 107 M and pH = 3.43

T 0.010-x 0010

So tar we have considered salts in which only one of the ions has acidic or basic
properties. For many salts, such as ammonium acetate (NH,C,H40,), both ions can
aftect the pH of the aqueous solution. Because the equilibrium calculations for these
cases can be quite complicated, we will consider only the qualitative aspects ol such
problems. We can predict whether the solution will be basic, acidic, or neutral by
comparing the K, value for the acidic ion to the K, value for the basic ion. If the K,
value for the acidic ion is larger than the K, value for the basic ion, the solution will
be acidic. If the Ky, value is larger than the K, value, the solution will be basic.
Equal K, and K, values mean a neutral solution. These facts are summarized in

Table 14.5.

Qualitative Prediction of pH for Solutions of Salts
for Which Both Cation and Anion Have Acidic or Basic Properties

Relative K, and K, values

for the ions in solution pH
K.,> K, pH < 7 (acidic)
K,>K, pH > 7 (basic)
K,.=K, pH = 7 (ncutral)
Table 14.5

Sample Exercise 14.21

Predict whether an aqueous solution of each ol the [ollowing salts will be acidic,

basic, or neutral:

a. NH4C2H302 b. NH4CN C. Alz(so‘;)q

148 Acid-Base Properties of Salts [ 597
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Solution

a. The ions in solution are NH,* and C.H;0, . As we mentioned previously, Ky
for NH, is 5.6 % 10719, and Ky, for C5H;0;™ i 5.6 % 107 1. Thus K, for
i NH, " is equal to K5 for C,H,0- ", and the solution will be newtral (pH = 7).
b. The solution will contain NHy F and CN ™ ions. The K, value for NHy ' is

56 % 1010 and

o B = |

K. - .
Ko (for CNT) = ——————— =16 % 107
0 ) K, {for HCN) 5
Since K, for CN™ is much larger than X, for NH, ", CN™ 1s a much stonger E
base than Nt is an acid. This solution will be basic.
¢. The solution will contain ALH,0)¢*™ and SO,*" ions. The K, value for i
AIHLO)Y is 1.4 X 1077, as given in Sample Exercise 14.20. We must calcu- c
late K, for $O,*~. The HSO,™ ion is the conjugate acid of 80,>", and its K, D
value is K, for sulfuric acid, or 1.2 X 10" 2. Therefore q
K F
Ky, (for 80477) = F .
K,, (for sulfuric acid) u
Lox1w™ .
=F—T,,—=8.3><10'13 a
1.2 x 107" tl
This solution will be acidic, since K, for Al(H;0)s” " is much greater than K,
for SO . 8
The acid-base properties of aqueous solutions of various salts are summarized
in Table 14.6.
t
Acid-Base Properties of Various Types of Salts 1[
Type of salt Examples Comment pH of solution ¢
Cation s from strong KCl, KNO3, Neither ion acts Neutral I
base; anion is from NaCl, NaNO; as an acid or a 5
strong acid base
Cation is from strong NaC;H50;, Anion acts as a Rasic [
base: anion is from KCN, NaF base; calion has
weak acid no eftect on pH
Cation is conjugate NH, (L, Cation acts as Acidic
acid of weak base, NHaNO5 .acid; anion |
anion is from strong has no cflect
acid on pH
Cation is conjugate NH,CoH205., Cation acts as Acidic if
acid of weak base; NH,CN an acid; anion K, > K.
anion is conjugatc acls as a base basic if Ky, = K,
base of weak acid neutral it 1
Ka = Kb
Cation is highly AINO3)s. Hydrated cation Acidic
charged mctal on; FeCl, acts as an acid;
| anion is from strong anion has no ¢
b | acid effcct on pH :
S i
: Table 14.6 .
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F ,ﬂi 4 ~ | The Effect of Structure on 5
K, 3 . 7 + Acid-Base Properties .
for i S
7). ; PURPOSE
13 O To show how bond strength und polarity affect acid-base properties.
We have seen that when a substance is dissolved in wuler, it produces an acidic
solution if it can donate protons and produces a basic selution if it can accept *
protons. What structural properties of a molecule cause it to behave as an acid or as :
er © abase?
i _ Any molecule containing a hydrogen atom is potentially an acid. However,
for many such molecules show no acidic properties. For example, molecules containing
cu- : g C-—H honds, such as chloroform (CHCL,) and nitromethane (CH;NO,), do not
Ky ' produce acidic aqueous solutions because a C—H bond is both strong and nonpolar
and thus there 1s no tendency to donate protons. On the other hand, although the

H—C1 bond in gascous hydrogen chloride is slightly stronger than a C--H bond, it
is much more polar, and this molecule readily dissociates when dissolved in water.
Thus there are two main factors thut determine whether 1 molecule contuining ;
an X—H bond will behave as’a Brénsted-Lowry acid: the strength of the bond and ;
: the polarity of the bond.
K, ; The importance of these factors is clearly demonstrated by the relative acid
! strengths of the hydrogen halides. The bond polarities vary as shown

— ! H—F > H—Cl > H—Br > H—I

Most polar Least polar

because electronegativity decreases going down the group. Based on the high polar-
: ity of the H—F bond, we might expect hydrogen fluoride to be a very strong acid.
— : In fact, among HX molecules, HE is the only weak acid (K, = 7.2 % 107 when
' dissolved in water. The H—F bond is unusually strong, as shown in Table 14.7.
Because it is so difficult to break, the HF molecules in water dissociate only to a
smail extent.

Bond Strengths and Acid Strengths for Hydrogen Halides
Bond Acid
strength strength
11—X bond (kJ/mol) in water
11—F 563 Weak
H—Cl 427 Strong
H—Br 363 Strong
H—l 295 Strong

Table 14.7

Another important class of acids are the oxyacids, which as we saw in Section .
14.2 characteristically contain the grouping H—0—X., Several scries of oxyacids 4
are listed in Table 14.8 with their K, values. Note from these data that for a given !
serics the acid strength increases with an increase in the number of oxygen atoms
attached to the central atom. For example, in the serles containing chlorine and a 4
varying number of oxygen atoms, HOCI is a weak acid, but the acid strength is L

149 The Effect of Stucture on Acid-Base Properties [ 599
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O—Cl—0—H

Figure 14.&6

Tne effect of the number of attached
oxygens on the H—O kbond in a
series of chlorine oxyacids. As the
number of oxygen atoms attached to
the chlorine atom increases, they
become more effective at
withdrawing electron density from
the H—O bond, thereby weakening
and polarizing it. This increases the
tendency for the molecule to
produce a proton, and so its acid
strength increases.

600 [| Chapter Fourteen Acids and Bases

successively greater as the number of oxygen atoms increases. This happens be-
electronegative oxygen atoms are able to draw electrons away from
the chlorine atom and the O—H bond, as shown in Fig. 14.6. The net effect is to
both polarize and weaken the O-—H bond; this effect is more important as the
number of attached oxygen atoms increases. This means that a proton is most
readily produced by the molceule with the largest number of attached oxygen atoms

(HCIOs).

cause the very

Several Serics of Oxyacids and Thier K, Values
Oxyacid Structure K, value
0 ,
7 7
HCIO, H—O—CI—0 Lurge (~107)
N
0]
/O
HCIO4 H—OfCI\ o~
0
HCIO, H—0—Cl—0 1.2 x 1072
HCIO H—-0—C1 3.5 X 1078
O
/s
H2S04 H_O"_S-O Large
AN
0]
O
H;50, H—0O—S 1.5% 1072
O
0
HNO; H—O_N/ Large
AN
O
HNO, H—0O—N—0 4.0 % 107
Table 14.8

This type of behavior is also observed for hydrated metal jons. Earlier in this
chapter we saw that highly charged metal jons such as A" produce acidic solu-
tions. The acidity of the water molecules attached to the metal jon is increased by
the attraction of electrons to the positive metal ion:
/H
AP*—0O

=2,

The greater the charge on the metal ion, the more acidic the hydrated ion becomes.
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For acids containing the H—O-—X grouping, the greater the ability ol X to
draw electrons toward itself, the greater is the acidity of the molecule. Since the
electronegativity of X reflects its ability to attract the electrons involved in bonding,
we might expect acid strength to depend on the electronegativity of X. In fact, there !
is an excellent correlation between the electronegativity of X and the acid strength i
for oxyacids, as shown in Table 14.9,

om
 to
the
0S5t
ms

Comparison of Electronegativity of X and X, value for a Series of Oxyacids

Electronegalivity r
Acid X of X K, for acid ;

HOC1 Cl 3.0 4x 1078
HOBr Br 28 2% 10~
HOI I 2.5 2x 1071

HOCH; CH, 2.3 (for carbon ~0
in CHa)

Table 14.9

’E 4’1 O 1 Acid-Base Properties of Oxides

PURPOSE

O To show how to predict whether an oxide will produce an acidic or basic
solution.

We have just seen that molecules containing the grouping H—0—X can be-
have as acids and that the acid strength depends on the electron-withdrawing ability
of X. But substances with this grouping can also behave as bases, if hydroxide ion
instead of a proton is produced. What determines which behavior will occur? The
answer lies mainly in the nature of the O—X bond. If X has a relatively high A compeund containing the
electronegativity, the O—X bond will be covalent and strong. When the compound  H-—0—2 group will prestuce an
containing the H-—O-—X grouping is dissolved in water, the O—X bond will acitlic solutivi in warer i the O %
remain intact. it will be the polar and relatively weak H—O bond that will tend to bond Eb stromg and coviledt. 1 thc;
break, releasing a proton. On the other hand, if X has a very low electronegativity, DX bond ix jonic. e compouad
the O—X bond will be ionic and subject to being broken in polar water. Examples will produce 2 basic solutiun i
are the ionic substances NaOH and KOH that dissolve in water to give the metal
cation and the hydroxide ion.

We can use these principles to explain the acid-base behavior of oxides when
they are dissolved in water. For example, when a covalent oxide such as sulfor
trioxide is dissolved in water, an acidic solution results because sulfuric acid is
formed:

 this
s0lu-
d by

wiler.

mes. 8O4(g} + HyO) — Ha804(aq)

14.10 Acid-Base Properties of Oxides [ 601 !
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O The structure of H,SO4 is shown in the margin. In this case, the strong, covalent ‘
O—S bonds remain intact and the H—O bonds break to produce protons. Other f
commen covalent oxides that teact with water to form acidic solutions are sulfur

0 -t dioxide, carbon dioxide, and nitrogen dioxide, as shown by the following reactions:

§0:(g) + H0()) — H,80s(ag)
COa(g) + H0() — HoCOs(ag)
2NO,(g) + H,0() — HNOs{(ag) + HNO2{aqg)

Thus, when a covalent oxide dissolves in water, an acidic solution forms. These

oxides are called acidic oxides.
On the other hand, when an ionic oxide dissolves in water, a basic solution

results, as shown by the following reactions:
CaO(s) + H,O() — Ca(OH);{aqg)
K:O(s) + HyO() — 2KO0H(ag)

o,

These reactions can be explained by recognizing that the oxide ion has a high
aflinily for protons and reacts with water to produce hydroxide ions:

0" (ag) + H,0() — 20H (ag)

Thus the most ionic oxides, such as those of the Group 1A and 2A metals, produce :
basic solutions when they are dissolved in water. As a result, these oxides are called I (
basic oxides.

rn

yE 4’“’! ‘1 The Lewis Acid-Base Model

. PURPOSE

Bl To define acids and bases in terms of electron pairs. {
: We have secn that the first successlul conceptualization of acid-base behavior |
1 was proposed by Arthenius. This useful but limited mode] was replaced by the more T
b gencral Bromsted-Lowry model. An even more general model for acid-base behav- 3
ior was suggested by G. N. Lewis in the carly 1920s. A Lewis acid is an eleciron-
pair acceptor, and a Lewis base is an electron-pair domor. The three models are a
summarized in Table 14.10.
_' Three Models for Acids and Bases
anl Model Definition of acid Definition of base
i ‘ %; Arrhenius H™ producer OH™ producer .
i Brénsted-Lowry H* donor H* acceptor £
Lewis Electron-pair Electron-puair
acceptor donor I
Table 14.10 : ]
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Naote thut Bronsted-Lowry acid-base reactions (proton donor—proton acceptor
reactions) are encompasscd by the Lewis model. For example, the reaction betwecn
a proton and an ammonia molecule

H ~ .
I@Z N/—H — HﬁNéH
\H \H

l.cwis Lewis
acid base

can be represented as a reaction between un electron-pair acceptor (H) and an
clectron-pair donor (NH;). The same holds true for a reaction between a proton and
a hydroxide ion:

H
H* 4 [[0—H] — \\0_:
Lewas Lewis
acid base

The real value of the Lewis model for acids and bases is that it covers many
reactions that do not involve Bronsted-Lowry acids. For example, consider the
gas-phase reaction between boron triflnoride and ammonia:

'F:

H F H
N N
/B—MF_. - <H e ._F_—BAN\TH
F H i 1
Lewis Lewis

acid base

Here the clectron-deficient BF; molecule (there arc only six electrons around the
boron) completes ils octet by reacting with NH;, which has a lone pair of clectrons.
In fact, as mentioned in Chapter 8, the electron deficiency of boron trifluoride
makes it very reactive toward any electron-pair donor. That is, it is a strong Lewis
acid.

The hydration of a metal ion, such as AI*", can be also viewed as a Lewis
acid-base rcaction:

3+

lewis Lewis
acid basc

Here the AP jon accepts one electron pair from each of six water motecules.
In addition, the reaction between a covalent oxide and water to form a Bron-
sted-Lowry acid can be defined as a Lewis acid-base reaction. An example is the

14.11 The Lewis Acid-Base Model [1 603
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reaction between sulfur trioxide and water:

i

L 1

/s\*\/’*“ Z', < — . 0—S$—0-H
o o H b

Lewis Lewis
acid base

Note that as the water molecule attaches to sulfur trioxide, a proton shift occurs to

form sulfuric acid.

Sample Exercise 74.22

For each reaction, identify the Lewis acid and base.

a. Nit*(ag) + 6NHslag) — Ni(NH3)e® " {ag)
b. H{ag) + H00) = H;0" (ag)

Selution
a. Each NH; molecule donates an electron pair to the Ni** ion:

H HT 2+
Ni?t + 6 IN/—H — [Ni—N/—H
N Sy

]

Lewis acid Lewis base

6

The nickel(TI) ion is the Lewis acid, and ammonia is the Lewis base.
b. The proton is the Lewis acid and the water molecule is the Lewis base:

H i /HV

| B
Lewis Lewis
acid base

Strategy for Solving Acid-Base
Problems—A Summary

147

In this chapter we have encountered many different situations involving aquecus

solutions of acids and bases, and in the next chapter we will encounter still more. In
solving for the equilibrium concentrations in these agucous solutions, it is ternpting
(o create a pigeonhole for each possible situation and to memorize the procedures
necessary to deal with that particular case. This approach is just not practical, and
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usually leads to frustration: too many pigeonholes are required and there seems to be
an infinite number of cases, But you can handle any case successfully by taking a
systematic, patient, and thoughtful approach. When analyzing an acid-base equilib- i
rium problem, do rot ask yourself how a memorized solution can be used to solve ' \
the problem. Instead, ask this question: what are the major species in the solution ‘
and what is their chemical behavior?

The most important part of doing a complicated acid-base equilibrium problem
is the analysis you do at the beginning of a problem:

: What major species are present?
8 10 Does a reaction occur that can be assumed to go to completion?

What equilibrium dominates the solution?

Let the problem guide you. Be patient,
The following steps outline a general strategy for solving problems involving
acid-base equilibria.

Solving Acid-Base Problems

STEP 1 |
List the major species in solution.

STEP 2 |
Look for reactions that can be assumed to go to completion, for example, a
strong acid dissociating or H' reacting with OH™. g

STEP 3

For a reaction that can be assumed to go to completion:
a. Determine the concentrations of the products.
b. Write down the major species in solution after the reaction. |

STEP 4
Look at each major component of the solution and decide if it is an acid or a
base.

STEP 5

Pick the equilibrium that will control the pH. Use known values of the dissocia- :
tion constants for the various species to help decide on the dominant equilib- 1
rium. :
a. Write the equation for the reaction and the equilibrium expression.

b. Compute the initial concentrations (assuming the dominant equilibrium has
not yet occurred, that is, no acid dissociation, etc.).

Define x.

. Compute the equilibrium concentrations in terms of x.

Substitute the concentrations in the eguilibrium expression and solve for x.
Check the validity of the approximation.

. Calculate the pH and other concentrations as required.

@ me Ao

ous
- In Although these steps may seem somewhat cumbersome, especially for simpler
ng . problems, they will become increasingly helpful as the aqueous solutions become
res more complicated. 1f you develop the habit of approaching acid-base problems
and ' systernatically, the more complex cases will be much easier to manage.

14.19 Strategy for Solving Acid-Base Problems—A Summary [ 605
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Summary

In this chapter we have developed several models of acid-base behavior and have
applied fundamental equilibriuim principles to calculate the pH values for solutions
of acids and bascs.
Arrhenivs postulated that acids produce H™ ions in solutions and bases produce
X OH ™ ions. The Bronsted-Lowry model is more general: an acid is a proton donor,
and a base is a proton acceptor. Water acts as a Bronsted-Lowry base when it
accepts a proton from an acid to form a hydronium ion:

HA(aq) + H,O(D) = H;0 ' (ag) + A (ag)

Acid Base Conjugatc Conjugatc
acid base

A conjugate base is everything that remains of the acid molecule alter the proton is
lost. A conjugate acid is formed when a proton is transferred to the base. Two
substances related in this way are called a conjugate acid-base pair.

o The equilibrium expression [or the dissociation of an acid in water is Th
HY[A™
- AT
[HA]

: where H;O1 is simplified to H*, [H,0] is not included because it is assumed to be WE
i : constant, and K, is called the acid dissociation constant. The strength of an acid is e o
! defined by the position of the dissociation equilibrium. A small value of K, denotes g the

a weak acid, onc that does not dissociate to any great extent in aqueous solution. A E R th

strong acid is one for which the dissociation equilibrium lies far to the right-—the K

value is very large. in
Stromg acids such as nitric, hydrochloric, sulfuric, and perchloric acids have aci
weak conjugate bases, which have a low alffinity for a proton. The strength of an
! acid is inversely tclated to the strength of its conjugate base.
Water is an amphoteric substance because it can behave either as an acid or as 1
a base. The autoionization of water reveals this property, since one water molecule S Su
transfers a proton to another water molecule to produce a hydronium ion and a we
hydroxide ion:
S.
2H,0() = H,0*(ag) + OH (ag) -
This leads to the equilibrivm expression ’ ar
R _ s0i
K, = [H7][OH"] av
‘ where K, is called the ion-product constant. It has been experimentally shown that ; ing
g at 25°C in pure water [H'] = [OH™] = 1.0 X 1077 M. Thus at 25°C . we
o _ s
| K, = 1.0x10 | ing
In an acidic solution, [H'] is greater than [OH™]. In a basic solution, [OH™| is wt
greater than [H7]. In a neutral solution, [H*] is equal to [OH™]. en
To describe |H'] in aqueous solutions, we often use the pH scale, where y bo
' in
pH = —log[H']
Since pH is a log scale based on 10, the pH changes by 1 for every change by a be
power of 10 in [H"]. Because pH is defined as —log[H"], the pH decreases as [H ] v Le

increases. : m:
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The percent dissociation ol a weak acid is delined as follows:

_amount dissociated (mol/l.)

nitial concentration (mol/L}

Percent dissociation = 100

This is another measure of the strength of an acid: the larger the percent dissocia-
tion, the stronger the acid. As [HA, decreascs, |H™] decreases, but the percent
dissociation increases. That is, dilution causes an increase in the percent dissocia-
tion.

Strong bases arc hydroxide salts, such as NaOH or KOH, that dissociate com-
pletely in water, Bases do not have to contain the hydroxgide ion; they can be species
that remove & proton from water, producing the hydroxide ion. For example, am-
mania is a base because il can accept a proton from water

NH; + H,O = NH, " + OH~™
The equilibrium expression is

. [NH,"J[OH"]
Kpy=—rt0 2
[INH;]

where K, always refers to a reaction in which a base reacts with water to produce the
conjugate acid and hydroxide ion. Because bases like ammonia must compete with
the hydroexide 1on for the proton, values of K, for these basey are typically much less
than 1, and these substances are called weak bascs.

A polyprotic acid is an acid with more than one acidic preton, which disseciate
in a stepwise fashion with a K, value for cach step. Typically, for a weak polyprotic
acid

K, > K, > K,

Sulfuric acid is unique in that it is a strong acid in the first dissociation step and a
weak acid in the second step.

Salts can exhibit neutral, acidic, or basic properties when dissolved in waler.
Salts that contain the cations of strong bases and the anions of strong acids produce
nentral aqueous solutions. A basic solution is produced when the dissolved salt has
a neutral cation and an anion that is the conjugate base of a weak acid. An acidic
solution is produced when the dissolved salt has a cation that is the conjugate acid of
a weak base and a neutral anion. Acidic solutions are also produced by salts conluin-
ing a highly charged metal cation. For example, the hydrated ion Al(H,O) " is a
weak acid.

Most substances that function as acids or bases contain the H—0O—X group-
ing. Molecules where the O—X bond is strong tend to behave as acids, especially
when X is highly electronegative, becanse the X—O bond is polarized and weak-
cned. When X has low electronegativity (it X is a metal, for example), the O—X
bond tends Lo be ionic and hydroxide ion forms when these substances are dissolved
in water,

The Lewis model for acids and bases generalizes the concepl of acid-base
behavior in terms of electron pairs. A Lewis acid is an elcctron-pair acceptor, und a
Lewis base is an electron-pair donor. The valuc ol the Lewis model is (hat it covers
many reactions that do not involve Bronsted-Lowry acids and bases.

Lupin Ex.
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Key Terms

lime-goda proccss

Arrhenius concept (14.1) : crganic acids
Bronsted-Lowry model carboxyl group weak base
hydronjum ion monoprotic acid amine
conjugate base amphoteric substance polyprotic acid (14.7)
conjugate acid autoionization triprotic acid
conjugate acid-base pair ion-praduct constant salt (14.8)
acid dissociation constant pH scale (14.3) acidic vxide (14.10)
strong acid (14.2) major species (14.4) basic oxide
weak acid percent dissociation (14.5) Lewis acid (14.11)
diprotic acid strong bases (14.6) Lewis base
axyacids slaked lime
Exercises
Nature of Acids and Bases

1. Classify each of the following as a strong acid, weak acid, 4. Writc the reaction and the corresponding Ky, equilibrium ex-

streng base, or @ weak base: pression for each of the following substances acting as bases

a. HNO; 0 in water:
, b. H.POy I a. PO g. glycine, NIL,CH,CO,l
i ¢. CHaNH: g. HC—OH L. HPOZ™ h. ethylamine, CH;CH;NH,
d. NaOH h. H,NCH,CH,NH, o, HoPOL™ i. aniline, CgHsNH-
¢. NH; 1. H,50, d. NH; j. dimethylaminc, (ClH3);NH
f. H¥ e. CN™
1. pyﬂdiDE, CSHjN

2. For each of the following reactions, identify the acid, the

base, the conjugate basc, and the conjugate acid: . Define cach of the following:

2

2. H;O + H,0 = 1,01 + OH~ a. strong acid
o b. strong base

i _ ” ¢. weak acid
! b. CH,O~ + CH,CCH, = CH;OH - CH.C=CH; d. woak base

CH.S | NHy = HS™ + NH,'

HCN + CO7 = CN™ 1 HCO,™
. CO;, + 2H,0 = HCO:™ + H;07

c

d. H,80, 1 H,0 = H,0" | H50, . Hydride ion (H™) apd methoxide jon (CH;O7) have much
e. H' + OHT = H;0 greater affinities for H' than the OH™ ion docs. Write equa-
[, H;PO, + H,0 = H;PO, + OH~ tions [or the reactions that occur when NaH and NaOCH; arc
g HzPOy + H;0 = HPO,™ + H07 dissolved in water.

h' HaPO, -;HZPO‘_ f H3PO4_ N HPOQ{ . 7. Why is H;O™ the strongest acid and OH™ the strongest base
L Fe(ll,O) " + H,0 = Fe(H,0)s(OH)™ + HaO that can exisl in agueous solutions?

i-

k

3. Write the dissociation reaction and the corresponding cquilib-
* rium expression for each of the lollowing acids in water:

a. HaPO, g. acetic acid, CH,COH (MC3H504)
b, HP0,” h. phenol, CeHs0H

c. HPO i. benzoic acid, CaH;COH

4. HNO, i. glycine, H;NCILCO,IL

e. Ti(H,0)g**

. TICN
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Autoionization of Water and the pH Scale

8.

3,

cX-
1SCS
12,
i3,
id
uch
Jua-
e 15.
YAse
16.
17.

Solutions of Acids

Give the conditions for a neutral solution at 25°C, in terms of
[H7], pH, and the relationship betwcen |H*] and [OH 1.

Values of K, as a function of temperature are as follows:

Temp (°C) Ko
0 1.14 x 10~
25 1.00 x 10714
a5 2.09 x 1074
40 2.92 x 10
50 5.47 x 1071

a. Is the antoionization of water exothermic or endothermic?

b, What is the pH of pure water at 50°C?

c. Restate your answers to Hxercise 8 for water at 50°C.
Which of the three criteria for neutrality is most general?

Ed

10.

11.

d. From a plot of In(K,) versus 1/T (using Ké]‘vin seale) s
mate &, at 37°C, normal Physiological temperature.
e. What is the pH of a neutral solution at 37°Cy

Calculate the pH of each solution:

a. [H'1=14%x107%M e. [OH =8 x 107! M
b. H1=25%x107"M [ [OA =50 um

c. [H1=6.1M g. pOH = 10.5

d. JOH ]=35x102M h pOH=23

Caleulate [H'] and [OH™] for each solution:
4. pH =7.41 {the normal pH ol blood)

b. pH = 15.3
¢. pH=~-1.0 e. pOH =5.0
d pH=132 [. pOH = 9.6

Calculate the pH of each of the following solutions of a strong
acid in water:
a. 0.1 M HC] d. 3.0 x 107 M HC1

h. 0.1 M HNO; e. 2.0 % 10 2 M HNO;

c. 0.1 M HCIO, f. 4.0 M HNO,

Calculate the pH ol a 1,0 X 107 '2 M solution of HCI in water.
Before checking your answer, decide whether or not it makes
sense.

. A solution is prepared by adding 50.0 ml of concentrated

hydrochloric acid and 20,0 ml of concentrated nitric acid to
300 mL of water. Water is added until the final volume is
500.0 mL. Caleulate [HT|, |[OH™], and pH for this solution.
(See Exercise 2 in Chapler 11 for the composition of the con-
centrated reagents. )

Using the K, values given in Table 14.2, calculate the concen-
trations of all species present and the pH for each of the fol-
lowing:

a. 020 M HCzHg,Oz
b. 1.5 M HNO,

c. 0.020 M HF
d. 0.83 M lactic acid

(‘)H
CH,CHCO,H, K, = 1.38 x 107*

Formic acid (HCO,H) is secreted by ants. Calculate [H'] and
the pH of a 0.025 M soltion of formic acid (K, = 1.8 %
1074,

Calculate the pH of a 0.50 M solution of chlorous acid
(HCIO,, K, = 1.2 X 107%).

18,

1%,

20,

T
s

23.

Boric acid (H3BO4} is commonly used in eyewash solutions in
chemistry laboratories to neutralize bases splashed in the eye.
It acts as a monoprotic acid, but the dissociation reaction is
slightly different [rom that of other acids:

B(OH); + H,O == B(OH),” + H'
K,=58x10""7
Calculate the pH of a 0.50 M solution of boric acid.

A solution is prepared by dissolving 0.56 g of benzoic acid
(CeHsCO.H, K, = 6.4 % 107" in enough water to make
1.0 1. of solution. Caleulate [CsHsCO,H|, {C;HsCO5™],
[H'], [OH ], and the pH in this solution.

At 25°C a salurated solution of benzoic acid (see Exercise 19)
has a pH of 2.8, Calculale the water-solubilily of benzoic acid
in moles per liter and grams per 100 milliliters.

. A solution with a volume of 250.0 mL is prepared by diluting

20.0 mL of glacial acetic acid with water. Calculate [H™] and

the pH of this solution. Assume glacial acelic acid is pure

liquid acetic acid, with a density of 1.05 g/cm’.

Calculate the pH of cach of the following:

a. g solution containing 0.10 4 HCI and 0.10 M HOCI

b. a solution containing 0.050 M HNOy and 0.350 M
HC,H50,

A solution is prepared by adding 50.0 L of 0.050 M HCl w0

150.0 mL of 0.10 M HNO;. Calculate the concentrations of

all species in this solution.

Calculate the pH of a 0.0010 M solulion ol H;80;.

O 609

Exercises

Lupin Ex. 1035 (Page 68 of 190)




25.

8.

29.

30,

Solutions of Bases

35,

36.

What types of measurements, other than pH measurements,
can be made to determine the extent of dissociation of an acid
in watcr?

. Tn 2 0.100 M solution of HF, the percent dissociation is 8.1%.

Calculate K.

. Calgulate the percent dissociation of the acid in each of the

following solutions:

a. 0.50 M acctic acid
b. 0.050 M acetic acid
¢. 0.0050 M acetic acid

Calculate the percent dissocialion of a 5).22 M solution of
chlorous acid (HCIO,) (K. = 1.2 % 1079,

Using the K, values in Table 14.2, calculate the percent disso-
ciation in a 0,100 M solution of each of the following acids:
a. hypochlorous acid  (HOCD)

b. hydrocyanic acid (HCN)

c. hydrochloric acid (HCN)

The pH of a 0.063 M solution 6f hypobromous acid (HOBr
bul usually written HBrO) is 495, Calculate K,.

31

32.

33,

Trichloroacetic acid (CCl;CO,H) is a corrosive acid that is
uscdl 1o precipitate proteins, The pH of a 0.050 M solution of
trichloroacetic acid is 1.4, Calculate K.

Using the K, values in Table 14.4, and only the first dissocia-
tion step, caleulate the pH of .10 M solutions of each of the
following polyprotic acids:
d. H;3P04

b. H3As0,

Caleylats |[HT], [OH™], [HiPO4], [H,PO, ], [HPO4‘°‘7], and
|PO,S ] for a 0.10 M solution of H;PO,.

C. HQCOg

. Caleulate [CO527] in a 0,010 A solution of CO, in water

(H,CQO3). If ull the CO5*" in this solution comes from the
reaction

HCO;~ = HY + CO*

what percent of the H* ions in the solution are a result of the
dissociation of HCO,~7 When acid is added to a solutien of
sodium hydrogen carbonate (NaHCOs), vigorous bubbling
occurs. How is this reaction related to the existence of car-
bonic acid (HsCOx) molecules in aqueous solution?

Thallinm(]) hydroxide is a strong base used in the synihesis of
gome organic compounds, Culeulate the pH of a solution con-
taining 2.48 g of TIOH per liter.

Calculate |OH™], pOH. and pH for each of the following:
a. (.25 M NaOH

. 0.00040 M Ba(OH),

¢. a solution containing 25 g of KOH per liter

d. a solution containing 150.0 g of NaOH per liter

o>

. The presence of what element most commonly results in basic

properties for an organic compound?

Caleulate [OH™], [H'}, and pH of 0.200 M sclutions of each
of the [ollowing amines (the missing K, values are found in
Table 14.3):

. ethylamine

a

b. diethylamine, (C;HspNH, Ky, = 1.3 % 1077
¢. trethylamine, (CoHskN, K, = 4.0 x 107*
¢. aniline

e. pyridine

I.

hydroxylamine, HONH,, K, = 1.1 % 103

. Draw the siructures of the conjugaic acids of ephedrine and

mescaline. Sce page 586 for suuctures of the amincs.

. Codeing is a detivative of morphine and is used as an analge-

. SIgy marcotic, or antitussive. Il was once commonly used in

cough syrups, but is now available only by prescription be-
causc of ils addictive properties. The formula of codeine is
CgH2 NO= and the pKy, is 6,05, Calculate the pH of a 10.0-
mL solution containing 5.0 mg of codcine.

610 [0 Chapter Fourteen  Acids and Bases

41.

42,

43,

What is the percent ionization in each of the following solu-
tions?

a. 0.10 M NHs

. 0.010 M NH3

c. 0.10 M CH;NH:

For the teaction of hydrazine (N>Hy) in water,
HzNNH;_) + H20 — HQNNH3+ + OH

K, is 3.0 % 10°°. Calenfate the pH of a 2.0 M solution of
hydrazine in watcr,

Quinine (CzpHzaN202) is the most imporlant alkaloid derived
from cinchona bark. It is used as an antimalarial drug.

HQC:CH
H

H
N

HO—CII

H.CO S

N’/

Quinine
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For quinine, pKj, = 5.1 and PKp, = 9.7. (Recall that Pk =

~log K§.) A gram of quinine will dissalve in 1900.0 mL of
waler. Calculate the pHl of a saturated aqueous solution of
quinine. Consider only the reacfion Q + 1,0 = QHT +
OH™ described hy pK, .

44, The pH of' a 0.016é M solution of p-toluiding (CH; C(,HﬁNHg)
in waler iz 8.6, Calculate K.

Acid-Base Properties of Salts _____

45, The pH ol a 1.00 x 1073
Caleulate K.

M solution of pvrrolidine is 10.82.

?HZ_‘__CHZ

CH CH

N
NH

Pyrrolidine

4#. Derive an expression for the relationship hetween pK,
and p&y, for a conjugate acid-base pair. (Recall that pK =
—log K.)

47. Are solutions of the following salts acidie, basic, or neutral?
For those that are not ncutral, write balanced chemical equa-
tons for the reactions cansing the solulion to be acidic or
basic. The relevant K, and K, values are found in Tables 14.2
and 14.4,

4. KCl ¢. NHNO,

b, NaNQ, f. NallCQ,
c. NaNO, g NILCH;0,
d. NHNO, h. NaF

48. Calculate the plT of cach of the following solutions:
a. 0.10 M CH,NH;Cl
k. 0.050 M NaCN

Relationships Between Structure and Strengths of Acids and Bases

L
[

2. Place the species in cach of the following groups in order of
increasing acid strength. Give your rcason for the particular
order you chose in each group,

4. HBrQ, HBr(,, 1IBrO;,

b. H;AsO,, 11,As0, |, HASO2™

33. Place the species in cach of the following groups in order of
increasing basc strength. Give your rcasoning in each casc.
a. BrO , BrO,”, BrO;~
b. HyPO,™, 11PO,, PO,

Lewis Acids and Bases

¢. .20 M NayCO; (consider only the reaction CO*™ + 1,0
= HCO,™ + 0117

d. 0.12 M NaNO,,

c. 0.45 M NaQCl .

4%, Is an aqueous solution of NalISQ, acidic, basic, or neutral?
What reaction with watcr occurs? If solid Na,C(); is added 1o
a solution of NalISO,, whal reaction can occur between the
CO5% and 1180, ions?

50. Sodium azide (NaNs) is sometimes added to water to kill bac-
teria. Calculate the concentration of all species in a 0.010 M
solution of NaN;. The K, value for hydrazoic acid (HNs) is

1.9 % 107

h

51. Given that the K, valuc for acetic acid is 1.8 » 10 ° and the
K, value for hypochlorous acid is 3 = 107%, which is the
stronger base, OCI™ or C;H;0,7?

54, Will the following oxides give acidic, basic, or neutral solu-
tions when dissolved in water? Write reactions to justify vour

Answers,

a. CaQ 4. CLO
b. NayD - e. P.Oy
¢, S0, f. NG,

5%, Define cach of the following:
a. Arrhcnius acid
b. Bronsted-Lowry acid
c. Lewis acid

56, Which of the definitioms in Excrcise 55 is most general? Write
reactions to justity your answer.

£y
8

. ldentity the Lewis acid and the Lewis base in each of the
following reactions:
a. B(OH); + H,O = B(OI),~ + H*

t 4+ 2NH; = AgiNH,),~

. BF; + NH; == F;BNH,

LT =17

. Zn(OH), + 20H™ = Zn(0I1)),*

OQ_G'O"
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Additional Exercises

58. Aluminum hydroxide is an amphoteric substance, Tt can act as

cither a Bronsted-Lowry base or a Lewis acid. Wrile a rcac-
tion showing Al{OH), acting as a basc toward H' and as an
acid toward OH™,

66, Liguid ammonia is sometimcs used as a solvent for chemical

reactions. It undergocs the autoionization reaction:
2NH, == NH,* + NHz~

a. What species correspond to H- aml OH™ in liquid ammo-
nia?

b. What is the condition for a neutral solution in liquid am-
monia’?

c. Sodiwm metal reacts with liquid ammonia in a manner
analogous to the reaction of sodium metal with water.
Write a balanced chemical equation describing this rcac-

tion.

" d What advantages might there be to using liquid ammonia

as a solvent?

. Alka-Seltzer employs the reaction between citric acid and

sodium bicarbonate to generate its [ivz (COp(g)). The struc-
ture of citric acid and values of the acid dissociation constants

ae
(‘JHZ—-—COZH K, =84Xx 10
HO—C—COH K, =18 x 1077
CH,—COJI K, =4.0x10 ¢

Caleulate the value of the cquilibrium constant for each of the
following reactions (we abbreviate citric acid as H-Cit), using
the £, values for citric acid and for carbonic acid:
H;Cit + HCO; ™ = HaCie™ + H,O + CO;
H4Cit + 3HCO;™ = Cit*”™ -+ 3H,0 + 3CO;
Hint: When reactions are added, the corresponding eduilib-
ritm constants are multiplicd.

&2. The osmotic pressure of a 1.00 x 1072 M solution of cyanic

acid (HOCN) is 217.2 torr at 25°C. Calculate K, for HOCN
frosn this result.

3. u. The principal equilibrivm in a solution of NaHCO; is

HCOE}W + HCO_J, . i H2C03 JF CO32_

Calculate the value of the cquilibrium constant for this re-
action,

b. At cquilibrium, what is the relationship between [HaCO4)
and [CO527]?

612 [0 Chaoter Fourteen  Acids and Bases

. Tn terms of orbitals and electron arrangements, what must be

present for a molecule or ion to act as a Lewis acid? What
must be present for a molecule or fon to act as a Lewis basc?

64.

5.

66,

¢. Using the equilibrium

H,CO; = 20" + COs*~

derive an expression for the pH of the solution in terms of
K, and K, using the result from part b.
d. What is the pH of a solution of NaHCO;?

Culculate the valuc for the equilibrium constant for each of the
following reactions:

NH; + H;07 = NH," + H;0

NO. " + H;0" = HNO; + H20

NH," + CH.C0O,~ = NH; + CH;CO,l

CHaOT + 017 = 2H0

. NH,” + OH™ = NH; + H,0

HNO, + OH™ = H,0 + N0~

oo

.o w

Hemoglobin (abbreviated Hb) is a protein that is responsible
for the transpert ol oxygen in the bloud of mammals. Each
hemoglobin molecule contains four iron atams that are the
binding sites for O, molecules. The oxygen binding is pH
dependent. The relevant equilibrivm reaction is as follows.

HbH,* + 40, = Hb(O;)4 + 4H™

Usc Le Chatclier’s principle to answer the [ollowing.

a. What lorm of hemoglobin, HbH,*~ or 11b(0y)s, is favored
in the lungs? What form is favored in the cclis?

b. When a person hyperventilatcs, the concentration of CO,
in the blood is decreased. THow does this affect the oxygen-
binding equilibrium? How does breathing into a paper bag
help to counteract this effect?

c. When a person has suffered a cardiac amrest, injection of a
sodium bicarbonate solution is given. Why is this neces-

sary?
Construct a thermochemical cycle for the following reaction
in terms of bond cnergies, ionization encrgies, and electron
affinities:

HX(g) = H (g) + X" (g)

a. Calculate AH for the above reaction when X =F, Cl, Br,

and T.
b. How are the results of this thermochemical cycle consist-

ent with statements in the chapter?

Lupin Ex. 1035 (Page 7 of 190)
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69.

Use the results of Exercise 66 to cxplain what two things will
increase the strength of an acid.

Using your conclusions [rom Exercise 67, place the specics in

each of the following groups in order of increasing acid

strength:

a. H,0, H,5, HoSe (bond cnergies: H-—(), 463 kI/mol,
H—S, 363 kJ/mol; H—Se, 276 kl/mol)

t. CH;CO:H, FCH,CO,H, F,CHCO,H, F;CCO,H

¢. NH,*, CH.NH;~, HONH,™

Give reasons for the orders vou chose.

Using your conclusions from Excreise 68, place the species in
cach of the following groups in order of increasing base

strength:

a. OH™, 5H™, 5¢H™

b, NHa, PH, (bond energics: N—H, 386 kJ/mol; P—H,
322 kJ/mol)

C. NHg, HONH2

70.

71.

Culculate the pH of a 1.0 % 1077 M solution of NaOH in
waler. Consider the amount of hydroxide' jon from the
autoionization of water and the effect of the added hydroxide
ion on the position of the autoionization equilibrium.

Making use of the assumplions we ordinarily make in calcu-
lating the pH of an agqueous solution of a weak acid, calculate
the pH of a 1.0 % 1078 M salution of hypohrurﬁous acid
(HBrO, K, = 2 x 10~ ). What is wrong with your answer?
Why is it wrong? Without trying (o solve the problem, tell
what has 1o be included to solve the problem correctly.’

Exercises (1 613
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These values show that there is a much greater change in structure in 50ing

from the liquid to the gaseous state than in going from the solid to the p
liquid. This suggests that there are extensive attractive forces among the ti
molecules in liquid water, similar to but not as strong as those in the solid &

state. al

The relative similarity of the liquid and solid states can also be seen in S

Gas ine densities of the three states of water. As shown in Table 10.1, the ¢

densities for liquid and solid water are cuite close. Compressibilities can B

also be used to explore the relationship among water’s states. At 25°C, the g

density of liquid water changes from 0.99707 g/cm® at a pressure of 1 atm |

to 1.046 gicm? at 1065 atm. Given the large change in pressure, this is & very ;

small variation in the density. Ice also shows little variation in density with |

increased pressure. On the other hand, at 400°C, the density of gaseous A

water changes from 3.26 x 102 g/icm® at 1 atm pressure to 0.157 g/cm? at fi

949 atm—a huge variation. 14.

The conclusion is clear. The liguid and solid states show many similari- ni

ties and are strikingly different from the gaseous state (see Fig. 10.1). We ©

must bear this in mind as we develop models for the structures of solids N

and fiquids. 4

Figure 10.1 : b
Comparison of the thee states of Densities of the Three States of Water o
matter. State Density (g/cm®) f
Solid (°C, 1 atm) 0.9168 w

Liquid {25°C, 1 atm) 0.9971 ol

Table 10.1 Gas (400°C, 1 atm) 3.25 % 107* ;g

: 1

.

I

I

F

/E @ . i Intermolecular Forces 4

PURPOSE
O To define dipole-dipole forces, hydrogen bonding, und London dispersion
torces.

= Todescribe the effects these forces have on the properties ot liquids and solids.

S i S

In Chapters 8 and 9 we saw that atoms can form stable units called molecules
hy sharing electrons. This is called intramolecular (within the molecule) bonding.
In this chapter we consider the properties of the condensed states of matter (liquids
and solids) and the forces that cause the aggregation of the components of a sub-
stance to form a liquid or a solid. These forces may involve covalent or ionic

bonding, or they may involve weaker interactions usually called intermolecular

forces (because they occur between, tather than within, molecules). (¢
It is important Lo recognize that when a substance like water changes [rom solid i

to liquid to gas, the molecules remain intact. The changes of state are due to i

changes in the forces among the molecules rather than those within the molecules,

384 [ Chapter Ten Liquids and Sclids
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In ice, as we will see later in this chapter, the molecules are virtually Iocked in
place, although they can vibrate abont their positions. If encrgy is added, the mo-
tions of the molecules increase, and they eventually achieve the greater movement
and disorder characteristic of liquid water. The ice has melied. As more energy is
added, the gaseous state is eventually reached, with the individual molecules far
apart and interacting relatively little. However, the gas still consists of water mole-
cules. 1t would take much more encrgy to overcome the covalent bonds and decom-
pose the water molecules into their component atoms. This can be seen by compar-
ing the energy nceded 1o vaporize | mole of Tiquid water (41.2 kJ) to that needed to
break the O—H bonds in 1 mole of water molecules (934 kJ).

Dipole—Dipole Forces

As we saw in Section 8.3, molecules with polar honds often behave in an electric
field as if they had a center of positive charge and a center of negative charge. That
is, they exhibit a dipole moment. Molecules with dipole moments can attract each
other electrostatically by lining up so that the positive and negative ends are close to
each other, as shown in Fig. 10.2(a). This is called a dipole-dipole attraction. In a
condensed state such as a liquid, the dipoles find the best compromise between
attraction and repulsion, as shown in Fig, 10.2(b).

Dipole-dipole lorces are typically only about 1% as strong as covalent or ionic
bonds, and they rapidly become weaker as the distance between the dipoles in-
creases. At low pressures in the gas phase, where the molecules arc [ar apart, these
forces are relatively unimportant,

Particularly strong dipole-dipole forces, however, are seen among molecules in
which hydrogen is bound to a highly electroncgative atom, such as nitrogen, oxy-
gen, or fluorine. Two factors account for the strengths of these interactions: the
great polarity ol the bond and the close approach of the dipoles, allowed by the very
small size of the hydrogen atom. Because dipole-dipele attractions of this type are
s0 unusually strong, they are given a special name—hydrogen bonding. Figure
10.3 shows hydrogen bonding among water molecules.

Hydrogen bonding has a very important effect on various physical properties.
For example, the boiling points for the covalent hydrides of the elements in Groups
4A, 5A, 6A, and 7A are given in Fig. 10.4. Note that the nonpolar tetrahedral

(a)

Figure 10.2
.. . Attraction =———ie—g—
{a) The electrostatic interaction of

two polar molecules, (b)) The
interaction of rmany dipoles in a
condensed state. ib}

Repulsion -———=
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Figure 10.3

(&) The polar water molecule. (k)
Hydrogen beonding among water
molecules. Néte that the small size of
the hydrogen atoms alicws for close

interactions. (a) (b)
100 — Hy0q,
Group 6A \,\
\
0 —
9]
g
Q
a,
o)
i
%
fas]
- 100
Figure 10.4 Group 4A ‘,,f'"“/
The boiling points of the covalent CH,»”
hydrides of eiements In Groups 4A,
5A, 6A, and TA. —200 i 1 i l I
2 I 4 3

Peried

hydrides of Group 4A show a steady increase in boiling point with molecular weight
(that is, in going down the group), while for the other groups, the lightest member
has an unexpectedly high boiling point. Why? The answer lies in the especially
large hydrogen-bonding interactions that exist among the smallest molecules with
the most polar X~—H bonds. An unusually large quantity of energy must therefore
be supplied to overcome these interactions and separate the molecules to produce
the gascous state. These molecules will remain together in the liquid state even at
high temperatures; hence the very high boiling points.

London Dispersion Forces

Even molecules without dipole moments must exert forces on cach other. We know
_ s i invensaly this because all substances—even the noble gases—exist in the liguid and solid
ESHURE states under certain conditions. The very weak forces that exist among noble gas

386 [ <Crapter Ten Liquids and Solids
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atoms and nonpolar molecules are called London dispersion forces. To understand
the origin of these forces, let us consider a pair of noble gas atoms. Although we
usually assume that the electrons of an atom are uniformly distributed about the
nuclens, this is apparently not true at every instant. Atoms can develop a momen-
tary nonsymretrical electron distribution that produces a temporary dipolar ar-
rangement of charge. This instantaneous dipole can then induce a similar dipole in
a neighboring atom, as shown in Fig. 10.5(a). This phenomenon leads to an inter-
qtomic attraction that is hoth weak and short-lived, but significant in the absence of
any other types of bonding forces. For these interactions to become strong enough
to produce a solid, the motions of the atoms must be greatly slowed down. This
explains, for instance, why the noble gas elements have such low freezing points
(sec Table 10.2).

Note from Table 10.2 that the freezing point rises going down the group. There
are two principal factors that cause this trend. First, as the atomic mass increases,
the average velocity of an atom at a given temperature decreascs, allowing the atom
to “*lock into”’ the solid more readily, Second, as the atomic number increases, the
number of clectrons increases, and there is an increased chance of the occurrence of
momentary dipole interactions. We say that Jarge atoms with many electrons exhibit
a higher polarizability than small atoms. Thus the importance of London dispersion
forces increases as the size of the atom increases.

These same idcas also apply o nonpolar molecules such as Ha, CH,, CCly, and
CO, [see Fig. 10.5(0)]. Since none of these molecules has a permancnt dipole
moment, their principal means of attracting each other is through 1.ondon dispersion
forces.

'% QQ The Liguid State

PURPOSE
O To describe some properties of liquids: surface tension, capillary action, and
viscosity, -

Liquids and liquid solutjons are vital to our lives. Of course, water is the most
important liquid. Besides being essential to life, it provides a medium for food
preparation, for transportation, for cooling in many types of machines and industrial
processes, for recrcation, for cleaning, and for a myriad of other uses.

Liquids cxhibit many characteistics that help us understand their nature. We
hive alrcady mentioned their low compressibility, lack of rigidity, and high density
compared to gascs. Many of the properties of liquids give us direct information
ahout the forces that exist among the particles. For example, when a liguid is poured
onto a solid surface, it tends to bead as droplets, a phenomenon that depends on the
intermolecular forces. Although molecules in the interior of the liguid are com-
pletely surrounded by other molecules, those at the liquid surface are subject to
attractions only from the side and from below (Fig. 10.6). The effect of this uncven
pull on the surface molecules draws them inlo the body of the liguid and causes a
droplet of liquid to assume the shape that has the minimum surface area—a sphere.

To increase a liquid’s surface area, molecules must move from the interior of
the liquid to the surface. This requires encrgy, since some intermolecular forces
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Alom A Atom B
Instantaneous
dipole on A
induccs a
dipole on B.
(a)
5— 8+ - 5+

Molecule A Muolecule B
Instantaneous

dipole on A

induces a

dipole on B.

(b)
Figure 10.5

(a) An instantaneous polarizaticn <an
occur on atom A, creating an
instantanecus dipole. This dipole
creates an induced dipole on
neightoring atom B. (b) Nonpolar
molecules such as Hg can develop
instantaneous and induced dipcles.

The Freezing Points of the
.Group 3A Elements

Elcment Freczing point (*C)

Helinm —269.7
Neon —248.6
/\Igun —189.4
Krypton —157.3

Table 10.2

}‘"Ulr “
sroaller sortag
shapa
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Beadls of water on a waxed
car finish.

must be overcome., The resistance of a liquid to an increase In its surface area is
called the surface tension of the liguid. As we would expect, liquids with relatively
large intermolecular forces tend to have relatively high surface tensions. Thus we
can readily predict the surface tension if we know the polarity of the particles
comprising the liquid, as seen in Sample Exercise 10.1.

Sampie Exercise 10.7 _

Would you expect liquid carbon tetrachloride (CCLy) or liquid chloroform (CHCI5}

oo ..... to have the higher surface tension?
o0 ® .
@ ° Solufion
.. ®e Both carbon tetrachloride and chloroform have molecules with a tetrahedral ar- a
Figure 10.6 rangement of atoms around caer)n. Howe.:vcr, because chloroform has thrge bc)qu i
’ of one type and onc of another, it bas a dipole moment. Carbon tetrachloride, with i
A molecule in the interior of & liquid  four equal bonds, does not have a dipole moment. Because of the polar character of E
is attracted to the molecules its molecules, the much larger intermolecular forces in liquid chloroform cause it to

surrounding i, while @ molecule at
the surface of a liquid is attracted
only by molecules below it and on

each side, Thus the intericr molecules Polar liquid I . . - Sy
exert a net force pulling the surface olar liquids also exhibit capillary action, the spontaneous rising of a liquid in

molecule into the interior of the a narrow tuhe, us shown in Fig. 10.7(x). Two different types of forces are responsi-
liquid. ble for this property: cohesive forces, the intermolecular forces among the mole-

have a higher surface tension.

388 [ Chapter Ten liquids and Sclids
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cules of the liquid; and adhesive forces, the forces between the liquid molecules and
their container. We have already seen how cohesive forces operate among polar
molecules. Adhesive forces occur when a container is made of a substance that has
polar onds. For example, glags contains many oxygen atoms with partial negative
charges that arc attractive to the positive end of a polar molecule such as water.
Since water has both strong cohesive (intermolecular) forces and strong adhesive
forces to glass, it “*pulls itself” up a glass capillary tube (a tube with a small
diameter) to a height where the weight of the column of water just balances the
water’s tendency to be attracted to the glass surface. The concave shape of the
meniscus [see Fig. 10.7(a)] shows that water’s adhesive forces toward the glass arc
stronger than its cohesive forces. A nonpolar liquid such as mercury [see Fig.
10.7(b)] shows a lower level in a capillary tube and a convex meniscus. This
behavior is characteristic of a liquid in which the cohesive forces are stronger than
the adhesive forces toward glass.

Another property of liquids strongly dependent on intcrmolecular forces is vis-
cosity, a measurc of a liquid’s resistance to flow. As might be expected, liquids
with large intermolecular forces tend to be highly viscous. For exumple, glyeerol,
whose structure is

H

H—C—0—H

H—(‘Z—O—H

H—(‘?WO—H
1[4

has an unusually high viscosity mainly duc to a high capacity to form hydrogen
bonds. :

Molecular complexity also leads to higher viscosity because very large mole-
cules can become entangled with each other. For example, nonviscous gasoline
contains molecules of the type CH3;—(CH,),—CH., where # varies from about 3 to
8. However, grease, which is very viscous, contains much larger molecules in
which » varies from 20 to 25,

In many respects, the development of a structural model for liquids presents
greater challenges than developing such a model for the other two states of matter.
In the gaseous state, the particles are so far apart and are moving so rapidly that
mtermolecular forces are negligible under most circumstances. This means we can
use a relatively simple model for gases. In the solid state, although the intermolecu-
lar forces are large, the molecular motions are minimal and fairly simple models are
again possible. The liquid state, however, has both strong intermolecular forces and
signilicant molecular motions. Such a sitwation precludes the use of really simple
models for liquids. Recent advances in spectroscopy, the study of the manner in
which substances interact with electromagnetic radiation, make it possible to follow
the very rapid changes that occur in liquids. As a result, our models of liquids are
becoming more accurate. As a starting point, a typical liquid might best be viewed
as containing a large number of regions where the arrangements of the components

are similar to those found in the solid, but with more disorder, and a smaller number -
of regions where holes are present. The situation is highly dynamic, with rapid:

fuctuations occurring in both types of regions.
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Figure 10.7

(ay The rise of & polar liguiq, such as
water, in a capillary tube due to large
adhesive and cohesive forces. The
concave meniscus (the level of the
water is higher against the capillary
walls than it is in the center of the
tube) indicates that the adhesive
forces are somewnhat. larger than the
cohesive forces. (B A:honpolar
liquid such as mercury shows a
smaller rise than that of water in the
capiliary tilde andh 3 convex meniscus
{the mercury:level is higher in the
center, of the tube than it is against
the capillary walls). In this case, the
cohesive and achesive forces are

“ooth relatively small, but the cohesive
_force s the larger of the two.
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Figure 10.8

Several crystalline solids: (2) halite
(MaCly, (o) quartz (Si0y), and () iren
pyrite (FeSq).
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p ~ | An Introduction to Structures
f% L 7.3 | and Types of Solids

PURPOSE
Tl To contrast crystalline and amorphous solids.
O To introduce X-ray diffraciion as a means for structure determination.

There are many ways 1o classify solids. but the broadest catégories are crystal-
linc solids, those with a highly regular arrangement of their components., and amor-
phous solids, those with considerable disorder in their structure.

The regular arrangement of the componcnts of a crystalline solid at the micro-
scopic level produces the beautilul, characteristic shapes of crystals, such as thosc
shown in Fig. 10.8. The positions of the components in a crystalline solid are
usually represented by a lattice, a {hree-dimensional system of points designating
the centers of the components (atoms, 1ons, Of molecules). The smallest repeating
wnit of the lattice is called the unit cell. Thus a particular lattice can be generated by
repeating the unit cell in all three dimensions to form the extended structure. Three
common unit cells and their lattices arc shown in Fig. 10.9.

Although we will concentrate on crystalline solids in this book, there are many
important noncrystalline {amorpbous) materials. An example is common glass,
which is best pictured as a solution in which the components are “frozen in place’
before they can achieve an ordered arrangement. Although glass is a solid (it has a
rigid shape), a great deal of disorder exists in its structurc.
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Figure 10.9 :
Three cuoic unit cells and the '
_ corresponding lattices: (a) simple
Face-ventered cubic cubic, (b) body-centered cubic, and
{c} face-centered cubic. :
i
1
|
+ + ] I
X-ray Analysis of Solids I
1
The structures of crystalline solids arc most commonly determined by X-ray dif- i
fraction, Diffraction occurs when beams of light are scattered from a regular drray *
of points or lines in which the spacings between the components are comparable to
the wavelength of the light. Diffraction is due to constructive interference when the
waves of parallel beams are in phase and to destructive interference when the waves
arc out ol phase.
10.3 An Introduction to Structures and Types of Solids [ 391
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X rays that are scattered from two
different atoms may either (a)
reinforce or {b) cancel each cther
when they meet, depending on
whether they are in phase or out of
ohase.,

When X rays of a single wavelength are directed at a crystal, a diffraction
pattern is obtained, as we saw in Fig. 7.5, The light and dark areas on the photo-
graphic plate occur because the waves scattered from various atoms may reinforce
or cancel each other when thcy meet (see Fig. 100.10). The key to whether the waves
reinforce or canccl is the difference in distance traveled by the waves after they
strike the atoms. The waves are in phase beforc they are reflected, so if the difler-
ence in distance traveled afier reflection is an iniegral number of wavelengths, the
waves will still be in phase when they meet again.

Since the distance traveled after reflection depends on the distance between the
atoms, the diffraction pattern can be used to determine the interatomic spacings.
The exact relationship can be worked out using the diagram in Fig. 10.11, which
shows two in-phase waves being reflected by atoms in two different layers in a
crystal. The extra distunce traveled by the lower wave is the sum of the distances xy
and yz, and the waves will be in phase alier reflection if

Xy + yz = HA (10.1)

//

~

Waves still No respltant
in phase. wave.
T Wuves meetand T Waves meetand cancel,
reinforce each nther, becawsc in this case

Waves in since (dy d,}isan Waves in phase (dy— d,)isroran

phase before integral number of befare striking integral number of

striking aloms. X-ray wavelengths. atoms. X-ray wavelengths.

(&} b

Figure 10.11

Reflection of X rays of wavelength A
from a pair of atoms in two different
layers of a crystal. The lower wave
travefs an extra distance equal to the
sum of xy and yz. If this distance is
an integral number of wavelengths
{(n=123...) the waves will
reinforce each other when they exit
the crystal.

Reflected rays

Tneident ruys

392 [J Chapter Ten Liquids and Solids

o= .

U~ B

pet o
I — - =

e

H:M £

CU;
ir
ric
(b

altl
of

Lupin Ex. 1035 (Page 81 of 190)



CC

ey
er-
he

he

tant

where s is an integer and A is the wavelength of the X rays. Using trigonometry (see
Fig. 10.14), we can show that

Xy +yz=2dsin @ (10.2)

where o is the distance between the atoms and @ is the angle of incidence and
reflection. Combining Equation (10.1) und Equarion (1(.2) gives

A = 24 sin 8 (10.3}

Equation (10.3) is called the Bragg equation after William Henry Bragg (1862
1942y und his son William Lawrence Bragg (1890-1972), who shared the Nobel
prize in physics in 1915 for their pioneering work in X-ray crystallography.

A diffractometer is a computer-controlled instrument used for carrying out the
X-ray analysis ol crystals. It rotates the crystal with respect to the X-ray beam and
collects the data produced by the scattering of the X rays from the various planes of
atoms in the erystal. The results are then analyzed by computer. The technigues for
crystal structure analysis have reached a level of sophistication that allows Lhe
determination of very complex structures, such as those impottant in biological
systems. Using X-ray dillraction, we can gather data on bond lengths and angles,
and in doing so can test the predictions of our models of molecular geometry.

Sample Exercise 10.2

X rays of wavelength 1.54 A were used to unalyze an aluminum crystal. A reflec-

tion was produced at # = 19.3°. Assuming # = 1, calculate the distance & between

the planes of atoms producing this reflection.

Solution

To determine the distance between the planes, we use Equation (10.3) with n = 1,

A =154 A, and 0= 19.3°. Since 2d sin 6 = n,
g M (.54 A)

2 sin 0 (2)(0.3305)

a

23

(W8]

Types of Crystalline Solids

There are many different types ol crystalline solids. For example, although both
sugar and salt dissolve readily in water, the properties of the resulting solutions are
quite different. The salt solution readily conducts an clectric current, while the
sugar solution does not. This behavior arises from the nature of the components in
these two solids. Common salt (NaCl) is an'ionic solid; it contains Nat and C1
ions. When solid sodium chloride dissolves in the polar waler, sodium and chloride
ions are distributed throughout the resulting solution and are free to conduct electri-
cal current. Table sugar (sucrose}, on the other hand, is composed of neutral mole-
cules that are dispersed throughout the water when the solid dissolves. No ions are
present, and the resulting solution does not conduct electricity. These examiples
illustrate two important types of solids: ionic solids, represented by sodium chlo-
ride; and molecular solids, represented by sucrose.

A third type of solid is represented by elements such as graphite and diamond
(both pure carbon), boren, silicon, and all metals. These substances all contain
atoms covalently bonded (o cach other; we will call them atomic solids. Examples
ol ‘the three types of solids are shown in Fig. 10.12.

10.3 An Introduction to Structures and Types of Solids
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Figure 10.12

Examples of three types of crystalline solids. Only part of the structure (s
shown in each case. (@) An atomic solid. Each sphere represents a
carbon atom in diamaond. (o) An jonic sclid. The spheres reoresent
altlemating Na ™ and €1~ ions in saiid sodium chloride. () A molecular
solid. Each unit of three spheres represents an HeO molecule in ice.

The dashed lines show the hydrogen bonding @mong the volar water
molecules.

(ﬂ/.

L
¥

=
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o
e

‘Diamand Sodium chloride

{a) (b}

The properties of a solid are determined primarily by the nature of the forces
SUUENHE that hold the solid together. For example, although argon, copper, and diamond all
form atomic solids, they have strikingly different propertics. Argeon has a very low
melting point (—189°C), while diamond and copper melt at high temperatures
fabout 3500°C and 1083°C, respectively). Copper is an excellent conductor of elec-
tricity, while argon and diamond are both insulators. Copper can be easily changed
in shape; it is both malleable (will form thin sheets) and ductile (can be pulled into a
wire). Diamond, on the other hand, is the hardest natural substunce known, The
marked dilfcrences in properties among these three atomic solids are due to bonding
differences, We will explore the bonding in solids in the next two sections.

1 04@" ‘ Structure and Bonding in Metals

PURPOSE

2 To discuss the concept ol closest packing of metal ators.
B to describe two models for bonding in metals.

O To define and classify alloys.

Metals are characterized by high thermal and electrical conductivity, malleabil-
ity, and ductility. As we will see, these propertics can be traced to the nondiree-
tional covalent bonding found in metallic erystals.

A metallic crystal can be pictured as containing spherical atoms packed to-
gether and bonded to each other equally in all directions. We can model such a

Phe clososy parkine moaed for

el

At Gre BRI

Too diaril sy
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structure by packing uniform, hard spheres in a manner that most clficiently uses
the available space. Such an arrangement is called closest packing. The sphercs are
packed in layers, as shown in Fig. 10.13(a), wherc cach sphere is surrounded by six
others. In the second layer the spheres do not lie directly over those in the first layer.
Instead each one occupies an indentation (or dimple) formed by three spheres in the
first layer [see Fig. 10.13(b}]. In the third layer the spheres can occupy the dimples
of the sceond layer in two possible ways, They can occupy positions so that each
sphere in the third layer lies directly over a sphere in the first layer (the aba arrange-
ment), or they can occupy pasitions so that no spherc in the third layer lics aver ane
in the first layer (the abc arrangement).

The aba arrangement has the hexagonal unit cell shown in Fig. 10.14, and the
resulting structure is called the hexagonal closest packed (hep) stracture. The abe
arrangement has a face-centered cubic unit cell, as shown in Fig. 10.15, and the
resulting structure is called the cubic closest packed (cep) structare. Note that in
the hep structure the spheres in every other layer occupy the same vertical position
(wbabab . . ), while in the cep structure the spheres in every fourth layer occupy
the same vertical position (abcabea . . .). A characteristic ol both structures is that
cach sphere has 12 equivalent nearest neighbors: 6 in the same layer, 3 in the layer
above, and 3 in the layer below (that form the dimples). This is illustrated [or the
hep structure in Fig, 10.16 on the [ollowing page.

Figure 10.14

Atom in third layer When spheres are closest packed so that the spheres in

lics over atom in the third layer are directly over those in the first layer

first Tayer. {aba), the unit cell is the hexagonal prism iliustrated here,
Because of its hexagonal unit cell, the aba amangement is
called the hexagonal closest packed structure,

Figure 10.15

When spheres are packed in the abe arrangement, the
unit cell is face-centered cubic. To make the cubic
every fourth layer . . . ,
lies aver an arrangement easier to seg, the vertical axis has been tilted
atomn in the as shown. Since this arrangement has a cubic unit cell,
first Tayes. it is called the cubic closest packed stnucture.

An atom in

Fiqure 10.13

The closest packing arrangement of
uniform spheres. {a) A typical layer
where each sphere is surrcunded by
six others. (b)) The second layer is ke
the first, but it is displaced so that
each sphere in the second layer
cccuples a dimple in the first layer.
(¢) The spheres in the third layer can
occupy dimples in the second so
that the spheres in the third layer lie
directly over those in the first layer
{aba), or they can occupy dimples in
the second layer so that no spheres
in the third layer lie above any in the
first layer {abc).
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Knowing the net number of spheres (atoms) in a particular unit cell is important
for many applications invelving solids. To illustrate how to find the net number of
sphercs in a unit cell, we will consider a face-centered cubic unit cell (Fig. 10.17).
Note that this unit cell is defined by the cenrers of the spheres on the cube’s comers,
Thus & cubes share a given sphere, s0 3 of this sphere lies inside each unit cell. Sce
a4 cube has 8 corners, there arc 8 X 4 pieces, or enough to put together 1 whole
sphere. The spheres at the center of each tace arc shared by 2 unit cells, so 3 of each
Jies inside a particular unit cell. Since the cube has 6 faces, we have 6 X % picees, or
enough Lo construct 3 whole spheres. Thus the net number of spheres in a face-cen-
tered cubic unit cell is

e | (5 5) + (6x3)

iy BOp gx —)+lex—])=
Figure 10.16 """ 8 2
The indlicated  $phere has 12 neargst e
neighbzors—=6 in the same layer, 3 in
the layer above; and 3 in the layer
below, the latter 6 forming the
dimples above and below the
sphere.

.

(a) (b) ;
Figure 10.17 i

The net number of spheres in a face-centered cubic unit cell. (a) Note that the sphere
on a comer of the colored cell is shered with 7 other unit cells. Thus % of such a : i
sphere lies within a given unit cell. Since there are 8 comers in a cube, there are 8 of
these & pieces, or 1 net sphere. (b) The sphere on the center of each face is shared by
twio Unit cells, and thus each unit cell has 3 of each of these types of spheres. There are
& of these ¥ spheres to give 3 net spheres. () Thus the face-centered cubic unit cell

contains 4 net spheres.

Samole Exercise 10.3

Silver crystallizes in a cubic closest packed structurc. The radius of a silver atom is
1.44 A. Calculate the density of solid silver.

Solution

Density is mass per unit volume. Thus we need to know how many silver atoms
oceupy a given volume in the crystal. The structure is cubic closest packed, which
means the unit cell is face-centered cubic, as shown in the accompanying figure.
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We must find the volume of this unit cell for silver and the net number of atoms
it contains. Note that in this structure the atoms touch along the diagonals of each
face and not along the edges of the cube. Thus the length of the diagonal is 7 +
2r + r, or 4. We use this fact to [ind the length of the edge of the cube by the
Pythagorean theorem:
& A d* = (4r)?
2 = 1677
& = &
d=V87=rV3
Since + = 1.44 A for a silver atom,
d={1.44 H(V8) = 4.07 A

The volume of the unit cell is &, which is (4.07 A)*, or 67.4 A%, We convert this to
cubic centimeters as follows:

1.00 % 107% om V2
T m ) =674 X 107 em’®

67.4 A x (

Since we know that the net number of aloms in the face-centered cubic unit cell is
4, we have 4 silver atoms contained in a volume of 6.74 % 10 * ¢m®. The density
is therefore

mass (4 atoms)(107.9 g/mol)1 mol/6.022 % 10° atoms)

volume 6.74 x 1072% cm®

I

Density

i

10.6 giom’

Examples of metals that are cubic closest packed are aluminum, iron, copper,
cobalt, and nickel. Magnesium and zinc are hexagonal closest packed. Caleium and
certain other metals can crystallize in either of these structures, Some metals, how-
ever, assume structures that are not closest packed. For example, the alkali metals
have structures characterized by a body-centered cubic (bec) unit cell [see Fig,
10.10(b)], where the spheres touch along the body diagonal of the cube. In this
structure each sphere has 8 nearest neighbors (count the number of atoms around the
atom at the center of the unit cell), as compared to 12 in the closest packed struc-
tures. Why a particular metal adopts the structure it does is not well understood.

Bonding in Metals

Any successful bonding model for metals must account for the typical physical
properties of metals:; malleability, ductility, and the elficient and uniform conduc-
tion of heat and electricity in all directions. Although the shapes of most pure metals
can be changed relatively easily, most metals are durable and have high melting
points. These facts indicale that the bonding in most metals is both strong and
nondirectional. That is, although it is difficult to separate metal atoms, it is rela-
tively easy to move them, provided the atoms stay in contact with each other.

The simplest picture that explains these observations is the electron sea model,
which cnvisions a regular array of metal cations in a *‘sea’ of valence electrons (see
Fig. 10.18). The mobile clectrons can conduct heat and electricity, und the cations
can be easily moved around as the metal is hammered into a sheet or pulled into a
wire,

10.4 Structure and Ronding in Metals 397

Figure 10.18

The electron sea medel for metals 3
postulates a reqular array of catfons in :
a "sea” of velence electrons. ;
(a) Representation of an alkali metal b
(Group 1A} with one valence ;
electron. (b} Representation of an |
alkaline earth metal (Group 2A) with
two valence electrons.
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Figure 10.19

The molecular orbital energy levels
produced when various numbers of
atomic orbitals interact. Mote that for
two atomic crbitals two rather widely
spaced energy levels result. (Recall
the description of Hy in Section 9.2
As more atormnic orbitals are available
to form molecular orbitals, the
resulting energy levels are more
closely spaced, fimally producing a
band of very closely spaced orbitals.

e MO medel is applicd W L o

Seotinn 9.5,

398 [0 Chapter Ten Liquids and Solids

Number ot interacting atomic orbitals

2 4 8 16 6.02 x 107
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A related model that gives a more detailed view of the electron encrgies and
motions is the band model, or molecular orhital (MO) model, for metals. In this
model the electrons are assumed to travel around the metal crystal in molecular
orbitals formed from the valence atomic orbitals of the metal atoms (Fig. 10.19).

Recall that in the MO modcl for the gaseous Li; molecule, two widely spaced
molecular orbital encrgy levels (bonding and antibonding) result when two identical
atomic orbitals interact, However, when many metal atoms interact, as in a metal
crystal, the large number of resulting molecular orbitals become more closely
spaced and finally form a virtual continuom of levels, called bands, as shown in
Fig. 10.19.

As an illustration, picture a magnesium metal crystal, which has an hep struc-
ture. Since each magnesium atom has one 3s and three 3p valence atomic orbitals, a
crystal with iz magnesiom atoms has available r(3s5) and 3r(3p) orbitals to form the
molecular orbitals, as illustrated in Tig. 10.20, Note that the core electrons are
localized, as shown by their presence in the energy ““well”” around each magnesium
atom. However, the valence electrons occupy closely spaced molecular orbitals,
which are only partially filled.

The existence ol empty molecular orbitals close in energy to filled molecular
orbitals explains the thermal and clectrical conductivity of metal crystals. Metals
conduct electricity and heat very efficiently because of the availability of highly
mobile electrons. Tor example, when an electrical potential is placed across a strip
of metal, for current to flow electrons must be free to move from the negative to the
positive areas of the metal, In the band model for metals, mobile electrons are
furnished when electrons in filled molecular orbitals are excited into empty ones.
These conduction electrons are free to travel throughout the metal crystal as dictated
by the potential imposed on the metal. The malecular orbitals occupied by these
conducting electrons arc called conduction bands. These mobile electrons also
account for the efficiency of the conduction of heat through metals. When one end
of a metal rod is heated, the mobile electrons can rapidly transmit the thermal
energy to the other end.
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Metal Alloys

Because of the nature of the structure and bonding of metals, other elements can be
introduced into a metallic crystal relatively easily to produce substances called
alloys. An alloy is best defined as a substance that contains a mixture of elements
and has metallic properties. Alloys can be conveniently classified into two types.

In 4 substitutional alloy some of the host metal atoms are replaced by other
metal atoms of similar size. For example, in brass approximately one-third of the
atoms in the host copper metal have been replaced by zinc atoms, as shown in Fig.
10.21(a). Sterling silver (93% silver and 7% copper), pewter (85% tin, 7% copper,
6% bismuth and 2% antimony), and plumber’s solder (67% lead and 33% tin) are
other examples of substitutional alloys.

An interstitial alloy is formed when some of the interstices (holes) in the
closest packed metal structure are occupied by small atoms, as shown in Fig.
10.21(b). Steel, the best known interstitial alloy, contains carbon atoms in the holes
of an iron crystal. The presence of the interstitial atoms changes the properties of the
host metal. Pure iron is relatively soft, ductile, and malleable due to the absence of
strong directional bonding. The spherical metal atoms can be rather easily moved
with respect to each other. However, when carbon, which forms strong directional
bonds, is introduced into an iron ¢rystal, the presence of the directional carbon-iron
bonds makes the resulting alloy harder, stronger, and less ductile than pure iron.
The amount of carbon directly affects the properties of stecl. Mild steels, containing
less than 0.2% carbon, are ductile and malleable and used (or nails, cables, and

O iren

@ curbon

O copper
& zinc

Figure 10.20

A representation of the energy levels
{bonds) in @ magnesium crystal. The
electrons in the 1s, 25, and ¢p
obitals are close to the nucle and
thus are localized on each
magnesium atom as shown. However,
the 35 and 3p valence orbitals
overian and mix to form molecular
orbitals. Electrons in these energy
levels can travel throughout the
Crystal.

Figure 10.21

Twao types of alloys. (a) Brass is a
substitutional alloy in whicn copper
atoms in the host crystai are replaced
by similarly sized zinc atoms.

() Steel is an interstitia! ailoy in
which carbon atoms cccupy
interstices (holes) among the closest
packed iron atoms,
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chains. Medium steels, containing 0.2—0.6% carbon, arc harder than mild steels and
are used in rails and structurat steel beams. {{igh-carbon steels, containing (0.6—
1.5% carbon, are tough and hard and are used for springs, toals, and cutlery.

Many types of steel also contain elements in addition to iron and carbon. Such
steels are often called alloy sreels and can be viewed as being mixed interstitial
(carbon) and substitutional (other metals) alloys. Bicycle frames, for example, arc
constructed from a wide variety of alloy sieels. The compositions of the two brands

The pannfacins of stoel wl

Gisepssed i detal n Chaplor 24,

of stee] Lubing most commonly uscd in expensive racing bicycles are given in Table (|
10.3.
The Composition of the Two Brands of Stcel Tubing Most Commonly Used
o Make Lightweight Racing Bicycles
Brind of tubing % C % Si % Mn % Mo FlT

Reynolds (.25 0.25 1.3 0.20 ‘ —

Columnbus 0.25 (.30 0.65 0.20 1.0
Table 10.3

~ = | Carbon and Silicon:
,% D Network Atomic Solids

PURPOSE

O To show how the bonding in elemental carbon and silicon accounts for the
widely different properties of their compounds.

To explain how a semiconductor works.

Muny atomic solids contain strong directional covalent bonds. We will call
thesc substances network solids. In contrast to metals, these materials are typically
brittle and do not efficiently conduct heat ar electricity. To illustrate network solids,
in this section we will discuss Lwo very important clements, carbon and silicon, and
some of their compounds.

Carbon, which occurs in the allorropes diamond and graphite, is a typical
network solid. In diamond, the hardest naturally occurring substance, cach carbon
atom js surrounded by a tetrahedral arrangement of other carbon atoms, as shown in
Fig. 10.22(a). This structure is stabilized by covalent bonds, which, in terms of the
localized electron model, are formed by Lhe overlap of sp” hybridized carbon atomic
orbitals.

It is also useful to consider the bonding among the carbon atoms in diamond in
terms of the molecular orbital model. Cnergy-level diagrams for diamond and a
typical metal are given in Fig. 10.23. Recall that the conductivity of metals can be
explained by postulating that clectrons are excited from filled levels into the very
near empty levels, or conduction bands. Howcver, note that in the cnergy-level
diagram tor diamond there is a large gap between the filled and the empty levels.
This means that electrons cannot be easily transferred to the empty canduction
bands. As a result, diamond js not cxpected to be a good clectrical conductor. In
fact, this prediction of the model agrees cxactly with the obscrved behavior of

diamond, which is known to be an elecirical insulator—it does not conduct an
electrical current.

Diifferen: forms ol a given clormen

ari: called ailotropes.
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Weak bonding
hetween lavers. Figure 10.22

The structure of the carbon
allotrepes. (a) Dismond contains a
network of cartben atoms, each of
which s bonded to four other
carbon atoms in a tetrahedral
arangement. (o) Grachite contains 2

L

Niamend Gruphife ayers of carbon atoms organized in
: (6] (b} fused six-mermbered rings.
i} ' A
Empty MOs :E’
Figure 10.23
E E Partial representation of the molecular

) cricital energies in (a) diamond and

(b a typical metal. Note that in the

metal the filled and empty levels are
adjacent, but in diamond there is a

large gap between the filled and

Emply MOs

¢ (2) () empty levels.
i
" Graphite, the other allotrope of elemental carbon, is very different from dia- .
mond. While diamond is hard, basically colorless, and an insulator, graphite is :
‘y slippery, black, and a conductor. These differences, of course, arise from the difler-
:_i ences in bonding in the two types of solids. In contrast to the tetrahedral arrange-
ment ol carbon aloms in diamond, the structure of graphite is based on layers of
1 carbon atoms arranged in fused six-membered rings, as shown in Fig. 10.22(b).
. Each carbon atom in a particular layer of graphite is surrounded by three other
carbon atloms in a trigonal planar arrangement with 120° bond angles. The localized
i electron model predicts sp* hybridization in this case. The three sp® orbitals on cach
© carbon are used to form o bonds to three other carbon atoms. One 2p orhital remains
¢ unhybridized on cach carbon and is perpendicular to the planc of carbon atoms, as
n shown in Fig, 10.24. These orbitals comhine to form u group of closcly spaced 7 : III
X ;
= :
y
'y Hl
) L
£. |
Errll Fiqure 10.24 !
of The p orbitals perpendicular to the
n plane of the carbon ring system i

graphite can combine to form an
extensive w-bonding network.
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molecular orbitals thut are important in two ways. First, they contribute signifi-
cantly to the stability of the gruphite layers becanse of the 7 bond formation.
Sccond, the 7 molecular orbitals with their delocalized electrons account for the
electrical conductivity of graphite. These closely spuced orbitals are exactly analo-
gous to the conduction bands found in metal crystals.

Graphite is often used as a lubricant in locks (where il is undesirable because it
collects dirt). The slipperiness that is characteristic of graphite can be explained by
noting that graphite has very strong bonding within the layers of carbon atoms but
little bonding between the layers (the valence electrons are all used to form ¢ and @
bonds among carbons within the layers). This arrungement allows the layers to slide
past onc another quitc readily. Graphite’s laycred structure is quite obvious when
viewed with a high-magnification elcctron microscope (Fig. 100.25), This is in con-
trast to diamond which has uniform bonding in all directions in the crystal.

Becuuse of their extreme hardness, diamonds are extensively used in industrial

Figure 19'25' :' . cutting implements. Thus it is desirabic to convert chcaper gruphite to diamond. As
Electron microscopic view of we might expect from the higher density of diamond (3.5 g/em®) compared to that of
graphite. graphite (2.2 g/cm®), this transformation can be accomplished by applying very |

high pressures to graphite. The application of 150,000 atm of pressurc at 2800°C
converts graphite virtually completely to diamond. The high temperature is required
to break the strong bonds in graphite so the rearrangement can occur.

Silicon is an important constituent of the compounds that make up the earth’s
crust, In fact, silicon is to geology as carbon is to biology. Just as carbon com-
pounds are the basis for most biologically significant systems, silicon compounds
sre fupdamental to most of the rocks, sands, und soils found in the carth’s crust.
However, although carbon and silicon arc next to euch other in Group 4A of the
periodic table, the carbon-based compounds of biology and the silicon-based com-
pounds of geology have markedly different structures. Carbou compounds typically
contain long strings of carbon-carbon bonds, while the most stable silicon com-
“pounds involve chains with silicon-oxygen bonds. The most important siticon com-
pounds contain silicon and oxygen.

The fundamental silicon-oxygen compound is silica, which has the cmpirical
formula S$i0),. Knowing the properties of the similar compound carbon dioxide, onc
might expect silica to be a gas that contains discrete 810, molecules. In fact, noth-
ing could be further from the truth—quartz and some types of sand are typical of the
materials composed of silica. What accounts for this difference? The answer lies in

‘} the bonding.
Recall that the Lewis structure for CO; s

0=C=0

: and that each C=0 bond is a combination of a ¢ bond, involving a carbon sp
Figure 10.26 hybrid orbital, and a 7 bond, involving a carbon 2p orbital. On the contrary, silicon
The structure of cuartz (empirical cannot use its f/alence 3p orbitals to form strong 7 bonds to oxygen, mainly becausc
formula SI0.). Quartz contains chains of the larger size of the silicon atom and its orbitals, which results in less effective
of SiQ, tetrahedra that share Oxygen overlap with the smaller oxygen orbitals. Therefore, instead of forming 7 bonds,
atoms. ' the silicon atom satisfies the octet rule by forming single bonds to four oxygen
atoms, as shown in the representation of the structure of quartz in Fig. 10.26. Note
that each silicon atom is at the center of a tetrahedrul arrangement of oxygen atoms,
which are shared with other silicon atoms. Although the empirical formula for
quarlz is SiO,, the structure is based on a network of 8§10, tetrahcdra with shared

The bonding ia the
oxygen atoms rather than discrete SiO, molecules. It is cbvious that the differing

was Goscribod in Sc
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abilities of carbon and silicon to form # bonds with oxygen have profound effects
on the structures and properties of CO; and S5i0;.

Compounds closely related to silica and found in most rocks, soils, and clays
are the silicates. Like silica, the silicales are based on interconnected 510y tetra-
hedra. However, in contrast to silica, where the O:Si ratio is 2:1, silicates have O:5i
ratios greater than 2:1 and contain silicon-oxygen anions. This means that to form
the neutral solid silicates, cations are necded to balance the excess negative charge.
In other words, silicates are salts containing metal cations and polyatomic silicon-
oxygen anjons. Lxamples ol important silicate anions are shown in Fig. 10.27.

Figure 10.27

Examples of silicate anions, all of
€ siticon which are based on Si0s
& Oxygen tetrahedron.

BL0,""

When silica is heated above its melting point (about 1600°C) and cooled rap-
idly, an amorpbous solid called a glass results (sce Fig. 10.28). Note that a glass
contains a good deal of disorder, in contrast to the crystalline nature of quartz. Glass
more closely resembles a very viscous solution than it does a crystalline solid.
Common plass results when substances such as NayC Oy are added to the silica melt,
which is then cooled. The propertics of glass can be varied greatly by varying the
additives. For example, addition of B;O5 produces a elass (called borosilicale glass)
that expands and contracts little under large temperature changes. Thus it is useful
for labware and cooking utensils. The most common brand name for this glass is
Pyrex. The addition of K,0 produces an especially hard glass that can be ground to
the precise shapes needed for eyeglass and contact lenses. The compositions of
several types of glass are shown in Table 10.4.
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Compnsitions of Some Common Types of Glass !
Percentages of various components i
Tpr of glﬂSS SIO) CaO Nﬁzo Bqu Alng) KIO MgO
Window
{spda-lime glass) 72 1l 13 - 0.3 3.8 —
Covkware
{alumninosilicate glass) 53 15 0 — 20 — 10
Heat-resistant
(horosilicate glass) 76 3 5 13 2 0.5 -
[ Optical 69 12 6 0.3 — 12 —
Table 10.4 !
i
Ceramics

(a)
y made [rom clays (which contain silicates) and hardened by

Ceramics are typicall
firing at high (emperatures. Ceramics are a class of nonmetallic malerials that are

strong. britlle, and resistant to heat and attack by chemicals,

Like glass, ceramics are based on silicates. but with Lhat the resemblance ends.
ass can be melted and remelted as often as desired, but once a ceramic has been
hardened, it is resistant to extremely high temperatures. This behavior results from
the very different structures of glasses and ceramics. A glass is a homogencous,
noncrystalline **frozen golution,”’ and 4 ceramic 1$ Aeterogencous. A ceramic con-
tuins two phascs: minute crystals ol silicates are suspended in a glassy cemcnt.

To understand how ceramics harden, it is necessary o know something about
the structure of clays. Clays arc formed by the weathering action of water and
carbon dioxide on the mineral feldspar, which is a mixture of silicates with empiri-
cal formulas such as KyO - AlLO; - 6810 and Na,O - Al,Os - 6510,. Feldspar is
really an aluminosilicate in which aluwminum as well as silicon atoms are part of the
oxygen-bridged polyanion. The weathering of feldspar produces kaolinite, consist-
ing of tiny thin platelets with the empirical formula Al,Si0s(OH) . When dry, the
platelets cling together: when water is present, they can slide over one another,
giving clay its plasticity. As clay dries, the platelets begin o interlock again. When

Figure 10.28 ! the rer‘na'm'mg wiater is driven off during liring, the silicates and cations form a glass
_ _ ’ that binds the tiny crystals ol kaolinite. i
(T;'\)foauci:?a?zs Iggﬂg?ﬁ?@f téogaacéz Ceramics havv:a a very long history. Rocks, which are natural ceramic materials, '
glass. served as the earliest tools. Later, clay vessels dried in the sun or baked in fires :
served as containers for food and water. These early vesscls were no doubt crude i

and quite porous. With the discovery of glazing, which probably occurred about

3000 B.c. in Egypl, pottery became more serviceable as well as more beautiful.

Prized porceluin is essentially the same material as cruce earthenware, but specially

selected clays and glazings are used for porcelain and the clay object is fired at a
! very high tempcrature. '

Semiconductors

Elemental silicon has the same structure as diamond, as might be expected from its
position in the periodic table (in Group 4A directly under carbon). Recall that in
diamond there is a large encrgy gap between the filled and cmpty molecular orbitals
(Fig. 10.26). This gap prevents excitution of clectrons to the empty molecular
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orbitals {conduction bands} and makes diamond an insulator. In silicon the situation
is similar but the energy gap is smaller, A few electrons can cross the gap at 25°C,
making silicon a semiconducting element, or semiconductor. In addition, at hi gher
temperatures, where more énergy is available to excite electrons into the conduction
bands, the conductivity of silicon increases. This is typical behavior for a semicon-
ducting clement and is in contrast to that of metals, whose conductivity decreascs
with increasing temperature.

The small conduetivity of silicon can be enhanced at normal temperatures if the
silicon crystal is doped with certain other elements. For exanple, when a small
fraction of silicon atoms is replaced by arsenic atoms, cach having one more valence
electron than silicon, cxtra ¢lectrons become available for conduction, as shown in
Lig. 10.29(a). This produces an n-type semiconductor, a substance whosc conduc-
tivity is increased by doping it with atoms having more valence electrons than the
atoms in the host crystal. These extra electrons lie close in energy to the conduction
bands and can easily be excited into these levels, where they can conduct an electric
current [see Iig. 10.30(a)].

We can also enhance the conductivity of silicon by doping the crystal with an
element such as boron, which has only three valence electrons, one less than silicor.
Because boron has one less electron than is required to form the bonds to the
swrounding silicen atoms, an electron vacancy, or Aole, is created, as shown in Fig.
10.29(b). As an electron fills this hole, it lcaves a new hole, and this process can be
repeated. Thus the hole advances through the crystal in a direction opposite to
movement of the electrons jumping to fill the hole. Another way of thinking about
this phenomenon is that in pure silicon cach atom has four valence electrons, and
the low-energy molecular orbitals are exactly filled. Replacing silicon atoms with
boron atoms leaves vacancics in these molecular orbitals, as shown in Tig.
10.30(b). This means there is only one electron in some of the molecular orbitals,

A )
Empty I\"[F]h‘ Empty MOs
{Conduction bands) {Conduction bands)
—HH -
. . . Electron vacancies
Lixcess valcnccf E () dueto the doping

atoms

(a) h)

Figure 10.29.

Semmondurtors can be formed by
dooing silicon crystals. (@) A silicon
crystal doped with arsenic, which has
one extra valence electrom. This s
called an n-type semiconductor.

(&) A silicon Crystaj doped with
boron, wiich Fas one less electron
than 5\I|con Tais Is calied a o-type
semiconductor.

Phe oumw netype follows from the

megsive charges carrers {the

Figure 10.30

Energy-level diagrams for (a} an
ntype semiconductor and (o) a
p-type semiconductor. In the n-type
semiconductor, atoms with mare
valence electrons than the stoms in
the host crystal are inserted. These
extra electrons lie close in energy to
the empty molecular orbitals and can
easily be excited into these levels,
(b) In tre p-type semiconductor,
atoms with fewer valence electrons
than the atoms of the Host crystal are
inserted. As a result, some molecular
orbitals contain only cne electron,
and these unpaired electrons can act
as conductors.
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Figure 10.31

The p-n juncticn involves the contact
of a p-type and an n-type
semiconductor. (a) The charge
cariers of the p-type region are holes
(). In the n-type region the charge
carriers are electrons (o). On contact
there is a natural migration of some
electrons from the n-type region to
the p-type region, setling up a
junction potential where the p-type
region is negative and the n-type
region is positive. () An applied
external potertial, where the p-type
region s connected to the negative
terminal of the battery and the n-type
region is connected to the positive
terminal, tries to force the charge
carriers to flow in the direction
opposite to the natural flow. No
current flows (reverse bias). (<) Whan
a p-h junction is attached to a
battery with the p-type region
connected to the pasitive terminal
and the n-type region to the negstive
termning;, curent readily flows
(forward bias). Note that each
electron that crosses the boundary
leaves a hole behind. Thus the
electrons and the holes move in
opposite directions,

and thesc unpaired electrons can function as conducting clectrons. Thus the sub-
stance becomes a better conductor. When semiconductors are doped with atoms
having fewer valence electrons than the atoms of the host crystal, they arc called
p-type semiconductors, so named because the positive holes can be viewed as the
charge carriers.

Most important applications of semiconductors invelve connection of a p-type
and an n-type to form a p-n junetion. Figurc 10.31(a) shows a typical junction; the
dark circles represent cxcess electrons in the n-type semiconductor, and the white
circles represent holes (electron vacancies) in the p-type semiconductor. At the
junction a small number of electrons migrate [rem the n-type region into the p-type
region, where there are vacancies in the low-energy molecular orbitals. The effect
of these migrations is to place u negative charge on the p-type region (since it now
has a surplus of electrons) and a positive charge on the n-type region (since it has
lost electrons, leaving holes in its low-energy molecular orbitals). This charge
build-up, called the contact potential, or junciion poteniial, prevents further migra-
tion of electrons.

Now suppose an external electrical potential is applied by connecting the nega-
ive terminal of a battcry to the p-type region und the positive terminal to the n-type
region. The situation represented in Fig. 10.31(b) results. Electrons are drawn to-
waurd the positive terminal, and the resulting holes move toward the negative termi-
nal—exactly opposite to the natugal flow of electrons at the p-n junction. ‘The
junction resists the imposed current [low in this direction and is said to be under
reverse bigs. No current flows through the system.
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On the other hand. if the battery is connected so that the negative terminal is
ms connected to the n-type region and the positive terminal is connected to the p-type
led region [Hig. 10.31(c)], the movement of electrons (and holes) is in the favored
the direction. The junction has low resistance, and a current flows easily. The junction
is said w be under forward bias.
pe A p-n junction makes an excellent rectifier, a device that produces direct cur-
the rent (flows in one direction) from an alternating current (flows in both directions
ite alternately). When placed in a circuit where the potential is constantly reversing, a
the p-n junction transmits current only under forward bias, thus converting the alternat-
pe ing current to a direct current. Radios, computers, and other electrical devices
~ formerly used bulky, unreliable vacuum tubes as rectifiers. The p-n junction has
ow revolutionized electronics; modern solid-state components contain p-n junctions in ~ Cie ; 3o |
148 printed circuits. tels chipian !
(ge I
ra- i
|
10.¢ i |
e A/ | Molecular Solids |
to-
ni- PURPOSE !
he O To describe the bonding in molecular solids. |
fer So far we have considered solids in which atoms occupy the lattice positions,
and in most cases such a crystal can be considered 1o be one giant molecule. How-

ever, there are muny types of solids that contain discrete molecular units at each
lattice position. The most common example is ice, where the lattice positions ure
occupicd by water molecules [see Fig. 10.12(c)]. Other examples are dry ice (solid
carbon dioxide), some forms of sulfur that contain Sy molecules |Fig. 10.32(a)],

Figure 10.32

{a) Sulfur crystals contain Sg |
molecules. (b) White phosphorus :
contains P, molecules. It is so
reactive with the cxygen in air that it
must be stored under water,
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and certain forms of phosphorus that contain P, molecules [Fig. 10.32(b)]. These
substances are characterized by strong covalent bonding within the molecules but
relatively weak forces between the molecules. For cxample, it takes only 6 kI of
energy to melt 1 mole of solid water (ice) because only intermolecular (H 20—H-)
interactions must be overcome. However, 470 kI of encrgy is required to break a
mole of covalent O—H bonds. The differences between the covalent bonds within
the molecules and the forces between the molecules are apparent Lrom the compari-
son of the interatomic and intermolecular distunces in Table 10.5.

Comparison of Atomic Separations Within Molecules (Covalent Bonds)
and Between Molecules (Interinolecular Interactions).

Distance between Closcst distance
Solid atoms in molecule* between molceules
P, 2.20 A 3.8 A
S 2.06 A 3.7 A
Cl, 1.99 A 3.6 A

*The shorter distances within the molecules indicate stronger bonding.

Table 10.5

The forces that exist among the molecules in a molecular solid depend on the
nature of the molecules. Many molecules such as CQOs, 1y, Py, and S5 have no dipole
moment, and the intermolecular [orees are the relatively weak London dispersion
forces. Because these forces are usually small, we might expect all of thesc sub-
stances to be gaseous at 25°C, as is the case tor carbon dioxide. However, as the
size of the molecules increases, the London forces become larger, causing many of
these substances to be solids at 25°C.

When molecules do have dipole moments, their intermolecuelar forces are sig-
nilicantly greater. especially when hydrogen bonding is possible. Water molecules
are particularly well suited to interact with each other because each molecule has
two polar O—H bonds and two lone pairs on the oxygen atom. This can lead to the
association of four hydrogen atoms with each oxygen: two by covalent bonds and
two by dipole forces.

3!
)
H\o@
e Q\
\"11\0
/

Note the two relatively short covalent oxygen-hydrogen bonds and the two longer
oxygen-hydrogen dipole interactions that can be seen in the ice structure in Fig.
10.12(c).
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1 O? lonic Solids

PURPOSE
L To model the structures of ionic solids using the packing of spheres.

Tonic solids are stable, high-melting substances held together by the strong
electrostatic forces that exist between oppositely charged ions. The principles gov-
erning the stractures of ionic solids were introduced in Section 8.5. In this section
we will review and extend these principles.

The structures of most binary ionic solids, such as sodium chloride, can be
explained by the closest packing of spheres. Typically, the larger ions, usually the
anions, are packed in one of the closest packing arrangements (hep'or cep), and the
smaller cations [it into holes among the close packed anions. The packing is done in
a way that maximizes the clectrostatic attractions among oppositely charged 1ons
and minimizes the repulsions among identically charged ions.

There are three types of holes in closest packed structures:

1. Trigonal holes are formed by three spheres in the same layer [Fig. 10.33(a)].

2. ‘letrahedral holes are formed when a spherc sits in the dimple of three spheres
in an adjacent layer [Fig. 10.33(b)].

3. QOclahedral holes are formed between two scts of three spheres in adjoining
Jayers of the closest packed structures [Fig. 10.33(c)].

For spheres of a given diameler, the holes increase in size in the order:
Trigonal << tetrahedral < octahedral

In fact, trigonal holes are so small that they arc never occupied in binary ionic
compounds, Whether the tetrahedral or octahedral holes in a given binary ionic
solid are occupicd depends mainly on the relarive sizes of the anion and cation. For
example, in zinc sulfide the §7 ions (ionic radins = 1,8 fx) are arranged in a cubic
closest packed structure with the smaller Zn?" ions (ionic radius = 0.7 A) in the
tetrahedral holes. ‘The location of the tetrahedral holes in the face-centered cubic
unit cell of the ¢cep structure is shown in Fig, 10.34(a). Note from thus figure that
there are eight tetrahedral holes in the unit cell. Also recall from the discussion in
Section L0.4 thal Lhere are four net spheres in the face-centered cubic unit cell. Thus
there are twice as many tetrahedral holes as packed anions in the closest packed
stracture. Zinc sulfide must have the same number of $*~ jons and Zn®™ jons to
achieve eleetrical neutrality. Thus in the zine sulfide structure only half of the
tetrahedral holes contain Zn?" ions, as shown in Fig. 10.34(b).

Trigonal
hole

(al

Tetrahedral

O hole

(b)

Octahedral M
\
7
N
R

hole

e}

Figure 10.33

The holes that exist among closest
packed uniform spheres. (a) The
trigonal hole formed by three spheres
in a given plane. (b) The tetrahedrat
hole formed when a sphere occupies
a dimple in an adjacent layer. (c) The
octahedral hele formed by six
spheres in two adjacent layers.

T the ciosest packeds stracturss, e

wre fwics many elrabedrid nolos b8

piacked spheres,

Figure 10.34

{a) The locations (x) of the eight
tetrahedral holes in the face-centered
cubic unit cell. (b) The unit cell for
Zns where the §°~ lons (Q) are
closest packed with the Zn®" ions
(@) in alternate tetrahedral holes.

() The unit celf for CaFy where the
Ca¥ Jons (@) are closest packed
with the F~ ions (&) in all of the
tetrahedral holes.
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Figure 10.35

(a) The locations {x} of the octahedral
holes in the face-centered cubic unit
cell, (b) Representation of the unit
cell for soiid NaCl. The CI™ ions have
a ccp arrangement with Na ' ions in
all of the octahedral holes.

i the closest packed shructures, faere

sre the same nomber of eotahedod

holss s packed sphierts.

)]

(a}

The structure of calcium fluoride (Cal’>) can be similarly explained. Ilowever,
in this case the structure is best visuatized as a cubic closest packed array of Ca*"
jons with F~ ions in all of the tetrahedral holes [Fig. 10.34{c)]. This produces the
required 2:1 stoichiometry.

The structure of sodium chloride can be described in lerms of a cubic closest

packed array of C1 ions with Nu~ ions in afl of the octahedra) holes. The location
of the octahedral holes in the fuce-centered cubic unit cell is shown in Fig. 10.35(a).
‘The easiest octahedral hole to find in this structure is the one al the center of the
cube. Note that this hole is surrounded by six spheres, as is required o form an
oclahedron. The remaining oclahedral holes are sharcd with other unit cells and are
more difficult to visualize. However, it can be shown that the number of octahedral
holes in the cop structure is the same as the number of packed anions. Figure
10.35(b) shows the structure for sodium chloride that resulls from Na™ ions filling
all of the oclahedral holes in a ccp array of ClI™ ions.

A great variely of ionic solids exists. Our purpose in this section is not 10 give
an exhaustive treatment of ionic solids, but to emphasize the fundamental principles
governing their structures. As we have scen, the most useful model for explaining
the structures of these solids regards the ions as hard spheres that are packed to
maximize altractions and minimize repulsions.

sampie Exercise 10.4

Determine the net number of Na™ and Cl1- jons in the sodivm chloride unit cell.

Solution

Note from Fig. 10.35(b) that the C1™ ions are cubic closest packed and thus form a
face-centered cubic unit cell. There is a Cl' ion on euch corner and one at the center
of each face of the cube. Thus the net number of €1 Jons present in a unit cell is

(k) r6(3) =4
The Nu™ ions occupy the octahedral holes Jocated in the center of the cube and
midway along each edge. The Na™ ion in the center of the cube is contained entirely
in the unit cell, whilc those on the cdges are shared by four unit cells (four cubes
share a common edge). Since the number of edges in a cube is 12, the net number of

Na™ ions present is

() + 12(5) = 4
We have shown that the net number of ions in a unit cell is 4 Na~ ions and 4 Cl
ions. which agrees with the 1:1 stoichiometry of sodium chloride.
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In this chapter we have considered various types of solids. Table 10.6 summa-
rizes thesc types of sulids and some of their properties.

Tvpes and Propertics of Solids

Type of Bolid

* A conductor
TA semiconductor

Molecular Atomic lonje
Network Metallic
Structural unit Molecule Atom Atom Ton
Type of bonding Polar molecules: Highly dircctional Nondirectional covalent Electrostatic
dipule-dipole interactions covalent bonds bonds involving
Nonpolar molccules: clectrons that are
Lendon dispersion iorces delocalized
throughout the
crystal
Typical properties Soft Hard ' Wide range of Hard
hardness
Low melting point High melting point Wide range of Iligh melting point
melting points
Insulator Tnsulator Conductor Insulator
Cxamples Ice (solid H,0) Diamond Silver Sodium chloride
Dry ice (solid COy) Graphite* [ron Calcium fluoride
Silicont Brass

L
Table 10.6

Sample Exercise 10.5

Using Table 10.6, classify each of the following substances according to the ty}ﬁc of
solid it forms:

a. gold

b. carbon dioxide

¢. lithium [lnoride

d. krypton

Solution
a. Solid gold is an atomic solid with metallic properties.
b. Solid carbon dioxide contains nonpolar carbon dioxide molecules and is a mo-
lecular solid.
Solid lithium fluoride contains Li~ and '™ ions and is a binary ionic solid,
d. Solid krypton contains krypton atoms that can interact only through London
dispersion forces. It is an atomic solid bul has propertics characteristic of a
molecular solid with nonpolar molecules.

o
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Vapor Pressure and Changes
of State

10.8

T PURPOSE
@ To define the vapor pressure ol a liquid,
B To discuss the features of heating curves,

Now that we have considered the general properties of the three states of mat-
ter, we can explore the processes by which matter changes state. One very {amiliar
example of a change in statc occurs when a liquid evaporates from an open con-
tainer. This is clear cvidence that the molecules of a liquid can escape the liguid’s
surlace and form a gas. Called vaporization, ot evaporation, this process is endo-
thermic because energy is required to overcome the relatively strong intermolecular
forces in the liguid. The cnergy required to vaporize | mole of a liquid at a pressure

@) @) of 1 atm is called the heat of vaporization, or the enthalpy of vaporization, and is
Figure 10.36 usually symbolized as AH ..
Behavior of a liquid in a closed The endothermic nature ol vaporization has great practical significance; in fact,
container. (a) Initially net evaporation  one of the most important roles that water plays in our world is to act as a coolant.
occurs as molecules are transferred Because of the strong hydrogen bonding among its molecules in the liquid state,
from the iiquidt 1o the vapor phase, water has an unusually large heat of vaporization (41.2 kl/mol). A signilicant por-
so the amount of ligquid decreases. . . , . .
tion of the sun’s energy that reaches carth is spent evaporating water from the

(o) As the number of vapor i . = . \
molecules increases, the rate of return  @ceans, lakes, and rivers rather than warming the earth. The vaporization ol waler is

to the liquid {condensation) also crucial 1o the body’s temperature control system through evaporation of perspi-
increases, until finalty the rate of Tation.

condensation equals the rate of

evaporation. The system is at

equilibrium, and no further changes Vapor Pressure

E;ﬁtg in the amounts of vapor or - When a liquid is placed in a closed container, the amount of liquid at (irst decreases

but eventually becomes constant. The decrease occurs because there is an initial net
transfer of molecules (rom the liquid to the vapor phase (Fig. 10.36). However, as
the number of vapor molecules increases, so does the rate of return of these mole-
cules to the liquid. The process by which vapor molecules reform a liquid is called
condensation. Eventually enough vapor molecules are present above the liquid so
Kiwis 8% 7 that the rate of condensation equals the rate of evaporation (sce Fig. 10.37). Ar this
sedid or lguid & 23°C and L oain, point no further net change occurs in the amount of liquid or vapor because the two i

Rale of

gvaporation ;
/ | |
AV4

/\\

Figure 10.37

The rates of condensation and
evaporation over time for a liguid

Rates are equal
heyand this time;

Ratc —m

sealed in a closed container. The rate ~. equilibrium vapoer
of evaporation remains constant and Rate of pressire is attaine:d
the rate of condensation increases as condensation

the number of molecules in the vapor
phase increases, until the two rates
become equal. At this point, the
equilibrium vapor pressure is

attained. e Tii1I0 —
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oppusite processes exactly balance each other; the system is at equilibrium. Note A &
that this system is highly dyramic on the molccular level—molecules are constantly
escaping from and entering the liquid at a high rare. However, there is nO ret change  F@TTULLUDIC Ch
because the two opposite processes just balonce each other.
The pressure of the vapor present at equilibrium is called the equilibrivwm vapor
pressure, Or Mote commonly, the vapor pressure of the liquid. A simple barometer
can measure the vapor pressure of a liguid, as shown helow in Fig. 10.38(a). The
liquid is injected at the bottom of the tube of mercury and floats to the surface
because the mercury is so dense. The liquid evaporates at the top of the column,
producing a vapor whose pressure pushes some mercury out of the twbe. When the
system reaches equilibrium, the vapor pressure can be determined from the change
in the height of the mercury column since

Palmospherc = Pvapor + P}—lg column

Thus Pvnpor = Patmosphf:rt: - P[!g column

The vapor pressures of liquids vary widely |see Fig. 10.38(b)}. Liguids with
high vapor pressures are said fo be volatile—they cvaporate rapidly from an open
dish.

The vapor pressure of a liqud is affected by two main factors: the melecular
weight and the intermolecular forces. Molecular weight is important because at a
given temperature heavy molecules have lower velocities than light molecules and
thus have a mach smaller tendency to escape from the liguid surface. A liguid witha
high molecular weight tends to have a small vapor pressure. Liguids in which the
intermolecular forces are large also have relatively low vapor pressufes because the
molecules need high energies to escape w the vapor phase. For example, although
water has a much lower molecular weight than that of diethyl cther, the strong
hydrogen bonding torces that exist among water molecules i the liquid causce wa-
ter’s vapor pressure to be much lower than that of diethyl ether [see Fig. 10.38(b}]-

Measurements of the vapor pressure for a given liguid at several temperatures
shaw that vapor pressitre increases significantly with temperature. Figure 10.39 on
the following page shows the distribution of molecular velocities in a liquid at two
temperatures. To overcome the intermolecular forces in a liguid, a molecule must

by e fowes

Heuvy moleonles

ghi omen al s s

mpE ST

Vapor 760 — 736 = 760 — 693 = 760 — 213 =
pressure 24 1orr H5 torr 545 torr
: . [

{C,H:),0

Vapor

CHOI §
Vacuum vapor vapor  fal

I )

Figure 10.38

(a) The vapor pressure of a liauid
can be easily measured using a i
simple barometer of the type shown |
here. (o) The three liquids water, :
ethano! (CHL,OH), and diethyl ether i
[(CoH33eQ have quite different vapor
pressures. Ether is by far the most i
volatile of the three. g!

P = 760 ton

Relerence
level

(a)
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Figure 10.39

The. number of molecules in a liguid
with a given kinetic energy versus
kinetic energy at two temperatures,
where Ty = T;. The energy necessary
for molecules to overcome the
intermelecular forces in the liquid
and to escape to the vapor phase is
incicated, Note that the proportion
of molegules with enoush energy to

Number of molecules witha given velocity

escape {indicated by shaded areas’ Kinetic cnergy Energy nceded
increases dramatically with to overcome
intermolecular

ternperature. This causes vapor
pressure to increase markedly with
temperature.

forces in liquid

have a minimum kinetic energy. As the temperature of the liquid is increased, the
fraction of molecules having sufficient energy to overcome these forces and escape
to the vapor phasc increases markedly. Thus the vapor pressure of a liquid increases
dramatically with temperaturc.

The quantitative nature of the temperature dependence of vapor pressure can be
determined graphically. Plots of vapor pressure versus temperature tor water, ctha-
nol, and dicthyl ether are shown in Fig. 10.40(a). Note the nonlinear increase in

400 l Figure 10.40
(a) The vapor pressures of water, ethanol, and dliethy] ether as a function of
800 100.07 temperature. (0} Plots of IN{Rq) versus 1T (Kelvin temperature) for water,

TG0 P — = ——— B T T T T T ethanol, and diethyl ether.

100

N I
0 10 20 30 40 SO 60 70 8O 90 100 N
Temperature (°C) 177 (K3

(a) [
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vapor pressurc for all the liquids as the temperature is increased. We find that a
straight line can be obtuined by plotting In(P.,,) versus 1/7, where T is the Kelvin
temperature, as shown in Fig. 10.40(b). We can represent this behavior by the
equation
VS|
(P ) = f_an (? e (10.4}
where AH,,, is the heat of vaporization, R is the universal gas constant, and C isa  Nusural Iogasithms are roviewed in
constant characteristic of a given liquid. The symbol In means that the natural Appendis 1.2,
logarithm of the vapor pressure should be taken.
Fquation (10.4) is the equation of a straight line of the form v = mx +— b, where
1
LI
T
AHya
= slope = -~ ———"
P R
intercept =

Sample Exercise 10.6

Using the plots in Fig. 10.400b}, determine whether water or diethyl ether has the
larger heat of vaporization,

Solution

When In(P,.p) is plotted versus 1/7, the slope of the Tesulting straight line is

_ ,A[-L'i
R

Note from Fig. 10.40(b) that the slopes of the lines for water and diethyl ether are
hoth negative, as expected, and that the line for ether has the smaller slope. Thus
ether has the smaller value of AH ;. This makes sense because the hydrogen bond-
ing in water causes it to have a relatively large heat of vaporization. '

Equation (10.4) is important for several reasons. For example, we can deter-
wmine the heat of vaporization for a liquid by measuring P, at several temperatures
and then evaluating the slope of a plat of In(P,.,) versus 1/T. On the other hand, if
we know the value of AH, ., and Py, at one temperature, we can use Equation
{(10.4) to calculate P, at another temperaturc. "This can be done by recognizing that
the constant € does not depend on temperature. Thus at two temperatures, 7, and
T,. we can solve Equation (10.4) for € and then write the equality

A, AH,,
MDY+ —— = = In(PT)
n( dp) R,I.l ( P) T RT2

This can be rearranged to

AHoo {1
@) — 0@ = -

r, T,

R
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sample Exercise 10.7

The vapor pressure of water at 25°C is 23.8 torr, and the heat of vaporization ol
water is 41.2 kJ/mol. Calculate the vapor pressure of water at S0°C.

Solulion
We will use Equation (10.5):

Pion vap [ | 1
RESREVHTREE
Pli, R \To T\

For water we have
rli, =238 torr
T, =25+273=208 K
T, =50+273 =323 K
AH ., = 41.2 kKJ/mol = 41,200 T/mol
R = 8.3148 J/K mol

Thus

23.8°
In| =5 )= —1.288
P\:ﬁp

| ( 23.8 torr ) ( 1 ] }
n\ — = - —
P, (tor) 575 K 298 K

Taking the antilog (scc Appendix 1.2) of both sides gives
238
P

P'(',';p —= 86.2 tomr

=0.276

Like liquids, solids have vapor pressures, Figure 10.41 shows iodine vapor in

equilibrium with selid iodine in a closed flask. Under normal conditions iodine

: sublimes; that is, it goes directly from the solid to the gaseous state without passing

Phase changes of carbon dioxide aw through the liquid state. Sublimation also occurs with dry ice (solid carbon diox-

discussed o Seetion 10,9, ide).

Changes of State

What happens when a solid is heated? Typically, it will melt to form a liquid. If the
heating continues, the liquid will at some peint beil and form the vapor phase. This
process can be represented by a heating curve: a plot of temperature versus time for
4 process where cnergy is added at a constant rate.
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Figure 10.41

A closed fiask containing solid iodine
in equilibrium with its vapor [igg)).

Sleam

™~ Figure 10.42

The heating curve for a given guantity
of water where energy is added at a
constant rate. The piateau at the
boiling peint is longer than the
plateau st the melting point because
it takes almast seven times more
energy {and thus seven times the
Tee and heating time) to vaporize liguid water
water than to melt ice. The slopes of the
/ other lines are different because the

: different states of water have
different heat capacities {the energy
required to raise the temperature of 1
moie of a substance by 1°0).

Water and steam
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The heating curve for water is given in Fig. 10.42. Ay energy flows into the

ice, the random vibrations of the water molecules increase and the temperature

rises. Eventually the molecules become so energetic that they break loose from their

lattice positions, and the change from solid to liquid occurs. This is indicated by a

plateau at 0°C on the heating curve, At this temperature, called the melting point, all

of the added energy is used to disrupt the ice structure by breaking the hydrogen

bonds, thus increasing the potential energy of the water molecules. The enthalpy

change that occurs when a solid melts is called the heat of fusion, AHy,. The meling
The temperature remains constant until the solid has completely changed to e detined o

liquid, then it begins (o increase again. At 100°C the liguid water reaches its boiling i

point, and the temperature then remains constant as the added cnergy is used to

vaporize the liguid. When the liquid is completely changed to vapor, the tempera-

turc again begins to risc. Note that changes of state are physical changes; although
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Figure 10.43"

The vapor pressures of solid and
liguid water as a function of
temperature. The dats for liguid
water below 0°C are obtained from
supercooled water, The data for solid
water above 0°C are estimated by
extrapolation of vapor pressure from
below 0°C.

‘Water vapor

Solid : Liguid
witer waler
Figure 10.44

An apparatus that allows solid and
fiquicl water to interact only throusgh
the vapor state.

¥ apor pressure
of liquid

P,y (tomT)
N

Vapor
pressurc
of solid

-5 0 +

W

lemperature (°C)

intermolecular forces have been overcome, no chemical bonds have been broken. If
the water vapor were heated to much higher temperatures, the water molecules
would break down into the individual atoms. This would be a chemnical change since
covalent bonds are broken. We no longer have water.

The melting and boiling points for a substance are determined by the vapor
pressures of the solid and liquid states. Figure 10.43 shows the vapor pressures of
sulid and liquid water as functions of temperature near 0°C. Note that below 0°C the
vapor pressure of ice is less than the vapor pressure of liquid water. Also note that
the vapor pressure ol ice hay a larger temperature dependence than that of the liquid.,
That is, the vapor pressure of ice increases more rapidly for a given rise in tempera-
ture than does the vapor pressure of water. Thus, as the temperature of the solid is
increased, a point 1s eventually reached where the figuid and solid have ideniical
vapor pressures. This is the melting point.

These concepts can be demonstrated experimentally using the apparatus illus-
trated in Fig. 10.44, where ice occupies onc compartment and liquid water the
other. Consider the following cases.

Case 1. A temperature at which the vapor pressure of the solid is greater
than that of the liguid. At this temperature the solid requires a higher pressure
than the liquid does to be in cquilibrium with the vapor. Thus, as vapor is
released from the solid to try to achieve egnilibrium, the liquid will absorb
vapur in an attempt to reduce the vapor pressure to its equilibium value. The
net effect is a conversion from solid to liquid through the vapor phase. In fact,
no solid can exist under these conditions, The amonunt of solid will steadily
decrcase and the volume of liquid will increase. Finally, there will be only
liquid in the right compartment, which will come to equilibrium with the water
vapor, and no further changes will occur in the system. This temperature must
bc above the melting point of ice, since only the liquid state can exist.

Case 2. A temperature af which the vapor pressure of the solid is less than
that of the liguid. This is the opposite of the situation in Case 1. In this case, the
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Jiquid requires a higher pressure thun the solid does to be in equilibrium with
the vapor. So the liguid will gradually disappear, and the amount of ice will
increasc. Finally, only the solid will remain, which will achicve equilibrium
with the vapor. This temperature must be below the melting point of ice, since
only the solid state can exist.

Case 3. A temperature at which the vapor pressures of the solid and liquid
are identical. In this case, the solid and liguid states have the same vapor
pressurc, so they can cocxist in the apparatus al equilibrium simultancously
with the vapor. This temperature represents the meliing peint where both the
solid and liquid states can exist.

We can now describe the melting point of a substance more precisely. The
normal melting point is defined as the temperature at which the solid and liquid l
states have the same vapor pressure under conditions where the total pressure is | i
atmosphere. 3

Boiling occurs when the vapor pressure of a liquid becomes equal to the pres- ‘
surc of its environment. The normal hoiling point ol a liquid is the remperature at
which the vapor pressure of the liquid is exactly | atmosphere. This concept is
illustrated in Fig. 10.45. At temperatures where the vapor pressurc of the liquid is
less than 1 atmosphere, no bubbles of vapor can form becausc the pressure on the
surface of the liquid is greater than the pressure in any spaces in the liquid where the
bubbles are trying to form. Only when the liquid reaches a temperature at which the
pressure of vapor in the spaces in the liquid is 1 atmospherc can bubbles form and

* boiling occur.
: But changes of state do not always occur exactly at the boiling point or melting
point. For example, water can be readily supercooled; thal is, it can be cooled
: below 0°C at 1 atm pressurc and remain in the liquid state. Supercooling occurs
f because, as it is cooled, the water may not achieve the degree of organization
: neeessary to form ice at 0°C, and thus it continues to exist as the liquid. AL some
: point the correct ordering occurs and jce rapidly forms, releasing cnergy in the
exothermic process and bringing the temperature back up fo the melting point, ;
where the remainder of the water [reezes (see Fig. 10.46 on the next page). i'
1 1
/ Constant pressurc .
lof I atmosphere
oy Movable :
piston ]
. i
) Liquid
i waler
)
: :
: |
] \‘
, Figure 10.45 |
/ Water in a closed systern with a {
r pressure of 1 atm exerted on the
( piston. No bubbles can forrm within :
tne liquid as long as the vapor

pressure is less than 1 atm.
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Figure 1046 begins

The supercooling of water. The extent
of supercooling is given by 5.

— Time —p»

A liguid can also be superheated, or raised to temperatures above its boiling
point, especially if it is heated rapidly. Superhealing can occur because bubble
formation in the interor of the liquid requires that many high-energy molecules
gather in the same vicinity, and this may not happen at the boiling point, cspecially
if the liguid is heated rapidly. If the liquid becomes superheated, the vapor pressure
in the liquid is greater than the atmospheric pressure, Once a bubble does form,
since its internal pressure is greater than that of the atmosphere, it can burst hefore
rising to the surface, blowing the surrounding liquid out of the container. This is
called buwmping. and has ruined many experiments. It can be avoided by adding
boiling chips to the flask containing the liquid. Boiling chips are bits ol porous
ceramic material containing trapped air that escapes on heating, forming tiny bub-
bles that act as ““starters™ for vapor bubble formation. This allows a smooth onsct
of boiling as the boiling point is reached.

/E O@ i Phase Diagrams

PURPOSE

Bl To discuss the fcatures of phase diagrams.

A phase diagram is a convenient way of representing the phases of a substance
as a function of temperature and pressure. For example, the phase diagram for water
(Fig. 10.47) shows which state exists at a given temperature and pressure. It is
important to recognize that a phase diagram describes conditions and cvents in a
closed system of the type represented in Fig. 10.45, where no material can escape
into the surroundings and no air is present.

To show how to interpret the phase diagram lor water, we will Consider heating
eaperiments al several pressures, shown by the dashed lines in Fig. 10.48.

Experiment 1. Pressure is { atm. This experiment begins with the cylinder
shown in Fig. 10.45 completely filled with ice at a temperature of —20°C, and
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The phase diagram for water. T, represents the normal
melting paint; 7y and 2y dencte the triple point; T,

represents the norral boiling point; 7. represents the
critical temperature; P represents the critical pressure. The
negative slope of the solid/liquid line reflects the fact that
the density of ice is less than that of liquid water.

the piston exerling a pressure of | atm direetly on the ice (there is no air space).
Since al temperatures below 0°C the vapor pressure of icc is less than 1 atm—
which is the constant exlernal pressure on the piston—no vapor is present in the
cylinder. As the cylinder is heated, ice is the only component until the tempera-
ture reaches 0°C, where the ice changes to liquid water as energy is added. This
is the normal melting point of water. When the solid has completely changed to
liquid, the temperature again rises. At this point, the cylinder contains only
liquid water. No vapor is presen! because the vapor pressure of liquid water
under these conditions is less than 1 atmosphere, the constant external pressure
on the piston. Heating continues until the temperature of the liquid water
reaches 100°C. At this point, the vapor pressure ol liquid water is 1 atm, and
hoiling occurs, with the liquid changing to vapor, This is the normal boiling
point of water. After the liquid has been complctely converted to steam, the
temperature again riscs as the heating continues. The cylinder now contains
only water vapor.

Experiment 2. Pressure iy 2.0 torr. Again we starl with ice as the only
component in the cylinder at —20°C. The pressure exerted by the piston in this
case is only 2.0 torr. As heating proceeds, the temperature rises to —10°C,
where the ice changes dircetly to vapor, a praocess called sublimation. Sublima-
tion occurs when the vapor pressurc of ice is cqual to the external pressure,
which in this case is enly 2.0 torr. No liquid water appears under these condi-
tions because the vapor pressure of liguid water is always greater than 2.0 torr
and thus it cannot cxist at this pressure. If liquid water were placed in a cylinder
under such a low pressure, it would vaporize immediately. ‘

Experiment 3. Pressure is 4.588 torr. Again we starl with ice as the only
component in the cylinder at —20°C. In this case the pressure exerted on the ice

by the piston is 4.588 torr. As the cylinder is heated, no new phasc appears

Temperature (K] ————

Diagrams of various heating experiments on
samples of water in a closed system.
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until the temperature reaches 0.0098°C. At this point, called the triple point,
solid and liquid water have identical vapor pressures of 4.588 torr. Thus ar
0.0098°C and 4.588 lorr all three states of water are preseni. In fact, only
under these conditions can all three states of water coexist.

Experiment 4. Pressure is 225 atm. In this experiment we start with liquid
water in the cylinder at 300°C; the pressure exerted by the piston on the water is
225 atm. Liquid water can be present at this temperature because of the high
external pressure. As the temperature increases, something happens that we did
not see in the [irst three experiments: the liquid gradually changes into a vapor
but goes through an intermediate “‘floid’’ region, which is neither true liquid
nor vapor. This is gquite unlike the behavior at lower lemperatures and pres-
sures, say al 100°C and 1 atm, where the (cmperature remains constant while a
deflinite phase change from liquid to vapor eccurs. This unusual hehavior oc-
curs hecause the conditions are beyond the critical point for water. The eritical
temperature can be defined as the temperature above which the vapor cannot
be liquefied no matter what pressure is applied, The critical pressure is the
pressure required to produce liquelaction ar the critical lemperature. Together,
the critical temperature and the critical pressure define the critical point. For
water the critical point is 374°C and 218 atm. Note that the liquid/vapor line on
the phase diagram for water ends at the critical point. Beyond this point the
transition from one state to another involves the intermediate “‘fluid’’ region
just described.

Applications of the Phase Diagram for Water

There arc several additional interesting lcaturcs of the phase diagram for water,
Note that the solid/liquid boundary line has a negative slope. This means that the
melling point ol walcr decreases as the external pressure increases. This behavior,
which is opposite to that observed for most substances, occurs because the density
of ice is less than that of liquid water at the melting point. The maximum density of
water occurs at 4°C; when liquid water freezes, its volume increases.

We can account for the effect of pressure on the melting point ol waler using the
following reasoning. At the melting point, ligeid and solid water coexist—they are
in dynamic equilibrium, since the rate at which ice is melting is just balanced by the
ralc at which the water is freezing, What happens if we apply pressure o this
system? When subjecied to increased pressure, matter reduces its volume. This
behavior 15 most dramatic for gases but also oceurs [or condensed states. Since a
given mass of ice at 0°C has a larger volume than the same mass of liquid waler, the
system can teduce its volume in response to the increased pressure by changing to
liquid. Thus, at 0°C and an external pressure greater than 1 atm, water is Jiquid. In
other words, the freezing point of water is less than 0°C when the pressure is greater
than | atm.

Figure 10.49 illustrates the effect of pressure on ice. At the puint X on the phase
diagram, ice is subjected Lo increased pressure at constant temperature. Note that as
the pressure is increased, the solid/liquid line is crossed, indicating that the ice
melts. This 18 exactly what happens in ice skating. The narrow blade of the skate

excrts a large pressure, since the skater’s weight is supported by the small area of

the blade. The ice under the blade melts because of the pressure, providing lubrica-
tion. After the blade passes, the liquid refreezes, as normal pressurc returns. With-
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Solid/liquid line Figure 10.49

At constant temperature, The phase diagram for water. At

an increase in pressure point x on the hase diagram, water

isindicated by a is a solid. However, as the external
/ vertical linc. pressure s increased while the

temperature remains constant
(indicated by the vertical detted
line), the solid/liquid line is crossed
and the ice melts.

|
I Pressure at which
|

/ ice changes to
warcr (atthis

ler peranire )

Prissure (alm) ——m=

Temperature (K) ——»

out this lubrication effect due to the thawing ice, ice skating would not be the
smooth, graceful activity that it can be.

Iee’s lower density has other implications, When water freezes in 4 pipe or an
engine block, il will expand and break the container. This is why water pipes arc
insulated in cold climates and antifreeze is used in water-cooled engines. The lower
density of ice also means that ice formed on rivers and lakes will float, providing a
layer of insulation that helps prevent bodies of water from freezing solid in the
winter. Aquatic life can therefore continue to live through periods of freezing tem-
peratures.

A liquid boils at the temperature where the vapor pressure of the liquid equals
the external pressure. Thus the boiling point of a substance, like the melting point,
depends on the external pressure. This is why waler boils at different temperatures
at different elevations (see Table 10.7), and any cooking carried out in boiling water
will be affected by this variation. For example, il takes longer to hard-boil an cgg in
Leadville, Colorado (elevation: 10,150 ft), than in Chicago (sea level), since water
boils at a lower temperature in Leadville. '

Boiling Puint of Water at Various Locations
Feet ubove Pum Boiling point

Location sea level (torr) O
Top of Mt. Cverest, Tibet 29,028 240 70
Top of Mt. McKinley, Alaska 20,320 340 79
Top of Mt. Whitney, Calif. 14,494 430 85
Leadville, Colo. 10,150 510 49
Top of Mt. Washington, N.IL. 6.293 590 93
Boulder, Colo. 5,430 610 94
Madison, Wis. 900 730 99
New York City, N.Y. 10 760 100
Death Valley, Calif. —282 770 100.3

Table 10.7

W

Codorado.

or boils of 85700 Leacvitie,
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As we mentionced earlier, the phase diagram for water describes a closed sys-
tem. Therefore, we musl be very cautious in using the phase diagram to explain the
behavior of watcr in a natural setting, such as on the earth’s surface. For example,
in dry climates (low humidity), snow and ice seem to sublime—a minimum amount
of slush is produced. Wet clothes put on an outside line at temperatures below 0°C
freeze, then dry while frozen. However, the phase diagram (Fig, 10.47) shows that
ice should rof be able to sublime at normal atmospheric pressures. What is happen-
ing in these cascs? Ice in the natural environment is not in a closed system. The
pressure is provided by the utmosphere rather than by a solid piston. This means that
the vapor produced over the ice can escape from the immediate region as soon as it
iy formed. The vapor does not come to equilibrivm with the solid, and the ice slowly
disappears. Sublimation, which seems forbidden by the phase diagram, does in fact
occur under these conditions.

The Phase Diagram for
Carbon Dioxide

The phase diagram for carbon dioxide (Fig. 10.50) differs from that for water. The
solid/liquid linc has a positive slope, since solid carbon dioxide is more dense than
liquid carbon dioxide. The triple point for carbon dioxide occurs at 5.1 atm and
—56.6°C, and the critical point occurs at 72.8 atm and 31°C. At a pressure of 1 atm,
solid carbon dioxide sublimes at --78°C, a property that leads to its common name,
dry ice. No liquid phase occurs under normal atmospheric conditions, making dry
icc a convenient refrigerant,

Carbon dioxide is olten used in fire extinguishers, where it exists as a liquid at
25°C under high pressures. Liquid carhon dioxide released from the extinguisher
into the cnvironment at 1 atm immediately changes o a vapor. Being heavier than
air, this vapor smothers the fire by keeping oxygen away from the flame. The
liquid/vapor transition is highly endothermic, so cooling also results, which helps to i
put out the fire. The “*fog’” produced by a carbon dioxide extinguisher is not solid 2 :
carbon dioxide but rather moisture frozen from the air.

y
|
-3
I
=)

c

Pressure (atm)

Figure 10.50

The phase diagram for carbon
digxide. The liguid state does nat,
exist at a pressure of 1 atmosphere.
The solid/iquid line hes a positive s :
stope since the density of solid 7. T, T,
carbon dioxide is greater than that of -8 —56.6 =3
fiquid carbon dioxide. Temperature (°C)

Py o= 51
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CHEMICAL IMPACT

TRANSISTORS AND PRINTED CIRCUITS

iransistors have had an im-
mense impact on the lechnol-
ogy of electronic devices for
which signal amplification is
needed, such as communicalions
equipment and computers. Before the
invention of the transistor at Bell
Laboratories in 1947, amplification
wus provided exclusively by vacuum
tubes, which were both bulky and
unreliable. The first electronic digital
computer, ENTAC, built at the Uni-
versity of Pennsylvania, had 19,000
vacuum Lubes and consumed 150,000
watts of electricity. Because of the
discovery and development of the
transistor and the printed circuit, a
hand-held calculator run by a small
battery has the same computing
power as ENIAC.

A junction tramsistor is made
by joining n-lype and p-type semi-
conductors so as to form an n-p-n or
a p-n-p junction. The lormer type is
shown in Fig. 10.51. In this diagram
the input signal (to be amplified) oc-

Figure 10.51

A schematic of two circuits connected
by a transistor. The signal in circuit 1

curs in circuit 1 which has a small

resistance and a forward-biased n-p-

junction (junction 1). As the voltage
af the input signal to this circuit var-
ies, the currcnt in the circuit varies,
which mcans therc is a change in the
number of electrons crossing the n-p
junction. Circuit 2 has a relatively
large resistance and is under reverse
bias. The key to the operation of the
fransistor is that current only flows in
circuit 2 when electrons crossing
junction 1 also cross junction 2 and
travel to the positive terminal, Since
the current in circuit 1 determines the
number of electrons crossing junction
1, the number of electrons available
to cross junction 2 is also directly
proportional to the current in circuit
I. The current in circuit 2 thereforc
varies depending on the current in
cireuit 1.

The voltage (V), current {7}, and
resistance (R) in a circail are related
by the equation

V=IR

lunction Junction

is amplified in circutt 2. @

|

Varable
input
signal

Circuit |

Small
resistance

Siu'ce circuit 2 lllas alarge resistance,
a given current in cirevit 2 produces a
larger voltage than the same current
in circuit 1, which has a small resis-
tance. Thus a sipnal of variable volt-
age in circuit 1, such as might be pro-
duced by a human voice on a
telephone, is reproduced in circuil 2,
but with much greater  voltage
changes. That is, the input signal has
been amplified by the junction tran-
sistor, This device can do the job of
the large vacuum tube and yet is a
tiny component of a printed circuit on
a silicon chip.

Silicon chips are really ‘‘planar’
fransistors constructed from thin lay-
ers of n-type and p-lype regions con-
nected by conductors. A tiny chip
less than 1 cm wide can contain sev-
eral hundred printed circuits and be
used in computers, calculators, ra-
dios, and television sets.

A printed circuit has many n-pn
junction transistors. Figure 10.52 il-
lustrates the formation of one transis-

Circuit 2

Amplified

output
signal

Large
resistance

|

Forward hias

bias

Reverse
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Figure 10.52

The steps for forming a transister in &
crystal of initially pure siicon.

Template

tor area. The chip begins as a thin
wafer of silicon thal bas been doped
with an n-type impurity. A protective
layer of silicon oxide is then pro-
duced on the wafer by cxposing it in
a furnace to an oxidizing atmosphere.
The nexl step is o produce a p-type

Template

semiconductor. To do this, the sor-
face of the oxide is covered by a
light-sensitive wax, as shown in Fig.
10.52{a). A template that only allows
light to shine through in sclected
areas is then placed on top [Fig.
10.52(h}|, and light is shone on the
chip. The wax that has been exposed
to light undergoes a chemical change
that caases its solubility to be differ-
ent from the umexposed wax. The

unexposed wax is hen dissolved
asing  selective  solvents  [Fig.
10.52(c)]. and the exposed area is
reated with an ciching solution to
dissolve the oxide coating [Fig.
10.52(d)]. When the remaining wax
is dissolved, the silicon waler has its
oxide coating intact except at the one
spot (of diameter x), as shown in Fig.
10.52¢d).

Exposing the wafer to a p-type
impurity such as boron at abouat
1000°C causes a p-lype semiconduc-
tor area to be formed n the exposed
spol as the boron atoms diffuse into
the silicon crystal [Fig. 10.32(e)].
Next, to form a small n-type arca in
the center of the p-type region, the
waler is again placed in the oxidizing
furnace to be recoated over its entire
surface with oxide. Then a new wax
covering is applied, which is illumi-
nated through a template with a
transparent area indicated by y [Fig.
10.52(f)]. The wax and oxide are
then removed from the illuminated
area, and the wafer is exposed © an
n-type impurity to form a small n-
type region as shown in Fig.
10.52(y). Next, conductors are lay-
ered onto the chip giving the finished
transistor |Fig. 10.52(h}], which has
two circuits connected throagh an
p-p-n junction, such us is illustrated
in Fig. 10.51. This transistor then
becomes a part of a larger circuit lay-
ered onto the chip and interconnected
by condactors.

The method given here for pro-
ducing a printed circait does not rep-
resent the latest lechnology in this
field. The manufacture of printed cir-
cuits is a highly competitive business
and changes in methodology occur
almost daily.
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Summary

Liquids and solids are the two condensed states of matter; their formation is caused
by intermolecular forces among the molecules, atoms, or jons. Dipole-dipole forces
are attractions between molecules that have dipole moments. These [orces are par-
ticularly strong for molecules containing hydrogen bonded to 4 highly electronega-
tive element such as nitrogen, oxygen, or flnorine. In these cascs the resulting
dipole forces are called hydrogen bonds and account for the unusually high boiling
points of the hydrides of the first elements in Groups 4A, 5A, 6A, and 7A. London
dispersion forces caused by instantaneous dipoles are important in substances com-
posed of nonpolar molecules. Liquids exhibit various properties—surface tension,
capillary action, and viscosity—that depend on the strengths of the intermolecular
forces.

The two broadest categories of solids are crystalline and amorphous selids.
Crystalline solids have a regular arrangement, or lattice, of component particles, the
smallest repcating unit of which is the unil cell. The arrangement of particles in a
crystalline solid can be determined by X-ray diffraction techniques, and the inter-
alomic distances in the crystal can be related to the wavelength and angle of reflec-
tion of the X rays by the Bragg equation.

The structure of metals is modcled by assuming atoms to be uniform spheres
and packing them as compactly as possible. There are two closest packing arrange-
ments: hexagonal and cubic.

The bonding in metallic crystals can be described in terms of the electron sea
model (valence electrons are assumed to move freely about the metal cations) or in
terms ol the band model (electrons are assumed to travel through the metal crystal in
molecular orbitals formed [rom the valence atomic orbitals of the metal atoms). In
the band model the large number of available atomic orbitals form closely spaced
energy levels. Electricity can be readily conducted by electrons in conduction
bands, which are molecular orbitals containing only a single electron.

Metals form alloys, which can be classified as substitutional or interstitial.

Carbon is a typical network solid containing strong directional covalent bonds.
Diamond and graphite are the two allotropes of carbon, with very different physical
properties determined by their different bonding. :

Silicon should be very similar in properties to carbon since carbon and silicon
are next to each other in Group 4A, bul in fact their compounds are markedly
dissimilar. Silica, the fundamental silicon-oxygen compound, does not contain dis-
crete 5i0, molecules but rather a network of interconnected Si{)4 tetrahedra. Sili-
cates, salts conlaining polyatomic anions of silicon and oxygen, are components of
rocks, soil, ¢lay, glass, and ceramics.

Semiconductors are lormed when pure silicon is doped with other elements. An
n-type semiconductor contains atoms with more valence clectrons than the silicon
alom, and a p-type semiconductor has atoms with fewer valence electrons than
silicon. The modern electronics industry is based on devices that contain p-n junc-
tions.

Molecular solids consist of discrete molecular units held together by relatively
weak intermolecular Torces. Ice is an example. Ionic solids, on the other hand, are
held together by strong electrostatic attractions. The crystal structure of ionic solids
can often be described by fitting the smaller ions (usually cations) into holes in the
closest packed structures formed by the larger ions (usuvally anions).

"The phase change between liquid and vapor is called vaporization, or cvapora-
tion, and the energy required to change 1 mole of liguid to its vapor is the heat of
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vaporization (Aff.,,). Condensation is the reverse process by which vapor mole-
cules return to the liquid statc. When the rates of evaporation and condensation
exactly balunce in a closed container, the system is at equilibrium, and the resulting
pressure of the vapor is called the vapor pressure.

Volatility of liquids depends on both molecular weight and intermolecular
forces. Liquids composed of heavier molecules tend to be less volatile, as do liquids
with strong intermolccular forces. The normal melting point of a solid is defined as
the temperature at which the solid and its liquid have identical vapor pressures. The
normal boiling point ol a liquid occurs at a temperature where the vapor pressure off
the liquid is 1 atmosphere.

A phase diagram for a substance shows which state exists al a given tempera-
ture and pressure. The triple point on a phase diagram represents the temperature
and pressure where all three states coexist. The critical point is defined by the
critical temperature and critical pressure. Critical temperature is that temperature
above which the vapor cannot be liquefied no matter what pressure is applied. The
critical pressure is the pressure required o produce liquelaction al the critical tem-
perature.

Key Terms

condensed states (10.1)
intcrmolecular lorces
dipole-dipolc attraction
hydrogen bonding
London dispersion forces
surface tension (10.2)
capillary action
viscosity

crystalline solid (10.3)
amorphous solid

lattice

unit cell

X-ray diffraction

ionic solid

malecular solid

atomic solid

closcst packing (10.4)

Exercises

Intermolecular Forces and Physical Properties

. Describe the relationship between the polarily of individual
molecnles and the nature and strength of intecrmolecular

forces.

hexagonal closest packed (hep) structure
cubic closest packed (cep) structure
clectron sea model

band model

bands

conduction band

alloy

substitutional alloy

interstitial alloy

network solid (10.5)

silica

silicate

glass

ceramic

semiconductor

n-type semiconductor

p-tvpe semiconductor

p-n junction
vaporization (10.8)
heat of vaporization
condensation

Vapor pPressure
sublimation

heating curve
normal melting point
heat of fusion
normal boiling point
supercooled
superhecated

phase diagram (10.9)
triple point

critical temperature
critical pressure
critical point

b. viscosity

4. How do the following physical properties depend .on the
strength of intermolccular forces?
a. surface tension

d. boiling point
€. vVapOr pressure

. List the major types of intermolecular forces in order of in-
creasing strength. Is there some overlap? That is, can the
strongest London dispersion {orces be greater than some di-
pole-dipole forces? Give cxamples of such instances.

¢. melting point

5. Does the nature of intermeolecular forces change when a sub-
stance goes from a solid to a liquid, or from a liquid to a gas?
What causes a substance (o underge a phasc change?

. Describe the relationship between molecular size and the
strength of London dispersion forces,
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6. Identify the most important types of interparticle forces pres- F~ + HE - FHF~ - A#f = — (55 kJ/mol
ent in the solids of each of the feilowing substances: o

jg a. BaSQ, * NH,(CI - {CH3).C=0 + HF — (CH3)2CT_:O____IIF ;
b- 3 i steel AH = —46 ki/mol |
c. Xe k. teflon, CF3(CF,CF,),CF,
ar A4 C.H;, 1. polycthylene, CH,{CH,CIL,), I, H,0(g) + HOH(g) ~» H0——-HOH (in ice) !
s e Cs m. CHCL AH = —21 kl/mol |
a8 f. Hg n. Ge B
e o P, 0. NO How do the strengths of hydrogen bonds vary with the clee- fi
of n. H.O p. BF; tronegativity of the clement to which hydrogen is bonded? k
B Where in the abave series would you expect hydrogen honds :
a- 7. Rationalize the difference in beiling points for each of the of the following type to fall? il
re tollowing pairs of substances: N N b
o 4. mpentane  CH:CH.CH.CH,CH.,  36.2°C ON- - HO—  ad ON- - HN
- neapentane 9.5°C e
16 CH, , . . Co
- i, What structure would you predict for the bifluoride ion
H,C—C—CH; (FHF™)? Why?
B 11. Why is AH,, for water much greater than Al ? What does i
CHs this say about changes in intermolecular forces in going from i
b. dimethyl ether ~ CH;OCH; ~ 35°C liquid 1o solid to vapor? :
ethanol CH5CH,0H 79°C 12. Using the heats of fusion and vaporization for water, calculate T
c. HF 20°C the change in enthalpy for the sublimation of water: |
HCI —85°C j
4 TiCl,  136°C H,O(s) — H20(g) !
Licl 136(20(' Using the AH value given in Exercise 9 and the number of
& HC ! _SSS hydragen bonds formed to each water molecule, estimale .
N {:tg} gggos what portion of the inlc-lnjolcu;ular forces in ice can be ac- .
CsCl 1290°C counted for by hydrogen bonding. |
13, Oil of wintergreen, or methyl salicylate, has the following ' |
£. Rationalize the following differences in physical propertics in structure: J |
terms of intermolecular [orces. Compare the first three sub- |
stances to cach other, compare the last three to each other, and ‘
. Ty : e . . fant)
then compare all six. Can you account for any anomalies? . C—OCH,
mp = —&C :
bp (°C) mp (°Cy AH,(kJ/mol) [ !
OH il
Benzene, CeHg 80 6 33.9
Naphthalenc, Methyl-4-hydroxybenzoate is another molecule with exactly ;
CioHg 218 30 51.5 the same molecular formula; it has the following structure: !
Carbon tetra- :
- chloride 76 ~23 3.8 (‘)
e C—OCH;
Acetone,
CH;COCH, 56 95 31.8
Acetic acid, Q mp = 127°C
CH:CO,H 118 17 9.7 |
Benzoic acid, j
CeHsCO-H 249 122 68.2 OH :
;)‘? Account for the large difference in the melting points of the
9. Consider the f[ollowing enthalpy changes: lwo subslances.
. E'
Exercises [1 499

Lupin Ex. 1035 (Page 118 of 190)



14. Consider the Tollowing melling poinl data:

Compound NaCl MgCl, AlCL: SiCl, PCLy SCl: Cly
mp (°C) 801 708 190 —70 —91 =78 —101
Compeund NaF MgF, AlF; SiF; PFs SFs I
mp (°C) 997 1396 1040 --90 -94 —56 —220

Account [or the trends in melting points in terms of interparti-
cle forces.

15. In each of the following groups of substances, pick the one
that has the given property. Justify each answer.
«. Highest boiling point: Hg. NaCl, or Na
. Smallest surface ension: 1120, CILCN, or CH;0I
0. Lowest freezing point: Hz, CHa, or €O
d. Smallest vapor pressure at 25°C; 810,, COy, or HO
e. Createst viscosity: CH3CILCH,CH:, CHyCH,OH, or
HOCH,CH-UH
f. Strongest hydrogen bonding: NHy, PHs, or SbH,
g. Greatest heat of vaporization: HF, HC1, HBr, or HI
h. Smallest enthalpy of tusion: 11,0, CO,, MgO, or Li,O

i%. The heats of vaporization of the hydrogen halides are

Properties of Liquids .. . . e

17.

16
i

19.

HF 7.5 klimol
HCl 16.1 kF/meol
HBr 17.6 kl/mol
m 19.7 kl/mol

The hoiling points for the hydrogen halides follow the same
trend as those of the hydrides of the elements in Group 5 and
Group ¢. Can you account for any discrepancies belween
these data and your predictions in part g of Exercise 137
Hint: Think about the effects of aggrepates in the vapor phasc.

How could you tell experimentally if T30, is an ionic solid or
a network solid? What would you predict on the basis of elec-
tronegativity differences?

Distinguish between each of the following:

a. polarizability and polarity

b. London dispersion forces and dipole-dipole [orces
c. intermolecular forces and intramolecular forces

Titanium(IV} chloride is a liquid that boils at 136°C. What
might explain why TiCl, exists as discrete covalent molecules
rather than as ap jonic substance?

21t In what ways are lquids similar to solids? In what ways are
liquids similar to gases?
2%, Define critical temperature and critical pressurc, In terms of

the kinetic molecular theory, why is it impossible for a sub-
stance to exist as a liquid above its critical temperature?

2%, What i1s the relationship between crilical lemperature and in-
termolecular forces?

23. The shape of the meniscus of water in a glass tubc is diflercnt
from that of mercury in a glass tube. Why?

Hg in glass

H,0 in glass

What would be the shape of the meniscus of water in a poly-
cthylene tube? (Polyethylenc can be rcpresented as

Structures and Properties of Solids . o

7. Distinguish between the following pairs:
a. crystalline solid and amorphous solid
b. ionic solid and molecutar solid
¢. molecular solid and network solid

2%, Will a crystalline solid or an amorphous solid give a simpler
X-ray diffraction patiern? Why?

430 [0 Chapter Ten  Liquids and Solids

24,

25,

FaTH

e

30

CHA(CH;),CH; where n is a large number on the order of
1000.)

Will waler rise to a grealer height by capillary action in a glass
tube or in a polycthylene tube of the same diameter?

Some of the physical propertics of HyO and DyO are as [ol-
lows:

H.0O D,0

Density at 20°C {g/mL) 0.997 1.108
Railing point (°C) 100.00 101.41

Melling paint {°C) 0.00 3.79

AH. .,y (Kl/mol) 40.7 41.61

Ay (kI/mol) 6.01 6.3

Account for the differences. (Note: D ig 4 symbol olten used
for “H, the deuterium isotope of hydrogen.)

Hydrogen peraxide (Hx();) is a syrupy liquid with a relatively
low vapor pressure and a normal boiling point of 152.2°C.
Rationalize the differences of these physical properties from
those of water.

When a metal was exposed to X rays, it emitted X rays of a
different wavelength. The emitled X rays were diffracted by a
Lil? crystal (d = 201 pm) and first-order diffraction (z = | in
the Bragg equation) was detected at an angle of 34.68°, Cal-
culate the wavelength of the X ray emitted by the metal.

. The value of 2d tor mica, a silicale mineral, 1s 19.93 A. What

Lupin Ex. 1035 (Page 119 of 190)



hat
les

of

a8s

sed

ely

om

fa
Y a
al-
al.

hat

fad
o

[
:L'....

would be the angle for first-order diffraction (4 = | in the
Bragg equation) of X rays from a molybdenum X-ray source
(A= 0.712 A)?

. X rays trom a copper X-ray tube (A = 1.54 A) were diffracted

al an angle of 14,22° by a crystal of silicon, Assuming first-
order diffraction (# = 1 in the Bragg equation), what is the
interplanar spacing in silicon?

- Consider the following valucs for lattice energies (Section

8.5} and inferionic distances (center (o center) {or some ol the
alkali metal halides:

Lattice enerpy Interionic distance

{kJ/mol) (A)
LiF 1034 2.01
[iC1 840 2.57
LiBr 7381 2.75
LiI 718 .02
NaF 914 2.31
NaCl 770 2.81
NaBr 728 2.98
Nal 680 3.23
KCl 701 3.14
Rb( 682 3.28
CsCl 629 3.56
CsF 744 3.00

Plot the lattice energies of these compounds as a functien of
interionic distance and as a function of the reciprocal of the
interionic distance. Which plot is most nearly linear? Why?
Are there any discre¢pancics in the linear plot? Account [or
them,

. A metallic solid with atoms in a face-cenlered cubic unit cell

with an edge length of 3.92 A has a density of 21.45 glem®.
Calculate the atomic weight and the atomic radius of the
metal. What clement might this metal be?

The unit cell for a pure xenon fluoride is shown below. What
is the formula of the compound?

o O Xenon
}_‘\ i () lilvorine
I—

35, The umnit cell for nickel arsenide is shown below. What is the

formula of this compound?

3.

37,

38.

40,

® N

O Asg

Cobalt exists in two crystalling lorms. Below 417°C cobalt is
in the a-form, which has a hexagonal closest packed structure
and a density of 8.90 g/em®. Above 417°C cobalt is in the
B-form, a cubic closcst packed arrangement. The atomic ra-
dius of coball is 1.25 A. Is there a change in the densily of
cobalt in going from the @-lorm 10 the B-form?

Iridium (Ir) has a face-centered cubic unit cell with an edge
length of' 3.833 A. The density of iridium is 22.61 g/em®. Use
these data to calculale a value for Avogadro’s number.

Titanium mctal has a body-centered cubic unit cell. The den-
sity of titanium is 4.50 g/cny’. Caleulate the edge length of the
unit cell and a value for the atomic radius of titanium. (Hint:
In a body-centered arrangement of spheres, the spheres touch
across the body diagonal.)

. Perovskite is a mineral containing calcium, titanium, and

oxygen. A diagram ol its unit cell is shown helow. What is the
formula of perovskite?

. Titanium

The structures ol some common crystalline substances arc
shown below, Show that the net composition of each unit cell
corresponds to the carrect formula of each substance.

<

»

@ ON @ O
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. Tungsten has the highest melting point of all the metals. Car-
bon is the only element with a higher melting point. The
atomic radins of tungsten is 1.39 A, and it has a densily of
19.3 g/iem?. Does tungsten have a hody-centered or face-cen-
tercd cubic unit cell?

. Use the band model to describe dilferences among insulators,
conductors, and semiconductors.

4, Use the hand model 10 explain why cach of the loHowing
increascs the conductivity ol a semicenductor:
41. Nickel has a face-centcred cubic wnit ccll. The density of a. incrcasing the temperature
nickel is 6.84 g/em®. Calculate a value for the aromic radius b. irradiating with light
of nickel.- ¢. adding an impurity

Phase Changes and Phase Diagrams

45, Defin.e e'ac.h of the fallowing: . How does each of the following affect the rate of cvaporation
a. condensation of a liquid in an open dish?
h. evaporation a. intermolecular forces
c. sublimation b. temperature
d. supcrcooled liquid ¢. surlace area

.. Describe what is meant by a dynamic equilibrium in terms of 4. Somc waler is placed in a sealed glass container connected to

the vapor pressure of a volatile liquid. a vacuum pump (a deviee used to pump gases from a con-
tainer), and the pump is turned on. The waler appears 1o boil
and then [reeses. FExplain these changes using the phasc dia-
gram for water. What would happen to the ice if the vacuum
pump was left on indefinitely?

. The lemperature inside a pressurc cooker is 115°C. Usc Equa-
tion 10.5 to calculate the vapor pressure of water inside the
pressure cooker. What would be the temperature inside the
pressure cooker if the vapor pressure of waler was 3.5 alm.?

‘ . Consider the phase diagram given below, What phases are
present al paints A through H? Identify the triple point. nor-
mal boiling poinl, normal [reezing point, and critical point.

. What pressure would have to be applicd to steam at 350°C 1o
condense the steam to liquid water?

49. How much cnergy does it take to convert 500 g of ice at
—20°C 1o stcam at 250°C? {Heal capacities: ice, 2.1 )ig °C;
liquid, 4.2 )g °C; steam, 1.8 J/g °C; AH,,, = 41.2 ki/mol,
AHp = 6.0 kKlimol.)

H

. What is the final temperature when 850 F of cnergy is added to
10.0 g ice at 0°C? L0 atm

. In regions with dry climates, cvaporative coolers are used to
coal air. A typical electric air conditioner is rated at 10,000
Brusbr (1 Btu, or British thermal unit = amount ol energy to
raise the temperature of 1 1b of water by 1°F.). How much
water must be evaporated each hour to dissipate this much
heat?

: 56. Describe how a phasc diagram can be constructed [rom the
52, Plat the following data and determine AH.,, for magnesium heating curve for a substance.

ang lithium. In which metal is the bonding stronger’ 57. A substance hus the following propertics.

Vapor pressure Temperature (“C)

(mm Hg) Li Mg Heat capacitics

AH g 20 kI/mal Cis 3.0 Iig °C
AH 5 kl/mol Cen 2.5 g "C
bp 75°C Cy 1.0 J/g °C
mp —157%C :

1 750 620

10 890 740
100 1080 900
400 1240 1040
760 1310 1110

Sketeh a heating curve for the substance starting at —50°C.

432 [ Chapter Ten Liquids and Solids
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Additional Exercises

6.

61

62.

. Why is a burn from stecam typically much more severe than a

burn from boiling water?

3%, A 10.0-g chunk of sodium metal is dropped inte a mixture of

50.0 g of water and 50.0 g of ice at 0°C. The reaction is as
follows

2Na(s) + 2H,0() — 2NaOH(ag) + Hafg)
AH = —368 kJ

Wl the ice melt? Assuming that the final mixiure has a heat
capacity of 4,18 g °C calculate the fing| lemperature.

Boron nitride (BN) exists in two forms. The first is a slippery
solid formed from the reaction of BCly with N115, followed by
heating in an ammonia almosphere al 750°C. Subjecting the
first form ol BN to a pressure of 85,000 atm at 1800°C pro-
duces a sccond form that is the second hardest substance
known. Both forms of BN remain solids to 3000°C. Suggest
structures tor the two [orms of BN,

A crystal of halnium (Hf) was exposcd to X rays [rom a Mo
X-ray tube (A = 71.2 pm). First-order dilfraction (2 = | in
the Bragg equation) was observed at an angle of 5.564°, The
density of hatnium is 13.28 gfem?®. Assuming that the distance
calculaled from the Bragg cquation gives the edge length of
the cubic unit ccll, does hatnium exist in a ody-centered or
facc-centered cubic arrangement? Caleulate the atomic radius
of hafaium.

From the [ollowing data for liquid nitric acid, deterniine its
heat of vaporization and normal boiling peint.

Temperature (°C) Vapor pressure {rum Hg)

0 . 14.4

o 26.6

20 47.9

30 81.3

40 133

50 208

80 670

63. What is the unil cell for the following two-dimensional array

of circles? How many of each type of circle are in each unit
ccll?

Ce00@O
L BORON BONG.
VRGN BONON
O} EOVEON B\
L BVEON BONOR BN,
VOGN BONOR BNVEOR

ON
@O
S O
ON

64

&5

G

&

67

- When wet laundry is hung on a clothesline on g cold winter
day, it will freeze, but eventually dry. Explain.

- What fraction of the total volume of a cubic closest packed
struclure is eccupied by atoms?

- Many organic acids, such as acctic acid (CH;CO,H), whose
structure is shown in Exercise 67, exist in the gas phase as
hydrogen-bonded dimers (two molecule units). Draw a reu-
sonable structure for such dimers.

- Ratiopalize the following boiling points:

0

CH—‘(‘\ 18°C
On

0
v
CICHZC'/ 189°C
™~

oH
/O
CH,C s1°C

OCH;

#3. Use the diagram of the unit cell for the hexagonal closest

packed structure in Fig. 10.14 to caleulate the net number of
atoms in the wunit cell.
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Types of Chermnical Bonds
89  Electronesativity
8.3 Bond Polarity and Dipole
Moments
84  lons: Electron Configurations
and Sizes |
Preciicting Formulas of lonic |
. Compoaunds ol
s we examine the world around us, we find it to be composed  g¢ Binngyelsoﬂ()ocn;mpoun e
almost entirely of compounds and mixtures of compounds: Lattice Energy Calculations b
rocks, coal, soil, petroleumn, trees, and human bodies are all 86  Partial lonic Character of
_ b complex mixtures of chemical compounds in which different Covalent Bonds
Kinds of atoms are bound together. Substances composed of unbound 87 The Covalent Chemical Bondk—

atoms do exist in nature, but they are very rare. Examples are the argon in A degfiewigw of Models
the atmosphere gnd the helium mixed with natural gas reserves. a8  Covalent Bond Energies and
The manner in which atoms are bound together has a profound effect Chemical Reactions

Bond Energy and Enthalpy

on chemical and physical properties. For example, graphite is a soft, slip-
89  Covalent Bonding Models

pery material used as a lubricant in locks, and diamond is one of the hardest & _
materials known, valuable both as a gemstone and in industrial cutting tools. g—l? Ei‘(’:"; Sgﬁ?ﬁ;ﬁie tet Rl
Why do these materials, both composed solely of caroon atoms, have SUCh gho mee Oﬁan o ;

different properties? The answer, as we will see, lies in the bonding in these Odd-Electron Molecules
812 Molecular Structure: the VSEPR

substances.

Silicon and carbon are next to each other in Group 4A on the periodic Model
table. From our knowledae of periodic trends, we might expect SiOq and yTvTﬁtyS\EPg Mgde‘ and I
CO, to be very similar. But SiOg is the empirical formula of silica, which is M‘;ié’;’jesogostamm o |
found in sand and quartz, and carboq dioxide is a gas, a pro.du;:t oflrespira— Single Central Atom :
tion. Why are they so different? We will be able to answer this question after The VSEPR Madel—How 5
i

we have developed models for bonding. well Does It Work?

995
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Molecular bonding and structure play the central role in determining
the course of all chemical reactions, many of which are vital to our survival,
Later in this book we will demonstrate their importance by showing how
enzymes facilitate complex chemical reactions, how genetic characteristics
are transferred, and how hemaoglobin in the blood carries oxygen through-
out the body. All of these fundamental biological reactions hinge on the
geometric structures of molecules, sometimes depending on very subtle
differences in molecular shape to channel the chemical reaction one way
rather than ancther.

Many of the world's current problems require fundamentaily chemical
answers: disease and pollution control, the search for new energy sources,
the development of new fertilizers to increase crop vields, the improve-
ment of the protein content in various staple grains, and many more. Clearty,
to understand the behavior of natural materials, we must understand the
nature of chemical bonding and the factors that control the structures of
compounds. In this chapter we will present various classes of compounds
that illustrate the different types of bonds. We will then develop models to
describe the structure and bonding that characterize materials found in
nature, Later these models will be useful in understanding chemical reac-
tions.

? i Types of Chemical Bonds

PURPOSE
[ To explain why an ionic bond is formed.

O To explain why a covalent bond is formed.

E  To introduce the polar covalent bond,

What is a chemical bond? There is no simple and yet complete answer to this
question. In Chapter 2 we defined bonds as forces that hold groups of atoms to- -
gether and make them function as a unit.

“There are many types of experiments we can perform to determine the funda-.
mental nature of materials. For example, we can study physical properties such a3
melting point, hardness, and electrical and thermal conductivity. We can also study
solubility characteristics and the properties of the resulting solutions. To determine
the charge distribution in a molecule, we can study its behavior in an electric field.
We can obtain information about the strength of a bonding interaction by measuring |
the energy required to break the bond, the bond energy, :

There are several ways in which atoms can interact with one another to foﬁu'_
aggregates. We will consider several specific examples 1o illusirate the vmous
types of chemical bonds. :

Earlier, we saw that when solid sodium chloride is dissolved in water, lhﬁ_
resulting solution conducts electricity, a fact that convinces us that sodium chloride.
is composed of Na™ and Cl™ ions. So when sodium and chlorine react to formm :
sadium chlonide, electrons are transferred (rom the sodium atoms to the chlorin

906 [ Chapter Eight Bonding -General Concepts
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atoms ta form Na® and €1 ions, which then aggregate to form solid sodium
chloride. Why docs this happen? The best simple answer is that the system can
achicve the lowest possible energy by behaving in this way. The attraction ol a
chlorine atom for the extra electron and the very strong mutual attractions of the
oppositely charged ions provide the driving forces for the process. The resulting
solid sodium chloride is a very sturdy material; it has a melting point of approxi-
mately 800°C. The bonding forces that produce this great thermal stability result
from the electrostatic attractions of the closely packed, oppositely charged ions.
This is an example of ionic bonding. Ionic substances are formed when an atom
that loses electrons telatively easily reacts with an atom that has a high affinity for
electrons. In other words, an jonic compound results when a metal reacts with a
nonmetal.

The cnergy of interaction between a pair of ions can be calculated using Cou-
jomb’s law:

E=231x10717 nm(glgz—)
p

where £ has units of joules, 7 is the distance between the ion centers in nm, and ¢,
and (0, are the numerical ion charges.

For example, in solid sodium chloride the distance between the centers of the
Na' and C1 ~ ions is 2.76 A (0.276 nm), and the ionic energy per pair of ions is

E=231%107"°) nm[—w—~(+l)(ﬁ]
0.276 nm

=—-837x10717]

where the negative sign indicates an attractive force. That is, the ion pair has lower
energy than the separated ions. For a mole of pairs of Na™ and C1™ ions, the energy
of interaction is

I ] .
E= (~3.37 X 10712 f—,—)(ﬁ.ozz x 107 M)
ion pair maol
kJ
= —504
mol

Coulomb’s law can also be used to calculate the repulsive emergy when two
like-charged ions are brought together. In this casc the calculated value of the
energy will have a positive sign.

We have seen that a bonding force develops when two very different types of
atoms teact to form oppositely charged ions. But how does a bonding force develop
between two identical atoms? Let’s explore this situation from a very simple point
of view by considering the energy terms that result when two hydrogen atoms are
brought close together, as shown in Fig. 8.1(a). When hydrogen atoms are brought
close together, two opposing forces come into play. There are two unfavorable
energy terms, proton-proton repulsion and electron-electron repulsion, and one fa-
vorable term, proton-electron attraction. Under what conditions will the Hy mole-
cule he favored over the separated hydrogen atoms? That js, what conditions will
favor bond formation? The answer lies in the strong tendency in pature for any
system to achieve the lowest possible energy. A bond will form, that is, the two
hydrogen atoms will exist as a molecular unit, if the system can lower its total
energy in the process.

Lupin Ex. 1035 (Page 125 of 190)
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Hydrogen atoms .

sufficiently far apart

to have no interaction
H atom H atom

Optirljdm distance to achieve lowest
ovérall energy of system
[ »

]-'I_z nm]ecu]g

(a)

Poential enerey was discussed

Clapter 6.

Figure 8.1.
The interaction of two hivdrogen atoms. (@) As two hydrogen atoms get

- close enough to interact, there is &n increase in electron probability in
" the area behween the nuclel, The fact that the electrons are

simultanecusly attracted t© two nuclel causes the energy of the Hg
molecule to be lower than that of two separated atoms. A bond resulits,
(b) Potential energy profile as & function of the distance between the
nuclei of the hydrogen atoms. As the atoms approach each other, the
energy decreases until the distance reaches 0.074 nm (0.74 Ay and then
begins to increase again as the atomns get closer due to repulsions.

:
L H
& \
z or--r——— - ket
: \ /,,
'12: ’\ ,, -
z \ I
=7 x\ ,.f
) d
— 458 b — _&H—r//
1
0 0.074
T Internuclear distance, (nm} ———

{H~—H. bond length)
(b)

In this case, then, the hydrogen atoms will position themselves so that the
systemn will achicve the lowest possible energy; the system will act to minimize the
sum of the positive {repulsive) encrgy terms and the negative (attractive) energy
term. The distance where the energy is minimum is called the bond length, The
total energy of this system as a function of distance between the hydrogen nuclei is
shown in Fig. 8.1(b). Note several important features of this diagram:

The energy involved is potential energy that results from the attractions and
repulsions among the charged particles,

The zero point of encrgy is defined with the atoms at mfinite separation.

At very short distances the energy rises steeply because of the importance of the
repulsive forces when the atoms are very close together,

The bond length is the distance at which the system has minimum energy.

In the Hz molecule the electrons reside primarily in the space between the two
nuclei where they are altracted simultancously by both protons. This positioning is
precisely what leads to the stability of the H, molecule compared to two separated
hydrogen atoms. The potential energy of each electron is lowered because of the
increased attractive forces in this area. When we say that a bond is formed between
the hydrogen aloms, we mean that the H, molecule is more stable than two sepa-
rated hydrogen atoms by a certain quantity of energy (the bond energy).

We can also think of a bond in terms of forces. The simultaneous attraction of
each electron by the lwo protons gencrates a force that pulls the protons toward each

908 T Chapter Fight Bonding—General Concepts
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other and that just balances the proton-proton and electron-electron repulsive forces
al the distance corresponding to the bond length.

The type of bonding we encounter in the hydrogen molecule and in many other
molecules where elecirons are shared by nuclei is called covalent bonding.

50 far we have considered two extreme types of bonding. In ionic bonding the
participating atoms arc so dilicrent that one or more electrons are transferred (0
form oppositely charged ions. The bonding results from clectrostatic interactions. In
covalent bonding two identical atoms share electrons equally. The bonding results
from the mutual attraction of the two nuclei for the shared electrons, Between these
extremes are intermediate cases in which the atoms are not so different that elec-
trons are completely transferred but are different enough so that unequal sharing
results, forming whal is called a polar covalent bond. An example of this type of
bond occurs in the hydrogen fluoride (HF) molecule. When a sample of hydrogen
fluoride gas is placed in un electric field, ihe molecules tend to orient themselves as
shown in Fig, 8.2, with the fluoride end closest (o the positive pole and the hydro-
gen end closest to the negative pole. This result implies that the HF molecule has the
following charge distribution:

H—F

o+ 85—
where 6 {delta) is used to indicate a fractional charge. This same effect was noted in
Chapter 4 where many of waler’s unusual properties were attributed to the polar
0O—H bonds in the H:O molecule.

The most logical explanation for the devclopment ol the partial positive and
negalive charges on the atoms (bond polarity) in such molecules as HF and H,O is
that the electrons in the bonds are not shared cqually. For example, we can account
for the polarity of the HF molecule by assuming that the fluorine atom has a stronger
attraction for the shared electrons than the hydrogen atom. Likewise, in the H,O
molecule the oxygen atom appears to attract the shared electrons more strongly than
the hydrogen atoms do. Because bond polarity has important chemical implications,
we find 1t vseful to quantify the ability of an atom Lo attract shared clectrons. In the
next section we show how this is done.

8.

PURPOSE
O To discuss the nature of bonds in terms of electronegativity.

Electronegativity

The different affinities of atoms for the clectrons in a bond are described by a
propertly called electronegativity: ithe ability of an aiom in a molecule to arract
shared electrons to itself,

The most widely accepted method for determining values of electronegativity is
that ol Linus Pauling, an American scientist who has won the Nobel Prizes for both
chemistry and peace. To understand Pauling’s model, consider a hypothetical mole-
cule HX. The relative electronegativities of the H and X atoms are determined by
comparing the measured H—X bond energy and the “‘expected”” H—X bond en-
ergy, which is an average of the H—H and X—X bond cnergies:

H—H bond energy + X—X bond energy
2

Expeclted H—X bond energy =
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Tre effect of an electric field on
hydrogen fiucricde molecules. (a)
When no electric field is present the
melecules are randomly oriented.
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The difference (A) between the actual (measurcd) and expected bond encrgies is
A= (H_X)act - (H—X)cxp

If H and X have identical clectronegativitics, (H—X) ., and (H—X),.xp arc the same
and A is 0. On the other hand, i X has a greater electronegativity than H, the shared
electron(s) will tend to be closer to the X atom. The molecule will be polar, with the
following charge distribution:

H—X

o+ 8-

Note that this bond can be viewed as having an ionic, as well as a covalent,
component, The electrostatic attraction between the partially charged H and X
atoms will lead to a greater bond strength. Thus (H—X),t will be larger than
(H~—X)exp- The greater the difference in the electronegativities of the aloms, the
greater the jonic component of the bond and the greater the value of A, Thus the
relative electronegativities of T and X can be assigned from the A values.

Elcctronegativity values have been determined by this process for virtually all
of the elements; the results are given in Fig. 8.3. Note that glectronegativity gencr-
ally increases going from left to right across a period and decreases going down a
group for the representative elements. The range of electronegativity values is from
4.0 for fluorine to 0.79 for cesium.

The relationship between electronegativity and bond type is shown in Table
8.1. For identical atoms (an electronegativity difference of zero), the glectrons in
the bond are shared equally and no polarity develops. When two atoms with very
different electronegativitics interact, electron transfer usually occurs, to produce the
ions that make up an ionic substance. Intermediate cases give polar covalent bonds
with unequal electron sharing. .

Y

Increasing electronegativity

El¢|

H
2.1
Li | Be B C N 0 B
1o s 20 | 25 30§ 35 | 40
Dol e | Mg Al LS P S Cl
;‘E a9 | 1.2 1.5 18 1 21 25 | 3.0
)
%D K Ca Sc Ti v Cr Mn Fe Co Ni Cu n Ga Ge As Se Br
Elog 1o | 13| 15 16 16 | 15| 1819 | 19| 19| 16 16| 1.8 | 20 | 24 | 23
3 i
vl re | s Y vr | Nb | Mo | Tc | Ru | Rh | Pd | Ag | Cd Tn Sn S | Te 1
£ los | 1o | 12| 14| L6 | 18|19 ) 2222 22 ] 08} L7 )17 L8 | 14 | 21 | 25
5 ‘ .
g Cs Ba |La-Lu| Bf Ta w Re Os Ir Pt an | Hg 1 Pb Bi Pa At
07 L o9 o2 13} 15| 17 | 1w | z2 | 22| 22| 24 |19} 18 [ 19} 15} 20 22
Fr Ra Ac Th Pa U  |Np-No
07 {09 j L1 | 13 | 14 { L4 |1.4-13 '
Figure 8.3

The Pauling géectrdnegativity values. Electronegativity generally increases
across a period and decreases down a group.
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The Relationship Between Electronegativity and Bond Type
Electronegativity difference . Bond Covalent Tonic
in the bonding atoms type character character
Zero Covalent
w o
| | ;
. = &
Intermediale Polar covalent oA @
& o
) ! o =
Large Ionic
Table 8.1

Sample Exercise 8.1

Order the following bonds according to polarity: H—H, O—H, Cl—H, 5—H, and
F—H.

Solurion

The polarity of the bond increases as the difference in electronegativity increases,
From the electronegativity values in Fig. 8.3, the following variation in bond polar-
ity is expected (the clectronegativity value appears in parentheses below each ele-
ment):
H—H < §5—H < Cl—H < 0—H < F—H
2DED EZHEDH  EHERL GHERD @Dl
Electronegativity
difference 0 0.4 0.9 1.4 1.9

Covalent hond — Polar covalent bond
: Polarity increases

£
*‘Eﬁg I Bond Polarity and Dipole Moments

PURPOSE
O To define the relationship between bond polarity and molecular polarity.

We have seen that when hydrogen fluoride is placed in an electric field, the
molecules have a preferential orientation (Fig. 8.2). This lollows from the charge
distribution in the HF molecule, which has a positive end and a negative end. A
molecule like HE that has a center of positive charge and a center of negative charge
is said to be dipelar, or to have a dipole moment. The dipolar character of a
molecule is often represented by an arrow pointing to the negative charge center
with the tail of the arrow indicating the positive center of charge:

+—
o+ 6—

Of course, any diatomic (two-atom) molecule that has a polar bond will also
show a molecular dipole moment. Polyatomic molecules can also exhibit dipolar
behavior. For example, because the oxygen atom in the water molecule has a
greater electronegativity than the hydrogen atoms, the molecular charge distribution

8.3 Bond Polarity and Dipole Moments
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Figure 8.4

{a) The charge distribution in the
water molecule. (o) The water
molecule in an electric field.

J e T 2
(o (owes T

The presence of pola

Wl oodar

abwiys ¥l

(a)

Figure 8.6

(a) The caroon dioxide molecule.
{b) The opposed bond polarities
cancel olt, and the carbon dioxide
molecule has no dipole moment.
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is thut shown in Fig. %.4(a). Becanse of this charge distribution, {he water molecule
behave.# in an electric (ield as if it had two centers of charge—one positive and one
negative-—as shown in Tig. 8.4(b). The water molecule has a dipole moment. The
same type of behavior is ohserved for the N5 molecule (Fig. §.3). Some molecules
have polar bands but do not have a dipole moment. This occurs when the individual
bond polarities arc arranged in such a way that they cancel cach other out. An
example is the CO, molecule, which is a linear molecule and has the charge distri-
bution shown in Fig. 8.6. In this case, the opposing bond polaritics cancel out and
the carbon dioxide molecule does not have a dipole moment. There is no preferen-
tial way for this molecule to linc up in an clectric field. (Try to find a preferred

oricntation to make sure you understand this concept.)

Figure 8.5

(a) The structure and charge
districution of the ammonia
molecule. The polarity of the
M—H bends occurs because
nitrogen has a greater
electroneaativity than hydrogen.
() The dipolke moment of the
armonia molecule orientad N an
glectric field,

{a) (b)

that of carbon dioxide where the bond polaritics

There are many cases hesides
types of molecules with polar

oppose and exactly cancel each other. Some commnon
bonds but no dipole moment are shown in Table 8.2

Types of Molecules with Polar Bonds but No Resulting Dipole Mument

Cancellation

Type of polar bonds

Lincar molecules

with two identical B—A—B
bonds
Pl lecul lls
anar molecoles

with three identical ; A‘\\,\ :
bonds 1207 apart 7

1 B 1z B S
Tetrahedral molecul ]13

ral molecules .
with four ientical (’A“\Vl()@.s CCL X el
bonds 109.5% apart LN Vel “ >
B

Table 8.2
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Sample Exercise 8.2

Hor each of the following molecules, show the dircction of the bond polarities and
indicate which ones have a dipole moment: HCI, Cl,, SO; (a planar molecule with
the oxygen atoms spaced evenly around the central sulfur atom), CH, (letrahedral
(see Table 8.2) with the carbon atom at the center), and H,S (V-shaped with the
sulfur atom at the point).

Solution

The HCI molecule: From Fig. 8.3 we can see that the electronegativity of chlorine
(3.0) is greater than that of hydrogen (2.1). Thus the chlorine will be partially
negative, and the hydrogen will be partially positive. ‘I'he FICl molecule has a dipole
moment:

H Cl

&+ &—

The Cl; molecule: The two chloring atoms share the electrons equally. No bond
polarity occurs, und the Cl, molecule has no dipole moment.

The 505 molecule: "The electronegativity of oxygen (3.5) is greater than that of
sulfur (2.5). This means that each oxygen will have a partial negative charge, und
the sulfur will have a partial positive charge:

8-
S
5-0 05—

The bond polarities arranged symmetrically as shown cancel, and the molecnle has
no dipole moment. This moelecule is the sccond type shown in ‘lable 8.2.

The CH; molecule: Carbon has a slightly higher electronegativity (2.5) than
does hydrogen (2.1). This leads to small partial positive charges on the hydrogen
atoms and a small partial negative charge on the carbon:

H 5+
‘ 46—
C.
A+ 1l | "Hal

H

&+
This case is sirnilar to the third type in Table 8.2, and the bond polarities cancel. The
molecule has no dipole moment,

The H»S molecule: Since the electronegativity of sulfur (2.5) is greater than that

of hydrogen (2.1), the sullur will have a partial negative charge and the hydrogen
atoms will have a partial positive charge, which can be represented as follows:

dFH HéF

S

25—
This case is analogous to the water molecule, and the polar bonds result in a dipole
moment oriented as shown:

H 1T
A Ve

8.3 Bond Polarity and Dipole Moments
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lons: Electron Configurations

84’ 4 and Sizes

PURPOSE
@ To show how to predict the formulas of ionic compounds.
O To discuss the factors governing ion size.
The description of the arrangements of electrons in atoms that cmerged from
the wave mechanical model has helped a great deal in our understanding of what

Atoms 0 ctable comosnds neal constitules a stable compound. In virtnally every case the atoms in a stable com-
have a uoble gy sleciion pound have a noble gas arrangement of electrons. Nonmetallic clements achieve a
configuration. - noble gas electron configuration either by sharing electrons with other nonmetals 1o

form covalent bonds or by taking electrons from metals to form ions. In the second
case the nonmetals form anions and the metals form cations. The generalizations
that apply to electron configurations in stable compounds are as follows:

When two ronmetals react o form a covalent bond, they share electrons in a
way (hat completes the valence electron configurations of both atoms. That is,
both nonmetals attain noble gas electron contigurations.

M When a nenmetal and a representative group metal react to form a binary ionic
compound, the ions fonn so that the valence electron configuration of the non-
metal is completed and the valence orbitals of the metal are emptied. In this way
both ions achieve noble gas electron configurations.

With a few exceptions these generalizations apply to the vast majority of comn-
pounds and are important to remember. We will deal with covalent bonds more
thoroughly later. Next we will consider what implications these rules hold tor ionic
compounds.

Predicting Formulas of lonic Compounds

To illustrate the principles of electron configurations in stable compounds, we will
consider the formation of an ionic compound from calcium and oxygen. We can
predict what compound will form by considering the valence electron configura-
tions of the two atoms.

Ca:  [Ar]4s®
O: [Hej2¥"2p*

From Fig. 8.3 we sce that the electronegativity of oxygen (3.5) is much greater
than that of calcium (1.0). Because of this large difference, clectrons will be truns-
ferred from calcium to oxygen (o form an oxygen anion and a calcium cation. How
many electrons are transferred? We can base our prediction on the observation that
noble gas configurations are the most stable. Note that oxygen nceds two electrons
to fill its 25 and 2p valence orbitals and achieve the configuration of neon
(15°25%2p%). And by lesing two electrons, calcium can achieve the configuration of
argon. Two electrons will therefore be wansferred as shown:

Ca+ O — Ca?' +02
w2
2e

304 O crapter Bight Bonding—General Concepts
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To predict the formula of the ionic compound, we must recognize that chemical
compounds arc always electrically ncutral-—they have the same quantitics of p051-
tive and ncgative charges. In this case we must have equal aumbers of Ca®' and
0% ious, and the cmpirical formula of the compound is CaO.

The same principles can be applied to many other cases. For cxample, consider
the compound formed from aluminum and oxygen. Aluminum has the conliguration
[Ne|35%3p'. To achieve the neon configuration, aluminum must lose three electrons
to form the AL jon. Thus the ions will be AP T and O°~. Since the compound must
be elcctrically neutral, there must be three O~ ions for every two Al** {ons, and
the compound hus the empirical tormula Al,Os,

Tahle 8.3 shows common ¢lements that form ions with noble gas electron
configurations in jonic compounds. In losing electrons to form cations, metals in
Group 1A lose one electron, those in Group 2A lose two clectrons, and those in
Group 3A lose three electrons. In gaining electrons to (orm anions, nonmetals in
Group 7A (the halogens) gain one electron and those in Group 6A gain two elec-
trons. Hydrogen typically behaves as a nonmetal and can gain one electron to form
the hydride ion (H ), which has the electron configuration of helium.

Common Ions With Noble Gas Configurations in Ionic Compounds

Electron
Group 1A Group 2A  Group 3A  Group A Group 7A configuration

H, Li Be*t [He)

Na™* Mg~ AP 03~ F [Ne]

K* Ca®* 82 Cl [Ar]

Rb' ST Sc? Br~ [Kr]

Cst Ba®~ Te2™ - [Xe] J
Table 8.3

There are some important exu,ptlons to the Tules we have been followmg here.
For example, tin forms both St and Sn*™ ions, and lead forms both Pb*" and
Pb** ions. Bismuth (orms Bi*' and Bi®™ ions, and thallium forms T1" and T~
ions. There arc no simple explanations for the behavior of these ions. For now, just
note them as exceptions to the very usclul rule that ions generally adopt noble gas
electron configurations in ionic compounds. OQur discussion here refers to represent-
ative metals. The transition metals exhibit more complicated behavior, forming a
variety of ions that will be considered in Chapter 20.

Sizes of lons

Ton size plays an important role in determining the structure and stability of ionic
solids, the properties of ions in aqueous sclution, and the biological effects of ions.
Various factors influence ionic size. We will first consider the relative sizes of an
ion and its parent atom. Since a positive ion is formed by taking electrons from a
neutral alom, the resulting cation is smaller than its parent atom, The opposite is
true for negative ions; the addition of electrons to a neutral atom produces an anion
significantly larger than its parent atom. Selected examples of this behavior are
shown in Fig. 8.7.

Atom Cation
Li Li!
(1.52) (0.60) G
Na Na*
(1.86) (0.95)

Rb
(2.44)

Rbt
{1.48)
Cs

(2.62) ( | 69]

Atom Anion

E P
(0.64) G {1.36)

Cl cl-
% O Tu()
Br

O MQ
1

(1.33} (216)

Fiqure 8.7

O
O

s ) B O
O

Sizes of some ions and their parent
atoms. Note that cations are smaller
ancl anions are farger than their parent
atoms. The numbers in parentheses
are the ionic radii given in angstroms.
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It is also important to know how the sizes of ions vary depending on the
positions of the elemeants in the periodic table. Figure 8.8 shows the sizes of the
most important ions (each with a noble gas configuration) related to their position in
the periodic table. Note that ion size increases going down a group. The changes
that occur horizontally are complicated because there is a change from predomi-
nantly metals on the lelt-hund side of the periodic table to nonmetals on the right-
hand side. A given period {hus contains both elements that give up valence electrons
to form cations and oncs that accept electrons to form anions.

One trend waorth nating involves the relative sizes of a set of isoelectronic
jons—ions containing the same number of electrons. Consider the ions 0, F ,
Na', Mg®t, and A’ 7. Each of these ions has the neon clectron configuration
(confirm this for yourself). How do the sizes ol these ions vary? In general, there
arc (wo important facls to consider in predicting the relative sizes ol ions: the
aumber ol electrons and the number ol protons. Since the ions being considered
here are isoelectronic, the number ol electrons is ten in each case. Electron repul-
sions should therefore be about the same in all cases, However, the number of
protons increases from eight to thirteen as we go [rom the O*~ ion to the AI*T lon.
Thus, in going from O° to Al ', the ten electrons experience increasing attraction
by the increasing positive charge of the nucleus, which causcs the ions to become
smaller. You can confirm this by looking at the sizes of these ions as shown in Fig.
8.8. In general, for a series of isoelectronic ons, the size decrcases as the auclear

*

v =

o T+ B

P dspedectrons 008,

charge (Z) increases.

4% 7 CITases,

2 Oyr I N
Li+ B! i
.0 (03D
{1.40) (1.36) 4
. 5 -
Nam o Mgt art
i
i (0.95) (0.65) 10.30) :
E 11.84) (1.81)
= E Wit
- Fe i Gt =
g ) - . . L . . Se r :
g Y oot s Tt v oMt et Ve T N otz ! !
=
- () O000000000 O O O
g :
& 133 (0.09 | 0.68 0. i Kot , 3 7 ;
(133 (0.09) (0.68) (0.64) | (0.60) | (0.69) (0.96) (0.74} (062 (o8 (199 ;
i0.81) ©59  (0.80) (07707 \ '
or . _ Te" I
Rb Sr At oot oW st s !
(1.48) (11D (L26) (0971 (G851 (071 (0.62) :
t

) 12.21 (2.16
Figure 8.8 : )
Sizes of jons related to positions of eiements in the periodic table. Note

that size generally increases qoing down a grolip. Alse note that in @ series

of isoelectranic ions size decresses with increasing atomic number. The

nurmbers in parentheses are the onic radii in units of angstroms.
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Sammnle Exercise 8.3
Arrange the ions S¢?7, Br, Rb™, and 87 in order of decreasing size.
Solution

This is an isoclectronic serics of ions with the clectron conlignration of krypton.
Since these ions all have the same number of electrons, their sizes will depend on
nuclear charge (Z). The Z values are 34 for Se* , 35 for Br™, 37 for Rb*, and 38
for Sr2* . Since the nuclear charge is greatest for the Sr*™ ion, it will be the smallest
of these ions. The S¢® ion with the smallest value of Z will be the largest:

Se*” > Br > Rb" > &*t

Largest Smallest

sample Dxercise 8.4

Choose the largest jon in cach of the following gronps:
a. Li', Na™, KT, Rb™, Cs™ b. Ba*", Cs*, I, Te?™
Solution
a. The ions are all from Group 1A elements. Since size increases going down a
group (the ion with the greatest nomber of electrons is the Jargest), Cs™t is the
largest om. i
b. This is an isoelectronic series of ions, all of which have the electron configura-

tion of xenon. The ion with the smallest nuclear charge will be the largest jon:
Te*~ > I° > Cs™ > Ba™ E
7z :

52 Z=53 4£=55 Z=56

?895 I Binary lonic Compounds

PURPOSE
O To define lattice energy and to show how it can be calculated.

In this scction we will introduce the factors influencing the formation and
structures of binary ionic compounds. We know that metals and nonmctals react by
transferring electrons to form cations and anions that are mutually aftractive. The
resulting ionic solid forms because the aggregated oppositely charged ions have
lower energy than the original clements. Just how strongly the ions atiract each
other in the solid state is indicated by the lattice energy—the change in energy that
takes place when separated gaseous tons are packed together to form ar ivnic solid:

M"(g) + X (g) — MX(s)
The lattice energy is often defined as the energy released when an ionic solid forms  The structures of ionic solids will be :
from its ions. However, in this book, the sign of the lattice energy will be deter-  discussed 1o detsit in Chay
mined from the system’s point of view: negative if the process is exothermic; posi- "
tive if endothermic. ‘
We can illustrate the energy changes involved in the formation of an lonic solid

by consjdering the formation of solid lithium fluoride from its elements:

Li(s) + () — Lil(s)

85 Binary lonic Compounds
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To see the energy terms associated with this process, we will take advantage of the
4 state function and break this reaction down into steps, the sum

(act that energy is
of which gives the overall reaction: 3 |

STEP 1
Sublimation of solid lithium. S
solid state to the gaseous slate;

ublimation involves taking a substance from the T

Li(s) — L) .
The energy of sublimation for Li(s) is 161 kl/maol. |

STEP 2
Tonization of lithium atoms to form Li™ ions in the gas phuase:

Li(g) — Li"(g) + ¢~

This process corresponds to the first ionization energy (or lithivm, which is 520
kJ/mol.

STEP 3

Dissociation of fluorine molecules. We need to form 1 mole of fluorine atoms
by breaking the F—F bond in ¢ mole of F; molecules:

Fax(g) — L(g)

o | —

The encrgy required to break this bond is known (rom experiment to be 154 .
klfmol. In this case we are breaking the bonds in a halt mole of fluorine, so the
energy tequired for this step is 154 k2, or 77 kJ.
STEP 4

Formation of F~ ions from fluorine atoms in the gas phase:

Flgy + ¢ — Fig)

We have defined the energy change for this process as the electron allinity of
fluorine, which is —328 kJ/mol.

STEP 5
Formation of solid lithium fluoride from the gaseous Li™ and F° ions:

Lit(g) + F {g) — LiF(s)

This corresponds to the definition of the lattice cnergy for LiF, which is known
to be —1047 kJ/mol.

Since the sum of these five processes gives the overall reaction desired, the sum
of the individual energy changes gives the overall energy chunge:

r— —
Process Energy change (k1) -
Lils) — Lile) - 161 | ]
Li(g) = Lit(g) + ¢~ 520 P :
1Fy(g) — Flg) 77
Fig) re” = F (g —328 .
1Li*(g) + F(g) — LiF(s) 1047 _
LOvcrall: Li(s) + £Fx{g) — LiF(s) —617 kI {per mole of LiF)
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Figure 8.9

Lit(g) + F2)

) , _ | 77
The energy changes involved in the formation of solid lithium flucride H——zdsr - Litip) + 1 Rig)
from its elements. Step (1) represents sublimation of solig lithium. Step
(2) represents the ionization of lithium atoms in the gas phase. Step (3) @z ) Li*(g) + F (z)
represents dissociation of a half mole of gaseous fiucrine molecules.
Step (4) represents the addition of electons o fluorire atoms in the gas
phase. Step (5) represents formation of solid fithium flucrice from the £ : Lice) +- Fylg)
gaseous [ons. LR (5} X!

Lits) + 4 Fylg)

4
LiF(s)

This process is summarized by the energy diagram in Fig. 8.9. Note that the
formation of solid lithium flouride frony its elements is highly exothermic, mainly
because of the very large negative lattice energy. A great deal of energy is released
when the ions combine 1o fopm the solid. In fact, note that the energy relcased when
un electron is added to a finorine atom to form (he ™ ion (328 kJ/mol) is not enough
to remove an electron from lithium (520 kJ/mol). That is, when a metallic lithium
atom reacts with a nonmetallic [uorine atom o lorm separaied ions,

Li(¢) + Fle) = Li"(g) + ¥ ()

the process is endethermic and thus unfavorable. Clearly then, the main impetus for
the formation of an ionic compound rather than a covalent compound in this case
results from the strong mutual attractions of the Li™ and I~ iony in the solid. The
lattice energy 1s the dominant energy term. ‘

The structure of the solid lithium fluoride is represented in Fig. 8.10. Note the
alternating arrangement of the Li* and F~ ions, and that each Li™ is surrounded by
six F~ ions and each F ion is surrounded by six [i° ions. This structure can be
rationalized by assuming that the ions behave as hard spheres that pack in a way that
both maximizes the attractions among ihe oppositely charged jons and minimizes
the repulsions among the identically charged ions.

All of the binary ionic compounds [ormed by an alkali metal and a halogen
have the structure shown in Fig. 8,10, except the cesium sals. The arrangement of
ions shown in Fig. 8.10 is often called the sodium chloride structure aller the most
common substance that possesses it.

Lattice Energy Calculations

In the discussion of the energetics of the formation of solid lithium fluoride, we
emphasized the imperlance of Tattice energy in contributing to the stability of ionic
solids. Lattice energy can be represented by Coulomb’s law,

)

Lattice energy = k(

where & is a proportionality constant that depends on the structure of the solid and
the electron conligurations of the ions, @ and @, are the charges on the ions, and r
is the shortest distance between the centers of the cations and anions. Note that the
lattice cnergy has a negative sign when Q) and @, have opposite signs. This is Lo be
expected, since bringing calions and anions together is an exothermic process. Also
note that the process becomes more exothermic as the ionic charges increase and the
distances between the ions in the solid decrease.

(b}

Figure 8.10

The structure of lithium flucride. (a)
Represented by a ball and stick
mode!. Note that each LiT ion is
surrounded by six F - ions, and each
F~ion is surrounded by six LiT ions.
{b) Represented with the ions shown
as spheres. The structure is
determined by packing the spherical
ions in a way that both maximizes
the ionic attractions and minimizes
the ionic repulsions.
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The importance of charge in ionic solids can be illustrated by comparing the
energics involved in the formation of NaF(s) and MgO(s) where the ions involved,
Nut, F°, Mg?, and 0%~ ure isoelectronic. The cnergy diagram for the formation

Figure 8.11 of the two ionic solids is given in Fig. 8.11. There are several important features to
Comparison of the energy changes note:

involved in the formation of solid

sodium flucride and solid magnesium The energy released when gaseoas Mg?' and 0’ * ions combine to torm
oxide. Note the large [attice enersy MeOf(s) is much greater than that released when gaseous Na® and F~ ions
for magnesium oxide (where doubly combine to form NaF(s).

charged ions are combining)

compared to that for sodium flucride ‘The energy Tequired to remove two clectrons from the magmesium atom (733
(where singly charged ions are J/mol for the first and 1445 kJ/mol for the second for a total of 2180 kl/mol) is
comoining). ... much sreater thun the encrgy required to remove an electron from a sodium

e alom (496 kJ/mol).

Energy (737 kl/mol) is requaired to add two electrons to the oxygen atom in the
gas phasc. Addition of the first electron is exothermic (—141 kI/mol), but
addition of the sccond electron is quite endothermic (878 kJ/mol).

L3RS e Latzice

snergy
E
Vip(ry 140,00
Mals) fF%OQ{g? 150
i
Crverall
— B - cnergy AR |
change : ;
D) - ¥
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In view of the facts that twice as much encrgy is required to remove the second
electron from magnesium s to remove the first and that addition of an electron to
the gaseons (O ion is quite endothermic, it seems puzzling that magnesinm oxide
contains Mg®* and O®” ions rathter than Mg* and O~ ions. The answer to this lies
in the lattice energy. Note that the lattice energy for combining gascous Mg2* and
0* ions to form MgO(s) is 3000 kJ/mol more negative than that for combining
gaseous Na* and F~ ions to form NaF(s). Thus the energy released in forming a
solid containing Mg®™ and O ions rather than Mg* and OO ioms more than
compensates for the energies required for the processes that produce the Mg®™ and
0% ions.

If there is so much lattice energy to be gained in going from singly charged to
doubly charged ions in the case of magnesium oxide, why then does solid sodium
fluoride contain Na™ and T~ ions rather than Na?* and F2~ ions? We can answer
this question by recognizing that both Na® and F~ ions have the neon electron
configuration. Removal of an electron from Na* would require an extremely large
quaniity ol energy, since it would be a 2p electron. Canversely, the addition of an
electron to F~ would require use of the relatively large 35 orbital, which is also an
unfavorable process. We can say that tor sodium fluoride the cxtra energy required
to form the doubly charged ions is greater than the gains in lattice energy that would
result,

This comparison of the cnergies involved in the formation of sodivm fluoride
and magnesium oxide illustrates that a variety of factors operates to detcrmine the
composition and structure of ionic compounds. The most important of these factors
involve the balancing of the energies required to form highly charged ions and the
energy released when highly charged ions combine to form the solid.

o A Partial lonic Character of
%&ﬁQ Covalent Bonds

PURPOSE

U To show the relationship between electronegativity and the ionic character of a
bond.

When atoms with different electronegativities react to form compounds, the
electrons are not shared equaily. The possible result is a polar covalent bond or, in
the case of a large electronegativity difference, a complete transfer of one or more
electrons to form ions. The cases are summarized in Fig. §.12,

How well can we tell the difference between an ionic bond and a polar covalent
bond? The only honest answer ta this question is that there are probubly no totally
ionic bonds, The evidence for this statement comes from calculations of the percent
lonic character in various binary compounds. These calculations are based on com-
parisons of the meusured dipole moments for molecules of the type X—Y with the
calculated dipole moments for the completely jonic case, X* Y~ . The percent ionic
character of u bond is then defined as follows:

Percent ionic character of a bond

_( _measured dipole:moment of X—Y ) < 100
calculated dipole moment of X~ Y™

()

Figure 8.12

The three possible types of bonds:
(a) a covalent bond formed between
identical atoms; (b) a polar covalent
bond, with both icnic and covalent
components; and {c) an ionic bond,
with no electron sharing.
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Percent ionic character

100

L EEEERTRPER e e Figur28‘13

The relationship between the ionic
character of a covalent bond and the
electronegativity difference of the
bonded atoms.

Elecironegativity diffcrence

Application of this definition to various ionic compounds gives the results shown in
Fig. 8.13, where percent ionic character is ploited versus the difference in the
electronegativity values of X and Y. Note (rom this plot that ionic character in-
creases with clectronegativity difference, as expected. However, none of the com-
pounds teaches 100% jonic character, even though compounds with the maximum
possible electronegativity differences arc considered. Thus, according to this defini-
tion, no compounds are completely ionic. This is in contrast to the nsual classifica-
tion of Lthese compounds. All of the compounds shown in Fig. 8.13 with more than
509 ionic character are normally considered to be ionic.

Another complication in identifying ionic compounds is that many substances
contain polyatomic jons. For example, NH4Cl contains NH4™ and C1' ions, and
Na,S0O, contains Na™ and SO,* ions. The ammonium and sulfate ions are held
together by covalent bonds. Thus calling NH4Cl and NapS50, ionic compounds is
somewhat ambiguous.

We will avoid these problems hy adopting an operational definition of ionic
compounds: any selid that conducts an electric current when melied or dissolved in
water will be classified as ionic. Also, the generic term salt will be used inter-
changeably with ionic compound in this book.

8 The Covalent Chemical Bond—
7 A Model

PURPOSE
O To discuss the covalent bonding model.

Before we develop specific models of covalent chemical bonding, it will be
helpful if we summarize some of the concepts that have been introduced in this
chapter,

What is a chemical bond? A chemical bond can be viewcd as a force that causes
a group of atoms to behave as a umt.

Why do chemical bonds occur? There is no principle of nature that states that
bonds are favored or disfavored. Bonds are neither inherently “*good’” nor inhier-
ently ““bad’” as far as nature is concerned, but they result from the tendency of a
system 1o seek its lowest possible energy. From a simplistic point of view, bonds
occur where collections of atoms are more stable (lower in energy) than are the
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separate atoms. For example, approximately 1652 kJ of energy is required to break
a mole of methane (CH.) molecules into separate C and H atoms. Or, to take the
opposite view, 1652 kJ of energy is released when 1 mole of methane is formed
fram | mole of gascous C atoms and 4 moles of gaseous H atoms. Thus we can say
that 1 mole of CH, molecules in the gas phase is 1652 kI lower in energy than 1
mole of carbon atoms plus 4 moles of hydrogen atoms. Methane is therefore a stable
molecule relutive to the separated atomns.

We find it useful to interpret molecular stability in terms of a model called a
chemical bond. 'To understand why this model has been invented, let’s continue
with methane, which consists of four hydrogen atoms arranged around a carbon
atom at the comers of a tetrahedron:

H
/7?\\ 1
SN
/ﬂ,r': SN
m i H‘!‘ii‘ i“:ﬁ)}l
the L7
in- i
orm- Given this structure, it is natural to envision four individual C—H interactions (we
um call them bonds). The energy of stabilization of CH, is divided equally among them
fini to give an average C—H hond energy per mole of C—H bonds:
ica- 1652 kI
than - =413 kIl
4 .
nces Next consider methyl chloride, which consists of CHaCl molecules having the !;{
and structure ﬁ
?el‘d AN "
g Is /,’,; \ :
i \ i
onic }F_/r%_ A !
s N —=H ]
d in T
ter-
From experiment, it has been determined that approximately 1578 k) of cnergy is
required to break down 1 mole of gaseous CH-Cl molecules into gaseous carbon, 5
chlorine, and hydrogen atoms. The reverse process can be represented as: !
Clg) + Clig) + 3H(g) —> CHsCl + 1578 Kl/mol ;
:
A mole of gaseous methyl chloride is lower in energy by 1578 kI than its scparate I
gaseous atoms. Thus a mole of methyl chloride is held together by 1578 kJ of I
encrygy. Again, it is very useful to divide this energy into individuul bonds. Mcthyl |
chloride can be visualized as containing one C—CI hond and three C—H bonds. If \.
1 be we assume arbitrarily that a C—H imteraction represents the same quantity of en- 4
this ergy in any situation (that is, thut the strength of a C—H bond is independent of its ‘|
’ molecular environment), we can do the following bookkeeping: '
uses 1 mol of C~—Cl bonds plus 3 mol of C—H bonds = 1578 ki
C—=Cl bond cnergy + 3(average C—H bond cnergy) = 1578 ki
that C—Cl bond energy — 3(413 kJ/mol) = 1578 kJ :
12?: C—Cl bond energy = 1578 — 1239 = 339 ki/mol
onds These assumptions allow us to associate given quantities of energy with C—H and ;
: the

C—ClI bonds. |
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[t is jmportant to note that the bond concept is a human invention. Bonds
simply provide a method for dividing up the energy cvolved when a stable molecule
is formed (rom its componcnt atoms. A bond thus represents a quarntity of energy
oblained from the overall moleculur cnergy in a rather arbitrary way. This is not to
say that the bonding concept is a bad idea. In fact, the modern concept of the
chemical bond, conceived by the American chemists G- N, Lewis and Linus Paul-
ing, is one of the most useful idcas chemists have ever conceived,

Models—An Overview

The framework of chemistry, like that of any science, consists of models—attempts
to explain how nature operates on the microscopic level, based on experiences in the
macroscopic world. To understand chemistry it is essential to understand its models
and how they are used. We will use the concept of bonding to reemphasize the
important characteristics of models including their origin, strocture, and uses.

Models originatc from our observations of the properties of nature. For exam-
ple, the concept of bonds arose from the observations that most chemical processes
involve collections of atoms and that chemical reactions involve rearrangements of
the ways the atoms are grouped. So to understand reactions we must understand the
forces that bind atoms together.

In natural processes there is a tendency toward lowcer energy. Collections of
atoms therefore oceur because the aggregated state has lower energy than the sepa-
rated atoms. Why? As we have scen earlier in this chapter, the best explanation for
the energy change involves cither atoms sharing electrons of atoms transferring
electrons to become ions. [n the case of electron sharing, we find it convenient to
assume that individual bonds occur between pairs of atoms. Let’s explore the valid-
ity of this assumption and see how it is useful.

In a diatomic molecule such as Ha, it is natural to assume that a bond cxists
between the atoms that holds them together. It is also useful to assume that individ-
ual bonds are present in polyatomic molecules such as CH.. So instead of thinking
of CH. as a unit with a stabilization energy of 1652 kJ per mole, we choose to think
of CH, as containing four C—TII bonds, cach worth 413 kJ of energy per mole of
bonds. Without this concept of individual bonds in molecules, chemistry would be
hapelessly complicated. Therc arc millions of different chemical compounds, and if
each of these compounds had to be considered as an entircly new entity, the task of
understanding chemical behavior would be overwhelming.

The bonding model provides a framework to systematize chemical behavior by
cnabling us to think of molecules as collections of common fundamental compo-
nents. For example, a typical biomolecule, such as a protein, contains hundreds of
atoms and might seem discouragingly complex. However, il we think of a protein
as being constructed with individual bonds; C—C, C—H, C—N, C¢—0, N—H,
and so on, it helps tremendously in predicting and understanding the protein’s
behavior. The cssential idea is that we expect a given bond ta behave about the same
in any molecular environment. Used in this way, the model of the chemical bond
has helped chemists to systematize the reactions of the millions of existing com-
pounds.

In addition to being very useful, the bonding model is also physically sensible.
It makes scnse that atoms can form stable groups by sharing electrons. Shared
electrons give a lower energy state becausc they are simultaneously attracted by two
nuclei.
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Also, as we will see in the next section, bond energy data support the existence
discrete bonds that are relatively independent of the molecular environment. It is

very important 10 remember, however, that the chemical bond is only a model.
While our concept of discrete bonds in molecules agrees with many of our observa-
tions, some molecular properties require that we think of a molecule as a whole,
with the electrons free to move through the entire molecule. This is called defocali-
zation of the electrons, a concept that will be discussed more completely in the next
seciion.

It is essential that anyone who studies science understand the construction and

the use of models. They have several fundamental properties:

1

. Models are human inventions, always based on an incomplete understanding of
how nature works. A model does not equal realiry.

. Models are often wrong. This property derives [rom the first property. Models
are based on speculation and are always oversimplifications.

- Models tend to become more complicated as they age. As flaws are discovered

in our models, we patch them by adding more assumptions.

. It iy very important to understand the assumptions inherent in a particular

maodel before you use it to interpret observations or to make predictions. Simple
models usually involve very restrictive assumptions and can only be expected
to yield qualitative information. Asking for a sophisticated explanation from a
simple model is like expecting to get an accurate mass for a diamond using a
bathroom scale.

If a model is to be used effectively, we must understand its strengths and
weaknesses and ask only appropriate questions. An illustration of this point is
the simple Aufbau principle used to explain the electron configurations of the
elements. Although this model correctly predicts the configurition for most
atoms, chromium and copper do not ugree with the predictions. Dctailed stud-
ies show that the configurations of chromium and copper result from complex
electron interactions that are not taken into account in the model. But this does
not mean that we should discard the simple model that is so useful for most
atoms. Instead, we should apply it with caution and not expect it to be correct
in every case.

. When a model is wrong, we often learn much more than when it is right. If a

model makes a wrong prediction, it usually means we do not understand some
fundamental characteristics of nature. We often learn by making mistakes (try
to remember that when you get back your next chemistry test).

Chemical Reactions

8% ‘ Covalent Bond Energies and

PURPOSE

0
O

To describe the relationship of bond energy to bond multiplicity,
To show how bond energies can be used to calculate heats of reaction.

In this section we will consider the energies associaled with various types of

bonds and see how the bonding concept is useful in dealing with the energics of
chemical reactions. One important consideration is to establish the sensitivity of a
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particular type of bond to its molecular environment. For example, consider the
stepwise decomposition of methane shown below: ~

Procoss Cnergy .rcquired (kImol)
CH4(g) — CHslg) + Hig) 435
CHaig) — CHag) + Hig) . 453
CHa(g) — CHig} + H(g) 425
CH(g) — Cig) + Hig) 339
Tolal = 1652

1652
Average = 6; = 413

|

Although a C—H bond is being broken in each case, the energy required varies
in a nonsystematic way. This shows that the C——H bond is somewhat sensitive to its
environment. We use the average of these individual bond dissociation energies
cven though this quantity only approximates the cnergy associated with a C—H
hond in 4 particular molecule. Similar measurcments on other types of bonds have
provided the valucs [or bond energics listed in Table 8.4,

Average Bond Energies (kJ/mol)

Single bonds

H—H 432 N-—H 391 1—I 144
H—F 565 N—N 160 I—Cl 208
H—Cl 427 N—T 272 I—Br 175
H—Br . 363 N—Cl 200 i
H—I 295 N—Br 243 §—H 347
S—F 327
Cc—H 413 0—H 467 5—Cl 253
c—C 347 0—0 146 S$—Br 218
C—N 303 O—F 190 5—8§ 266
c—0 358 0—Cl 203
C—F 485 0—1 234 Si—Si 226
c—C 339 $i—H 323
C—Br 276 F—F 154 $i—C 301 !
C—I 240 F—Cl 253 5i—0 368 |
C—3§ 259 F—Br 237 :
cl—c1 239 !
Cl—Br 218 §
Br—Br 193

Multiple bonds

i
C—=C 614 |
c=C 839 j&
0=0 495 |
C—=0 799 :
C=0 1072 g
N==N 418 :;
N=N 941 |

Table 8.4
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So far, we have discussed bonds where onc pair of clectrons is shared. This
type of bond is called a single bond. As we will see in morce detail later, atoms
sometimes share two pairs of electrons, forming a double bond, or share three pairs
of electrons, forming a triple bond. The bond energies for these multiple bonds are
also given in Tahle 8.4,

There is also a relationship between the number of shared electron puirs and the
bond length. As the number of shared electrons increascs, the bond length shortens.
This relationship is shown for selected bonds in Table §.5.

Bond Lengths for Selected Donds
Bond Bond type Bond length (&) Bond energy (kJ/mol)
Cc—C single 1.54 347
C=C denble 1.37 614
C=C triple 1.20 839
c—0 single 1.43 358
C=0 double 1.23 799
C—N single 1.43 303
(=N doubie 1.38 615
C=N triple 1.16 891
Table 8.5

Bond Energy and Enthalpy

Bond energy values can be used to calculate approximate energies for reactions. To
illustrate how this is done, we will calculate the change in encrgy that accompanies
the following reaction:

| Hyp) + Falg) = 2HE()

This reaction involves breaking one H—H and one F—F bond and forming
two H—F bonds. To break bonds encrgy must be added to the system, which is an
endothermic process. This means that the energy terms associated with bond break-
ing will have positive signs. The formation of a bond releases energy, an exother-
mic process, and the energy terms associated with bond making will carry a nega-
tive sizn. We can write the enthalpy change for the reaction as [ollows:

AH = sum of the energies required to break old bonds (positive signs) plus the
cnergies released (rom the formation of new bonds (negative signs)

This leads to the expression
AH = 2D (bonds broken) — 2D (bonds formed)

Energy required Energy relcased

where = represents the sum of terms and D represents the bond energy per mole of
bonds. (D) afways has a positive sign.)
In the case of the [ormation of HF:
AH: DH* H + DF—F - ED[-]fF

432 kJ 154 kI 565 kI
=1 mol X ——— + 1 mol X ——— = 2 mol X ——— = —544 kI
mol mol mol

Thus when 1 mole of Ho(g) and 1 mole of Fx(g) react to form 2 moles of HI(g), 544
kI of energy should be released.
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Sample Exercise 8.5
Using the bond energies listed in Tuble 8.4, calculate AH for the reaction of meth-
anc with chiorine and fluorine to give Freon-12, CF;Cl;.

CHa(g) + 2CLAg) + 2F:g) — CF,Cls{g) + 2HF(g) + 2HCYg)
Solution

The idea herc is to break the bonds i
e thesc atoms into the products by forming new bonds:

n the reactants to give individual atoms and then

asscmbl
Energy Energy
Reactants ———> atoms ———> products
required releascd

We then combine the energy changes to calculate AH:
AH = energy required to break bonds — cnergy released when bonds form

where the minus sign gives the correct sign to the energy terms for the exothermic

ProCesses.

Reactant bonds broken:

Reactants Bonds - Energy required —‘
413 kI
CHy 4 mol C—H 4 mol X T~ 1652 kJ
0
239 kJ
2CL, 2 mol C1—Cl 2 mol ¥ - ? = 473 kl
mol
154 kI
2F, 2 mol F—F 2 mol % — = 308 kI
mol .
Total encrgy required = 2438 kJ
1
Product bonds formed:
Products Bonds Encrygy relcased
485
CF,Cly 2 mol C—F 2 mo} X — Lol 970 kI
mol
and
339 kI
2 mol C-—Cl 2 mol X BT 678 kI
mol
565 kI
HF 2 mol H—T 2 mol X — = 1130 kI
mol
427 kI
HC1 2 mol H—Cl 2 mol X — = 854 k)
mo o
‘lotal energy released = 3632 kI

We now can calculate AH:
AH = energy required to break bonds — energy released when bonds form
= 2438 kJ — 3632 kl
= —1194 kJ

Since the sign of the value for the enthalpy change is negative, this means that 1194

k) of energy is released per mole of CLI%Cly formed.
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Covalent Bonding Models

PURPOSE

0O To compare and contrast the molceular orbital model and the localized electron
model.
then

So far we have discussed the gencral characteristics of the ¢hemical bonding
model and have seen that propertics such as bond strength and polarity can be :
assigned to individual bonds. In this section we introduce two specific models used
to describe covalent bonds: the molecular orbital model and the localized electron
model (often called the valence bond model).

The molecular orbital (MO) model considers a molecule to be a collection of ;
nuclel and electrons that can be treated using the same type of wave mechanics i
applied successfully to individual atoms. The fundamental idea is that the electrons
occupy otbitals in the molecule in much the same way that they occupy orbitals in i
atoms and thus that the electron probability will extend over the entire molecule: the
orbitals are molecular orbitals and are characterized by delocalization of the elec-
rons.

The MO model has been applicd to a wide range of molecules and has been
quite successful in accounting for their properties. Although an excellent physical
model (it seems Lo describe nature quite accurately). the MO model has a major
disadvantage: its application to anything but very simple molecules requires rather
sophisticated mathematical procedures. We need a simpler model that can be easily
applied even to very complicated molecules and that can be used routinely by i
chemists to interpret and organize the wide varicty of chemical phenomena. The i
model that serves this purpose is the localized electron (LE) model, which assumes
that @ molecule is composed of aivms that are bound together by sharing pairs of
electrons using the atomic orbitals of ihe bound atoms. lilectron pairs in the mole-
cule are assumed (o be localized on a particular atom or in the space between two
atoms. Those pairs of electrons localized on an atom are called lone pairs, and
those found in the space hetween the atoms are called bonding pairs.

As we will apply it, the L model has three parts:

1. Description of the valence electron arrangement in the molecule using Lewis
structures, discussed in the next section.

2. Prediction of the geometry of the molecule, using the valence shell electron :
pair repulsion (VSEPR) model, discussed in Section §.13. :

3. Description of the types of atomic orbitals used by the atoms to share electrons i
or hold lone pairs. We will discuss orbitals in Chapter 9, where a more detailed E
description of the bonding models will be presented. '

At this point, it is instructive to compare the two models. The MO model
repards a molecule as a collection of nuclei and delocalized electrons, and the LE
mode] regards a molecule as a collection of atoms with localized electron pairs. The
MO model tequires sophisticated mathematics but can furnish us with quantitative
information such as bond strengths and bond lengths for molecules. The LE model,
as we will use it, is a qualitative model that is casy to apply but gives little quantita-
tive information. Thus the two models complement each other: one gives a detailed
description of molecules while the other provides a simple means for predicting and
syslematizing qualitative properties of molecules. In this text we’ll describe and
apply the LE model extensively and give only an intreduction to the MO model.

89 Covalent Bonding Models |1 319
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PURPOSE
o To show how to wriie Lewis structures.

Lewis Structures

The Lewis structure of a molecule shows how the valence elecirons are ar-
ranged among the atoms in the molecule. These representations are named after
G. N. Lewis (Fig. 8.14). The rules for writing Lewis structures are based on obser-
vations of thousands of molecules. From experiment, chemists have learned that the
most important requirement for the formation of a stable compound is that the

atoms achieve noble gas electron configurations.
We have already seen that when metals and nommetals react to form binary

ionic compounds, electrons are transferred and the resulting ions typically have

noble gas electron configurations. An example is the formation of KBr where the

K* jon has the [Ar] electron configuration and the Br ~ ion has the |Kr] electron

s spow only valbae configuration. In writing Lewis structures, the tule is that only the valence electrons
are included. Using dots to represent electrons, the Lewis structure for KBr is

K ‘Br:
/1 . \\
1+ -
charge charge

No dots are shown on the K ion since it has no valence electrons. The Br ion s
shown with cight electrons since it has a filled valence shell.

Next we will consider Lewis structures for molecules with covalent bonds,
involving elements in the first and second pertods. The principle of achicving a
noble gas electron configuration applies to these clements as follows:

1. Hydrogen forms stable molecules where it shares two electrons. That is,

follows a duet rule. For example, when two hydrogen atoms, each with one
electron, combine to form the Hz molecule, we have

H- ‘H
~
H:H

By sharing electrons, each hydrogen in H,, in ffect, has two electrons; that is, each
hydrogen has 4 filled valence shell.

CO

2. Helium does not form bonds becuuse its valence orbitals are already filled; itis
a noble gas. Helium has the electron configuration 1s* and can be represented

by the Lewis structure

He:

3. The second row nonmetals carbon through fluorine form stable molecules when
they are surrounded by cnough clectrons to fill the valence orbitals, that is, the
25 and the three 2p orbitals. Siace eight electrons are required to fill these

390 [0 Chapter Eight Bongcing—General Concepts
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Figure 8.14

f‘: /‘ L G. N Lewis conceived the octet rule
Whne_lecturing to a class of general
chemistry students in 1902, This is his

original sketch. (G. N. Lewis, Valence,

G.t""u" Dover Putzlication, Inc, New York,
ﬂ‘ ey s 1966).
My Fors of ha, oW~

orbitals, these elements typically obey the octet rule; they are surrounded by
eight electrons. An example is the F> molecule, which has the following Lewis
structure:

F atom with seven
valence electrons

F atom with seven F;
valence electrons malecule

Note that each [luorine atom in F, is, in etfect, surrounded by eight electrons,
two of which are shared with (he other atom. This is a bonding pair of elec-
trons, as discussed earlier. Each fluorine atom also has three pairs of clectrons
not involved in bonding. These urc the lone pairs.

. Neon does not form bonds since it already has an octet of valence electrons (it

is a noble gas). The Lewis structurc is
:Né:

Note that only the valence electrons of the neon atom (25°2p%) are represented
by the T.ewis structure. The 1s” electrons are core electrons and take no part in
chemical reactions.

From the discussion above we can formulate the following rules for writing

Lewis structures of molecules containing atoms from the first two periods.
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Rules for Writing Lewis Structures

1. Sum the valence clectrons from all the atoms. Do naot worry about keeping
track of which electrons come from which atoms. It is the rotal number of
clectrons that is important.

2. Use a pair of electrons to form a bond between each pair of bound atoms.

3. Arrange the remaining electrons to satisfy the duet rule for hydrogen and the
octet tule for the second-row elements.

To see how these rules are applied, we will draw the Lewis structures of a few
molecules. We will first consider the water molecule and follow the rules given
above.

1. We sum the valence electrons for Hy(O as shown:

1+ 1 + 6= 8 valence electrons

A A7
H H 0

2. Using a pair of electrons per bond, we draw in the two O—H single bonds:
' H—O-—H

Note that a line instead of a pair of dots is used to indicate each pair of bonding
electrons. This 1s the standard notation.

3. We distribute the remaining electrons around the atoms to achieve a noble gas
electron configuration for each atomn. Since four electrons have been used in
forming the two bonds, four electrons (8 - 4) remain to be distributed. Hydro-
gen is satisfied with two electrons (duet rule), but oxygen needs eight electrons
to have a noble gas configuration. Thus the remaining four electrons are added
to oxygen uas two lone pairs. Dots are used to represent the lone pairs:

SETTN
H—O—H Lone pairs
T

This is the correct Lewis structure for the water molecule. Each hydrogen has
two electrons and the oxygen has eight as shown below.

As a second example, let’s write the Lewis structure for carbon dioxide. Sum-
ming the valence electrons gives

4+6+6=16

A A
c 0 0

After forming a bond between the carbon and each oxygen,

O0—C—0

3992 [0 Chapter Eight Bonding— General Concepts
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the remaining electrons arc distributed to achieve noble gas configurations on each
atom. [n this case we have twelve electrons (16 — 4) remuining after the honds arc
drawn. The distribution of these electrons is determined by a trial-and-error process.
We have six pairs of electrons o distribute. Suppose we try three pairs on each
OXygen 1o gIve

OﬁC—()
ls this correct? To answer this we need to check two things:

1. The total mumber of electrons. There are sizteen valence electrons in this struc-
ture, which is the correct number,

2. The octet rule for each atom. Each oxygen has eight electrons, but the carbon
only has four. This cannot be the correct Lewis structure,

How can we arrange the sixteen available electrons to achieve an octet for each
atom? Suppose there arc two shared pairs between the carbon and each oxygen:

8 electrons 8 clectrons 8 clecirons

Now each atom is surrounded by eight electrons, and the total number of clectrons
is sixteen, as required. This is the correct Lewis structure for carbon dioxide, which
has two double bonds.

Finally, let’s consider the Lewis structure of the CN' (cyanide) 1on. Summing
the valence electrons, wc have

CN

71

4—-5+1=10

Note that the negative charge means an extra electron must be added. After drawing
a single bond (C—N), we distribule the remaining electrons (o achieve a noble gas
configuration for each atom. Bight electrons remain to be distributed. We can try
various possibilities, for example:
C—N
This structure is incorrect, because C and N have only six electrons each instead of
cight. The correct arrangement is
[:C=N1]

{Satisty yoursell that both carbon and nitrogen have eight clectrons.)

Sample Exercise 8.6
Give the Lewis structure for each of the following:

a. HF b. N, C. NHg d. CH4 C. CF4 f. NO*

Lupin Ex. 1035 (Page 151 of 190)

8,10 Lewvis Structures

O 393



324 [

Solution ¢
In each case we apply the three rules for writing Lewis structures. Recall that lines i
are used to indicate shared electron pairs and that dots are used to indicate nonbond-
ing pairs (lonc pairs). We have the following tabulated results: BU
O,
Calculate Usc remaining :
Total number ol electrons Lo
valence Draw single electrons achieve noble ”ﬂ‘i
electrons bonds remaining gas configurations SUCi
I = fori
Check - dox
Atom  Flectrons :
.. tarn
a. HF 1+7=8 H—F 6 H—F: H 2 an
F 8 BF
cle;
b. N, 5+5=10 N—N g N=N: N 2 ma
. |
¢. NHa 54+3(1)=8§ H—N—H 2 H—N—H H 2 !
| l N g !
H H :
31 H No;
I
‘ ‘ bor;
d. CHy 4 +41) =8 H—C—H 0 H—C-H H 2 |
| | C 8 ;
H H 5
|
L !
T : l|: :
I
|
e. CF,  4+4(7) =32 F#(l}—mF 24 F»C‘J—r F 8 Ho
C 8 !
il
Ig :F: r,
. {iCCi
: ' + rea
fONOT 5+6—1=10  N—O 8 [N=0:]" N 8 HJ
0 8 i
i
i
When writing Lewis structures, don’t worry about which electrons come from
which atoms in & molecule. The best way to look at a molecule is to regard it as a In i
new entity that uses all of the available valence electrons of the atoms to achicve the -
lowest possible energy.* The valence electrons belong to the molecule, rather than def}
to the individual atoms. Simply distribute all valence electrons so that the various on’
rules are satisfied, without regard to the origin of each particular electron. .
eler
. . . . . wil

*In a scnsc this approach corrects for the fact that the localized ¢lectron model overemphasizes thal a )
molecule is simply a sum of its parts, that is, that the atoms retain their individual identities in the val

molecule.
Chapter Eisht  Bonding—General Concepts
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é%i ﬁ% Exceptions to the Octet Rule

PURPOSE
M To show how to write Lewis stiuctures for certain special cascs.

The loculized electron model is a simple but very successful model, and the
rules we have used for Lewis structures apply to most molecules. However, with
such a simple model, some exceptions are inevitable. Boron, for example, tends to
form compounds where the boron atom has fewer than eight electrons around it—-it
does not have a complete octet. Boron trifluoride (BF;), 4 gas at normal tempera-
turcs and pressures, redcts very emergetically with malecules such as water and
ammonia that have available electron pairs (lone pairs). The violent reactivity of
BF- with electron-rich molecules arises because the boron atom is electron-defli-
cient. Boron trifluoride has 24 valence electrons. The Lewis structare that seems
mosl consistent with the properties of BF; is

F:

/B
'F \F :
Note that in this structure boron has only six electrons around it. The octet rule for
boron can be satisfied by drawing a structure with a double bond, such as

4 IIT :
/B
:F \F :
However, since fluorine is much more clectronegative than boron, this does not
make sense. In fact, experiments indicate that cach B—F bond is a single bond in
accordance with the (irst Lewis structure. This structure is also consistent with the
reactivity of BF5 toward clectron-rich molecules, for example, toward NH; to form

HNBF,: § 5
H F: H P

HPBN: + BLF': — H—>-N~—B4.F.I
PZAR VN

H F:

In this stable compound boron has an octet ol clectrons.

It is characteristic of boron to form molecules where the boren atom is electron-
deficient. On the other hand, carbon, nitrogen, oxygen, and fluorine can be counted
on to obey the octet rule.

Some atoms exceed the octet rule. This behavior 1s observed only for those
elements in Period 3 of the periodic table and beyond. To see how this arises, wc
will consider the Lewis structure for sulfur hexafluoride (SFe). The sum of the
valence electrons is

6+ 6(7) = 48 electrons

811 Exceptions to the Octet Ruie [ 325

Lupin Ex. 1035 (Page 153 of 190)




N

Indicating the single bonds sives the structure on the left below:

I .. 3.]_:"3 va
FE
F N i T o

We have used 12 electrons to form the S-—F bonds, which leaves 36 electrons.
Since fluorine always follows the octet rule, we complete the six {luoripe octets to
give the structure on the right above. This structure uses all 48 valence electrons (or
SF,, but sulfur has 12 electrons around it; that is, sulfur exceeds the octet rile. How
can this happen?

To answer this question we nced to consider the differcnt types of valence
orbitals characteristic of second- and third-period clements. The sccond-row ele-
ments have 2s and 2p valence orbitals, and the third-row clements have 3s, 3p, and
24 orbitals. The 3y and 3p orbitals (i1l with clectrons in going [rom sodium to argon,
but the 3d orbitals remain empty. For example, the valence orbital diagram for a

(TTIL]
3s 3p 3d

The localized electron model assumes that the cmpty 3d orbitals can be nsed to
accommodate extra electrons. Thus the sulfur atom in SFg can have 12 electrons
around it by vsing the 3s and 3p orbitals to hold B electrons with the cxira 4
clectrons placed in the formerly empty 3d orbitals. Second-row elements never
exceed the octet rule because they have valence orbitals (2s and 2p) thut can hold
only eight electrons. Although third-row elements often satisfy the octet rule, they
also often exceed it by using their empty d orbitals 1o share electrons.

When writing the Lewis structure for a molecule. satisfy the octet rule for the
atoms first. If electrons remain, place them on the clements having available d
orbituls. These arc the elements in the third period or beyond.

sulfur atom is

Sample Exercise 8.7

Write the Lewis structare for PCls.

Solution
We can follow the same stepwise procedure we uscd previously.
STEP L
Sum the valence electrons.
5 + 3(7) = 40 elecrons
T
I

1
Cl
STED 2
Indicaie single bonds between bound atoms.
%,m
Cl—P
I\Cl
Cl

396 [ Chapwer Eight Bonding--General Concepts
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STEP 3
Distribute the remaining electrons. In this case, 30 electrons (40 — 10) remain.
These are used 1o satisfy the octet rule for each chloring atom. The final Lewis
structure is
e
Cl—p
. Ql : C.l:

Note that phosphorns, which is a third-row element, has exceeded the octet rule
by two electrons.

In the PCl; and SFs molecules, the central atoms (P and S, respectively) must
have the extra electrons. However, in molecules having more than one atom that
can exceed the octet rule, it is not always clear which atom should have the extra
electrons. Consider the Tewis stroclure for the triiodide ion (I ™), which has

A7) + 1 = 22 valence electrons

T

I 1 — charge

Indicating the single bonds gives I—I—T. At this point 18 ¢lectrons (22 — 4)
remain. Trial and error will convince you that one of the iodine atoms must exceed
the octet rule, but which one?

The rule we will follow is that when it is necessary 10 exceed the octet rule for
one of several third-row (or higher) elements, assume that the extra electrons
should be placed on the central aom.

Thus for I;~ the Lewis structure is

il
where the central iodine exceeds the octet rule. This structure agrees with known
properties of I; ™.

Samole Exercise 8.8

Write the Lewis structure for each molecule or ion:

a. Clis b, XeO; c. RnCl; d. ClO5™ e. [CL~

Solution
a. The chlorine atom {third row) accepts the exira electrons.
F:
CI—F:
b. All atoms obey the octet rule. B
/7
:Xef-fj:
o

8.11 Exceptions fo the Octet Rule
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¢. Radon, a noble gas in Period 6, accepts the extra electrons.

 CRo—C1:

d. All aloms obcy the actet rule.
T
‘ :C];——jd:
o

e. Jodine exceeds the octet tule.

. “-.__\.-/..
i

Fd Cl:

8 AE 2 Resonance

PURPOSE
[0 To illustrate the concept of resonance, ;
O To show how to write Tesonance Struclures. '

Sometimes more than one valid Lewis structure (one that obeys the rules we
have oullined) is possible for a given molecule. Consider the Lewis structure for
sulfur trioxide (805), which has 24 valence clectrons. To achieve an oclet of elec-
trons around cach atom, a structure like this is required:

0.

I
Tt

¥}

I this structure accurately represcats the bonding in SO, there should be two types
of S—O bonds observed in the molecule: one shorter bond (the double bond) and
two identical longer ones (the two single bonds). Howcver, experiments clearly
show that SO, exhibits only one type of $—O bond with a length and strength
belween those expecled for a single bond and a double bond. Thus, although the
struciure we have shown above is a valid Lewis structure, it does not correctly
represent the bonding in SO. This is a serious problem, and it means that the model
must be modified. |

Look again at the proposed Lewis structure for $O;. There is no reason for !
choosing a particular oxygen atom to have the double bond. There are really three
valid Lewis structures;

3 0 Xo¥ .
! I |
/S“\ x/"s\ /’S\
AN ¢ MY o MY ¢ RN O SN O X

Is any of these structures a correct description of the bonding in 8057 No, because

398 1 Chapter Eight Bonding—General Concepts
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SO, does not have one double and twu single bonds—it has three equivalent bonds.
We can solve this problem by making the following assumption: the correct descrip-
tion of 8O; is rot given by uny one of the three Lewis structurcs, but is given only
by the superposition of all three.

Sulfur trioxide does not exist as any of the three extreme structures but cXists as
an average of all three. Resonance occurs when more than one yalid Lewis struc-
fure can be written for a particular molecule. The resulting electronic structure of
the molecule is given by the average of these resonance structures. This situation
is usually represented by double-hcaded arrows as follows:

OI :(lj: :C|):
lS — ,XS\ — /S
AT A SRS
Note that in all of these resonance structures the arrangerent of the miclei is the
same, Only the placement ol the electrons difters. The arrows do not indicate that
the molecule “*[lips”’ from one Tesonance structare 10 another. They simply show
that the actual structure is an average of the three resonance SIFUCIUTeS.

The concept of resonance is necessary hecause the localized electron model
postulates that electrons are localized between a given pair of atoms. However,
nature doesn’t really operate this way. Electrons are really delocalized—they can
move around the entire molecule. The valence electrons in the 50, molecule distrib-
ute themselves to provide equivalent 5—O bonds. The molecular arbital model,
which assumes that electrons are delocalized, can readily handle molecules like SO5
and does not require the concept of resonance. Resonance is necessary to competl-
sate for the defective assumption of the localized electron model. However, this
model is so useful that we retain the concept of localized electrons and add reso-
nance to allow the model to treat molecules like SOs.

Sarnple Exercise 4.9 &

Describe the electron arrangement in the nitrite anion (NOz ™) using the localized
electron model. .

Selution
We will follow the usual pracedure for obtaining the Lewis structure for the NO, ™
ion.

Tn NO,™ there are 5 + 2(6) + 1 = 18 valence electrons.

Indicating the single bonds gives the structurc

O—N—0
The remaining 14 electrons (18 — 4) can be distributed to produce thesc struc-

fures:

-

Tl R
Lo”.// \TQ: | L-.‘_o,/ \.\Q :J
: 1
This is a resonance situation. Two equivalent Lewis structures can be drawn.
The electronic structure of the molecule is not correctly represented by cither reso-
nance structure but by the average of the two. There are two equivalent N—O
bonds, each one inlermediatc between a single and double bond.

812 Resonance  [1 329
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Odd-Electron Molecules

Relatively few malecules formed [rom nonmetals contain odd numbers of electrons.

One common example is nitric oxide (NO) which is formed when nitrogen and

oxygen pases react at the high ternperatures in automobile engines. Nitric oxide is

cmitted into the air, where it immediately reacts with oxygen to form gaseous
nitrogen dioxide (NO,), another odd-cleciron molecule.

Since the localized electron model is based on pairs of electrons, it does not

handle odd-electron cases in a natural way. To treat odd-electron molecules, a more

siar orbial macdel is sophisticated madel is nceded. The usual choice is the molecular orbital model,
q Section 9.7 which has no problems with odd numbers of electrons.

Molecular Structure:
? 3 The VSEPR Model

PURPOSE

O To describe how molecular geometry can be predicted from the number of
electron pairs.

The structures of molecules play a very important role in determining their
chemical properties. As we will see later, this is particularly important for bivlogi-
cal molecules; a slight change in the structure of a large biomolecule can completely
destroy its usefulness to a cell or may even change the ccll from a normal one to a
Cancerous ome.

Many accurate methods now ¢xist for determining molecular structure, the
three-dimensional arrangement of atoms in 4 molecule. These methods must he
used if precise information about structure is required, However, it is olien useful to
be able to predict the approximate molecular structure of a molecule. In this section
we consider a simple model that allows us te do this. This model, called the valence
shell electron pair repulsion (VSEPR) model, is useful in predicung the geome-
tries of molecules formed from nonmetals. The main postulate of this model is that
the structure around a given afom is determined principally by minimizing electron-
pair vepulsions. The idea here is that the bonding and nonbonding pairs around a
given atom will be positioned as far apart as possible. To see how this model works,
we will first consider the molecule BeCls, which has the Lewis structure

: Cl—Be—Cl°

Note that there are twe pairs of electrons around the beryllium atom. What atrange-
ment of these electron pairs allows them to be as far apart as possible to minimize
the repulsions? Clearly, the best arrangement places the pairs on opposile sides of
the berylliom atom at 180° from each other:

RO
o 180J
This is the maximuom possible separation for two electron pairs. Once we have
determined the optimum arrangement of the electron pairs around the central atom,
we can specily the molecular structure of BeCl,, that is, the positions of the atoms.

330 [J Chapter Eight Bonding—General Concepts
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Since each electron pair on beryllinm is shared with a chlorine atom, the molecule

has a linear structure with a 180° bond angle:
0mnS.
| Cl—-Be—
and ‘\]ii/" c
de is 180
cOUs Next, let’s consider BF;, which has the Lewis structure
s not F:
nore T =
:F—B-—F:
ydel, - -
Here the boron atom is surrounded by three pairs of electrons. What arrangement
will minimize the repulsions? The electron pairs are farthest apatt at angles of 1207
1203f£|ﬁv120=
2B
1200 [
|
Since each of the electron pairs is shared with 4 fluorine atom, the molecular struc- ;
ture will be
F
. of 120“(‘&\:20“
| AF
) 120°
lt];e,u This is a planar (flat) and triangular molecule, which is commonly described as a
atgll trigonal planar structure.
“ti Z Next, let’s consider the methane molecule, which has the Lewis structure
_ H .
, the | .
( be H—$—H |
l]:! to H |
>tron
ence There are four puirs of electrons around the central carbon atom. What arrangement
yme- of these electron pairs best minimizes the repulsions? First, let’s try a square planar
 that arrangement;
FOR- a0°
nd a 'y i(\’_
rks, %IJ\
|
The carbon atom and the electron pairs are centered in the plane of the paper, and !
the angles between the pairs are all 90°. I
Is there another artangement with angles greater thun 90° that would put the I
nge- electron pairs even further away from each other? The answer is yes. The tetrahe- I
mize dral arrangement has angles of approximately 109.5°% I
25 of '
| N
= /
fC\:lw.: S o \\
S, - \
e ‘f\<~\:\
have It can be shown that this is the maximum possible separation of four pairs around '
tom, given atom. This means that whenever four pairs of electrons are present around an
OIS, atom, they should always be arranged tetrahedrally. :
813 Molecular Structure: The VSEPR Model  [] 337
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Now that we have the electron-pair arrangement that gives (he least repulsion,
we can detcrmine the positions of the atoms and thus the molecular structure of
CH,. In methane each of the lour electron pairs is shared between the carbon atom
and a hydrogen atom. Thus the hydrogen atoms are placed us in Fig. 8.15, and the
molecule has a tetrabedral structure with the carbon atom at the center.

Recall that the main idea of the VSEPR model is to find the arrangement of
clectron pairs around the central atom that minimizes the repulsions. Then we can
delermine the malecular stracture from knowing how the electron pairs are shared
with the peripheral atoms. Use the following sleps to predict the structure of a

molecule using the VSEPR model.

Figure 8.15 '1

Tpe molecular structure of methane. Draw the Lewis stracture for the molecule. |
e t . . L .

The tetraheciral anangement of Count the etectron pairs and arrange them in the way that mimmizes repulsion !

electron pairs produces a tetrahedral

arangement of hydrogen atoms. {that is, put the pairs as far apart as possible).

@ The positions of the atoms are determined from the way the clectron pairs are
shared.
B The name of the molecular structure is determined from the positions of the

aroms.

We will predict the structure of ammonia (NHs) using this stepwise approach.

STEP 1
Draw the Lewis structure:

STEP 2 7
Count the pairs of electrons and arrange them to minimize repulsions. The NH,

motecule has four pairs of electrons: three bonding pairs, and one nonbonding
pair. From the discussion of the methane molecule, we know that the best
arrangement of four electron pairs is a tetrabedral structure as shown in Fig.

8.16(a).

STEP 3

Determine the positions of the atoms. The three H atoms share electron pairs as
shown in Fig. 8.16(b).

STEP 4

Name the molecular structure. It is very important to recognize that the name of
the molecular structure is always based on the positions of the atoms. The
placement of the electron pairs determines the structure, but the name is based
on the positions of the atoms. Thus it is incorrect to say that the NHa molecule
is tetrahedral. It has a tetrahedral arrangement of electron pairs but nat a tefra-
hedral arrangement of atoms. The molecular structure of ammonia is a trigonal
pyramid (one side is different from the other three) rather than a tetrahedron.

Figure 8.16

(a) The tetrahedral arangerment of electron pairs around the nitragen atom in the ammonia
molecule. (b)Y Three of the electron pairs around nitrogen are shared with hydrcgen
atoms as shown and one s a fone pair. Although the arrangement of efectron pairs 1s
tetrahedral, as in the methane molecule, the hydrogen atoms in the ammonia molecule
occupy only three cormers of the tetrahedron. A lone pair occupies the fourth comer.

339 [ Chapter Eight Bonding—General Concepts
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Sampie Exercise 810
Describe the molecular structure of the water molecule.

Solution
The Lewis structure for water is

H—0—H
There are four pairs of electrons: twe bonding pairs, and two nonbonding pairs. To
minimize repulsions, these are best arranged in a tetrahedral structure as shown in
Fig. 8.17(a). Although H,O has a tetrahedral arrangement of electron pairs, it is not

a tetrahedral molecule. The atoms in the H>O molecule form a 'V shape as shown in
Fig. §.17(b} and (c).

From Sample Exercise 8.10 we sec that the H,O molecule is V-shaped, or bent,
because of the presence of the lone pairs, If no lone pairs were present, the molecule
would be linear, and the polar bonds would cancel and the molecule would have no
dipole moment. This would make water very different from the polar substance so
familiar to us.

From the previous discussion we would predict that the H—X—H bond angle
(where X is the central atom) in CH,, NH3, and H50 should be the tetrahedral angle
of 109.5°. Experimental studies, however, have shown that the bond angles are
those given in Fig. 8.18. What significance do these results have for the VSEPR
model? One possible point of view is that we should be pleased to have the observed
angles so close to the tetrahedral angle. The opposite view is that the deviations are
significant enough to require modification of the simple model so that it can more
accurately handle similar cases. We will take the latter view.

Let us examine the following data:

CH, NH; H;O
Number of lone pairs 0 1 2
Bond angle 109.5° 107° 104.5°

One interpretation of the trend observed here is that lone pairs require more space
than bonding pairs; in other words, as the number of lone pairs increases, the
bonding pairs are increasingly squeezed together.

This interpretation seems to make physical sense if we think in the following
terms. A bonding pair is shared between two nuclei and the electrons can be close to
either nucleus. They are relatively confined between the two nuclei. A lone pair is

Methane Amumnonia Water
T
VO P N,
A
H qpese H 104.5°

Figure 8.17

(&) The tetrahedral arrangement of the
four electron pairs around oxygen in
the water molecule. (b Two of the
glectron pairs are shared bebween
oxygen and the hydrogen atoms and
two are lone pairs. (c) The V-shaped
malecular structure of the water
maolecule.

Figure 8.18

The bond angles in the CH,, NHs,
and HsO malecules. Note that
alihough each of these molecules has
four pairs of electrons around the
central atom, the bond angle
between bonding pairs decreases as
the number of lone pairs increases.
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(a)

(h)

Figure 8.19

{a} In a bonding pair of electrons, the
electrons are shared oy two nuclel.
() In a lone pair, both electrons
must be close to a single nucleus
and tend to take up more of the
space around that atom.

A rigons] Dipyramic,

A
v
‘/;;:" ‘\, e
KX
S
S S

ANV

An octahedzon has six o]

frinngnlar faces.
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localized on only one nucleus and both clectrons will be close only to that nucleus,
as shown schematically in Fig. 8.19. These picturcs help us understand why a lone
pair may require more space near an atom than a bonding pair.

As a result of these observations, we make the following addition to the origi-
nal postulate of the VSEPR medel: lone pairs require more room than bonding
pairs and tend to compress the angles between the bonding pairs.

So [ar we have considered cases with two, three, and [our electron pairs around
the central atom. These are summarized in Table 8.6. For five pairs of electrons,
there are several possible choices. The one that produces minimum repulsion is a
trigonal bipyramid, Note trom Table 8.6 that this arrangement has two different
angles, 90° and 12(°. As the name snggests, the structure formed by this arrange-
ment of pairs consists of two trigonal-based pyramids that share a common base.
Six pairs of electrons can best be arranged actahedrally around a given atomn with
% angles, as shown in Table 8.6.

Arrangements of Flectron Pairs Around an Atom Yielding Minimum Repulsion
Number of
electron
pairs Geomelric arrangement of ¢lectron pairs
2 Linear ~ ——————— A
T T T T 7 \ /
. N .
3 Trigonal \\ /// A
planar \ ;
N/
v
e
A1
4 Tetrahedral &— > 1
ST S
/‘, ~
A S 50
. g
5 h‘Tngor).a(; | éﬁ\ T //? A
i : - 20°
pyramida \\(( , 120
N3 //
hY
PN
AN
——=
6 (ctahedral 1A W T
AY
\‘\\ ///
AN/
Table 8.6

In order to use the VSEPR model to determine the geometric structures of
molecules, you should memorize the relationships hetween the number of electron
pairs and their best arrangement.

General Concepts
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Sample Exercise 8.11

When phosphorus reacts with excess chlorine gas, the compound phosphorus penta-
i- chloride (PCLs) is formed. In the gascous and liquid states, this substance consists of
" PCl; molecules, but in the solid state it consists of a |:1 mixture of PCL,™ and
PCls ions. Predict the geometric structures of PCls, PCl,*, and PCls ™.
1d
g, Solution
a As shown previously, the Lewis structure for PCls is
nt
c- . 1(‘:'11
. :Cl "
e T
th - P—Cl
:(;1:
Five pairs of clectrons around the phosphorus atom require a tri gonal bipyramidal
arrangement (see Table 8.6) as shown on the left below. When the chlorine atoms
T are included, a trigonal bipyramidal molecule results, s shown on the right.

The Lewis structure for the PCLY ion [ + 4(7) — 1 = 32 valence elcctrons)
is:
:(.|j.1:
Gt

{ClI :
- i

There are four pairs of electrons surrounding the phosphorus atom in the PCL; " ion,
which requires a tetrahedral arrangement of the pairs, as shown below on the lefi.
Since each pair is shared with a chlorine atom, a tetrahedral PCl,* cation results.

+

es of
ctron
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The Lewis structure for PCly™ [5 + 6(7) + 1 = 48 valence electrons] is
Ll -

Cl\ El,/(.j.l:

:Ql/ |\

cl:
:c_l: ’

Since phosphorus is surrounded by six pairs of electrons, an octahedral arrangement
is required to minimize repulsions, as shown below on the left. Since each electron
pair is shared with a chlorine atom, an octahedral PCls™ anion is predicted.

Samoie Exercise 8.1%

Because the noble gases have filled s and p valence orbitals, they were not expected
to be chemically reactive. In fact, for many years these clements were called inert
gases because of this supposed inability to form any compounds. However, in the
early 1960s several compounds of krypton, xenon, and radon were synthesized. For
example, a team at the Argonne National Laboratory produced the stable colorless
compound xenon tetrafluoride (XeF,). Predict its structure.

Solution
The Lewis structure for XeFy is

."P:.' F
e
F F:

The xenon atom in this molecule is surrounded by six pairs of electrons, which |
means an octahedral arrangement: !
|
1

The structure predicted for this molecule will depend on how the lone pairs and
bonding pairs are arranged. Consider the two possibilities shown in Fig. 8.20. The
bonding pairs are indicated by the presence of the fluorine atoms. Since the struc-
ture predicted differs in the two cases, we must decide which of thesc arrangements '

hN
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is preferable. The key is to look at the lone pairs. In the structure in part (a) the lone
pair—lone pair angle is 90°; in the structure in part (b) the lone pairs are separated by
180°. Since lone pairs require more room than bonding pairs, a structure with two
lone pairs at 90° is unfavorable. Thus the arrangement in Fig. 8.20(b) is preferred,
and the molecular structure is predicted to be square planar, Note that this molecule

is ot described as being octahedral. There is an octahedral arrangement of electron

pairs, but the atoms form a square planar structure.

We can further illustrate the use of the VSEPR model for molecules or ions with
lone pairs by considering the triiodide ion (137). The Lewis structure for I3~ is

i
The central iodine atom has five pairs around it, which requires a trigonal bipyrami-
dal arrangement. Several possible arrangements of the lone pairs are shown in Fig.

Figure 8.20

Possible electrd_ri 'pair arrangements
for Xeky. Since arangement (a) has
lone pairs at $C° from each other, it

Is less favorable than arrangemert (o),

where the lone pairs are at 180",

8.13 Malecular Structure: The VSEFRR Model  [] 337
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Figure 8.21

Three possivle arrangements cf the .21. Note that structures (a) and (b) have lone pairs at 90°, whereas in (c) all lone
electron pairs in the L™ ion. pairs are at 120°. Thus structure (¢) is preferred. The resulling molecular structure
Arangement () is preferred because g,y ;™ is linear.

there are no 90° lene pair-lone a1 :

interactions. [I—I—1]

The VSEPR Model and Multiple Bonds

So (41 in our treatment of the VSEPR model, we have not considered any molecules
with multiple bonds. To sec how these molecules are handled by this madel, let’s
consider the SO molecule, which reyuires three resonance structures L0 describe its
clectronic structurc:

This planar structure is the one expected for three pairs of electrons around a
central atom, which means that a double bond should be counted as one effective
pair in using the VSEPR model. This makes sense because the two pairs of elec-
trons involved in the double bond are nor independent puirs. Both of the electron
pairs must be in the space between the nuclei of the two atoms in order o form the
double bond. In other words, the double bond acts as one center of electron density
to repel the other pairs of electrons. The same holds true for triple bonds. This leads
us to another general tule: for the VSEPR model multiple bonds count as one effec-
tive electron pair,

338 T Chapter Eignt Bonding— General Concepts
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The molecular structure of sulfur trioxide also shows us one more important
point: when a molecule exhibits resonance, any one of the resonance structures can
be used to predict the molecular structure using the VSEPR model. These rules are
illustrated in Sample Exercise 8.13,

Sample Exercise 8.13

Predict the molecular structure of the sulfur dioxide molecule.

Solution

First, we must determine the Lewis structure for the SO, melecule, which has 18
valence electrons. The resonance structures arc

0. 0 ‘o 0O
\\S/ e T \S/

To determine the molecular structure, we must count the electron pairs around the
sulfur atom. In each resonance structure the sulfur has one lone pair, one pair in a
single bond, and one double bond. Counting the double bond as one pair yields
three cffective pairs around the sulfur. According to Table 8.6, a trigonal planar
arrangement is required, which yiclds a V-shaped molecule:

0 _120° O
S

Thus the structure of the 50» molecule is expected to be V-shaped, with a 120° bond
angle,

It should be noted at this point that lone pairs that are oriented at least 120° from
other pairs do not produce significant distortions of bond angles. For cxample, the
angle in the 8O, molecule is acinally quite close to 120°. We will follow the general
principle that @ 120° angle provides lore pairs with enough space so that distortions
do not occur. Angles less than 120° are distorted when lone pairs are present.

Molecules Containing No Single Central Atom

So far we have considered molecules consisting of one central atom surrounded by
other atoms. The VSEPR model can be readily extended to more complicated mole-
cules, such as methanol (CH;OH). This melecule is represented by the following
Lewis structure:

The molecular structure can be predicted from the arrangement of pairs around the
carbon and oxygen atoms, Note that there are four puirs of electrons around the

8.13 Molecular Structure: The VSEPR mMode!
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carbon, which calls for a tetrahedral arrangement as shown Fig. 8.22(a). The
oxygen also has four pairs, which requires a tetrahedral arrangement. However, in
this case the tetrahedron will be slightly distorted by the space requirements of the
lone pairs |Fig. 8.22(by]. The overall geometric arrangement for the molecule is

shown in Fig. 8.22(c).
Summary of the VSEPR Model

The rules for using the VSEPR model to predict molecular structure are

1. Determine the Lewis structure(s) for the molecule.

2 For molecules with resonance struclures, use any of the structures to predict the

molecular structure.

3. Sum the electron pairs around the central atom.

4. Tn counting pairs, count each multiple bond as a single effective pair.

5. The arrangement of the pairs is determined by minimizing electron pair repul-
sions. These arrangements are shown in Table 8.6.

6. Lone pairs requirc 100Te Space than bonding pairs. Choose an arrangement that
gives the lone pairs as much room as possible. Recognize that the lone pairs
may produce a slight distortion of the structure at angles less than 120°.

The VSEPR Model—How Well Does It Work?

The VSEPR model is very simple. There are only a few rules to remember, yet the
model correctly predicts the molecular structures of most molecules formed from
nonmetallic elements. Molecules of any size can be treated by applying the VSEPR
model to each appropriate atom (those bonded to at least two other atoms} in the
molecule. Thus we can use this model to predict the structures of molecules with
hundreds of atoms. It does, however, fail in a few instances. For example, phos-
phine (FH3), which has a Lewis structure analogous to that of ammonia, '

Figure 8.22 : II—"‘.P;—H H—NFH
The meolecular structure of methancl. l ‘ 1
{(a) The arrangement of electron ©0airs i H
and atoms around the ¢ tom. . .. .
> arton atom would be predicted to have a molecular stucture similar to that for NHs with bond

(b) The arangement of bonding and
lone pairs around the Oxygen atom.
() The molecular structure.

angles of approximately 107°. However, the bond angles of phosphine are actually
94°. There are ways of explaining this structure, but more rules have to be added to

the model.
This aguin illustrates the point that simple models arc bound to have excep-

tions. In introductory chemistry we want o use simple models that fit the majority
of cases, we are willing to accept a few failures rather than complicate the model.
The amazing thing about the VSEPR model is that such a simple model predicts
correctly the structures of so many molecules.
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1 this chapter we have stressed the
importance of being able to predict
the three-dimensional structure of
# a molecule. Molecular structure is
1mp0rL.ml because of its effect on
chemical reactivity. This is espe-
cially true in biological sysicrs,
where reactions nst be efficient and
highly specitic. Among the hundreds
of types of molecules in the fluids of
a typical biological system, the ap-
propriate teactunts nmwst find and
react only with euch other—they
must be very discriminating. This
specificity depends largely on struc-
ture. The molecules are constucted
so that only the appropriate partners
can approach each other in a way that
allows reaction,

Amnother area where moleculur
structure is central 1s in the use of
molecules as a means of communica-
tion. Examples of chemical commu-
nication occur in humans in the con-
duction of nerve impulses across
synapses, thc control of the manufac-
ture and storage of key chemicals in
cells, and the senses of smell and
tuste. Plants und anmimals also use
chemical communication. For exam-
ple, ants lay down a chemical trail so
that other ants cun find a particular
food supply. Ants also warn their fel-
low workers of approaching danger
by emitting cerlain chemicals.

Molecules convey messages by
fitting into appropriate receptor sites
in a very specific way. which is de-
termined by their structure. When a
molecule occupies a receptor site,

CHEMICAL IMPACT

chemical processes are stimulated
thut produce the uappropriate re-
sponse. Somelimes receptors can be
fooled, as in the use of artificial
sweeteners—molecules fit the sites
on the taste buds that stimulate a
“sweet’” response in the brain, hut
they are not metabolized in the same
way as natural sugars, Similar decep-
tion is wscful in insect control. If an
area is sprayed with synthetic female
sex attractant molecules, the males of
that species become s0 confused that
mating does not oceur.

A semiochemical is a molecule
that delivers a message between
members of thé same or different
species of plant or animal. There are
three groups of these chemical mes-
sengers: allomones, kairomones, and
pheromones, Each is of great ecolog-
ical importance.

An allomone is defined as a
chemical that somehow gives adap-
tive advantage to the producer. For
example, leaves of the black walnut
tree contain a herbicide, juglone, that
appears after the leaves fall to the
ground. Juglone is not toxic to grass
or certain grains, but it is ctfective
against plants such as apple trees that
would compete for the available
water and food supplies.

Antibiotics are also allomones
since the microorganisms produce
themn to inhibit other species from
growing near them.

Many plants produce bad-tasting
chemicals to protect themselves from
plant-eating insects and animals. The

familiar compound nicotine deters
animals from eating the tobacco
plant. The nullipede sends an unmis-
takable “‘back off’’ message by
squirting a predutor with benzalde-
hyde and hydrogen cyanide.
Defense is not the only use of
allomones, however. Flowers use
scent to attract pollinating insects.
Honeybees, for instance, are guided
o alfalfa flowers by a series of
sweel-scented compounds.
Kairomones are chemical mes-
sengers that bring advantageous news
to the receiver, and the floral scents
are kairomones from the honeybees’
viewpoint. Many predators are
guided by kairomones emitted by
their food. For example, applc skins
exude a chemical that aftracts the
codling moth larva. In some cases
kairomones help the underdog. Cer-
tain marine mollusks can pick up the
“scent’”’ of their predators, the sea
stars, and make their cscape.
Pheromones are chemicals that
affect receplors of the same species
as the donor. That is, they are spe-
cific within a species. Releaser pher-
omoney cause an immediate reaction
in the receptor, and primer phero-
mones cause long-term effects. Ex-
amples of releaser pheromones are
the sex attractants of insects, gener-
ated in some specics by the males and
in others by the females. Sex phero-
mones have ulse been found in plants
and mammals.
Alarm pheromones are highly
volatile compounds (ones easily

Chemical Impact [ 341

Lupin Ex. 1035 (Page 169 of 190)



changed to a gas) released to warn of
danger. Honeybees produce isoamyl
acetate (C7H1405) in their sting
glands. Because of its high volatility,
this compound' does not linger after
fhe state of alert is over. Social be-
havior in insects is characterized by
the use of: trail pheromones, which
are nsed to indicate a food source.
Social insects such as bees, ants,
wasps, and termites use these sub-
stances. Since irail pheromones are
less volatile compounds, the indica-
Ltors persist for some time.

CHEMICAL

Primer  pheromones, which
cause long-term behavioral changes,
are harder to isolate and identify.
One example, however, is the
“‘queen substance’ produced by
queen honeybees. All the eggs in a
colony are laid by one quesn bee. If
she is removed from the hive or dies,
the worker bees are activated by the
absence of the queen substance and
begin to feed royal jelly to bee larvae
in order o raise a new queen. The
queen substance also prevents the
development of the workers’ ovaries

5o that only the queen hersell can
produce eggs.

Many stadies of insect phero-
mones are now underway in the hope
that they will provide a method of
controlling insects that is more effi-
cient and safer than the current chern-
ical pesticides. Pest control will be
discussed in Chapter 24.

Summary

Chemical bonds hold groups of atoms together. Bonding occurs when a group of
atoms can lower iis total energy by aggregating, Bonds can be classified into several
types. In an ionic bond there is a transfer of electrons to form ions; in a covalent
hond electrons are shared. Between these extremes, in a polar covalent bond elec-

trons are shared unequally. The percent jonic character of the bond in a diatomic -

molecule XY can be defined as

measured dipole moment of X — Y
¥ 100

calculated dipole moment of XY™

Percent ionic character = (

Electronegativity is defined as the relative ability of an atom in a molecule to
attract the electrons shared in a bond. The electronegativity difference of the atoms
involved in a bond determines the polarity of that bond. The spatial arrangement of
polar bonds determines the overall polarity, or dipole moment, of a molecule.

Stable molecules usually contain atoms that have filled valence orbitals. Non-
metals bonding to each other achieve noble gas configurations in their valence
orbitals by covalent bonding. A nonmetal and a representative group metal achieve
the same result by transferring electrons o form ions.

lons have significantly different sizes from their parent atoms. Cations are
smaller because the parent atom has lost electrons to become an ion. Anions, be-
cange they have more electrons than the parent atom, are larger. In general, ion size
increases going down a group. Isoelectronic ions (having the same number of elec-
wons) decrease in size with increasing Z values.
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Lattice energy is the change in energy that takes place when separated gaseous
ions are packed together to form an ionic solid. Bond energy, the energy necessary
to break a covalent bond, varies with the number of shared electron pairs. A single
bond involves onc electron pair; u double bond, two electron pairs; and a triple
bond, three electron pairs. Bond energies can be used to calculate the enthalpy
change for 4 reaction.

The Lewis structure of a molecule shows how the valence electrons are ar-
ranged among the atoms. The duet rule for hydrogen and the octet rule for second-
row elements reflect the observation that atoms tend to fill their valence orbitals.
Elements in the third row and beyond can exceed the octet rule because of the
availability of empty o orbitals.

Sometimes more than one valid Lewis structure can be drawn for the same
molecule, which is accounted [or by the concept of resonance. The actual electronic
structure is represented by the superposition of the resonance structures in such
cases,

The VSEPR model is very useful in predicting the geometries of molecules
formed from nonmetals. The principal postulate of this model is that the structure
around a given atom is determined by minimizing electron-pair repulsions.

Key Terms

bond energy (3.1)
ionic bonding
Coulomb’s law

ionic compound

bond energy

bond length

covalent bonding
polar covalent hond
electronegalivity (R.2)
dipole moment (8.3)
isoelectronic ions (8.4)
laltice energy (8.5)

single bond (8.8)

double bond

triple bond

molecular orbital (MO) model (8.9)
molecular orbital
delocalization

localized electron (LE) madel
lone pair

bonding pair

Lewis structure (8.10)

duet rule

octet rule

resonance (8.12)

resonance struclure

molecular structure (8.13)

valence shell electron pair repulsion
{(VSEPR) model

linear structure

trigonal planar structurc

tetrahedral structurc

trigonal pyramidal structure

trigonal bipyramidal struclure

octahedral struclure

square plamar structurc
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Exercises

- Chemical Bonds and Electronegativity ...

Tell the difference between the following pairs of terms:
a. electronegativity and clectron affinity

b. covalent bond and polar covalent bond

c. polar covalent bond and ionic bond

Use Coulomb’s law,

£ k( Q1Q2)

¥
to calculate the energy of intcraction for the following two
arrangenients of charges in arbitrary units. Assume a value of
k=10,
a. .01 unit

L

. Without using Fig. 8.3, predict which bond in cach of the

following groups will be the most polar:
.. C—F, 5i—F, Ge—F

b, P—C1, S—CI

¢ §—F, $—(Cl, S—Br

d. Ti—Cl, Si—Cl, Ge—Cl

e. C—H, 5i—H, Sn—H

f. Al—Br, Ga—Br, In—Br, TI—Br

-

. Repeat Exercises 3 and 4. This time use the-values for the

electroncgativitics of the clements given in Fig. 8.3, Are there
any differences in your answers?

rations?
4. Fe?', F'', 8¢, Co*t
5o TIY, T, ot

c. putt CC4I Ti4+
d. Ba?', P2, Mn?*

Define the term isoelectronic. When comparing sizes of ions
of elements in the same peniod in the periodic table, why is it
advantageous to comparc isoelcctronic species?

Which compound in each of the following pairs of ionic sub-
stances has the greatest lattice energy? Justify your answers.
a. NaCl, KC1

b. Lili, LiCl

344 [0 Chapter Eight Bonding— General Concepts

@(ﬂﬁ_&m_c_g@ o0 @ 1 it @ ¢. a. Although not often used, the clectronegativities of the
: noble gases are quite high. (Ne = 4.4, Ar =4.0; Kr =
b'l amit @ | it 2.9; Xe = 2.6) Explain these high values relative to those
™ of the other clements using an alternative definition of the
@ /® electronegativity
! ”““\@ ot Electronegativity = (LE. — E.A)
Without using Fig. 8.3, predict the order of increasing elec- where IE. is the ionization energy and E. A. is the electron
tronegativity in each of the following groups of elements: affinity using the sign convention of this book.
2. C,N, O b. Elemental fluorine (F,) reacts directly with xenon fo pro-
h. §, Se, Cl duce three different compounds: XcF., XeFs, XcF;.
¢ Si, Ge, Sn Would you expect any of the other noble gases to react
d. Tl, S, Ge with fluorine?
lonic Compounds .
For cach of the following groups. place the aloms and ions in ©. Mg(OH),, MgQO
order of decreasing size: d. Fe(OH),, Fe(OH),
a. Cu, Cu”, Cu** 12. Some of the im ics of jonic c
A Tyl 1y 2 . portant propertics of jonic compounds are
b N;_ ’ };E ’ Pzt_ 1. Low electrical conductivity as solids, and high con-
¢ 0 14 S 3 +SB 3 3 ductivity in solution or when molten
d- Laz_, Eiui , Gd J Yb2| 1t 1. Relatively high melting and boiling points
e Te™, I, Xe, &7, Ba™’, La III. Brittleness
. Write electron configurations for the following ions: Mg®™*, IV. Solubility in polar solvents
Ct, Zo*t, Sn*t, Sntt, ST, 1. How docs the concept of ionic bonding discussed in this chap-
ter account for these properties?
» Which of the following ions have noble gas electron configu- 13, Usc the following data to estimate AH¢” for sodium chloride.

Na(s) + % Cly(g) — NaCl(s)

Latticc cnergy ~757 kItmol
lonization energy for Na 495 kJ/mol
Electron affinity of Cl —348 kJ/mol
Bond energy of Cl; 239 kl/mol
Enthalpy of sublimation for Na 108 kJ/mol

14, Give three ions that are isoelectronic with the krypton atom.
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15. Consider the following energy changes: 6. Predict the coipirical formulas of the ionic compounds formed
trom the following pairs of elements. Name each compound.

T a. Liand N
AH(kJ/mol) b. Gaand O ;
f the
Mg(g) — Mg'ig) 4 e~ 737.7 & Rband
My (g) — Mg®"(g) + ¢~ 1450.7 d. Baand S
Og) +e” — 02_(8) —141 17. Using Fig. 8.13 and the electronegativity values from Tig. i
O (gt e” = 07 (g +780 8.3, predict the percent ionic character for the following com- .
pounds. :
a. Magnesium oxide cxists as Mg®' O*™ and not as Mg O™ a. TiCl, ¢. SnF; i. Mgs
Explain. b, HyS f. PbO j- Si0,
b. What simple experiment could be done to confirm that 2. CsH 2. Fea O3 k. Cs, ;
r the magnesium oxide docs not exist as Mg™0Q 7 d. SbBr, h. AlCI, 1. SO, i
there ;
© (he Bond Energies — - !
= 18. Use bond cnerpy values in Tablc 8.4 to estimate AH for each H H
il(t);z ol the following reactions in the gas phase: HOCH.CH,CN —— >C =C< + H,0 ,
H H H C=N :
w o=+ B, — CHBrC 00°C I
SN f2 2BrCH,Be b. 4CH,=CHCH; + 6NO ———> ;
H H Ag l
ctron 4CH,=—CHCN + 6H,() 4+ N, i
OH OH The nitrogen-oxygen bond energy in nitric oxide, NO, is 630 ;
pro- h, | k¥/maol. !
(cFe. CzHy + Hy0, — CHy—CH; ¢. 2CH=CHCH; + 2NH, + 30, — 0S| :
react 425-510°C :
2CH,=CHCN + 6H,0 g
;' ;'3 jrr 511_12 :221}1\5’_} 21. Is the elevated temperature noled in parts b and ¢ of Excreisc :
- T2 2 3 20 necded to provide energy to endothermic reactions?
1%, Comparc your answers from Excreise 18(¢) and (d) to AH 22, Acetic acid is responsible for the sour taste of vinegar. It can
values caleulated for each reaction from standard enthalpies of b manufactured using the following reaction:
formation in Appendix 4. Do enthalpy changes calculated
+ arc from bond encrgics give a reasonable cstimate of the actual (ﬁ
. 9 . .
con- values? CH:OH + €O — CHC—OH
2. Three processes th.al .have bc.c n uscd for the : ndustrial thar- Usc tabulated values of bond cnergies (Table 8.4) to cstimate :
[acture of acrylonitrile, an important chemical uscd in the . . :
. . . AH for this reaction, -
manufacture ol plastics, svnthetic rubber, and fibers arc i . .. I
shown below. Use bond energy valucs (Tablcs 8.4 and 8.5) to 23. Use bond energies (Tablc 8.4), values of elcctron affinities ;
hap- estimatc AH for each of the reactions. (Table 7.7}, and the ionization energy of hydrogen (1312 kJ/
mol} to cstimate AH for each of the following reactions: j
. , a. HE(g) — H"(g) + I (g)
ride. u HoH h. HCl(g) — H*(g) + C1 (g) |
. + - ;
CH,—CH, + HCN — HOC—(C—C=N c. Hljg) » H (f) +1 () |
o || d. HO(g) — H*(g) + OH ™ (g) ' |
H H (Electron atfinity of OH{g) = — 180 kj/mol)
0l
ol .
ol Lewis Structures and Resohsance
il
ol 24. Write a Lewis structure for each of the following molecules c. Cl0,~, 8Cl,, PC1,™ l
ol and fons. In cach case the first atom listed is the central atoni. 25, Considering vour answers to Exercise 24, what conclusions i
a. POCL;, 8O, XeO,, PO, ClO,~ can you draw concerning the structurcs of jsoelectronic spe- ;
o, cies containing the same number of atoms? '

b. NFs, SO52~, PO, ClO;~

Exercises |1 345

Lupin Ex. 1035 (Page 173 of 190)



26.

27.

28.

29.

36.

37,

3.

30,
49.

Write |ewis structures for the following. Show all resonance
siructures where applicable.

a. NO; _, HNOQ, NO3 S HNO'g

h. 80,27, HSO,™, 1,580,

z. ON7, HCN

d. OCN , SCN™, Ny~

e, CuN, (atomic arrangement is NCCN)

Some of the important pollutants in the atMOSPhEIe are OGZONE,

33,

and | [?_CO] .

Write Lewis structures for COg*~, 11057,
When zcid is added (0 an agueous solution containing carbon-
ate or bicarbonate ions, catbon dioxide gas is formed. We
generally say that carbonic acid (Ha(C03) is upstable, Use
bond cnergies lo estimate AH for the reaction

H2C03 —* C()z -+ H?_O

Specify a possible cause for the instability of carbunic acid.

sulfur dioxide, and sulfur trioxide. Write Lowis siructures for 34, Three possible Lewis suuctures can be written for nitrous
these thrce molecules. oxide (N20):
Pcrox_\«'ace_tylnitra.le, or PAN, :15 a p]z'uduct of photochemical :.N:NSO.: — I\EN—() s (N-—N=0:
smog. Write Lewis structuies, including resenance structures., ’ ' - a
for PAN. The skeletal arrangement of atoms is Given the [ollowing bond lengths,
H (-l) /0 rﬁ ]
He — C—0—0—N N—N 1.67 A Ne=0 115 A
1 0 N=N 1.20 A N—O 1.47 A
H N=N 1.10 A
Benzene (Cellg), consists ol a six-membered ring ol carbon L . .
atzlrlligli:it(h c(m: :iwdroben bonded to each carclson &731‘: Lex:')i]s. rationalize the observations that the N-—N bond lenglh In
e Dy e m. e N,O is 1.12 A and that the N—O bond leng(h is 1.19 A
structures for bepzene, including resonance structures.
. An important observation supporling the need for resonance 35. Comsider the following bond lc?g‘hsl'
in the localized clectron model was that there arc only three C—01.43 A
isamers of dichlorobenzene (CHACLy). How does this fact C=0 1.23 A
support the need for the concept of resonance? C=01.09 A
. Borazine (BsNsllg), has often been called “‘inorganic’ ben- In the COZ~ ionq, all three C—0 bonds have identical bond
sene. Write Lowis structures for borazine. Borazine conlains a lengtbs of 1.36 A. Why?
six-membered ring of alternating boron and nitrogen aloms.
5 Write Lewis structures for the following molccules, which
have central atoms that do not obey the octet rule; PFs, BrFa,
Be(CHy)z, BCly, XeOFy (Xe is the central atorm), XeF,, ScF,.
Molecular Structure and Polarlty
Predict the molecular siructure of each molecule or ion in 41, Which of the following molecules have dipole moments? For
Exercises 24 and 26. the motecules that are palar, indicate the polarity of each bond
Predict the molecular structure of cach of the following: k37, éndcthecci 1rcct1}011(1‘ ot lhg net dipole moment of the molecule.
ClE,, 1F,", and SF;5™. & ‘HZ b, CHCL, C la
b COz, NO
Pre_dicL the molecular sttjacture of each of the following: ¢. PH,, NHs, AsHs
Se0? | SeHs, and Sc047 . i . i
42. Write 1.ewis structures and predict (he molccalar siructures of
Predict the molecular structures of BrFs, KrFy, and IF, " the following:
The additjon of antimony pentalluoride (SbEs) to liquid hy- «. chromaie ion
drogen produces a soluiion thatis a superacid. Superacids are b. dl?hr011:1aie lon .
capable of acting as acids toward many compounds that we c. thlUSUlta.‘[C on (SZO—‘ i ) )
normally expect nol to act as bases. For example, in the fol- d. peroxydisulfaie ion ($:0¢° )
lowing reaction HF acts as a basc: 43. What two reguirements must be satisfied lfor a molecule to be

ShF: + 2HF — SbFg~ + HoF"

Write Lewis structures for and predici the maolecular structures
of the reactants and products in this reaction.

346 [O Crapter Eight Bonding- -General Concepts
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Additional Exercises

46.

47.

48,

49.

50.

Write Lewis structures and predict the molecular structures of
the following:

a. OCl,, Brs™, BeH:, BHs ¢. CEy, ScFy, XeFy
b. BCly, NF, IFy d. IFs, AsFs
Which of the above compounds have dipole moments?

5. Write a Lewis structire and predict the molecular structure

and polarity of cach of the following sulfur fluorides: SF,,
SF4, SFs, and S5.F, (cxists as F-S—SF)
Predict the F—5—F bond angles in each molecule.

Although both Bra ™ and I~ ions are known, the Fy™ ion does
not cxist. Explain.

There arc three possible isomers of PF3(CH;),, where P is the
central atom. Draw them and describe how measurements of
dipole moements might be used to distinguish among them.

Look up the energics of the bends in CO and N,. Although the
bond in CO is stronper, CO is considerably more reactive than
Ny. Give a possible explanation.

Carban tetrachloride and silicon (etrachlonide both exist as
nonpolar liquids. When CCL{/}y is added to water, distinct
layers form. When S1CLi(J) is added to water, a vielent reac-
tion occurs.

SiCL( + 2H,0() — Si104(s) + 4HCl(aq)

Explain why SiCly is so much more reactive toward watcr
than CCly.

Which ol the [ollowing pairs would you cxpect to be more
stahle? Justify cach choice.

a. SO, or 8044 e. MgaF or MgO

b. NI's or PFs - [. CsCl or CsCl,

¢. OFs or ST g. KBr or K:Br

d. BHs or BH, "

. Many times extra stability is characteristic of a molecule or

ion in which resonance is possible. How could this be used to
explain the acidities of the following compounds? ('Tne acidic
hydrogen is marked by an asterisk.)

i T
2 H COH* b. CHy—C—CH—C-—CH,

c. ol
Y

z

S

189
5=

53.

55.

Would you expect the electronegativity of litanium to be the
same in (he species Ti, Ti*7, Ti*", and Ti** 7 Bxplain your
answer.

Write a [ewis structurc and predict the molecular structure of
each ol the lollowing:

a. SiF,

b. SCF4

c. KiFy

Why do these three molecules have different molecular struc-
tures?

4, Wrile a Lewis structure and predict the molecular structure of

each of the following:

a. BE,

b. PI,

¢. BrFa

Why are the molecular structures different? Which, if any,
molecules are polar?

Give a rationalization for the octet rule in terms ol orbitals.

6. Usc bond energies (Table 8.4} to estimate A4 for the lollow-

ing rcactions:

a.-CsHs(g) — 50a(g) — 3COL(y) — 4H:0(¢)
b. Cl L0453 — 2C05(2) + 2C,H;O11()
The structure of glucose, CgH )20, 1s:

H H
b
He—ao

AN
on H
woNL L
| \

11 OH
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Figure 2.19

(a) The arrangement of sodium ions
{Na™) and chleride ions (CI7) in the
jonic compound sodium chloride.
() Sodium chloride (rock salt)
crystals.

Periodic Table

{} ? ‘ An Introduction to the

PURPOSE

B To introduce various features of the periodic table.

In a room where chemistry is taught or practiced, a chart called the periedic
table is almost certain to be found hanging on the wall. This chart shows all of the
known elements and gives a good deal of information about each. As our study of
chemistry progresses, the usefulness of the periodic table will become more obvi-

~: ous. This section will simply introduce it to you.

A simple version of the periodic table is shown in Fig. 2.21. The letters given
in the boxes are the symbols for the elements. The number shown above each

symbol is the atomic number (number of protons) for that element. For example,
. carbon (C) has atomic number 6, and lead (Pb) has atomic number 82, Most of the
» elements are metals. Metals have characteristic physical properties such as efficient
- conduction of heat and electricity, malleability (they can be hammered into thin
7 sheets}, ductility (they can be pulled into wires), and (often) a lustrous appearance.
;- Chemically, metals tend to lose electrons to form positive ions. For example, cop-
‘. Per is a typical metal. It is lustrous (although it tarnishes readily); it is an excellent

Figure 2.20

Ball-and-stick models of the
ammenium jon (NH, ™) and the nitrate
ion (Nqu)

Photomicrograph of gold foil.
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81 82 33
Tl Ph Bi

 Actinides

Figure 2.21

The periodic @ble; Although
rutherfordium ancd hahnium have
been proposed as names for
elements 104 and 105, an attempt is
being made to name the elements
after 103 systematically, using a letter
abbreviation for each number. In this
system the symbol for clement 104 is
Ung, and for 105 is Unp. The
systematic symbols are shown for
elements 106, 107, and 109.

conductor of electricity (it is widely nsed in electrical wires); and it is readily
formed into various shapes, such as pipes for water systems. Copper is also found in
many salts, such as the beautifully blue copper sulfate (sce page 50 for a photo-
graph), in which copper is present as Cu?* jons. Copper is a member of the transi-
tion metal family——the metals shown in the center of the periodic table.

The relatively few nonmetals appear in the upper right-hand corner of the table
(to the right of the heavy line in Fig. 2.21), except hydrogen, a nonmetal that is
grouped with the metals. The nonmetals lack the physical properties that character-
ize the metals. Chemically, they tend to gain electrons to form anions in reactions
with metals. Nonmetals often bond to each other by forming covalent bonds. For
example, chlorine is a typical nonmetal. Under normal conditions it exists as Cl
molecules; it reacts with metals to form salts containing €1~ ions (NaCl, for exarm-
ple}; and it forms covalent bonds with nonmetals (for example, hydrogen chloride
gas, or HCI).

46 1 Chapter Two Atoms, Molecules, and lons
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The periodic table is arranged so that elements in the same vertical columns
(called groups) have similar chemical properties. For example, all of the alkali
metals, members of Group 1A—lithium (Li). sodium (Na), potassium (K), rubid-
ium (Rb), cesium (Cs), and francium (Fr)—are very active elements that readily
form ions with a 1+ charge when they react with nonmetals. The members of
Group 2A—beryllium (Be), magnesium (Mg), calcium (Ca}, strontium (8r}, bar-
imn (Ba), and radium (Ra)—are called the alkaline earth metals. They all form
ions with a 24 charge when they react with nonmetals. The halogens, the members '
of Group 7A-—Huorine (F), chlorine (Cl), bromine (Br), iodine (I}, and astatine '
{At)—all Jorm diatomic molecules, Fluorine, chlorine, bromine, and iodine all
react with metals to form salts containing ions with a | — charge (F , CI™, Br—, and
17). The members of Group 8A—hclium (He), neon (Ne), argon (Ar), krypton
(Kr). xenon (Xe), and radon (Rn)—arc known as the noble gases, They all exist
under normal conditions as monatomic (single-atom) gases and have little chemicul ;
reactivity. l

We will learn much more about the periodic table as we continue with our study  ag
of chemistry. Meanwhile, when an clement is introduced in this text, you should
always note its position on the periodic table.

shi=h]

o HTOUD A

o lonnal of the pe

scssod wy B

- |
&% | Naming Compounds |
PURPOSE

0 To demonstrate how to name compounds given their formulas, and to write
formulas given their names.

When chemistry was an infant science, there was no system for naming com-
pounds. Names such as sugar of lead, blue vitrol, quicklime, Epsom salts, milk of
magnesia, gypsum, and laughing gas were coined by carly chemists. Such names
are called contmon names. As chemistry grew, it became clear that using common
names for compounds would lead to unacceptable chaos. More than four million
chemical compounds are currently known. Memorizing common names for these
compannds would be an impossible task.

Kmy The solution, of course, is to adopt a system for naming compounds in which
d in the name tells something about the composition of the compound. After learning the
oto- system, a chemist given a formula should be able 1o name the compound, or given a f
nst- name should be able to construct the compound’s formula. In this scetion we will
specity the most important rules for naming compounds other than organic com- :
tabl‘e pounds (those based on chains of carbon atoms). Chaptae 27, :
at 1s We will begin with the system for naming inorganic binary compounds—
;Le; compounds composed of two clements. The following rules apply:
For I. Binary compounds are named as ionic compounds, whether or not they are, by
' Cla naming the cation first and the anion second.
Lam- 2. Monatomic cations take Ltheir name from the nume of the element, For exam- A menasomie cicon
iride

ple. Na™ is called sodium, Ca®" is called calcinm, and AI** is called alumi-  same as its g
num in the names of compounds contuining these ions.

2.8 Naming Compounds
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_ Monatornic anions are named by taking the first part of the element name and
adding -ide. Thus the C17 ion is called chloride; the F~ ion is called fluoride;
the 827 ion is called sulfide; and so on.

Some common monatomic cations and anions and their names arc given in
Table 2.2. '

Common Monatomic Cations and Anions

Cation Name Anion Name

H* hydragen H™- hydride
Li* lithium Puoride
Na™ sodium chloride
K" potassium - bromide
cesium iodide
beryllinm oxide
magnesinm sulfide
calcium nitride
barium : ' phosphide
aluminum
gilver

Table 2.2

The rules for naming binary compounds are illustrated by the following exam-
ples:

NaCl sodivm chloride
KI potassium iodide
CaS calcium sulfide
LisN tithium nitride
HBr hydrogen bromide
SrSe strontium selenide :
MgO magnesium oxide J

Lamipie Exercise £.3 .

Name each binary compound.

a. CsF h. AICL ¢. LiH

Solution

a. CsF is cesium fluoride.

b, AlCl, is aluminum chloride.

¢. LiH is lithium hydride.

Notice that, in each case, the cation is named first, then the anion is named.

In many cases a pair of elements can form more than one compound. A casc in
point involves nitrogen and oxygen, which form the following compounds.

N,O NO NO, N,O3 NO, NyOs

48 [0 Chapter Two Atorrs, Molecules, and lons
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-and The system that has been devised to deal with this situation for covalent compounds
ride; uses the Greek prefixes given in Table 2.3.
n in Prefixes Used to Indicate Number in Chemical Names
) Prefix Number indicatcd

— mone- 1

di- 2

tri- 3
— tefra- 4

penti- 3

hexa- ]

hepra- 7

ocia- g

Table 2.3
For example, the nitrogen oxides are named as follows:

de

Compound Systomatic name Common name

N.O dinitrogen monoxide nitrous oxide
NO nitrogen monoxide nitric oxide
NO, nitrogen dioxide
xam- N4 dinitrogen trioxide
i N,0, dinitrogen tetroxide
N,Os dinitrogen pentoxide
Note the following additional rules for naming binary compounds:

1. The prefix mono- is never used for paming the first element. For example, CO
is called carbon momoxide, rot monocarbon monoxide.

2. The final ¢ or a of the prefix is often dropped when the clement begins with a
vowel. For example, N;O; is called dinitrogen tetroxide, nof dinitrogen
tetraoxide.

S— o Sample Exercise 2.4
- Name cach of the following compounds.
d. PC].; b. PCl; C. SF6 d. SO'; e. 502 f. C02
- Solution
Compound Name
med a. PCls phosphorus pentachloride
h. PCly phosphorus trichloride
I c. SFs sullur hexatluoride
d. S0, sulfur trioxide
ase i LSoe SOy sulfur dioxide
o LLEZ carbon dioxide

9.8 Naming Compounds [ 49
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Copper sulfate.

used.
As we will see in more detail later in the text, many mctals can form more than

one type of positive ion and thus more than one type of ionic compound with a given
anion. For example, the compound FeCl, contains Fe?” ioms, and the compound
FeCl, contains Fe** jons. In a case such as this, the charge on the metal ion must be
specified. Prefixes are not used for naming ionic compounds, as they are for cova-
lent ones. The systematic names for these two iron compounds are iron(I1) chloride
and iron{IIL} chloride, respectively, where the Roman numeral indicates the charge
of the cation.

Another system for naming ionic compounds that is scen in the older literature
was used for elements that form two ions. The ion with the higher charge has a
name ending in -ic, and the one with the lower charge has a name ending in -0us. In
this system, for example, Fe2t is called the ferric ion, and Fe
ion. The mames for FeCls and FeCl, are then [erric chloride and ferrous chloride,
respectively.

Table 2.4 gives both names for many common cations. The system that uses
Roman numerals will be used exclusively in this text.

Some compounds are always referred to by their common names. The two best
examples arc water and ammonia. The systematic names for Ho,O and NH; are
dihydrogen oxide and trihydrogen nitride, respectively, but these names are never

is called the ferrous

Common Names of Cations

lon Systematic namc Older namc
Fet fron(1IN ferric
| S iron(H} ferrous
Cu*t copper(ID) cupric
Cu?t capper(l) CUpIous
Co? cobalt({IT) cobaltic
Co?t coball(Il) coballous
Sp* ti{IV) stannic
Sp?t tin(I1) stannous
Pbt! lead(IV) plumbic
pb?t lead(ID plumbous
Hg>* mercury(I) mercuric
Hg 2 * mercury(T) FICTCUTOUS

*Note that mercury(l) jons always oceur bound together te form Hg 2",

Table 2.4

Sample Crercise 2.5
Give the systematic name of cach of the following compounds.

a. CuCl ¢. FeoO, d. MnO,

Solution

All these compounds include a metal that can form more than one type of cation;
thus we must first determinc the charge on each cation. This can be done by recog-
nizing that a compound must be electrically neutral; that is, the positive and nega-

tive charge must exactly balance.

50 O cChapter Two  Atoms, Molecules, and ions
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2. In CuCl, lor example, since the anion is C17, the cation must be Cu™. The name
is copper() chloride, where the Roman numeral 1 indicates the |+ charge on
Cu™.

b. In HeO, since the anion is oxide, O*~, the mercury cation must be Hg®* to give
a net charge of zero as required. Thus the name is mercury(ID) oxide.

c. In Fe,0s, the three OF ions carry a total charge of 6—, and the two iren cations
must carry a total charge of 6-. Thus each iren ion is Fe®™, and the name is
iron(IIf) oxide.

d. In the compound MnO-, the cation has a 4+ charge, and the namc is man-
ganesc(lY) oxide.

e. In SnCly, the cation also has a 4+ charge, so the name is tin(IV) chloride.

Note that the use of a Roman numeral in a systematic name is required only in
cases where more than one ionic compound forms between a given pair of elements.
This most commonly occurs for compounds containing transition metals, which
often form mare than one cation. Elemenis that form only one cation do rot need to
he identified by a Roman numeral. Common metals that do not require Roman
numerals are the Group 1A elements, which form only 1+ ions; the Group ZA
clements, which form only 2+ ions; and aluminum, which forms only AIP'.

As shown in Sample bxercise 2.5, when a metal ion is present that forms more
than one type of cation, the charge on the metal ion must be determined by balanc-
ing the positive and negative charges of the compound. To do this you must be able
to recognize the common cations and anions and know their charges (see Tables 2.2
and 2.5)

§ Bl
Give the systematic name ot each of the following compounds.

a. CUBI";_ b. CaClz C. A]203 d. Pgo_s C. CI’CIQ,

Sampile Cxer

Solution

Compound Name Comment

a. CoBr, cobalt(Il) bromide Cobalt is a transition metal; the compound
name must have a Roman numeral. The two
Br~ ions must be balanced by a Co®" cation.

b. CaCl; calcium chloride Calcium, an alkaling carth metal, forms only
the Ca’' ion. A Roman numeral is not
necessary.

c. ALO,  aluminum oxide Aluminum forms only AT, A Roman

numeral s nol necessary.
d. P,0O:;  diphosphorus pentoxide This compound is formed between
nonmetals. Use prefixes in the name.
chromium(ITh chloride Chromium is a transition metal. The
compound name must have a Roman numeral.

o
|
=
0
—
W

CrCly contains Cr? ",
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A type of ionic compound that we have not yet considered is exemplitied by
ammonium nitcate, NH.NOs, which contains the polyatomic ions NH, and NO, ™.
Ammonium nitrate is classified as an ionic compound even though the NH," and
NO;~ ions contain covalent bonds, because it exhibits the properties normally asso-
ciated with ionic materials. Polyatomic ions arc assigned special names that you
must memorize in urder to name the compounds containing them. The most impor-
tant polyatomic ions and their names are listed in Table 2.5.

Names of Common Polyatomic Tons
Jon Name Ton Name

NH,' AIMITIONIUIT . CO32 ’ carbonate
NO,; ™ nitrite HCO;~ hydrogen carbonate
NO4 nitrate (bicarbonate is a widely
50,7 sulfite used comimon name}
S0, sulfate Clo~ hypochtorite
HS0," hydrogen sulfate ClO,~ chlorite

{bisulfatc is a widely ClOy~ chloratc

used common name} Clo,” perchlorate
o~ hydroxide C,H:0, acetate
CN™ cyanide MnQO,~ permanganate
PO, pbosphate Cry 044 dichromate
HPO,2 bydrogen phosphate Cro,* chromate
H, PO, dihydrogen phosphate 0,2 peroxide

Table 2.5

Note in Table 2.5 that several series of anions contain an atom of a given
element and different numbers of oxygen atoms. These anions are called
oxyanions. When there are two members in such a series, the name of the one with
the smaller number of oxygen atoms ends in -ite and the name of the one with the
larger number ends in -ate, for example, sulfite (SO, ) and sulfate (804*7). When
more than two oxyanions make up a seties, Aypo- (Jess than) and per- (more than)
are used as prefixes to name the members of the series with the fewest and the most
oxygen atoms, respectively. The best example involves the oxyanions containing
chlorine: ’

ClO0~ hypochlorite
ClO,~ chlorite
Cl0,~ chlorate
Cl1o,~ perchlorate

Samplz Exercise 2.7

Give the systematic name of each of the following compounds.

a. Na2304 b. KH2P04 C. Fﬁ(NO3)3
d. MH(OH)E C. NEIQSOg f. Na2C03
g. NaHCO, h. CsClO, i. NaOCl

j. N'dQSGO4 k. KBr03

59 [ Chapter Two  Atoms, Malecules, and lons
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Solution

Compound Name Comment

a. NazSO4 sodium sultate

b. KH,PO4  potassium dihydrogen phosphate
¢. Fe(NO4); iron(IIl) nifratc Transition metal—namc must
contain a Roman numeral. Fe™*
ion balances three NO;~ ions.
Transition metal —name must
contain a Roman numeral. Mn®*
ion balances two OH™ ions.

d. Mun{OH); manganese(Il) hydroxide

. Nay504 sodinm sulfite
Na,CO4  sodium carbonate
. NaHCQ: sodium hydrogen carbonate
. CsClOy  cesium perchlorate
Na({(’l sodium hypochlorite
Na,Se(d; sodium selenate

Often called sodium bicarbonate.

— e gg h0

Palyatomic anions of the atoms
in the same group are named
similarly, Thus ScO,%” is
sclenate, like SO4° (sulfate).

As above, Br();™ is bromate, likc
ClO4™ {chlorate).

k. KBrOs polassiom bromate

So far we have started with the chernical formula of a compound und decided
on its systematic name. The reverse process is also tmportant. For example, given
the name calcium hydroxide, we can write the formula as Ca(OH), since we know
that calcium only forms Ca®™ ions and that, since hydroxide is OH™, two of these
anions will be required to give a neutral compound. Similarly the name iron(Il)
oxide implies the formula FeQ, since the Roman numeral 11 indicates the presence
of Fe>* and since the oxide ion is (0%~ .

Sample Exercise 2.8

Given the following systematic names, write the {formula for each compound.

a. ammonium sulfate
d. rubidium peroxide

b. vanadinm(V) fluoride
e, gallium oxide

¢. dioxygen difluoride

Solution
Name Chemical formula Comment Name  Chemical formula Commecnt
a. ammonium {NH.)»50,;  'T'wo ammonium ions d. rubidium Rha0 Since rubidium is in group 1A,
sullate {NH,") are required tor peroxide it forms enly 1+ ions, Thus

cach solfate ion (S0,27)
to achicve charge balance.

b. vanadiom(V)  VFs ‘The compound contains

fluoride V** ions and requires five |e. gallium Gay0s
F " ions for charge balance.|  oxide
¢. dioxygen 0,F; ‘The prefix di- indicates

diflaoride two of each atom.

two Rh™ ions are needed to
balance the 2— charge on
the peroxide ion ((;°7).
Since gallium is in group
3A, like aluminum, it forms
34- ions. Two Gu** ions

are required to balance

the charge on three O ions.
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Acids

When disselved in water, certain molecules produce a solution containing frec H
ions (protons}. These substances were first Tecognized by the sour taste of their
solutions. For example, citric acid (H3CsHs04) is responsible for the tartness of
Jemons, limes, and oranges. Acids will be discussed in detail in Chapters 4,14, and
15. Here we will simply present the rules for naming acids.

An acid can be viewed as 4 molecule with one or more H F jons attached to an
anion. The rules for naming acids depend on whether or not the anmion containg
oxygen. If the anion does not contain oxygen, (he acid is named with the prefix
hydro- und the suffix -ic. Bor example, when gaseous HCl is dissolved in water, il
forms hydrochloric acid. Similarly, HCN and H,S dissolved in water are called
hydrocyanic and hvdrosulfuric acids, respectively.

When the anion contains oxygen, the acid name is formed from the root name
of the anion with a suffix of -ic or -ous. If the anion name ends in -ate, the -afe is
replaced by -ic (or sometimes -ric). For example. H2504 contains the sulfate anion
(50,27} and is called sulfuric acid; HyPO,, contains the phosphate anion (PO 7)
and is called phosphoric acid; and HC,H50, contains the acetate ion (CH10, ) and
16 called acetic acid. If the anion has an -ite ending, the -ife 1s replaced by -ous. For
example, Hz50s, which contains salfite (804>7), 18 named sulfurous acid; and
HNO,, which contains nitrite (NO, ™), is numed nitrous acid.

The application of these rules can be seen in the names of the acids of the
oxvanions of chlorine, as shown in Table 2.6.

The names of the most important acids are given in Tables 2.7 and 2.8.

The Names of the Acids of the Oxyanions of Chlorine

HCIO, perchlorate perchioric acid
HCIO, chloruate ) chloric acid
HCIO, chiorite chlorous acid
HClO hypochlorite hypochloreus acid

Table 2.6

Namves of Acids That Do Not Contain Oxygen Names of Some Oxypen-Containing Acids

Acid Name

hydroftuoric acid HNO; nitric acid
bydrochloric acid FINO; nitrous acid
hydrobromic acid H,804 sulfuric acid
hydroiodic acid HaS504 sullurous acid
hydrocyanic acid | HyPOy phosphoric acid .

hydrosulfuric acid HCHL0, acetic acid
Table 2.7 Table 2.8

54 [J Chapter Two Atoms, Molecuies, and lons
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ns Jukob Berzelius (Fig. 2.22)
as probably the best experi-
ental chemist of his generation
and, given the crudeness of his
laboratory equipment, maybe the
best of all time. Unlike Lavoisier,
who could afford to buy the best 1ab-
oratory equipment available, Berze-
Hus worked with minimal equipment
in very plain surroundings. One of
Berzelius's students described the
Swedish chemist’s workplace: *‘The
laboratory consisted of two ordinary
rooms with the very simplest ar-
rangements; there were neither fur-
naces nor hoods, neither water sys-
tem nor gas. Against the walls stood
some closets with the chericals, in
the middle the mercury trough and
the blast lamp table. Beside this was
the sink consisting of a slone water
helder with a stopcock and a pot

Figure 2,22
Jéns Jakob Berzelius (1779—1848).

CHEMICAL IMPACT
R e

BERZELIUS, SELENIUM, AND SILICON

standing under it. [Next door in the
kitchen| stood a small heating fur-
nace.’’

In these simple facilities Berze-

lius performed more than 2000 ex-
periments over a ten-year period (o
determine accurate atomic masses for
the 50 elemernts then known. His suc-
cess can be seen from the data in
Table 2.9. These remarkably accu-
rale values attest to his experimental
skills and patience.

Besides his table of atomic
weights, Berzelius made many other
major contributions to chemistry,
The most important of these was the
invention of a simple set of symbols
for the elements along with a system
for writing the formulas of com-
pounds to replace the awkward sym-
bolic representations of the alche-
mists (see Table 2.10). Although
some chemists, including Dalton,
ohjected (o the new system, it was

r

gradually adopted and forms the
basis of the system we pse today.

In addition to thesc accomplish-
ments, Berzelius also discovered the
elements cerium, thorium, selenium,
and silicon. Of these elements, sele-
nium and silicon are particutarly
important in today’s world. Berzelins
discovered selenium in 1817 in con-
nection with his studies of sulfuric
acid. For years selenium’s loxicity
has been known, but only recently
have we become aware that it may
have a positive effect on human
health. Studies have shown that trace
amounts of selenium in the diet may
protect people from heart disease and
cancer, One study based on data from
27 countries showed an inverse rela-
tionship between the cancer death
rale and the selenium content of soil
in a particular region (low cancer
death rate in areas with high seleninm
content). Another research paper re-

Comparison of Several of Berzelius’s Atomic Weights
with the Modern Values

Element Atomic weight
Berzelius’'s value Current value
Chlorine 35.41 35.45
Copper 63.00 63.55
Hydrogen 1.00 1.01
Lead 207.12 207.2
Nitrogen 14.05 14.01
Oxygen 16.00 16.00
Ptassium 3919 39.10
Silver 108.12 107.87
Sulfar 32.18 32.06
Table 2.9
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IMPACT

The Alchemists’ Symbols for Some
Commeon Elemenis and Compounds

Substance  Alchemists’ symbol

Silver )
L@ﬁd :_5
Tin 1{’
Platinum DO,
.Sul.furic acid + ®']
Alcohol \‘y
gica salt @

Table 2.10

Figure 2.23
A silicon chip.

ported an inverse relationship be-
tween the selenium content of the
blood and the incidence of breast
cancer in women. Selenium iy also
found in the heart muscle and may
play an important role in proper heart
function. Because of these and other
studies, selenium’s reputation has
improved, and many scientists are
pow studying its function in the

Silicon is the second most abun-
dant element in the earth’s crost, ex-
ceeded only by oxygen. As we will
see in Chapter 10, compounds in-
volving silicon bonded to oxygen
make up most of the earth’s sand,
rock, and soil. Berzelius preparcd
silicon in its pure form in 1824 by
heating silicon tetrafluoride (SiFy)
with potassinm metal. Today, sihicon

croelectronics industry centered ncar
San Francisco in a place that has
come to be known as ‘“Silicon Val-
ley.”’ The technology of the silicon
chip (Fig. 2.23) with its printed cir-
cuits has transformed computers from
room-sized monsters with thousands
of unreliable vacuum tubes o desk-
top and notebook-sized units with
trouble-free *‘solid-state’’ circuitry™®.

human body. forms the basis for the modern mi-

*For further reading see Bernard Jafte, Crucibles: The Story of Chemistry (Premicre Book, 1957).

Summary

Three fundamental laws formed the basis for early chemistry: the law of conserva-
tion of mass (matter can neither be crcated nor destroyed), the law of definite
proportion (a given compound always contains exactly the same proportion of ele-
ments by mass), and the law of multiple proportions (if two elements A and B forin a
series of compounds, the ratios of the masses of A that combine with 1 gram of B
can always be represented by small whole numbers). Dalton accounted for these
laws in his atomic theory. He postulated that all elements are composed of utoms;
that alfl atoms of a given element are identical; that chemical compounds are formed
when atoms combine; and that the atoms themselves are not changed in a chemical
reaction, but are just reorganized.

56 [1 Chapter Twe Atoms, Mclecules, and lons
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Atoms consist of a dense nucleus containing protons and ncutrons, surrounded
by clectrons that occupy a large volume relative to the size of the nucleus, Elecirons
have a relatively small mass (£/1840 of the proton mass) and a negative charge,
Protons have a positive charge equal in magnitude (but opposite in sign) to that on
the electron. A neutron bus the same mass as a proton but no charge.

Isotopes are atoms with the same number of protons (thus constituting the same
element) but different numbers of neutrons. That is, isotopes have the same atomic
number but different mass numbers (total numbers of neutrons and protons).

Atoms combine to form molecrles by sharing electrons to form covalent bonds.
A molecule can be described by a chemical formula showing the numbers and types
of atoms involved, a strectural formula (showing which atoms are joined to cach
other), or by ball-and-stick or space-filling models that show the exact positions of
the atoms in space. When un atom loses one or more electrons, it forms a positive
ion called a cation. If an atom gains electrons, it becomes a negattvely charged
anion. The interaction of oppasitely charged ions to form an ionic compound is
called ionic bonding.

The periodic tuble arranges the elements in order of increasing atomic number,
and elements having similur chemical properties fall into vertical columns, or
groups. Most of the elements are metuls, which tend to form cations in ionic com-
pounds with nonmetals, which are elementy that tend to form anions.

Compounds can be named systematically by a set of relatively simple rules. For
compounds containing both a metal and a nonmetal, the metal is always named
first, followed by a name derived from the root name of the nonmetal, For com-
pounds containing a metal that can form more than one type of cation, a Roman

far numeral is used in the name to specify the charge on the metal ion. In compounds
a containing only nonmetals, prefixes are used to specify the relative numbers of
/al- atoms,
Con
cir-
om Key Terms
nds . . .
sk~ law of‘ con'scrvatlon otlmass (2.2) nucleus structurat formula nonmetat
ith law of definite proportion proton {2.5) space-filling maodel group
« " law of multiple proportions neutron ball-and-stick model alkali metals
o © alomic masses (2.3) isotopes ion alkaline earth metals
afomic weights atomic number cation halogens
" Avogadro’s hypethesis mass number anion nobie gascs
- cathode ray (2.4} chemmical bond (2.6) ionic bond hinary compound (2.8)
— - electron covalent band polyatomic jon
" radioactivity molecuie periodic table (2.7}
2w nuclear atom chemical [ormuia metal
erva - Exercises
flnllle :-Development of the Atomic Theory
ele-
\TL A L Several compounds containing anly sulfur {3) and fluorine (F) 2. Areaction of 1 L of chlorine gas (Cly) with 3 L of fluorine gas
of B : are known. Three of them have the following compositions: (F2) yields 2 L of a gascous praduct. All gas volumes are at
these . i . ) the same temperature and pressure. What is the formula of the
1. 1.188 ¢ of F for every 1,000 g of S gaseous product?

LOmS; it 2.375 g of ¥ for every 1.000 g of S i
rmed ii. 3.563 g of F for eve ry 1.000 g of § 3. When mixtures of gaseous Hz and gaseous Cls react, a prod-
mical uct forms thal has the same propertics regardless of the rela-

How do these data illustrate the law of multiple proportions?

five amounts ol Hy and Cly used,

Exercises |} 57
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A, How is this result interpreted in terms of the law of def inite
praportion?
_ When a volume of H reacts with an equal volume of Clp al
the same temperature and pressure, what volume of prod-
uct having the formula HCY! is formed?

4. Early tables of atomic weights were pencrated by measuring
the mass of a substance that reacts with 1 g of oxygen. Given
the following data and taking the atomic weight of hydrogen
as 1.00, generate a table of relative atomic weights tor these
elements,

Mass that combines

Element  with 1.00 g oxygen Assumed formula

HO
NaD
MgO

0.1260 g
2.8750 g
1.5000 g

Hydrogen
*Sodium

- Magnesium

How do }}our values comparc with those in the periodic table?
How do you account for any differences?

The Mature of the Atom . —.

£ The vitamin niacin (nicolinic acid, CgHsNO,) can be isolated
[rom a varicty of natural sources; for cxample, liver, yeast,
milk, and wholc grain. It can also be synthesized from com-
metcially available materials. Which source of nicotinic acid,
from a nulritional view, is best for usc in a multivitamin tab-
let? Why?

. How does Dallon’s atomic theory account for each of the fol-
lowing?
a. the law of conservation ol mass
h. the law of definite proportion
¢. the law of multiple proportions

_ What refinements had to be made in Dalton’s atomic theory 10
account for Guy-Lussac’s results on the combining volumes
of gascs?

. One of the best indications of a *‘good”” theory is thal it raises
more questions for further cxperimentation than it originally
answered. Does this apply to Dalton’s atoric theory? ifso0, in
what ways?

¢ What evidence led Lo the conclusion that cathode rays had a
negative charge?

. Is there a difference between a cathode ray and a 8 particle?

. Trom the information in this chapler on the mass of the pro-
ton, the mass of the clectron, and the sizes of the nucleus and
the atom, calculate the densities of a hydrogen nucleus and a

hydrogen atom.,

Elements and the Periodic Table

2. A chemist in a galaxy far, far away performed the Millikan oil
drop cxperiment and gol the following results for the charge
on varjous drops. What is the charge of the electron in
zirkombs?

2.56 % 10 "2 zirkombs
3.84 w 107" zirkombs

7.68 x 107'? zitkombs
5.12 x 10 12 zirkombs

1%, What is the distinction between atomic number and mass
muinker? Between mass number and atomic weight?

14. Give the number of protbns and neutrons in the nucleus of
each of the {ollowing atoms:
o BiPu c. 33Cr
b $Cu d. 3He
Using the periodic table, give the number of protons and ncu-
trons in the nucleus of cach of the following atoms:
q. 15N o ZOTPb e. IOTAg
b 3H d. 151Eu

. Identify each of the following elements:

a BX c. TX
b '8X d. "7
How many protons, neutrons, and electrons are in each of the
following atoms or ions?
a. Mg i
b #BMg*t e.

¢ Fcott f.

o
39Co°
HCo
{iSe

g, 3Se’”

58 [0 Chapter Two Atoms, Molecules, and lons

18, An jon contains 50 protons, 68 ncutrons, and 48 electrons.
What is ils symbol?

1%, Completc the following table:

Number of Number of —‘
prolons in meutrons in Number of Nect

Symbol  nucleus nucleus electrons  change

33 42 34

125Te?~

123Pt

2. Classify the following elements as metals or nonmetals: Mg,
Ti, Au, Bi, Si, Ge, B, At, Ra, Eu, Am, Br.
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21.

- Additional Exercises

. netate?

The distinction between mefals and nonmetals is really not a
clear one. Some elements, called metalloids, are intermediate
in their properties. Which elements in Exercise 20 would you
reclassify as metalloids? What other elements in the periodic

23. Would you expect each of the following atoms to gain or lose

electrons when forming ions? What is the most likely ion each
will form?

table would you expect to be metalloids? o Na 41
b, Sr e. Al
22, Which of the following scts of elements are all in the same <. Ba f. §
group in the periodic table?
a. Fe, Ru, Os d. Se, Te, Po 2. Rb, Sn
b. Rh, Pd, Ag e. N,bP,O h. Mg, Ca
c. 8n, As,' S f. C, 8i, Ge
NOMeNClatUre ... —
24, Name the following compounds: 2%. Write formulas for the following compounds:
a. CrQs ¢, AlOy 2. SeD, g. PCl; 4. cesium bromide ¢. ammonium chloride
b. Cr;05 d. SeO, f. NI, b. barium sulfatc d. chlorine monoxide
25. Name the following compounds:
4. NiO c. Cel)y e Ag;3 g. NzH 30. Write formulas for the following compounds:
b. FeyO, d, Ce0; f. MnO, h. H;3 4. ammonium hydrogen ¢ aluminum hydrogen sulfate
26. Name the following compounds: phosphate f. nitrogen trichloride
a. NauCl e Ally i. N,F, b. mercury(I) sulfide g. hydrobromic acid
h. MgCl, i HI j. N,Cl ¢, silicon dioxide h. bromous acid
<. RbBr s. NO 4. sodium sulfite i. perbromic acid
d CsF h. NF3
27. Nume the following compounds: 31. Write formulas for the following compounds:
a. KCIO, 2. BaS0, i. AuClq a. sulfur difluoride d. lithium nitride
b, Cay(PO4), . NaNO, j. HIO, t. sulfur hexafluoride e. chromium(IIl) carbonate
<. Al(SO4)y g. KMnO, ¢. sodinm dihydrogen f. tin(Il) fluoride
d. PB(NQ;), h. K;CrO, phosphate
28. Name the following compounds:
&, HNO, ¢. NaHSO, i. Ru(NQ3)3 32. Write formmulas for the following compounds:
b. HNO, . Ca(HSO1)s j- Va0s #. sodium hydroxide d. sodium peroxide
<. HiPOy z. NaBr(Q, b. aluminum hydroxide e. copper(Il) acetate
d. HiPQO4 h. Fe(10,); . hydrogen cyanide f, carbon tetrafluoride

Insulin is a complex protein molecule produced by the pan-
creas in all vertebrates. It is a hormone that regulates carbohy-
drate metabolism. Inability to produce insylin results in diabe-
tes mellitus. Diabetes is treated by prescribing injections of

.. insulin. Given the law of definite proportion, would you ex-

pect any differences in chemical activity between human insu-
lin extracted from pancreatic tissue and human insulin pro-
duced by genetically engineercd bacteria? Why or why not?

Technetium (Te) was the first synthetically produced element.
Technetium comes from the Greek word for ““artificial.”” It

... Was first produced by Pesries and Segré in 1937 in Berkeley,
-+ California, by bombarding a molybdenum plate with *H nu-

~ clei. Blemental technetium is produced from ammonium peor-
. technetate. How many protons and neutrons are in the nuclei

of *Tc and **Tc? What is the formula of ammonium pertech-

3s.

The carly alchemists used to do an experiment in which water
was boiled for several days in a scaled glass container. Even-
tually, some solid residuc would begin to appear in the bottom
of the flask. This result was interpreted 1o mean that some of
the water in the flask had been converted into earth. When
Lavoisier repeated this experiment, he found that the water
weighed the same before and after heating, and the weight of
the flask plus the solid residue equaled the original weight of
the flask. Were the alchemists correct? Explain what really
happened. (This experiment is described in the article by A.
F. Scott, in Scientific American, January 1984 )

What results would you predict from the Rutherford a-particle
scatlering cxperiment if the plum pudding model of the atom
were correct?
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