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And so, nothing that to our world appears,
Perishes completely, for nature ever
Upbuilds one thing from another’s ruin;
Suffering nothing yet to come to birth

But by another’s death.

Lucretius (95-55 5.c.)

Nhe main question asked in Chapter 2 was “If a given set of sub-
stances will react to give a desired product, how much of each
, substance is needed?” Our basic assumptions were that matter
cannot be arbitrarily created or destroyed, and that atoms going into a
reaction must come out again as products.

In this chapter we ask a second question: “Will a reaction occur,
eventually?” Is there a tendency or a drive for a given reaction to take place,
and if we wait long enough will we find that reactants have been con-
verted spontaneously into products? This question leads to the ideas of
spontaneity and of chemical equilibrium. A third question, “Will a reaction
occur in a reasonably short time?” involves chemical kinetics, which will be
discussed in Chapter 22. For the moment, we will ;be satisfied if we can
predict which way a chemical reaction will go by itself, ignoring the time
factor.

4-1 SPONTANEOUS REACTIONS

A chemical reaction that will occur on its own, given enough time, is said
to be spontaneous. In the open air, and under the conditions inside an
automobile engine, the combustion of gasoline is spontaneous:

C,H,, + 110, — 7CO, + 8H,0
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(The reaction is exothermic, or heat emitting. The enthalpy change, which
was defined in Chapter 2, is large and negative: AH = —4812 kJ mole™!
of heptane at 298 K. The heat emitted causes the product gases to expand,
and it is the pressure from these expanding gases that drives the car.) In
contrast, the reverse reaction under the same conditions is not spontaneous:

7C0, + 8H,0 - C,H,, + 110,

No one seriously proposes that gasoline can be obtained spontaneously from
a mixture of water vapor and carbon dioxide.

Explosions are examples of rapid, spontaneous reactions, but a reaction
need not be as rapid as an explosion to be spontaneous. It is important to
understand clearly the difference between rapidity and spontaneity. If you
mix oxygen and hydrogen gases at room temperature, they will remain
together without appreciable reaction for years. Yet the reaction to produce
water is genuinely spontaneous:

2H, + O, — 2H,0

We know that this is true because we can trigger the reaction with a match,
or with a catalyst of finely divided platinum metal.

The preceding sentence suggests why a chemist is interested in whether
areaction is spontaneous, that is, whether it has a natural tendency to occur.
If a desirable chemical reaction is spontaneous but slow, it may be possible
to speed up the process. Increasing the temperature will often do the trick,
or a catalyst may work. We will discuss the function of a catalyst in detail
in Chapter 22. But in brief, we can say now that a catalyst is a substance
that helps a naturally spontaneous reaction to go faster by providing an
easier pathway for it. Gasoline will burn rapidly in air at a high enough
temperature. The role of a spark plug in an automobile engine is to provide
this initial temperature. The heat produced by the reaction maintains the
high temperature needed to keep it going thereafter. Gasoline will combine
with oxygen at room temperature if the proper catalyst is used, because the
reaction is naturally spontaneous but slow. But no catalyst will ever make
carbon dioxide and water recombine to produce gasoline and oxygen at
room temperature and moderate pressures, and it would be a foolish chemist
who spent time trying to find such a catalyst. In short, an understanding of
spontaneous and nonspontaneous reactions helps a chemist to see the limits
of what is possible. If a reaction is possible but not currently realizable, it
may be worthwhile to look for ways to carry it out. If the process is in-
herently impossible, then it is time to study something else.

4-2 EQUILIBRIUM AND THE EQUILIBRIUM CONSTANT

The speed with which a reaction takes place ordinarily depends on the
concentrations of the reacting substances. This is common sense, since most
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reactions take place when molecules collide, and the more molecules there
are per unit of volume, the more often collisions will occur.

The industrial fixation of atmospheric nitrogen is very important in
the manufacture of agricultural fertilizers (and explosives). One of the steps
in nitrogen fixation, in the presence of a catalyst, is

N, + O, — 2NO (4-1)

If this reaction took place by simple collision of one molecule of N, and one
molecule of O,, then we would expect the rate of collision (and hence the
rate of reaction) to be proportional to the concentrations of N, and O,:

Rate of NO production o [N,][O,]
or
R, = £[N,][O,] (4-2)

The proportionality constant £, is called the forward-reaction rate constant,
and the bracketed terms [N,] and [O,] represent concentrations in moles
per liter. This rate constant, which we will discuss in more detail in Chapter
22, usually varies with temperature. Most reactions go faster at higher
temperatures, so £, is larger at higher temperatures. But £, does not depend
on the concentrations of nitrogen and oxygen gases present. All of the con-
centration dependence of the overall forward reaction rate, R, is contained
in the terms [N,] and [O,]. If this reaction began rapidly in a sealed tank
with high starting concentrations of both gases, then as more N, and O,
were consumed, the forward reaction would become progressively slower.
The rate of reaction would decrease because the frequency of collision of
molecules would diminish as fewer N, and O, molecules were left in the
tank.

The reverse reaction can also occur. If this reaction took place by the
collision of two molecules of NO to make one molecule of each starting gas,

2NO — N, + O, (4-3)

then the rate of reaction again would be proportional to the concentration
of each of the colliding molecules. Since these molecules are of the same
compound, NO, the rate would be proportional to the square of the NO
concentration:

Rate of NO removal o« [NO]JNO]
or
R, = k,[NOJ? (4-4)

where R, is the overall reverse reaction rate and £, is the reverse-reaction
rate constant If little NO is present when the exper1ment "begins, this
reaction will occur at a negligible rate. But as more NO accumulates by the
forward reaction, the faster it will be broken down by the reverse reaction.
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Thus as the forward rate, R,, decreases, the reverse rate, R,, increases.
Eventually the point will be reached at which the forward and reverse
reactions exactly balance:

R, =R,
[NL][O, ]k, = K,[NOJ? (4-3)

This is the condition of equilibrium. Had you been monitoring the con-
centrations of the three gases, N,, O,, and NO, you would have found that
the composition of the reacting mixture had reached an equilibrium state
and thereafter ceased to change with time. This does not mean that the
individual reactions had stopped, only that they were proceeding at equal
rates; that is, they had arrived at, and thereafter maintained, a condition of
balance or equilibrium.

The condition of equilibrium can be illustrated by imagining two
large fish tanks, connected by a channel (Figure 4-1). One tank initially
contains 10 goldfish, and the other contains 10 guppies. If you watch the
fish swimming aimlessly long enough, you will eventually find that ap-
proximately 5 of each type of fish are present in each tank. Each fish has the
same chance of blundering through the channel into the other tank. But as
long as there are more goldfish in the left tank (Figure 4-1a), there is a
greater probability that a goldfish will swim from left to right than the
reverse. Similarly, as long as the number of guppies in the right tank exceeds
that in the left, there will be a net flow of guppies to the left, even though
there is nothing in the left tank to make the guppies prefer it. Thus the rate

lllustration of dynamic equilibrium: two fish tanks connected by a channel. (a) Start of
experiment, with 10 goldfish in the left tank and 10 guppies in the right. (b) Equilibrium
state, with b of gach kind of fish in sach tank. (¢) If we were to observe one single fish
(here a guppy among goldfish), we would find that it spends half its time in each tank.
The equilibrium of the tank in {b} is a dynamic, averaged state and nct a static con-
dition. The fish do not stop swimming when they have become evenly mixed.
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of flow of guppies is proportional to the concentration of guppies present.
A similar statement can be made for the goldfish.

At equilibrium (Figure 4-1b), on an average there will be 5 guppies
and 5 goldfish in each tank. But they will not always be the same 5 of
each fish. If 1 guppy wanders from the left tank into the right, then it or a
different guppy may wander back a little later. Thus at equilibrium we find
that the fish have not stopped swimming, only that over a period of time the
total number of guppies and goldfish in each tank remains constant. If we
were to fill each tank with 9 goldfish and then throw in 1 guppy, we would
see that, in its aimless swimming, it would spend half its time in one tank
and half in the other (Figure 4-1c).

In the NO reaction we considered, there will be a constant concentra-
tion of NO molecules at equilibrium, but they will not always be the same
NO molecules. Individual NO molecules will react to re-form N, and O,,
and other reactant molecules will make more NO. As with the goldfish, only
on a head-count or concentration basis have changes ceased at equilibrium.

The equilibrium condition for the NO-producing reaction, equation
4-1, can be rewritten in a more useful form:

2
ANOF _ A _ g (4-6)
[N.][O:] &,

in which the ratio of forward and reverse rate constants is expressed as a
simple constant, the equilibrium constant, K,,. This equilibrium constant
will vary as the temperature varies, but it is independent of the concentra-
tions of the reactants and products. It tells us the ratio of products to re-
actants at equilibrium, and is an extremely useful quantity for determining
whether a desired reaction will take place spontaneously.

4-3 GENERAL FORM OF THE EQUILIBRIUM CONSTANT

We derived the equilibrium-constant expression for the NO reaction by
assuming that we knew the way that the forward and reverse steps occurred
at the molecular level. If the NO reaction proceeded by simple collision of
two molecules, the derivation would be perfectly correct. The actual mech-
anism of this reaction is more complicated. But it is important, and for-
tunate for chemists, that we do not have to know the reaction mechanism
to write the proper equilibrium constant. The equilibrium-constant expres-
sion can always be written from the balanced chemical equation, with no
other information, even when the forward and reverse rate expressions are
more complicated than the balanced equation would suggest. (We shall
prove this in Chapter 16.) In our NO example, the forward reaction actually
takes place by a series of complicated chain steps. The reverse reaction
takes place by a complementary set of reactions, so that these complica-
tions cancel one another in the final ratio of concentrations that gives us the
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equilibrium constant. The details of the mechanism are “invisible” to the
equilibrium-constant expression, and irrelevant to equilibrium calculations.
A general chemical reaction can be written as

aA + B & ¢C + dD (4-7)

In this expression, A and B represent the reactants; C and D, the prod-
ucts. The letters q, b, ¢, and d represent the number of moles of each substance
involved in the balanced reaction, and the double arrows indicate a state of
equilibrium. Although only two reactants and two products are shown in
the general reaction, the principle is extendable to any number. The cor-
rect equilibrium-constant expression for this reaction is

_ D)

o JAlBY

It is the ratio of product concentrations to reactant concentrations, with
each concentration term raised to a power given by the number of moles of
that substance appearing in the balanced chemical equation. Because it is

based on the quantities of reactants and products present at equilibrium,
equation 4-8 is called the law of mass action.

(4-8)

Solution

Give the equilibrium-constant expression for the reaction

CO + H,0 =2 CO, + H,

The equilibrium constant is given by

_ [CO,][H,]

* [COJH,O]

Since all four substances have a coefficient of 1 in the balanced equation,
their concentrations are all raised to the first power in the equilibrium-
constant expression.

Examp[eg,‘z‘ =

What is the equilibrium-constant expression for the formation of water from
hydrogen and oxygen gases? The reaction is

9H, + O, = 2H,0
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[H,OJ
T [H O]

Since two moles of hydrogen and water are involved in the chemical equa-
tion, their concentrations are squared in the K, expression.

Example 3

Solution

Give the equilibrium-constant expression for the dissociation (breaking up)
of water into hydrogen and oxygen. The reaction is

2H,0 = 2H, + O,

_ [H,10,]
“ = [H,0F

An important general point emerges here. This reaction is the reverse of
that of Example 2, and the equilibrium-constant expression is the inverse,
or reciprocal, of the earlier one. If a balanced chemical reaction is reversed, then
the equilibrium-constant expression must be inverted, since what once were reac-
tants now are products, and vice versa.

Example 4

Solution

The dissociation of water can just as properly be written as
H,O0 2 H, + 30,

What then is the equilibrium-constant expression?

_ K]0,

= [H,0]

Notice that when the reaction from Example 3 is divided by 2, resulting
in the Example 4 reaction, the equilibrium constant is the square root of
the old value, or the old K., to the one-half power. Similarly, if the reaction
is doubled, the K,, must be squared. In general, it is perfectly proper to
multiply all the coefficients of a balanced chemical reaction by any positive
or negative number, n, and the equation will remain balanced. (Multi-
plying all the coefficients of an equation by —1 is formally the same as
writing the equation in reverse. Write out a simple equation and prove to



4-4 Using Equilibrium Constants 147

yourself that this is so.) But if all the coefficients of an equation are multiplied
by n, then the new equilibrium-constant expression is the old one raised to the nth
power. Hence, when working with equilibrium constants, one must keep
the corresponding chemical reactions clearly in mind.

Exampl‘e 5

Solution

The reaction for the formation or the breakdown of ammonia can be written
in a number of ways:

a) N, + 3H, & 2NH,
b) 4N, + $H, = NH,
c) iN, + H, < ;NH,
d) NH; = iN, + {H,

(Each of these expressions might be appropriate, depending on whether you
were focusing on nitrogen, ammonia, hydrogen, or the dissociation of
ammonia.) What are the equilibrium-constant expressions for each for-
mulation, and how are the equilibrium constants related?

a) Ka — [NH3]2 C) Kc — [NH3]2/3
[N, [T TAEEN
NH N [H, )
& =mgemyrr 0N N
Ka:K,%:Kg:KJQ:;%

Notice that there is nothing wrong with fractional powers in the equilibrium-
constant expression.

4-4 USING EQUILIBRIUM CONSTANTS

Equilibrium constants have two main purposes:

1. To help us tell whether a reaction will be spontaneous under speci-
fied conditions.

2. To enable us to calculate the concentration of reactants and prod-
ucts that will be present once equilibrium has been reached.

We can illustrate how equilibrium constants can be used to achieve these
ends, and also the fact that an equilibrium constant is indeed constant, with
real data from one of the most intensively studied of all reactions, that
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between hydrogen and iodine to yield hydrogen iodide:
H,(g) + L(g) = 2HI(g) (4-9)

If we mix hydrogen and iodine in a sealed flask and observe the reac-
tion, the gradual fading of the purple color of the iodine vapor tells us that
iodine is being consumed. This reaction was studied first by the German
chemist Max Bodenstein in 1893. Table 4-1 contains the data from
Bodenstein’s experiments. The experimental data are in the first three
columns. In the fourth column, we have calculated the simple ratio of
product and reactant concentrations, [HI]/[H,][L], to see if it is constant.
It clearly is not, for as the hydrogen concentration is decreased and the
iodine concentration is increased, this ratio varies from 2.60 to less than 1.
The law of mass action (Section 4-3) dictates that the equilibrium-constant
expression should contain the square of the HI concentration, since the
reaction involves 2 moles of HI for every mole of H, and I,. The fifth column
shows that the ratio [HI]?/[H,][1,] is constant within a mean deviation of
approximately 3%.* Therefore, this ratio is the proper equilibrium-constant
expression, and the average value of K, for these six runs is 50.53.

The equilibrium constant can be used to determine whether a reaction
under specified conditions will go spontaneously in the forward or in the
reverse direction. The ratio of product concentration to reactant concen-
tration, identical to the equilibrium constant in form but not necessarily
at equilibrium conditions, is called the reaction quotient, Q:

0= [HIJ?

[Ha][1,]
If there are too many reactant molecules present for equilibrium to exist,
then the concentration terms in the denominator will make the reaction
quotient, Q, smaller than K. The reaction will go forward spontaneously to
make more product. However, if an experiment is set up so that the reaction
quotient is greater than K, then too many product molecules are present
for equilibrium and the reverse reaction will proceed spontaneously.
Therefore, a comparison of the actual concentration ratio or reaction
quotient with the equilibrium constant allows us to predict in which direc-
tion a reaction will go spontaneously under the given set of circumstances:

(not necessarily at equilibrium) (4-10)

orward reaction spontaneous

< Koy fi d : p

Q> K, (reverse reaction spontaneous) (4-11)
Q=K (reactants and products at equilibrium)

*These are Bodenstein’s original numbers. Modern data can be much more accurate, with
less deviation in K . The mean deviation is the average of the deviations of individual
calculated K, from the average K.
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Experimental Measurements of Equilibrium Concentrations?

18.14 0.41 19.38 2.60 50.50 —-0.03
10.96 1.89 32.61 1.67 51.34 +0.71
4.57 8.69 46.28 1.18 53.93 +3.40
2.23 23.95 51.30 0.96 49.27 —1.26
0.86 67.90 53.40 0.91 48.83 —-1.70
0.65 87.29 52.92 0.93 49.35 —1.18
6)303.22 6)8.28

50.563 1.38

1.38

Average K, = 50.53 X 100 = 2.7% mean deviation

50.53

aFor the reaction H,(g) + 1,(9) = 2HI(g). at 448°C in a sulfur vapor constant-
temperature bath. Concentrations are in mole per liter X 10%3 (e.g., the first hydrogen
concentration is 18.14 X 1073 mole liter=).

Example 6

Solution

If 1.0 X 1072 mole each of hydrogen and iodine gases are placed in a 1-liter
flask at 448°C with 2.0 X 10~2 mole of HI, will more HI be produced?

The reaction quotient under these conditions is
0= (2.0 X 1073%)2

(1.0 X 1072)?

This is smaller than the equilibrium value of 50.53 in Table 4-1, which tells

us that excess reactants are present. Hence, equilibrium will not be reached
until more HI has been formed.

= 0.040

 Example 7

If only 1.0 X 102 mole each of H, and I, had been used, together with
2.0 X 1072 mole of HI, would more HI have been produced spon-
taneously?
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You can verify that the reaction quotient is = 4.0. Because this is less than
K, the forward reaction is still spontaneous.

Solution

If the conditions of Example 7 are changed so that the HI concentration is
increased to 2.0 X 102 mole liter—!, what happens to the reaction?

The reaction quotient now is Q = 400. This is greater than K,,. There are
now too many product molecules and too few reactant molecules for equilib-
rium to exist. Thus the reverse reaction occurs more rapidly than the for-
ward reaction. Equilibrium is reached only by converting some of the HI to
H, and I,, so the reverse reaction is spontaneous.

Solution

If the conditions of Example 7 are changed so that the HI concentration is
7.1 X 1073 mole liter—!, in which direction is the reaction spontaneous?

Under these conditions,

(71X 10732
Q= (1.0 X 107%)2

Since Q equals K, within the limits of accuracy of the data, the system as
described is at equilibrium, and neither the forward nor the backward
reaction is spontaneous. (Both reactions are still taking place at the molec-
ular level, of course, but they are balanced so their net effects cancel.)

50.4 = K,q

The second use for equilibrium constants is to calculate the concentra-
tions of reactants and products that will be present at equilibrium.

Solution

If a 1-liter flask contains 1.0 X 107* mole each of H, and I, at 448°C, what
amount of HI is present when the gas mixture is at equilibrium?

The K, expression is treated as an ordinary algebraic equation, and solved
for the HI concentration:
[HIJ?
(1.0 X 10-3)2
[HI]? = 50.53 X 1.0 X 107¢
[HI] = 7.1 X 1072 mole liter—!

= K., = 50.53
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You can verify that in Example 7 the HI concentration was less than this
equilibrium value; in Example 8 it was more; and in Example 9 it was just
this value.

Solution

One-tenth of a mole, 0.10 mole, of hydrogen iodide is placed in an otherwise
empty 5.0 liter flask at 448°C. When the contents have come to equilibrium,
how much hydrogen and iodine will be in the flask?

From the stoichiometry of the reaction, the concentrations of H, and I, must
be the same. For every mole of H, and I, formed, 2 moles of HI must
decompose. Let y equal the number of moles of H, or I, per liter present
at equilibrium. The initial concentration of HI before any dissociation has
occurred is

~0.10 mole

[HI], = - = 0.020 mole liter—!
5.0 liters

Begin by writing a balanced equation for the reaction, then make a table of
concentrations at the start and at equilibrium:

H, + I, = 2HI

Start (moles liter—!): 0 0 0.020
Equilibrium: 9 y 0.020 — 2y

The HI concentration of 0.020 mole liter—! has been decreased by 2y for
every » moles of H, and I, that are formed. The equilibrium-constant
expression is

(0.020 — 2y)?

yZ
We immediately see that we can take a shortcut by taking the square root
of both sides:

50.53 =

g1 = 0020 = 2
Y,
9.11y = 0.020

» = 0.0022 mole liter—!

For 5 liters, 5 X 0.0022 = 0.011 mole of H, and of I, will be present at

equilibrium. Only (0.020 — 0.0044) X 5 = 0.080 mole of HI will be left in
the 5-liter tank, and the fraction of HI dissociated at equilibrium is

2y 0.0044

[HI], 0.020

= 0.22, or 22% dissociation
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Shortcuts such as taking the square root in the preceding example are
not always possible, yet part of the skill of solving equilibrium problems lies
in recognizing shortcuts when they occur and using them. The key is often a
good intuition about what quantities are large and small relative to one
another, and this intuition comes from thoughtful practice and understand-
ing of the chemistry involved. You should remember that these are chemical
problems, not mathematical ones.

In many cases a quadratic equation must be solved.

Example 12

Solution

If 0.00500 mole of hydrogen gas and 0.0100 mole of iodine gas are placed in
a 5.00 liter tank at 448°C, how much HI will be present at equilibrium?

The initial concentrations of H, and I, are

_0.00500 mole

H,], = = 0.001 iter—!
[H,], 5 00 Liters 00 mole liter

_0.0100 mole

oo = - = 0.00200 mole liter—!
5.00 liters

This time, let the unknown variable y be the moles per liter of H, or I, that
have reacted at equilibrium:

H, -+ I, = 2H1
Start (moles liter™*):  0.00100 0.00200 0.0
Equilibrium: 0.00100 — »  0.00200 — » 2y

The equilibrium expression is

50.53 = ()
' (0.00100 — »)(0.00200 — )

k3
The square-root shortcut is now impossible because the starting concentra-
tions of H, and I, are unequal. Instead we must reduce the equation to a
quadratic expression:

46.53y — 0.1516p + 1.011 X 10~* =0

A general quadratic equation of the form ay? + by + ¢ = 0 can be solved
by the quadratic formula,

—b + \/b% — 4dac

2a

)}:
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Thus for this problem

_0.1516 £ 1/0.02298 — 0.01881
93.06

» = 2.32 X 1073 and 0.935 X 10~3 mole liter—!

The first solution is physically impossible since it shows more H, reacting
than was originally present. The second solution is the correct answer:
» = 0.935 X 1072 mole liter—!. Therefore, the equilibrium concentrations
are

[H,] = 0.00100 — 0.000935 = 0.065 X 10~* mole liter—*
[I,] = 0.00200 — 0.000935 = 1.065 X 10— mole liter—!
[HI] = 2(0.935 X 1073) = 1.87 X 1073 mole liter—!

4-5 UNITS AND EQUILIBRIUM CONSTANTS

As we have seen, the square brackets around a chemical symbol, as in [N, ],
represent concentrations, usually but not exclusively in units of moles
liter~!. Concentrations expressed as moles liter—! are often given the special
symbol ¢, as in ¢y, , the concentration of N, in moles liter—!. The equilibrium
constant with concentrations measured in these units is denoted by X,,.

An equilibrium constant as we have defined it thus far may itself have
units. In Example 1, K, is unitless since the moles? liter—? of the numerator
and denominator cancel. In Example 2, the units of K., are moles™! liter
since concentration occurs to the second power in the numerator and to the
third power in the denominator. In Example 3 the units of K, are the in-
verse: moles liter—!. The units demanded by Example 4, moles'/? liter—'/2,
may seem strange but they are perfectly respectable.

Example 13

Solution

What are the units for the equilibrium constants in the four reactions of
Example 5?

Constant Units
K, moles™? liter?
Ky moles—! liter
K, moles—2/3 liter?/?
Ky moles liter—!

The question of units for K, becomes important as soon as we realize
that we can measure concentration in units other than moles liter—!. The
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partial pressure in atmospheres is a convenient unit when dealing with gas
mixtures, and the equilibrium constant then is identified by K,,. Since the
numerical values of K, and K, in general will be different, one must be sure
what the units are when using a numerical constant.

Solution

One step in the commercial synthesis of sulfuric acid is the reaction of sulfur
dioxide and oxygen to make sulfur trioxide:

250, + 0, = 250,

At 1000 K, the equilibrium constant for this reaction is K, = 3.50 atm™!.
If the total pressure in the reaction chamber is 1.00 atm and the partial
pressure of unused O, at equilibrium is 0.10 atm, what is the ratio of
concentrations of product (SO;) to reactant (SO, )?

2
K, = 2‘0503 (p; = partial pressure of j)
p50,P0,
Ratio = ’% = VK, X po, = \/3.50 X 0.10 = 0.59
S0,

The equilibrium mixture has 0.59 mole of SO, for every 1 mole of SO, .

The ideal gas law permits us to convert between atmospheres and moles
liter—!, and between K, and K, :

PV = nRT (3-8)
P= %RT = (RT (4-12)

In the general chemical reaction written earlier,

aA + B = ¢C + dD (4-7)
An (n?ad “delta n”), the increase in number of moles of gas during the reac-
tion, is

MAn=c+d—a—1b (4-13)
The equilibrium-constant expression in terms of partial pressures is
= 265 (4-14)

PiPE

With the ideal gas law applied to each gas component, we can convert this
expression to K, :

D
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K, = CRDCRDY _ & pyan — g (R (4-15)

P (RT)RTY ~ %
(Do not confuse the two uses of the symbol ¢ in equation 4-15: one is for

concentration in moles liter—! and the other for the number of moles of
substance C.)

s A

What is the numerical value of K, for the reaction of Example 14?

Solution Three moles of reactant gases are converted into only 2 moles of product,
so An = —1. Hence at 1000 K,

K, = 3.50 atm™! = K (RT)™!

K, =K, X RT
= 3.50 atm™! X 0.08205 liter atm K—! mole~! X 1000 K
= 287 moles™! liter

Although the numerical answers that result when different units are used
may differ, the physical reality must be the same.

What is the concentration of oxygen in Example 14, in moles liter—!? Solve
Example 14 again using K, from Example 15.

2

Solution K, = —3%_ — 987 moles~! liter
80,0,
_ g@; _ 0.10 atm

= 0.00122 mole liter—!

% = RT T 82.05 liter atm mole-!

Ratio = 5% = /K, X ¢, = /287 X 0.00122 = 0.59
€50,

This is the same ratio of SO, to SO, as was obtained when atmospheres were
used. The choice is one of convenience.

4-6 EQUILIBRIA INVOLVING GASES
WITH LIQUIDS OR SOLIDS

All the examples considered so far have involved only one physical state,
a gas, and are examples of homogeneous equilibria. Equilibria that involve
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A

co,

/ \
CaCoO, CaO
Figure 4-2

Solid CaCO, and
Ca0 are placed in
a cylinder with a
movable piston,
which is initially
pressed against
the solids to
ensure that no
extraneous gases
are present. At
equilibrium,
enough CaCO,
will have decom-
posed s0 that the
pressure of CO,
gas above the
solid phases is a
fixed value that
varies with tem-
perature but is
independent of
how much of
each of the solids
is present.
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two or more physical states (such as a gas with a liquid or a solid) are
called heterogeneous equilibria. If one or more of the reactants or products
are solids or liquids, how does this affect the form of the equilibrium
constant?

The answer, in short, is that any pure solids or liquids that may be
present at equilibrium have the same effect on the equilibrium no matter
how much solid or liquid is present. The concentration of a pure solid
or liquid can be considered constant, and for convenience all such constant
terms are brought to the left side of the equation and incorporated into
the equilibrium constant itself. As an example, limestone (calcium car-
bonate, CaCQO,), breaks down into quicklime (calcium oxide, CaO) and
carbon dioxide, CO,:

CaCO,(s) &2 CaO(s) + CO,{g)

The simple equilibrium-constant expression is

K — [CaO(s)][CO,(g)]
=5 [CaCO,(s)]

As long as any solid limestone and quicklime are in contact with the gas,
their effect on the equilibrium is unchanging. Hence the terms [CaCO, ]
and [CaO] remain constant and can be merged with Ki:

, [CaCO4(s)] _

K, =K
T [Ca0)]

[CO, ()]

This form of the equilibrium-constant expression tells us that, at a given
femperature, the concentration of carbon dioxide gas above limestone and cal-
cium oxide is a fixed quantity. (This is true only as long as both solid forms
are present.) Measuring concentration in units of atmospheres, we get

K, = fco,
with the experimental value 0.236 atm at 800°C.

We can see what this means experimentally by considering a cylinder
to which CaCO, and CaO have been added. The cylinder has a movable
piston, as shown in Figure 4-2. If the piston is fixed at one position, then
CaCO, will decompose until the pressure of CO, above the solids is 0.236
atm (if the temperature is 800°C). If you try to decrease the pressure by
raising the piston, then more CaCO; will decompose until the pressure
again rises to 0.236 atm. Conversely, if you try to increase the pressure by
lowering the piston, some of the CO, gas will react with CaO and become
CaCQ,, decreasing the amount of CO, gas present until the pressure once
more is 0.236 atm. The only way to increase pgg, is to raise the temperature,
which increases the value of X, itself to 1 atm at 894°C and to 1.04 atm
at 900°C. '

An even simpler example is the vaporization of a liquid such as water:



4-6 Equilibria Involving Gases with Liquids or Solids 157

H,0(/) = H,0(g)

This process can be treated as a chemical reaction in a formal sense even
though bonds within molecules are not made or broken. Imagine that the
cylinder shown in Figure 4-2 is half-filled with water rather than with
CaCO, and CaO, and that the piston is initially brought down to the surface
of the water. As the piston is raised, liquid will evaporate until the pressure
of water vapor is a constant value that depends only on temperature.
This is the equilibrium vapor pressure of water at that temperature.
At 25°C, the vapor pressure of water is 0.0313 atm. At 100°C, the vapor
pressure reaches 1 atm and, as we shall see in Chapter 18, this is just
the definition of the normal boiling point of water. The pressure of water
vapor above the liquid in the cylinder does not depend on whether the
water in the cylinder is 1 cm or 10 cm deep; the only requirement is
that some water be present and capable of evaporating to make up any
decrease in vapor pressure. Only when the piston is raised to the point
where no more liquid exists can the pressure of water vapor fall below
0.0313 atm, if the cylinder is at 25°C. Similarly, if the piston is lowered,
some of the vapor condenses, keeping the pressure at 0.0313 atm. Only
when all vapor has condensed and the piston is resting on the surface of the
liquid can the pressure inside the cylinder be raised above 0.0313 atm.

The formal equilibrium treatment of the evaporation of water would

be
x _ [HO0@)]

" H00)]
[H,O(!)] = constant, as long as liquid is present
Keq = Koo[H,O())] = [H,0O(g)]

In pressure units, the expression would be

K, = pr,00

From a practical standpoint, what the preceding discussion means is
that the concentration terms for pure solids and liquids are simply elimi-
nated from the equilibrium-constant expression. (They are present, implic-
itly, in the K.)

e
s
1

=

e L A ek G e B

If the hydrogen iodide reaction previously discussed in this chapter is carried
out at room temperature, then iodine is present as deep purple crystals
rather than as vapor. What then is the form of the equilibrium-constant
expression, and does the equilibrium depend on the amount of iodine
crystals present?
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Solution The reaction is
Hy(e) + L(s) = 2HI(g)
and the equilibrium-constant expression is:
_ [HIf
"

As long as some I,(s5) crystals are present, the quantity is immaterial as far
as equilibrium is concerned.

Tin(IV) oxide reacts with carbon monoxide to form metallic tin and CO,,
by the reaction

SnO,(s) + 2CO(g) 2 Sn(s) + 2CO,(g)

What is the equilibrium-constant expression?

2
Solution Koy = »[—[%(())—2]]2

What is the equilibrium-constant expression for the following reaction lead-
ing to liquid water?

CO,(g) + Hy(e) =2 CO(g) + H,O()

What would the expression be if the product were water vapor?

Solution If the product is H,O(!), the equilibrium-constant expression is
[CO]
" [CO,H,]
If the product is H,O(g), the equilibrium-constant expression is
_ [COJ[H,0O]

* [CO,)H,]

&

The preceding example shows that as long as liquid water is present the
gas-phase concentration is fixed at the vapor pressure of water at that tem-
perature. Hence the water contribution, being constant, can be lumped
into Kyq.
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4-7 FACTORS AFFECTING EQUILIBRIUM:
LE CHATELIER’S PRINCIPLE

Equilibrium represents a balance between two opposing reactions. How
sensitive is this balance to changes in the conditions of a reaction? What
can be done to change the equilibrium state? These are very practical
questions if, for example, one is trying to increase the yield of a useful
product in a reaction.

Under specified conditions, the equilibrium-constant expression tells us
the ratio of product to reactants when the forward and backward reactions
are in balance. This equilibrium constant is not affected by changes in
concentration of reactants or products. However, if products can be with-
drawn continuously, then the reacting system can be kept constantly
off-balance, or short of equilibrium. More reactants will be used and a con-
tinuous stream of new products will be formed. This method is useful when
one product of the reaction can escape as a gas, be condensed or frozen
out of a gas phase as a liquid or solid, be washed out of the gas mixture
by a spray of a liquid in which it is especially soluble, or be precipitated from
a gas or solution.

For example, when solid lime (CaO) and coke (C) are heated in an
electric furnace to make calcium carbide (CaG,),

CaO(s) + 3C(s) &= Caly(s) + CO(g)

the reaction, which at 2000—3000°C has an equilibrium constant of close to
1.00, is tipped toward calcium carbide formation by the continuous removal
of carbon monoxide gas. In the industrial manufacture of titanium dioxide
for pigments, TiCl, and O, react as gases:

TiCl,(g) + O,(g) &= TiO,(s)] + 2Cly(g)

The product separates from the reacting gases as a fine powder of solid
TiO,, and the reaction is thus kept moving in the forward direction. When
ethyl acetate or other esters used as solvents and flavorings are synthesized
from carboxylic acids and alcohols,

CH,COOH + HOCH,CH, = CH,COOCH,CH, + H,0

acetic acid ethanol ethyl acetate

the reaction is kept constantly off-balance by removing the water as fast as
it is formed. This can be done by using a drying agent such as Drierite
(CaS0O,), by running the reaction in benzene and boiling off a constant-
boiling benzene—water mixture, or by running the reaction in a solvent in
which the water is completely immiscible and separates as droplets in a
second phase. A final example: Since ammonia is far more soluble in water
than either hydrogen or nitrogen is, the yield of ammonia in the reaction

N,(g) + 3H,(g) & 2NH,(g)
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can be raised to well over 90% by washing the ammonia out of the equilib-
rium mixture of gases with a stream of water, and recycling the nitrogen and
hydrogen.

Temperature

All the preceding methods will upset an equilibrium (in our examples, in
favor of desired products) without altering the equilibrium constant. A
chemist can often enhance yields of desired products by increasing the
equilibrium constant so that the ratio of products to reactants at equilib-
rium is larger. The equilibrium constant is usually temperature dependent.
In general, both forward and reverse reactions are speeded up by increasing
the temperature, because the molecules move faster and collide more often.
If the increase in the rate of the forward reaction is greater than that of the
reverse, then K, increases with temperature and more products are formed
at equilibrium. If the reverse reaction is favored, then K, decreases. Thus
K, for the hydrogen—iodine reaction at 448°C is 50.53, but at 425°C it is
54.4, and at 357°C it increases to 66.9. Production of HI is favored to some
extent by an increase in temperature, but its dissociation to hydrogen and
iodine is favored much more.

The hydrogen iodide—producing reaction is exothermic or heat
emitting:

H,(¢) + L(g) = 2HI(g)
AH,ss = —10.2 k] per 2 moles of HI

(If you check this figure against Appendix 3, remember that this reaction
involves gaseous iodine, not solid.) If the external temperature of this reac-
tion is lowered, the equilibrium is shifted in favor of the heat-emitting or
forward reaction; conversely, if the temperature is increased, the reverse
reaction, producing H, and I,, is favored. The equilibrium shifts so as to
counteract to some extent the effect of adding heat externally (raising the
temperature) or removing it (lowering the temperature).

The temperature dependence of the equilibrium point is one example
of a more general principle, known as Le Chatelier’s principle: If an external
stress is applied to a system at chemical equilibrium, then the equilibrium point will
change in such a way as to counteract the effects of that stress. If the forward half of
an equilibrium reaction is exothermic, then K, will decrease as the tem-
perature increases; if it is endothermic, K, will increase. Only for a heat-
absorbing reaction can the equilibrium yield of products be improved by
increasing the temperature. A good way to remember this is to write the
reaction explicitly with a heat term:

H,(g) + I,(g) 2 2HI(g) + heat (given off)

Then it is clear that adding heat, just like adding HI, shifts the reaction to
the left. (See Figure 4-3.)
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{a) (b)
Le Chatelier's principle and temperature. The dissociation of ammonia.
2NH3(g) — 3H,(g) + Ny(g)

is endothermic or heat-absorbing. (a}) Ammonia equilibrium at room temperature, {b) The
temperature increase produced by adding heat is partially counteracted by using some of
the heat to dissociate NH, molecules and form N, and H,. From Dickerson and Geis,
Chemistry, Matter. and the Universe.

Pressure

Le Chatelier’s principle is true for other kinds of stress, such as pressure
changes. The equilibrium constant, K, is not altered by a pressure change
at constant temperature. However, the relative amounts of reactants and
products will change in a way that can be predicted from Le Chatelier’s
principle.

The hydrogen—iodine reaction involves an equal number (2) of moles
of reactants and product. Therefore, if we double the pressure at constant
temperature, the volume of the mixture of gases will be halved. All concen-
trations in moles liter—! will be doubled, but their ratio will be the same.
In Example 12, doubling the concentrations of the reactants and product
does not change the equilibrium constant:

. (1.87 X 10~3 mole liter—1)?
® " (0.065 X 102 mole liter—)(1.065 X 103 mole liter—?)
_ (3.74 X 1073)?
~(0.13 X 107%)(2.13 X 10-9)

= 50.51
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Thus the hydrogen—iodine equilibrium is not sensitive to pressure changes.
Notice that in this case K, does not have units, since the concentration units
in the numerator and denominator cancel.

In contrast, the dissociation of ammonia is affected by changes in
pressure because the number of moles (2) of reactant does not equal the total
number of moles (4) of products:

2NH,(g) 2 Ny(e) + 3H,(g)

The equilibrium constant for this reaction at 25°C is

3
o= [N, ][H, ]* = 2.5 X 107 mole? liter—*
[NH, J?

One set of equilibrium conditions is

N, = 328 X 10~ mole Hicr—*
H, = 2.05 X 10~% mole liter—*
NH, = 0.106 mole liter—!

(Can you verify that these concentrations satisfy the equilibrium condition?)
If we now double the pressure at constant temperature, thereby halving the
volume and doubling each concentration,

N, = 6.56 x 1073 mole liter—!
H, = 4.10 X 10~ mole liter—!
NH; = 0.212 mole liter~!

the ratio of products to reactants, the reaction quotient, is no longer equal
10 Kyt

g = (6:36 X 107)4.10 X 10=0)°

(0.212)2

Since @ is greater than K, too many product molecules are present for
equilibrium. The reverse reaction will run spontaneously, thereby forming
more NH, and decreasing the amounts of H, and N,. Consequently, part
of the increased pressure is offset when the reaction shifts in the direction
that lowers the total number of moles of gas present. In general, a reaction
that reduces the number of moles of gas will be favored by an increase in
pressure, and one that produces more gas will be disfavored. (See Figure
4-4.)

= 1.0 X 10—8 mole? liter—2

If the hydrogen —iodine reaction were run at a temperature at wh1ch the
iodine was a solid, would an increase in pressure shift the equilibrium
reaction toward more HI, or less? What would be the effect of pressure
on K, ?
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2 %

Figure 4-4

Solution

(b) (c)

Le Chatelier's principle and pressure. (a) At initial equilibrium 17 molecules (moles) of
gas are present: 12 of H,, 4 of N,, and 1 of NH,. (b) When the gas is compressed into
a smaller volume a stress is created, which is evidenced by a higher pressure. {(¢) This
stress can be relieved and the pressure reduced if some of the molecules of H, and N,
combine to form more NH,, since the total number of gas molecules is thereby reduced.
From Dickerson and Geis, Chemistry, Matter, and the Universe.

Since the reaction of 2 moles of gaseous HI now yields 1 mole of gaseous H,
and 1 mole of solid I,, the stress of increased pressure is relieved by dis-
sociating HI to H, and I,. However, K, will be unchanged by the pressure
increase.

Catalysis

What effect does a catalyst have on a reaction at equilibrium? None. A cata-
lyst cannot change the value of K, but it can increase the speed with which
equilibrium is reached. This is the main function of a catalyst. It can take
the reaction only to the same equilibrium state that would be reached
eventually without the catalyst.

Catalysts are useful, nevertheless. Many desirable reactions, although
spontaneous, occur at extremely slow rates under ordinary conditions. In
automobile engines, the main smog-producing reaction involving oxides of
nitrogen is

N, + O, 2 2NO
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(Once NO is present, it reacts readily with more oxygen to make brown
NO,.) At the high temperature of an automobile engine, K, for this reac-
tion is so large that appreciable amounts of NO are formed. However, at
25°C, Koy = 10730, (Using only the previous two bits of information and
Le Chatelier’s principle, predict whether the reaction as written is endo-
thermic or exothermic. Check your answer using data from Appendix 3.)
The amount of NO present in the atmosphere at equilibrium at 25°C should
be negligible. NO should decompose spontaneously to N, and O, as the
exhaust gases cool. But any Southern Californian can verify that this is
not what happens. Both NO and NO, are indeed present, because the gases
of the atmosphere are not at equilibrium.

The rate of decomposition of NO is extremely slow, although the reac-
tion is spontaneous. One approach to the smog problem has been to search
for a catalyst for the reaction

2NO = N, + O,

that could be housed in an exhaust system and could break down NO in
the exhaust gases as they cool. Finding a catalyst is possible; a practical
problem arises from the gradual poisoning of the catalyst by gasoline addi-
tives, such as lead compounds. This is the reason why new cars with
catalytic converters only use lead-free gasoline.

A proof of the assertion that a catalyst cannot change the equilibrium
constant is illustrated in Figure 4-5. If a catalyst could shift the equilibrium
point of a reacting gas mixture and produce a volume change, then this
expansion and contraction could be harnessed by mechanical means and
made to do work. We would have a true perpetual-motion machine that
would deliver power without an energy source. From common sense and
experience we know this to be impossible. This “common sense” is stated
scientifically as the first law of thermodynamics, which will be discussed in
Chapter 15. A mathematician would call this a proof by contradiction: 1f
we assume that a catalyst can alter K, then we must assume the existence
of a perpetual-motion machine. However, a perpetual-motion machine can-
not exist; therefore our initial assumption was wrong, and we must conclude
that a catalyst cannot alter K.

In summary, K, is a function of temperature, buf it is not a function of
reactant or product concentrations, total pressure, or the presence or ab-
sence of catalysts. The relative amounts of substances at equilibrium can be
changed by applying an external stress to the equilibrium mixture of
reactants and products, and the change is one that will relieve this stress.
This last statement, Le Chatelier’s principle, enables us to predict what will
happen to a reaction when external factors are changed, without having
to make exact calculations.



4-7 Factors Affecting Equilibrium: Le Chatelier’s Principle 165
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Figure 4-5

The ammonia perpetual-motion engine. A

mixture of NH,, H,. and N, is contained 0000000000000 0

in a chamber by the piston at the left, and T

the hatched cylinder suspended from the

left end of the rocker arm contains a <>

mythical catalyst that would shift the : "0y | O
L - . . \AYES

equilibrium point of the reaction

2NHz(g) 22 Nylg) + 3H,(g) Co0

to the right. In (a) and (b}, as the catalyst
is introduced, ammonia dissociates 1o
nitrogen and hydrogen. The total volume
of gas increases and the piston is pushed
to the right. In {c) and {d). as the catalyst ° CN-NeYo¥e) ole)

is withdrawn, N, and H, reassociate to ©®OC0o5s 5
form ammonia; hence the volume shrinks
and the piston is driven to the left. This

self-contained, two-stage process provides < =
an unlimited supply of power at the IR
flywheel on the right, without an external L)
input of energy. For practical difficulties, 7500 _‘P;l\

see the text. (d)
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A spontaneous reaction is one that will take place, given enough time,
without outside assistance. Some spontaneous reactions are rapid, but time
is not an element in the definition of spontaneity. A reaction can be almost
infinitely slow and still be spontaneous.

The net reaction that we observe is the result of competition between
forward and reverse steps. If the forward process is faster, then products
accumulate, and we say that the reaction is spontaneous in the forward
direction. If the reverse process is faster, then reactants accumulate, and we
say that the reverse reaction is the spontaneous one. If both forward and
reverse processes take place at the same rate, then no net change is observed
in any of the reaction components. This is the condition of chemical
equilibriuvm

The ratio of products to reactants, each concentration term being
raised to a power corresponding to the coefficient of that substance in the
balanced chemical equation, is called the equilibrium constant, K.,. (See
equation 4-8.) It can be used to predict whether a given reaction under
specified conditions will be spontaneous, and to calculate the concentra-
tions of reactants and products at equilibrium. Thereaction quotient, 0, has
a form that is identical with that of the equilibrium constant, K, but Q
applies under nonequilibrium conditions as well. For a given set of con-
ditions, if Q is smaller than K, the forward reaction is spontaneous; if
Q is greater than K, the reverse reaction is spontaneous; and if Q = K,
the system is at equilibrium.

The equilibrium constant can be used with any convenient set of con-
centration units: moles liter™!, pressure in atmospheres, or others. Its
numerical value will depend on the units of concentration, so one must be
careful to match the proper values of K., and units when solving problems.
If gas concentrations are expressed in moles liter—!, the equilibrium constant
is designated by K. ; if in atmospheres, by K. Just as partial pressure of the
Jth component of a gas mixture is related to moles per liter by g = ¢RT,
so K, and K, are related by K, = K.(RT)A", in which An is the net change in
number of moles of gas during the reaction.

When some of the reactants or products are puyre solids or liquids, they
act as infinite reservoirs of material as long as some solid or liquid is left.
Their effect on equilibrium depends only on their presence, not on how
much of the solid or liquid is present. Their effective concentrations are
constant, and can be incorporated into K,,. In practice, this simply means
omitting concentration terms for pure solids and liquids from the
equilibrium-constant expression. Evaporation of a liquid can be treated
formally as a chemical reaction with the liquid as reactant and vapor as
product. These conventions for writing concentration terms for a liquid
permit us to write the equilibrium constant for evaporation as K, = p,
where p; is the equilibrium vapor pressure of substance ;.

Le Chatelier’s principle states that if stress is applied to a system at
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equilibrium the amounts of reactants and products will shift in such a
manner as to minimize the stress. This means that for a heat-absorbing, or
endothermic, reaction, K, increases as the temperature is increased, since
carrying out more of the reaction is a way of absorbing some of the added
heat. Similarly, cooling increases K., for a heat-emitting or exothermic
reaction. Although the equilibrium constant K, is independent of pressure,
and changing the total pressure on a reacting system does not alter K,
directly, an increase in pressure does cause the reaction to shift in the
direction that decreases the total number of moles of gas present.

A catalyst has no effect at all on K, or the conditions of equilibrium.
All that a catalyst can do is to make the system reach equilibrium faster
than it would have done otherwise. Catalysts can make inherently spon-
taneous but slow reactions into rapid reactions, but they cannot make non-
spontaneous reactions take place of their own accord.

1. What is a spontaneous reaction? Must a spontaneous reaction be rapid?
Tllustrate with an example other than those given in this chapter.

2. How does a catalyst affect a spontaneous reaction? What does it do to
the equilibrium point in a reaction?

3. What is meant by the rate constant for a chemical reaction? What is
an equilibrium constant? How does the equilibrium constant depend
on the concentrations of reactants and products? How does it depend
on the relative numbers of molecules that are involved in a chemical
reaction?

4. How, in principle, is the equilibrium constant for a reaction related
to the forward and reverse rate constants? Can the rate-constant expres-
sions for forward and reverse reactions be written from a knowledge of
only the balanced total chemical reaction? Why, or why not? Can the
equilibrium-constant expression be written from a knowledge of only
the balanced total chemical reaction? Why, or why not?

5. How is the equilibrium-constant expression changed if all quantities
in a balanced chemical reaction are doubled? How is it changed if they
are halved? What is the effect on the equilibrium constant of writing
the reaction in reverse?

6. What is the reaction quotient, and how is it related to the equilibrium
constant? How can comparisons of the two quantities help us to decide
whether a reaction under given conditions is spontaneous, spontaneous
in reverse, or at equilibrium?

7. How does the numerical value of an equilibrium constant depend on
the choice of units for expressing concentrations? For gases, how does
one convert from partial pressures to moles liter~!? How are K, and
K, related?

8. For what kinds of reactions is the equilibrium constant a unitless num-
ber? How then are K, and K, related?
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9. Why is it legitimate to omit concentration terms from the equilibrium-
constant expression for those components that are pure solids or liquids?
10. How can the equilibrium-constant concept be used to explain vapor

pressure?

11. What is Le Chatelier’s principle? How does it help to predict the out-
come of changes of temperature on a chemical reaction?
12. How can Le Chatelier’s principle explain the effects of pressure changes

on chemical equilibrium?

13. How does a catalyst change K,,? Justify your answer by reference to
the existence or nonexistence of perpetual-motion machines. What

makes a catalyst useful?

Equilibrium expressions

1.

Write the correct equilibrium-constant
expressions for the following reactions:
a) 2H,8(g) 2 2H,(g) + Sy(g)

b) 2H,S(g) == 2H,(g) + 25(s)

¢) PCL(g) + Cly(g) = PCli(g)

d) Na,CO,(s) 2 Na,O(s) + CO,(g)
e) 2NO,(g) 2 2NO(g) + O,(¢)

. Write the correct equilibrium-constant

expressions for the following reactions:
a) 4NH;(g) + 70,(¢) =

4NO,(g) + 6H,0(g)
b) 2NO,(¢g) + TH,(¢g) &

2NH,(g) + 4H,0())
¢) NH,Cl(s) 2 NH;(g) + HCl(g)
d) H,y(g) + (CN),(g) = 2HCN(g)
e) 2ZnS(s) + 30,(¢) =

27Zn0(s) + 2S0,(g)

. Write the correct equilibrium-constant

expressions for the following reactions:
a) N,O,(g) 2 2NO,(g)

b) N,O,(g) 2 Ny(g) + 20,(g)

¢) 2NO,(g) 2 N,O,(g)

d) NO,(¢g) = $N,O,(g)

e) N,O5(s) & 2NO,(g) + $0,(2)

. Write the correct equilibrium-constant

expressions for the following reactions:
a) Cly(g) + H,0(g) =
2HCl(g) + 30,(2)

b) HCl(g) + 10,(g) =
1Cl,(¢) + $H,0(0)

¢) 4HCl(g) + Oy(g) =
2Cl,(¢) + 2H,0())

d) C(s) + CO,(g) = 2CO(e)

e) NH,SH(s) =
NH,(g) + S(s) + Hy(g)

K and K.
5. At 1476 K, the equilibrium constant for

the reaction

CO(g) + 30,(g) =2 CO,(g)
is given by

K, =25 X 10°

a) What are the proper units (in atmo-
spheres) for K, as just given?

b) What is the numerical value of K, for
the reaction

2C0,(g) =2 2C0(g) + Oy(g)

What are the units of this K,?

¢) What is the numerical value of K, for
the foregoing reaction, and what are
its units?

d) In an equilibrium mixture of the
three gases, CO, and CO are present
in equimolar quantities. What is the
concentration of O,, in both atmo-
spheres and moles liter—!?
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6. At 1476 K, the equilibrium constant for
the reaction

C(s) + CO,(g) = 2CO(g)
is given by
K, = 1.67 X 108

a) What are the proper units (in atmo-
spheres) for K, as just given?

b) What is the numerical value of X, for
this reaction, and what are its units?

¢) What is the form of the equilibrium-
constant expression for the reaction

Cls) + Oy(g) = CO4(9)

d) What is the numerical value of K, for
this last reaction? (Missing but essen-
tial information is given in Prob-
lem 5.)

e) What general principle does part d
suggest, regarding the equilibrium-
constant expression for a sum of two
reactions?

Reaction quotient

7. The equilibrium constant for the reac-

tion
N,(g) + O,(g) 2 2NO(g)

at 2130°C is 2.5 X 1073. Why is it un-

necessary to be told whether the value is

for K, or K,? The reaction absorbs heat.

For the following conditions, determine

whether the reaction is spontaneous for-

ward or in reverse, or whether it is at
equilibrium:

a) A l-liter box contains 0.02 mole of
NO, 0.01 mole of O,, and 0.02 mole
of N, at 2130°C.

b) A 20-liter box contains 0.01 mole of
N,, 0.001 mole of O,, and 0.02 mole
of NO at 2130°C.

c) A 1-liter box contains 1.00 mole of
N,, 16 moles of O,, and 0.2 mole of
NO at 2500°C.

8.
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Gaseous nitrosyl bromide, NOBr, is
formed by the reaction

2NO(g) + Br,(¢g) = 2NOBr(g)

At 25°C, the equilibrium constant for

this reaction is K, = 116 atm™'. The

reaction as written is exothermic, or heat

emitting. When the following amounts

of the three gases are introduced into a

1-liter flagk, is the reaction spontaneous

in the forward or reverse direction, or is

it at equilibrium?

a) 0.045 atm NOBr, 0.01 atm NO, and
0.10 atm Br, at 25°C

b) 0.045 atm NOBr, 0.10 atm NO, and
0.01 atm Br, at 25°C

c¢) 0.108 atm NOBr, 0.10 atm NO, and
0.01 atm Br, at 0°C

Calculation of Kgq

9.

10.

11.

When the sulfur trioxide reaction was
run at 1000 K, a sample of the equilib-
rium gas mixture showed 0.562 atm of
SO,, 0.101 atm of O,, and 0.332 atm of
SO;. Calculate the equilibrium con-
stant, K, for the formation of 1 mole
of SO, from SO, and O,. Calculate K,
for the dissociation of 2 moles of SO,
into 1 mole of O, and 2 moles of SO,.
How are these two equilibrium con-
stants related?

If pure CO, is placed in a sealed tank
and the temperature is raised to 2000 K,
the CO, will be 1.6% dissociated into
CO and O, ; that is, of every 1000 mole-
cules of CO, at the beginning, 16 will
decompose to CO and 984 will remain
as CO,. Assuming that all O, present
comes from such decomposition, and
that the total pressure is 1 atm, calculate
K, and K, for the reaction

CO,(g) 2 CO(g) + 30,(g)
3.00 moles of NO, 5.00 moles of CINO,
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12.

and 2.00 moles of Cl, are placed in a

25-liter tank at a temperature of 503 K.

After the reaction has come to equilib-

rium, there are 6.12 moles of CINO in

the tank.

a) Write a balanced equation for the
reaction producing 1 mole of CINO
from the other two components.

b) Calculate K, and K, for this reaction
at 503 K, with proper units for each.

If carbon dioxide is passed over a bed of

graphite at 1050°C, the product-gas

stream (assumed to be at equilibrium) is

0.74 mole percent CO, and 99.26 mole

percent CO.

a) Write a balanced equation for the
production of 2 moles of CO from
carbon and CO,.

b) If the total pressure is 2.00 atm, cal-
culate K, and K, for the reaction.

Equilibrium concentrations

13.

14.

Experiments have shown that at 60°C

and 1 atm total pressure, the equilib-

rium ratio of NO, to N,O, in moles in a

closed vessel is exactly 2:1.

a) Calculate the equilibrium constant,
K., for the dissociation of 1 mole of
N,0O, into 2 moles of NO,,.

b) By measuring the intensity of the
brown color of NO,, an experimenter
determines that 0.30 mole of NO, is
present in a l-liter flask in which
equilibrium has been established
with N,O, at 60°C. Calculate the
number of moles of N,O, present.

The equilibrium constant for the reac-
tion
2HCI(g) = Hy(g) + Cly(g)

at 25°Cis 6.2 X 10734,
a) Without any calculations, what does
the numerical value of this constant

tell you about the dissociation of
HCI?

15.

16.

b) Calculate the concentration in moles
liter=! of hydrogen gas in equilib-
rium with 0.010 mole of HCI in a
1-liter container, assuming that the
container had originally been filled
with pure HCI.

c) If 0.0050 mole of Cl, and 0.0050 mole
of H, are placed together in a 1-liter
tank and allowed to come to equilib-
rium at 25°C, what will be the final
concentration of Cl, gas, in moles
liter—'? (If you have trouble, compare
this part with part b.)

The equilibrium constant for the reac-
tion

CO(g) + HyO(g) 2 Hy(g) + CO,(g)

is Koq = 5.10 at 800 K. What are the
units of K, and how does its numerical
value compare with K, and K, ? Explain
the results of the comparison. If a tank
is charged with 1 atm of CO and 10.00
atm of H,O, and these gases are allowed
to come to equilibrium, what will be the
partial pressures of H, and H,O?

The reaction

SO,(g) + 30,(¢) = SO;(g)

has an equilibrium constant of 33.4
atm~1/2 at 530°C. Calculate the total
pressure in a reaction tank that has been
charged with 10.00 atm each of SO, and
O,, which are allowed to come to equi-
librium. (This problem, is simple in prin-
ciple, but requires skillful use of the
method of successive approximations to
avoid having to solve a cubic equation.)

Heterogeneous equilibria
17.

The decomposition of calcium carbon-
ate,

CaCO,(s) & CaO(s) + CO,(g)

has at 1013 K an equilibrium constant of
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18.

K, = 0.0060. If concentration is mea-

sured in moles liter~!, what are the units

of this X,? Suppose that 0.100 mole of

calcium carbonate is placed in a 10-liter

tank at 1013 K; calculate the equilib-

rium values of

a) The concentration of CO, in moles
liter—!

b) The number of moles of CO, present
in the tank

c) The fraction of the initial calcium
carbonate that has been converted to
calcium oxide

d) The pressure of carbon dioxide in the
tank

At 613 K, K. = 0.064 for the reaction

Fe,O4(s) + 3H,(9) =
2Fe(s) + 3H,O(y)

a) What are the units of K, ?

b) If the reaction is carried out in such a
way that the partial pressure of hy-
drogen at equilibrium is 1.00 atm,
what is the concentration of hydro-
gen in moles liter—!?

¢) What is the concentration of water
vapor at equilibrium, in moles liter—!
and in atmospheres?

Le Chatelier's principle

19.

At room temperature the equilibrium
constant, K, for dissociation of N,O,
into NO, is 5.83 X 1073, and at 10°C
above room temperature it is 1.26 X
10-2. Is the dissociation of N,O, exo-
thermic, or endothermic? How did you
decide?
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20. The heat of the reaction

21.

22.

2NO(g) 22 Ny(g) + O,(g)

is AH,qs = 180 kJ.

a) Is nitric oxide, NO, more stable at
high or low temperature?

b) In fact, nitric oxide decomposes more
rapidly at high temperatures. Why is
this not inconsistent with your answer
to part a?

The following reaction is endothermic,
or heat absorbing:

PCl;(g) + Cly(g) =2 PCli(g)

What will be the effect on the equilib-

rium of each of the following distur-

bances?

a) Increase in total pressure

b) Addition of equal molar quantities of
PCl; and PCI; at constant volume

c) Addition of chlorine gas at constant
volume

d) Doubling the volume

€) An increase in temperature

At 25°C and 20 atm, the reaction
Ny(g) + 3H,(g) = 2NH,(g)

has a AH of —92.5 kJ. What will be the

effect on equilibrium of each of the fol-

lowing changes?

a) Increasing the temperature to 300°C
while holding the pressure at 20 atm

b) Increasing pressure to 30 atm while
keeping the temperature at 25°C

c) Removing half the ammonia and al-
lowing the system to come to equilib-
rium again

d) Adding a Cr,O; catalyst for am-
monia synthesis
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