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(the calcareous egg shell) CaCO3(s)
Ca 2+(aq) + CO32- (aq)
CO32- (aq)+ H2O(l)
HCO3- (aq) + OH-(aq)
HCO3- (aq) + H2O(l)
OH-(aq) + H2CO3(aq)
H 2CO3(aq)
H 2O(l) + CO2(g) (in lungs)
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28.1

Chemical Equilibrium

INTRODUCTION
One of the earliest experiments encountered in a study of
chemistry is that between an aqueous solution of copper(II)
sulphate and an excess of iron filings. If this mixture is shaken in
a test tube, the blue colour due to the presence of Cu2+ (aq)
ions is replaced by a light green solution containing Fe2+ (aq)
ions. A reddish—brown deposit of copper is formed:

Fig. : 7.1 (a) : Static equilibrium. A state of balance is
achieved and nothing is happening.

Cu2+ (aq) + Fe(s) → Fe2+ (aq) + Cu(s)
We have written the above equation with an arrow pointing
in the direction from left to right, since there is no evidence to
suggest that the reverse reaction takes place to any significant
extent.
On the other hand the reaction between N 2 and H 2 to form NH3
in a closed chamber does not proceed to completion. When
the reaction apparently ceases we say that a state of
equilibrium has been achieved, and the mixture contains all
species represented in the equation below. Such a situation is
denoted by writing the symbol
N2(g) + 3H2(g)

.
2NH3(g)

Fig. 28.1 (b) : Dynamic equilibrium. The athlete is running at
the same speed as the covneyor belt but in an opposite
direction. A state of balance is achieved but something is
definitely happening.

We have been careful to avoid concluding that the reaction
ceases when a state of equilibrium is reached by adding the
word ‘apparently’. Let us use a mechanical analogy: Two well—
matched children sitting on opposite sides of a see—saw are in a state of static equilibrium (Fig. 28.1(a)). However, an
athlete training on a moving conveyor belt is in a state of dynamic equilibrium if his speed is exactly matched by the
speed of the conveyor belt in the opposite direction (Fig 28.1 (b)). In the example of the see—saw nothing at all is
happening. On the other hand the athlete is making no progress so far as a stationary observer is concerned, but it
would be a little unkind to suggest that he was not exerting himself.

28.2

THE EQUILIBRIUM STATE

28.2.1 Equilibrium state is dynamic
In one series of experiments, Haber started with known amounts of nitrogen and hydrogen maintained at high
temperature and pressure and, at regular intervals, determined the amount of ammonia present. He worked out from
the reaction stoichiometry how much of the nitrogen and hydrogen remained (Fig. 28.2.1(a)). As the graph shows,
after a certain time, the composition of the mixture remains the same, even though most of the reactants are still
present. The reaction has reached equilibrium.
To imagine what is going on, we have to consider both the forward reaction, which is given above, and the reverse
reaction:
2 NH3(g) → N2(g) + 3 H2(g)
An NH3 molecule forms by a complicated mechanism in which N2 and H2 molecules collide and exchange atoms. The
NH3 molecules that form also collide with one another and with any N2 and H2 molecules still present. As a result of
these collisions, the NH3 molecules decompose back into nitrogen and hydrogen. As the concentration of the product
grows, collisions involving product molecules take place more frequently and the reverse reaction goes faster. At
the same time, reactants are being depleted and the forward reaction slows down. The system is at equilibrium when
the forward and reverse reactions take place at the same rate (Fig. 28.2.1(b)). To symbolize the condition in which the
rates of the forward and reverse reaction are equal, we write
N2(g) + 3 H2(g)
The symbol

2 NH3(g)

always signifies a condition of chemical equilibrium in which the forward and reverse reactions

still continue, but at equal rates.
At the molecular level, chemical reactions at equilibrium never actually stop, even though the concentrations
remain constant. We could perform an experiment to show that the forward and reverse reactions still continue at
equilibrium. For example, we could carry out two ammonia syntheses with exactly the same starting conditions, but
with D2 (deuterium) in place of H 2 in one of them. The two reaction mixtures reach equilibrium with the same composition,
except that N2, D2, and ND3 are present in one system and N2, H2, and NH3 in the other. Suppose we now combine the
two equilibrium mixtures and leave them for a while. Later, we find that the concentration of ammonia is just the same
as before. However, when we analyze the sample with a mass spectrometer, we find that all isotopic forms of
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ammonia (NH3, NH2D, NHD2, and ND3) and all isotopic forms of hydrogen (H2,
HD, and D2) are present. The presence of both H and D atoms in the same
molecules must result from a continuation of the forward and reverse reactions
in the mixture. If the reactions had simply stopped when they reached
equilibrium, there would have been no mixing of isotopes in this way.)
28.2.2 Equilibrium state is spontaneous
Our second generalization is that systems move toward an equilibrium state
spontaneously; that a system can be removed from equilibrium only by some
outside influence, and once it is left to itself, the disturbed system returns to
an equilibrium state. We must be careful to understand the meaning of the
word “spontaneously.” In this context it means that the reaction proceeds at
some finite rate without the action of outside influences such as changes in
temperature or pressure. (This assertion that systems proceed naturally toward
equilibrium cannot be proved by a single simple example, for it is a
generalization based on the observation of many different systems under
many different conditions. We can, however, rationalize this behavior with a
simple argument). A system moves toward the equilibrium state because the
rate of reaction in the forward direction exceeds the rate of the reverse
reaction. In general, it is found that the rate of a reaction decreases as the
concentrations of reactants decrease, just as the rate of condensation of a
vapor decreases as its pressure decreases. Therefore, as reactants are
converted to products, the rate of the forward reaction decreases and that
of the reverse reaction increases. When the two rates become equal, net
reaction ceases, and a constant concentration of all reagents is maintained.
In order for the system to move away from equilibrium, the rate of the forward
or reverse reaction would have to change, and this does not happen if external
conditions such as pressure and temperature are kept constant. Thus systems
move toward equilibrium because of an imbalance of reaction rates; at
equilibrium these rates are equal, and there is no way for the undisturbed
system to move away from equilibrium.

Fig. 28.2.1 (a) : In synthesis of ammonia
the molar concentrations of N 2, H2 and
NH3 changes with time until there is no
further net change and the
concentrations settle into values
corresponding to a mixture in which all
three substances are present.

28.2.3 Equilibrium state can be approached from any direction
Equilibrium can usually be established in a number of different ways. Consider
the following reaction:
CO2(g) + H2(g)

CO(g) + H2O(g)

One way to establish equilibrium in this case is to add equal quantities, say, 1
mol each, of CO2 and H2 to a container and wait for all concentrations to
reach constant values. The changes in the concentrations of reactants and
products are shown in (Fig. 28.2.3 (a)). A second way to attain equilibrium is to
add equal quantities, say, 1 mol each, of CO and H2O to the container. The
concentration changes for this approach are shown in (Fig. 28.2.3 (b)). In this
case the initial reaction is the reverse reaction, but the end result is the same:
the final equilibrium concentrations in (Fig. 28.2.3 (b)). are the same as in (a).
Fig. 28.2.1(b): When we plot the rates of the
forward and reverse reactions for the
(Fig 28.2.3 (c)) shows what happens when equilibrium is established by adding
formation of ammonia on one graph, we can
unequal numbers of moles of H 2 and CO2 to the container. In this case [H2] and
see that as the forward rate decrease, the
reverse rate increases, until they are equal.
[CO2] both decrease and [CO] and [H2O] increase, but the final equilibrium
At this point, the reaction is at equilibrium and
concentrations in (Fig. 28.2.3 (c)) are different from those in (a). A fourth
the rates remain constant.
variation is shown in (Fig. 28.2.3 (d)). In this case equal numbers of moles of CO2
and H2 are added along with some CO. Again, a new set of final equilibrium
concentrations results. Equilibrium can be established, at least in principle, by starting with any combination of the
reactants and products in any concentrations, as long as all of the reactants or all of the products are present in the
initial mixture. If this condition is not met, neither forward nor reverse reaction can proceed.
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Fig. 28.2.3 : Alternate approaches to the equilibrium CO2(g) + H2(g)

CO(g) + H2O(g). (a) One mole each of CO2 and H2 are added to an

empty container. (b) One mole each of CO and H2O are added. (c) Different numbers of moles of H2 and CO2 are added. (d) Equal numbers of moles
of CO2 and H2 plus some CO are all added.

28.2.4 REACTION QUOTIENT
We have described how an equilibrium shifts in response to a stress or distribute not how much. Fortunately, the
quantitative treatment of equilibrium depends largely upon a single simple relationship known as the law of chemical
equilibrium. But first we must define a few quantities.
A(g) + B(g) → C(g) + D(g)

Consider a hypothetical gas—phase reaction

For this reaction a quantity, Q, known as the mass action expression is defined as
For a second reaction

E(g) + F(g) → 2G(g)

[C][D]

Q = [A][B]
Q=

[G]2
[E ][F]

In general the mass—action expression Q is a quotient, a fraction with the product of the concentrations of the
products in the numerator and the product of the concentrations of the reactants in the denominator. Each
concentration is raised to an exponential power equal to its coefficient in the balanced equation. For the general
reaction

pH + qI + ... → rJ + sK + ....
the mass—action expression is

Q=

[J] r [K ] s ...
[H] p []I q ....

The mass—action expression can have any value, because it depends on the extent of the reaction. For example, if
1 mol each of N2 and H2 gases are mixed in a 1—liter container held at 3500C, the mass—action expression for the
reaction
N2(g) + 3H2(g) →2NH3(g)

[NH3 ]2
[N2 ][H2 ]3

has the value

=

(0 )2
1 (1)3

=0

before the reaction has proceeded appreciably (at time t0 As the reaction progresses, however, its mass—action
expression increases, as shown in the following table:
Time

[N2]

[H2]

[NH3]

t0
t1
t2
t3
t4
t5

1.000
0.874
0.814
0.786
0.781
0.781

1.000
0.634
0.442
0.358
0.343
0.343

0
0.252
0.372
0.428
0.438
0.438

Q=

[NH3 ]2
[N2 ][H2 ]3
0
0.285
1.97
5.08
6.09
6.09

As can be seen, the value of Q increases as [NH3] increases and [N2] and [H2] decrease, until the system reaches
equilibrium (by time t 4) after which no further change in Q occurs.
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28.2.5 Equilibrium constant

Consider a general chemical reaction such as the one below carried out in a closed system, i.e. one which does not
allow matter to enter or leave but does allow the free transfer of energy:
aA + bB → cC + dD
The letters A, B, C and D represent the chemical substances and a, b, c and d are the stoichiometric coefficients.
Suppose known concentrations of A and B are mixed and the reaction allowed to proceed at a fixed temperature in
a thermostat. As particles of A and B collide they will react to form C and D which will collide with increasing
frequency to reform A and B. Eventually the rate at which the reaction is proceeding from left to right is exactly
matched by the rate of the reverse reaction, and a state of dynamic equilibrium is achieved. The same condition is
attained if known concentrations of C and D are allowed to react to form A and B.
If the concentrations of the various substances at equilibrium are determined experimentally, then the extent to
which the reaction proceeds from left to right is given by a simple expression as follows:
KC =

[C]Ceqm [D] deqm
[A] aeqm [B] beqm

........28.2.1

where [A ] eqm is the concentration of substance A at equilibrium (mol dm—3), similarly for substances B, C and D. KC is
called the equilibrium constant for the reaction (the subscript c indicates that the units of concentration are
mol dm —3) and has units of (mol dm—3)∆n . For a particular reaction KC is independent of the initial concentrations, i. e.
any combination of concentrations of A, B, C and D can be reacted together, yet the same value of K C is obtained, within
experimental error, when the respective equilibrium concentrations are inserted in to Eq. (28.2.1).
The magnitude of an equilibrium constant is a measure of the yield of a reaction when it reaches equilibrium. A large
value for K indicates that equilibrium is attained only after the reactants have been largely converted into products.
A small value of K—much less than 1—indicates that equilibrium is attained when only a small proportion of the
reactants have been converted into products.
28.2.6 Units of equilibrium constant
In thermodynamics it is convenient to work with two different kinds of equilibrium constants, the thermodynamic
equilibrium constant and the practical equilibrium constant. The thermodynamic equilibrium constant is dimensionless,
and it is this constant that is used in equations in which its logarithm is involved; it is denoted by the superscript zero.
This thermodynamic equilibrium constant has the same numerical value as the practical equilibrium constant; it has
simply been made dimensionless by division by the unit quantity.
The practical equilibrium constant in general has units, which depend on the type of reaction. Consider, for example,
a reaction of the type
A+B → Z
in which there is a decrease, by one, in the number of molecules. The equilibrium constant for the standard state of 1
mol dm—3 is then
KC =

[Z]
[A][B]

and since the units of [A], [B], and [Z] are mol dm—3, the units of KC are dm3 mol—1. If there is no change in the number
of molecules, as in a reaction of the type
A+B

Y+Z

the units cancel out, so that KC is dimensionless. In general, if the stoichiometric sum is (∆n)g the units are
mol( ∆n)g dm—3( ∆n)g
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Another important point about equilibrium constants is that their value depends on how the stoichiometric equation
is written. Consider, for example, the dissociation
1.

A

2Z

the equilibrium constant KC for which is

KC =

[Z]2
[A]

If the concentrations are expressed as mol dm—3, the units of KC are mol dm—3. Alternatively, we could write the
reaction as
2.

½A

Z

and express the equilibrium constant as

KC =

[Z]
[A]1/ 2

This latter constant KC ' is obviously the square root of KC : KC ' = KC ½
If the concentrations are in mol dm—3, the units of KC ' are mol1/2 dm—3/2.
28.2.7 Equilibrium cosntant in different concentration units
It is often convenient to use concentrations instead of pressures in dealing with equilibrium problems. For an ideal gas
P=

nRT
=cRT
V

Substitution of the expressions for PY, PZ, PA, and PB expression for KP leads to

 C y C Zz 
 Y

KP =  C a C b 
 A B

This is more conveniently written as

KP =  [A]a [B]b  (RT)( ∆n)g

 eq

eq

(RT)y+z—a—b

 [Y ]y [Z ]z 



where (∆n)g is the difference between the coefficients of gaseous components in the stoichiometric equation. If we

 [Y]y [Z]z 


KC =  [A]a [B]b 

 eq

write the equilibrium constant in terms of concentrations as
We see that K C and KP are related by

KP = KC (RT)∆ng

Alternatively, we can work with mole fractions. The pressure PA of substance A is related to the total pressure P by
PA = x AP
where x A is the mole fraction of A; similar equations apply to B, Y, and Z. Substitution of these expressions into the
expression for KP gives

 x Yy x zZ

KP =  x a x b
 A B
We see that K P and Kx are related by



 Py+z — a—b=
eq

 x yY x zZ

 xa xb
 A B


 ∆ng
 P


KP = KxP∆ng

Since, for ideal gases, KP is a true constant at constant temperature, it follows that Kx will be pressure dependent
unless Σν = 0. The ratio Kx is thus only constant at constant temperature and constant total pressure. The functions KP
and KC , on the other hand, are (for an ideal gas) functions of temperature only.
28.2.8 Relationship among equilibrium expressions
Consider these two chemical equations, which are accompanied by equilibrium. constant expressions:
2H2(g) + O2(g)

2H2O(g)

PH22O
PH22 PO2

= K1;

2H2O(g)

2H2(g)+O2(g)

PH22 PO2
PH2O

= K2

According to the first equation, hydrogen and oxygen combine to form water vapor. According to the second
equation, water vapour decomposes into hydrogen and oxygen the second is clearly the reverse of the first. The
expressions for the equilibrium constants K 1 and K2 are just as clearly inverses of each other—the numerator of the first
is the denominator of the second and vice versa—so their product K 1K2 equals. The equilibrium constant for a reverse
reaction is always the reciprocal of the equilibrium constant of the corresponding forward reaction.
Suppose we multiply all of the coefficients in the first of these equations by a constant. The result of multiplying by 1/2 is
H2(g) + ½O2(g)

H2O(g)

811

Chemical Equilibrium

This is a perfectly satisfactory way of writing the equation for the chemical reaction; it simply states that one mole of
hydrogen reacts with one—half mole of oxygen to yield one mole of water vapor. The corresponding equilibrium
expression is

PH2O

1/ 2 = K
3
PH2 PO
2

Comparison with the expression for K1 shows that K3 = K11/2 =

K1

When the coefficients in a balanced chemical equation are all multiplied by a constant factor, the corresponding
equilibrium constant is raised to a power equal to that factor.
Further operations can be carried out on chemical equations: we can add two equations together to make a third, or
subtract one equation from another to make a third. In these two cases, the equilibrium constants for the resultant
equation are, respectively, the product and the quotient of the equilibrium constants of the first two equations. As
examples, let us take two equations that represent reactions among the halogens:
2BrCl(g)

Br2(g) + I 2(g)

PCl 2PBr 2

Cl 2(g) + Br2(g)

2
PBrCl

=K1 = 0.45 at 250C

2
PIBr
0
PBr 2PI 2 = K2 = 0.051 at 25 C

2IBr(g)

Adding the two chemical equations gives
2 BrCl(g) + Br2(g) + I 2(g)

2 IBr(g) + Cl 2(g) + Br2(g)

The term Br2(g) appears on both sides of this equation. Because Br2(g) is unchanged in the reaction, we remove it from
both sides to give

2BrCl(g) + I 2(g)

2IBr(g) + Cl 2(g)

2
PIBr
PCl 2
2
PBrCl
PI2

= K3

and by inspecting the expressions for K1, K2 and K3 we confirm that
K3 = K1K2 = (0.45)(0.051) = 0.023 at 25°C
If a second equation is subtracted from the first, the resulting equilibrium
constant is that of the first divided by that of the second.
In summary, The operations of addition and subtraction, when applied to
chemical equations, lead to the operations of multiplication and division
of their corresponding equilibrium expressions and equilibrium constants.
28.2.9 The direction of reaction
Very often in industry, reaction mixtures are prepared with different initial
conditions. If we need to know whether a certain reaction mixture will
tend to form more products or decompose into reactants, we can
compare the actual concentrations with the equilibrium concentrations.
We first calculate the reaction quotient, Q. This quantity is defined in
exactly the same way as the equilibrium constant, but with the molar
concentrations (for solutes) or partial pressures (for gases) at any stage
of the reaction. For a homogeneous gas—phase reaction with data in
the form of molar concentrations, we denote the reaction quotient QC ;
for gaseous reactions with the data in the form of partial pressures, we
u s e QP . For example, if at a certain stage in the reaction
H2(g) + I 2(g)
2 HI(g), we know the partial pressures of H2, I 2, and HI
are 0.1, 0.2, and 0.4 atm, respectively, then the reaction quotient at that
stage of the reaction is

PHI2
(0 .4 )2 = 0.8
=
PH2 PI2
0.1x 0.2

Reaction at
equilibrium

K

K

Q

K

Q

Reaction
tends to form
products

Reaction
tends to form
reactants

Figure 28.2.9 : The relative sizes of the reaction quotient
Q and the equilibrium constant K indicate the direction
in which a reaction mixture tends to change. The arrows
point from reactants to products when Q < K (left) or
form products to reactants when Q > K (right). There is
no tendency to change once the reaction quotient has
become equal to the equilibrium constant.
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To predict whether a particular mixture of reactants and products will tend to produce more products or more
reactants, we compare Q with K. If Q > K, then the concentrations or partial pressures of the products are too high (or
the concentrations or partial pressures of the reactants too low) for equilibrium. Hence, the reaction has a tendency
to proceed in the reverse direction, toward reactants. If Q < K, then the reaction tends to go forward and form
products. If Q = K, then the mixture has its equilibrium composition and has no tendency to change in either direction.
This pattern is summarized in (Fig. 28.2.9).
Notice that we say there is a tendency toward either reactants or products. The reaction may be so slow that it never
reaches equilibrium in the time we are prepared to wait. A mixture of hydrogen and oxygen has a tendency to form
water; nevertheless, at room temperature and in the absence of an initiating spark, the time taken for reaction is
comparable to age of earth!! A bottle of benzene has a tendency to decompose into diamonds and hydrogen gas,
but that change will never happen, even if we wait for a million years.
A reaction has a tendency to form products if Q < K and to form reactants if Q > K.

28.2.10Homogeneous and heterogeneous equilibria
We can divide equilibria into two classes: homogeneous equilibria and heterogeneous equilibria.
A homogeneous equilibrium is an equilibrium within a single phase. In this book we will concentrate on homogeneous
equilibria that involve changes in solution or in mixtures of gases.
Homogeneous equilibria in solution. Reactions between dissolved reactants that produce dissolved products give
one type of homogeneous equilibrium. The chemical species involved can be molecules, ions, or a mixture of both.
Several examples and the expressions for their equilibrium constants follow.
C2H2 + 2Br

I2(aq) +

C2H2Br4

I -(aq)

KC =

[C2H2Br4 ]
2
[C2H2 ] [Br2 ]

I3-(aq)

KC =

[ I−3 ]
[ I2 ][ I— ]

[Hg ] [HNO ]
[Hg ][NO ][H O ]
2+ 2

Hg22+ (aq) + NO3—(aq) + 3H3O+ (aq)

2Hg2+ (aq) + HNO2(aq) + 4H2O(l) KC =

HF(aq) + H2O(l)

H3O+ (aq) + F —(aq) KC =

NH3(aq) + H2O(l)

NH4+ (aq) + OH—(aq)

2+
2

2

—
3

3

+ 3

[H3 O + ][F— ]
[HF]
KC =

[NH 4 + ][OH — ]
[NH3 ]

In the last three examples, water is the solvent, so we do not write it in the expression for the reaction quotient, even
though it is a product or a reactant.
Some types of homogeneous equilibria are so common that they have individual names and their equilibrium constants
have special symbols. However, these equilibria exhibit the same behavior as all other equilibria. We will discuss
some of these equilibria later in the text.
Homogeneous equilibria among gases.
Gaseous reactants that produce gaseous products also give homogeneous equilibria. We use molar concentrations
in the expressions for the equilibrium constants in the following examples, but we will see shortly that partial pressures
of the gases could be used as well.
C2H6(g)

3O2(g)

N2(g) + 3H2(g)

C2H4(g) + H2(g)

KC =

[C2H4 ][H2 ]
[C 2H6 ]

[O3 ]2
KC =
[O2 ]3

2O3(g)

2NH3(g)

KC =

[NH3 ]2
[N2 ][H2 ]3
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C3H8(g) + 5O2(g)

3CO2(g) + 4H2O(g)

[CO2 ]3 [H 2O]4
KC =
[C3H 8 ][O2 ]5

Note that the concentration of water has been included in the last example because water is not a solvent in a gas—
phase reaction.
Whenever gases are involved in a reaction, the pressure of each gas can be used (instead of concentration) in the
equation for the reaction quotient or equilibrium constant because the pressure of a gas is directly proportional to its
concentration at constant temperature.
A heterogeneous equilibrium is an equilibrium in which reactants and products are found in two or more phases. The
phases may be any combination of solid phases, liquid phases, gas phases, and solutions. When dealing with these
equilibria, remember that the activities of pure solids, pure liquids, and solvents are 1, so these species do not appear
in reaction quotients or equilibrium constants.
Some heterogeneous equilibria involve chemical changes. Examples include
PbCl 2(s)

Pb2+ (aq) + 2Cl —(aq)

CaO(s) + CO2(g)

C(s) + 2S(g)

CaCO3(s)

CS 2(g)

K = [Pb2+ ] [Cl —] 2

1

[CO2 ]
[CS2 ]
K=
[S]2

K=

Other heterogeneous equilibria involves phase changes; an example is the evaporation of liquid bromine.
Br2(l)
Br2(g)
K=[Br2(g)]
We can write equations for reaction quotients of heterogeneous equilibria that involve gases by using pressures
instead of concentrations. Two examples are

1
CaO(s) + CO2(g)

C(s) + 2S(g)

CaCO3(s)

CS 2(g)

KP = P
CO 2
KP =

PCS 2

(PS )2
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C

ONCEPT

BUILDING EXERCISE

CBE
1.

Write the mathematical expression for the reaction
quotient, Q, for each of the following reactions
(a) BaSO3(s)
BaO(s) + SO2(g)
(b) P4(g) + 5O2(g)

P4O10(s)

(c) CH4(g) + 2O2(g)

CO2(g) + 2H2O(l)

(d) CuSO4.5H2O(s)
CuSO4(s) + 5H2O(g)
Sol. (a) [SO2]
(b) 1/[P4][O2] 5
(c) [CO2]/ [CH 4] [O2] 2
(d) [H2O] 5
2.
Explain why an equilibrium between Br2(l) and Br2(g)
would not be established if the top were removed from
the bottle containing both these components.
Sol. The system is not closed; one of the components of the
equilibrium, the Br2 vapor, would escape from the bottle.
Thus more liquid would evaporate than gas condense.
3.
Consider an equilibrium system containing SO2, O2 and
SO3 where
SO2(g) + ½O2(g)
SO3(l)
Describe what happens as a small amount of radioactive
oxygen is added in the form of O2.
Sol. SO2 and SO3 eventually contain radioactive oxygen
because of dynamic equilibrium.
4.
Gaseous nitrogen dioxide forms dinitrogen tetroxide
according to the equation
2NO2(g)
N2O4(g)
When 0.10 mol of NO2 is added to a 1.0 L flask at 250C, the
concentration changes so that at equilibrium [NO2] =0.016
M and [N2O4] = 0.42 M.
(a) What is the value of the reaction quotient before any
reaction occurs?
(b) What is the value of the equilibrium constant for the
reaction?
Sol. (a) Before any product forms, [NO2] = 0.10 mol L—1 =
0.10 M, and [N2O4] = 0 M.
Thus Q =

[N2O 4 ]
[NO2 ]2

=

(0 )

(0.10 )2

=0

(b) At equilibrium, the value of the equilibrium constant
is equal to the value of the reaction quotient. At
equilibrium, then,

[N2 O4 ] (0.042 )
2
K = Q= [NO ]2 =
(0.016 )2 = 1.6 x 10
2
The equilibrium constant is 1.6 x 102.
Chemists cannot agree on whether to use units with
equilibrium constants, so we see different styles in
different places. Where units are used, they may differ
depending on the expression for Q. In some cases the
units cancel out. It is common practice to omit the units
of Q or K; we will do so in most examples.

5.
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The initial concentrations or pressures of reactants and
products are given for each of the following systems.
Calculate the reaction quotient and determine the
direction in which each system will shift to reach
equilibrium.
(a) 2NH3(g)

N2(g) + 3H2(g)

K=17

[NH3] = 0.20 M; [N2] = 1.00 M; [H2] = 1.00 M
(b) 2NH3(g)

N2(g) + 3H2(g)

Kp = 6.8 x 104 atm2

Initial pressures : NH3 = 3.0 atm; N2 = 2.0 atm; H2= 1.0
atm
Initial pressures : NO = 10.0 atm; N2 = O2 = 5 atm
Sol. (a) 25, shifts left;
(b) 0.22, shifts right;
6.
A sample of benzoic acid, a solid carboxylic acid, is in
equilibrium with an aqueous solution of benzoic acid. A
tiny quantity of D2O, water containing the isotope 2H,
deuterium, is added to the solution. The solution is allowed
to stand at constant temperature for several hours, after
which some of the solid benzoic acid is removed and
analyzed. The benzoic acid is found to contain a tiny
quantity of deuterium, D and the formula of the deuterium
containing molecules is C 6H5COOD. Explain how this can
happen.
Sol. Because equilibrium is a dynamic , not static, process,
interaction between the solution and solid is occurring
all the time. One equilibrium that is not explicitly stated,
but that must be occurring nonetheless, is the
dissociation of benzoic acid
C6H5COOH + H2O
C6H5COO— + H3O+
This equilibrium means that benzoic acid is constantly
interacting with water. If D2O is added to the water,
then some will end up on the benzoic acid, both
dissolved and solid.
7.
Samples of N2O4 can be prepared in which both nitrogen
atoms are the heavier isotope 15N. Designating this isotope
as N* , we can write the formula of the molecules in such a
sample as O2N* —* NO2 and the formula of typical N2O4 as
O2 N—NO 2. When a tiny quantity of O2 N*—N*O 2 is
introduced into an equilibrium mixture of N2O4 and NO2,
the 15N immediately becomes distributed among both
N2O4 and NO2 molecules and form O2N*—NO2. Explain
how this observation supports the idea that equilibrium is
dynamic.
Sol. The idea of a dynamic equilibrium means that molecules
are always reacting between reactants and products,
even if the net effect is no change in the overall
concentration of the species. That has been an
important theme of this chapter. Therefore, a molecule
of O2N * — N * O2 will dissociate to form two N*O2
molecules soon after it is introduced into the system.
One N*O2 and one NO2 molecules can then combine to
form O2N*—NO2.
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8.

Which of the diagrams represents equilibrium mixtures
for the reaction
A2(g) + B2(g)
2AB(g)
at a temperature where 102 > K > 0.1? (See Fig. 8)

4000C.

at
Suppose that 1.0 mol of N2, 0.20 mol of H2, and
0.40 mol of NH3 are sealed in a 1.00 L vessel at 4000C. In
which direction will the reaction proceed?
Sol. With the aid of the ideal gas law, we calculate the initial
partial pressures P(initial) = n(initial) RT/V to be

PN2 (initial ) = 55 atm, PH2 (initial ) = 11 atm, and PNH 3 (initial )
= 22 atm
The initial value of Q is therefore
(a)

(b)

(c)

(d)

(e)

Fig. 8

Q(initial) =

and that for
is

PNO2
1/ 2 1/ 2
PNO PO
2

=

K=

= K1 = 1.3 x 106

½N2(g) + ½O2(g)

PNO
1/ 2 1/ 2
PNO PO2

PN2PH32

(22 )2
(55 )(11)3

= 6.6 x 10—3

Because Q(initial) > K, the reaction will proceed from right
to left. As it does, Q will diminish toward K. Ammonia will
dissociate until equilibrium is reached, at which point Q
equals K.
11. Automobile catalytic converters convert pollutants in
exhaust gases to carbon dioxide and water. But these
devices can also convert sulfur dioxide in the air to sulfur
trioxide, a more worrisome pollutant. A sealed bulb at
1000 K contains sulfur dioxide, P = 0.15 atm; sulfur trioxide,
P = 0.23 atm; and oxygen, P = 0.73 atm. The system is at
equilibrium. Calculate the value of K for this system.
Sol. An equation for the relevant chemical change in this
example is :
2SO2(g) + O2(g)
2SO3(g)
The form of the equilibrium constant for this equation is

Sol. (b) (c), and (d) have equilibrium constants within the
range specified, and (e) might lie within the range.
9.
The atmospheric concentrations of the oxides of nitrogen
are monitored in air pollution studies. At 25 0C, the
equilibrium constant for the reaction
NO(g) + ½O2(g)
NO2(g)
is

2
PNH
3

2NO(g)

= K2 = 6.5 x 10—16

Find the equilibrium constant K3 for the reaction
N2(g) + 2O2(g)
2NO2(g)
Sol. Adding the chemical equations for the first two
reactions give
½N2(g) + O2(g)
NO2(g)
The equilibrium constant for this reaction, K3' is just the
product of K1 and K2, or K1K2. The constant we seek, K3, is
defined by a chemical equation that is twice this, so K3'
must be raised to the power 2 (that is, squared) to
give K 3.
K3= (K3')2 = (K1K2)2 = 7.1 x 10—19
10. The reaction between nitrogen and hydrogen to produce
ammonia
N2(g) + 3H2(g)
2NH3(g)
is essential in making nitrogen containing fertilizers. This
reaction has an equilibrium constant equal to 1.9 x 10—4

2
PSO
3
2
PSO
P
2 O2

Since the pressure of each component is given, we can
calculate the numerical value of K :
K=

(0. 23 atm)2
(0.15 atm)2 (0.73 atm)

= 3.2 atm—1

If we had written the equation is reverse, as
2SO3(g)
2SO2(g) + O2(g), the answer would have
been K = (1/3.2) atm, the reciprocal of the answer given
above, since reversing an equation inverts K. If we had
written the equation with different coefficients, the
value of K would be different.
12. An equilibrium system contains NO(g), P = 0.115 atm;
Cl2(g), P = 0.181 atm; and NOCl(g), P = 0.258 atm at 500 K.
Find Kc.
Sol. The essential first step is to write an equation that
describes the system. One possibility is
2NO(g) + Cl 2(g)
2NOCl(g)
First we can find Kp by substituting the given pressure
data into the equilibrium expression :
2
K = PNOCl

2
PCl 2 PNO

=

(0 .258 atm)2
(0 .181 atm)(0.115 atm)2

= 27.8 atm—1

To convert to Kc, we find ∆n, the change in the number
of moles of gas as the reaction proceeds from left to
right. As the reaction is written, there are 3 mol of gas
on the left and 2 mol of gas on the right, so ∆n = 2–3 = 1.
−1

1
Kc = Kp  
 RT 
=1140 L/mol.

= 27.8

atm—1

 
L atm 

 (500K ) 
 1/ 0.0821
mol K 
 
  

−1
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ONCEPT

28.1

TESTING EXERCISE

CBE
1.

A mixture of hydrogen gas and oxygen gas is maintained
at 250C for one year. On the first day of each month the
mixture is sampled and the concentrations of hydrogen
and oxygen measured. In every case they are found to
be 0.50 mol/L H 2 and 0.50 mol /L O2, that is, the
concentrations are found not to change over a long
period. Is this mixture at equilibrium ? If you think not,
how could you do an experiment to prove it?
Ans. The mixture is not at equilibrium, but the reaction is so
slow that there is no change in concentrations. You could
show that the system was not at equilibrium by providing
a catalyst or by raising the temperature to speed up the
reaction.
2.
Use equilibrium constants to predict which of the
reaction below will be product favored. Then place all
of the reaction in order from most reactant favored to
most product—favored.
(a) 1/8 S 8(s) + O2(g)
(b) 2H2O(g)

SO2(g)

2H2(g) + O2(g)

(c) HCO2—(aq) + H+

HCO2H(aq)

4.

If solid AgCl and AgI are placed in 1.0 L of water in
separate beakers, in which beaker would the silver ion
concentration, [Ag+ ], be larger?
AgCl(s)

Ag+ (aq) + Cl —(aq)

AgI(s)
Ag+ (aq) +I—(aq)
K = 1.5 x 10—16
+
Ans. [Ag ] would be larger for AgCl because the equilibrium
constant, though small, is larger than for dissolving AgI.
5.
Write the reaction quotient for each of the reactions
(a) 2SO2(g) + O2(g)
(b) C4H8(g)

2SO3(g)

2C2H4(g)

(c) 2C4H10(g) + 13O2(g)
8CO2(g) + 10H2O(g)
Ans. (a) Q = [SO3]2/[SO2]2 [O2];
(b) Q=[C2H4]2/[C4H8];
(c) Q = [CO2]8[H2O]10/[C4H10]2[O2]13
6.
The chemical reaction taking place in an automobile
“lead storage” battery is represented by the equation
kf

K = 4.2 x 1052
K = 3.3 x 10—80
K = 5.6 x 103

(d) CaCO3(s)
Ca2+ (aq) + CO32—(aq) K = 3.8 x 10—9
Ans. Reactions (a) and (c) are product favoured. Reaction
(b) is least product favored, followed by (d),
(c), and (a).
3.
After a mixture of cis—2 butene and trans—2—butene
has reached equilibrium at 600 K, half of the trans—2—
butene is suddenly removed. Given that K = 1.65

Answer the following questions :
(a) Is the new mixture at equilibrium ? Explain why or
why not.
(b) In the new mixture, which rate is faster, cis → trans
or the reverse? Or are both rates the same
(c) In an equilibrium mixture, which concentration is
larger, cis—2—butene or trans—2—butene?
(d) If the concentration of cis—2-butene at equilibrium
is 0.10 mol/L, what will be the concentration of
trans—2—butene?
Ans. (a) The new mixture is not at equilibrium because the
quotients [trans]/[cis] is different from the equilibrium
constant (1/2 as great).
(b) The rate cis → trans remains the same as before
because [cis] remains the same. The rate trans →
cis is only half as great as before because [trans] is
half as great.
(c) The value of K is 1.65 at 600 K, which means that
[trans] = 1.65 [cis].
(d) 0.165 mol/L.

K = 1.8 x 10—10

Pb(s) + PbO2(s) +2H2SO4(aq)

kr

2PbSO4(s) + 2H2O(l)
The spontaneous forward reaction generates electricity
and the nonspontaneous reverse reaction occurs only
if electricity is forced into the battery. Most drivers know
that the following events are involved in the life of a
battery : (a) H2SO4 is usually added when the battery is
purchased, (b) a battery delivers electrical current to
start the motor, (c) the alternator recharges the battery
while the engine is running, and (d) eventually the
battery goes “dead” and must be replaced. Each of
these events is related to various concepts involving
equilibrium. Match the events with (i) Kf> kr, (ii) kf = kr
(iii) kr > kf and (iv) Q < K.
Ans. (a) (i), (b) (iv), (c) iii, (d) ii
7.
Ethyl acetate, a solvent used in lacquers, reacts with
water to form acetic acid and ethyl alcohol
CH 3 COOC2 H 5( a q ) + H2 O(l)
CH 3 COOH(aq) +
C2H5OH(aq)
Under certain conditions it was observed that 1/3 mole
of ethyl acetate remained at equilibrium after 1 mole
of ethyl acetate was mixed with enough water to make
1 litre of solution. Calculate KC .
Ans. 4/3 mol/litre
8.
Citric acid reacts with water to lose H+ in three steps
(C3H4OH)(COOH)3(aq)

(C3H4OH)(COOH)2(COO)— + H+
K1 = 7.10 x 10—4

(C3H4OH)(COOH)2(COO)—
(C3H4OH((COOH)(COO)22— + H+

K2 = 1.68 x 10—5

(C3H4OH)(COOH) (COO)22—
(C3H4OH)(COO)33— + H+
K3 = 4.11 x 10—7
What is K c for the overall reaction
(C3H4OH)(COOH)3
Ans. 4.90 x 10—15

(C3H4OH)(COO)33— + 3H+
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9.

The conversion of 1.5 mol of oxygen to 1.0 mol of ozone
has a very small value of K
O3(g) K = 2.5 x 10—29

3/2 O2(g)

(a) What is the value of K if the equation is written
using whole number coefficients?
3O2(g)

2O3(g)

(b) What is the value of K for the conversion of 2 mol of
ozone to 3 mol of oxygen?
2O3(g)

3O2(g)

[O 3 ]2
Ans. (a) K2 =
= k12 = (2.5 x 10-29) 2 = 6.2 x 10-58
[O 2 ]3
1

1

(b) k3 = k =
= 1.6 x 1057
6.2 x 10 -58
2
10.

At 100 0C the equilibrium constant for the reaction
CF4(g) + 2H2O(g)
is 5.9 x

CO2(g) + 4HF(g)
23
10 , and the equilibrium constant for the reaction
CO(g) + ½O2(g)

CO2(g)

1035.

is 1.3 x
Compute the equilibrium constant at 1000C
for the reaction
2CF 4(g) + 4H2O(g)

2CO(g) + 8HF(g) + O2(g)

Ans. 2.1 x 10—23
11. Convert the values of Kc to values of Kp and the values
of Kp to values of Kc
(a) N2(g) + 3H2(g)

2NH3(g)

(b) H2 (g)+ I 2 (g)
Kp = 4.08 x
(d) H2O(l)

10—25

K = 50.2 at 4480C

2HI

(c) Na2SO4.10H2O(s)

Na2SO4(s) + 10H2O(g)

atm10

H2O(g)

K = 0.50 at 4000C

at 25 0C
Kp = 0.122 atm at 500C

Ans. (a) 1.6 x 10—4 atm—2; (b) 50.2;
(c) 5.33 x10—39,
(d) 4.60 x 10—3
12. Sulfide ion in alkaline solution reacts with solid sulfur
to form polysulfide ions having formulas S22—, S32— ,
S 42— and so on. The equilibrium constant for the
formation of S 22— is 12 ( K1 ) & for the formation of S 32—
is 132 (K2 ), both from S and S 2—.What is the equilibrium
constant for the formation of S 32— from S 22— and S?
Ans. K = 11
13. The equilibrium constant kp(atm)for the reaction
P4(g)

2P2(g)

4000C.

is 1.39 at
Suppose that 1.40 mol of P4(g) and 1.25
mol of P2(g) are mixed in a closed 25.0 L container at
4000C. Compute Q at the moment of mixing, Q(init), and
state the direction in which the reaction will proceed.
Ans. Q(init) = 2.47. The reaction proceeds from right to left,
generating P 4.
14. Write the equations for the conversion of KC to Kp for
each of the following reactions, which occur in the gas
phase.
(a) 2SO2 + O2

2SO3 (b) N2O4

(c) C3H8 + 5O2

3CO2 + 4H2O

K(RT)—1

Ans. (a) Kp =
(c) Kp = K(RT)

2NO2

(b) Kp = K(RT)
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LE- CHATELIER’S PRINCIPLE

When equilibrium systems are disturbed, they adjust to minimize the effect of the disturbance. This is a statement of Le
Chatelier’s principle. As the system adjusts, the position of equilibrium shifts to favor either more products or more
reactants. A shift to favor more products is called a shift to the right , since products are on the right in a written
equation. A shift to favor more reactants is called a shift to the left .
28.3.1 Effect of addition or removal of a reactant or product
Consider as an example the equilibrium N 2(g) + 3H2(g)
2NH3(g)
Suppose that we have added N2, H2, and NH3 to a container
maintained at constant temperature and have waited until
the system has reached equilibrium. Suppose, further, that
the concentrations of these three substances are as shown
at time t0 in Fig. 28.3.1. Now in a sequence of six separate
steps we will disturb the equilibrium first by adding more of
each of the three substances in sequence and then by
removing some of each from the reaction container. Figure
28.3.1 summarizes the results.
Time t 1: More N2 is added. The effect of this change is to
increase [N2]. This causes the equilibrium to shift to the right,
using up some of the added N2, using up some H2, and forming
more NH3. After equilibrium has been reestablished, [N2] is
higher, [H2] is lower, and [NH3] is higher than they were before
the N2 was added.
Time t 2: More H2 is added. This again shifts the equilibrium to
the right, using up some of the added H 2. After equilibrium has
been reestablished, [N2] is lower, [H2] is higher, and [NH3] is
higher than before the H2 was added.
Time t 3: More NH3 is added. This causes [NH3] to increase, so
that the equilibrium shifts to the left, using up some of the
added NH3. Once the system has reestablished equilibrium,
[N2] is found to be higher, [H2]to be higher, and [NH3] also to
be higher than before the NH3 was added.
Fig. 28.3.1
Time t 4: Some N2 is removed. This reduces [N2] which causes
Shifting the equilibrium N 2(g) + 3H 2(g)
2NH3(g)
the equilibrium to shift to the left, producing more N2. After
the system has returned to equilibrium, [N2] is found to be
lower (the equilibrium shift did not produce as much N 2 as was removed), [H2] to be higher, and [NH3] to be lower than
before the removal of N2.
Time t5: Some H2 is removed. This causes the equilibrium to shift again to the left, partially compensating for the
removed H2. After the return to equilibrium, [N2] is higher, [H2] is lower, and [NH3] is lower than before the removal
of H2.
Time t 6: Some NH3 is removed. This shifts the equilibrium to the right. After return to equilibrium, [N2], [H2], and [NH3] are
all found to be lower than before the NH3 was removed.
Note that in this sequence the amounts of each component added and later removed were the same. (This can be
seen by examining Fig. 28.3.1 closely.) As a result the final equilibrium concentrations equal the initial ones.
28.3.2 Effect of change in volume
The response made by an equilibrium system to the addition or removal of a component can be shown to be a
response to a changed concentration, rather than a changed quantity. In order to see that this is true, consider again
the equilibrium
N2(g) + 3H2(g)
2NH3(g)
If we suddenly decrease the container volume, the amounts of N2, H2, and NH3 are not immediately affected, but their
concentrations are all increased. In this case the equilibrium does indeed respond. More NH3 is produced and less N2
and H2 are present after return to equilibrium. The response of the system must be concentration—related.
How does Le Chatelier’s principle account for the formation of more NH3 in the above equilibrium? The equilibrium
shifts to the right because this reduces the total number of molecules in the container. (Look at the equation—in the
forward reaction two molecules take the place of four.) Decreasing the volume of a mixture of gases tends to
increase the total pressure (Boyle’s law). But in this case the pressure increase is minimized by the decrease in the
number of gas molecules. Note, however, that after equilibrium has been reestablished, although more NH3 and less
N2 and H2 are present, the concentrations of all have been increased, a consequence of the smaller volume.
It can easily be seen that a container—volume increase produces results all of which are opposite from the above.
A change in container volume does not always produce an equilibrium shift. In a reaction such as
2HI(g)
H2(g) + I 2(g)
in which the number of gas molecules is the same on both sides of the equation, the equilibrium system does not
respond at all to a volume decrease. In this case no mechanism is available for minimizing the pressure increase.
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What happens to an equilibrium if
the total pressure is increased by
adding an inert gas? In this case
we might expect the equilibrium
to shift in the direction of fewer
molecules, but it does not. The
reason is that the concentrations
of N2, H2, and NH3 are unaffected
by the added inert gas, as long as
the container volume is held
constant.
Consider another equilibrium in
aqueous solution; AB
A+ + B —
in which AB is dissociating into ions.
The
equilibrium
constant
KC is

[A ][B ]
+

KC =

—

[AB]

Fig. 28.3.2 Effect on chemical equilibrium of changing the volume. The effect on the methanation

... 28.3.1

reaction CO + 3H2

H2O + CH4 is shown; the approximate composition is represented by

If we add A+ to the system, the
the proportion of different “molecules” (See key at right). The actual arrangement of molecules in
ratio will temporarily be increased;
a gas is random.(A) The original equilibrium mixture of CO, H2, CH4, and H2O molecules. (B) The gases
are compressed to one—half their initial volume, increasing their partial pressures, so that the mixture
the equilibrium will have to shift
is no longer at equilibrium. (C) Equilibrium is re—established when the reaction goes in the forward
from right to left to maintain KC
direction: CO + 3H2 → CH4 + H2O. In this way, the total number of molecules is reduced, which
constant. Similarly, addition of B—
will cause a shift to the left.
Addition of AB will cause a shift to
the right.
The effect of changing the volume can be seen by expressing each concentration in Eq. 28.3.1 as the ratio of the
amount of each substance to the volume;
[AB] =
So that eq. 28.3.1 becomes

(nA

+

nAB
V

)(

/ V nB — / V

[A+ ] =

)

nAB / V

or

nA + nB —
nAB

.

nA+

[B—] =

V

nB —

... 28.3.2

V

= KC

...28.3.3

1
=K
V C

...28.3.4

Suppose that we dilute the system, by adding solvent and making V larger. Since KC must remain constant, the ratio

nA + nB —
nAB
must become larger, in proportion to V; that is, there will be more dissociation into ions at the larger volume. This result
follows from Le chatellier principle after the French chemist Henri Louis Le Chatellier (1850—1936).
28.3.3 Effect of addition of inert gas
The effect of adding inert gas at constant temperature on the course of reaction can be studied from two points of
view. (i) Addition of inert gas, if it does not change the volume (i.e., at constant volume), will have no effect on the

 ni 
 RT and each term
 V

position of equilibrium because the partial pressure of each gas will remain the same i.e., pi = 

on right hand side does not change. (ii) Addition at constant total pressure can shift the position of equilibrium though
Kp and P remain constant. The following observations can be made
(a) If (∆n)gas > 0, an increase in volume results with the corresponding shift in the equilibrium from left to right.
(b) If (∆n)gas <0 the effect will be opposite.
28.3.4 Effect of change in temperature on equilibrium
Changing concentration or pressure upsets an equilibrium because the reaction quotient is shifted away from the
equilibrium value. Changing the temperature of a system at equilibrium has a different effect: A change in temperature
changes the value of the equilibrium constant. However, we can predict the effect of the temperature change by
treating it as a stress on the system and applying Le Chatelier’s principle.
When hydrogen reacts with gaseous iodine, energy is released as heat is evolved.
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H2(g) + I 2(g)
2HI(g)
∆H = —9.4 kJ (exothermic)
Because this reaction is exothermic, we can write it with
heat as a product.

H2(g) + I 2(g)
2HI(g) + 9.4 kJ
Increasing the temperature of the reaction increases
the amount of energy present. Thus increasing the
temperature has the effect of increasing the amount of
one of the products of this reaction. The reaction shifts
to the left to relieve the stress, and there is an increase
in the concentration of H2 and I2 and a reduction in the
concentration of HI. Lowering the temperature of this
system reduces the amount of energy present, favors
the production of heat, and favors the formation of
hydrogen iodide.
When we change the temperature of a system at
equilibrium, the equilibrium constant for the reaction
changes. Lowering the temperature in the HI system
increases the equilibrium constant from 50.0 at 400°C to Figure 28.3.4 : (a) the activation energy for an endothermic reaction is larger
67.5 at 357°C. At equilibrium at the lower temperature, in the forward direction than in the reverse direction, so the rate of the forward
is more sensitive to temperature, and the equilibrium shifts towards
the concentration of HI has increased and the reaction
products as the temperature is raised. (b) The opposite is true for an exothermic
concentrations of H2 and I 2 have decreased. Raising the reaction : the reverse reaction is more sensitive to temperature. In this case,
temperature decreases the value of the equilibrium the equilibrium shifts toward reactants as the temperature is raised.
constant from 67.5 at 357°C to 50.0 at 400°C.
We can find the explanation of the effect of temprature
by referring to the relation between the equilibrium constant and the forward and reverse rate constants. If the
forward reaction is endothermic, then the activation energy is higher for the forward direction than for the reverse
direction (Fig. 28.3.4). The higher activation energy means that the rate constant of the forward reaction depends
more strongly on temperature than does the rate constant of the reverse reaction. Therefore, when the temperature
is raised, the rate constant for the forward reaction increases more than that of the reverse reaction. As a result, K will
increase and the products will become more favored, just as Le Chatelier’s principle predicts.
28.3.5. Effect of a Catalyst on equilibrium
A catalyst has no effect on the value of an equilibrium constant or on equilibrium concentrations. The catalyst merely
increases the rates of both the forward and the reverse reactions to the same extent so that equilibrium is reached
more rapidly.
All of these effects—change in concentration or pressure, change in temperature, and the effect of a catalyst on a
chemical equilibrium—playa role in the industrial synthesis of ammonia from nitrogen and hydrogen according to the
equation
N2 + 3H2
2NH3
A great deal of ammonia is manufactured by this reaction. Each year ammonia is among the top ten chemicals, by
mass, manufactured in the world.
Ammonia plays a vital role in our global economy. It is used in the production of fertilizers and is, itself, a fertilizer for the
growth of corn, cotton, and other crops. Large quantities of ammonia are converted to nitric acid, which plays an
important role in the production of fertilizers, explosives, plastics, dyes, and fibres and is also used in the steel industry.
It has been known for many years that nitrogen and hydrogen react to form ammonia. However, it became possible
to manufacture ammonia in useful quantities by this reaction only in about 1915, after the factors that influence its
equilibrium were understood. Fritz Haber, a German chemist, received the 1918 Noble prize in chemistry for work in
which he used equilibrium concepts to develop a means of synthesizing ammonia on a commercial scale.
To be practical, an industrial process must give a large yield of product relatively quickly, particularly when millions
of tons are needed. One way to increase the yield of ammonia is to increase the pressure on the system in which N2,
H2, and NH3 are in equilibrium or are coming to equilibrium.
N2(g) + 3H2(g)
2NH3(g)
The formation of additional amounts of ammonia reduces the total pressure exerted by the system and somewhat
reduces the stress of the increased pressure.
Although increasing the pressure of a mixture of N2, H2, and NH3 increases the yield of ammonia, at low temperatures
the rate of formation of ammonia is slow. At room temperature, for example, the reaction is so slow that if we
prepared a mixture of N2 and H2, no detectable amount of ammonia would form during our lifetime. Attempts to
increase the rate of the reaction by increasing the temperature are counterproductive. The formation of ammonia
from hydrogen and nitrogen is an exothermic process:
N2(g) + 3H2(g) → 2NH3(g)
∆H = —92.2 kJ

821

Chemical Equilibrium

Thus increasing the temperature to increase the rate lowers the yield. If we lower the temperature to shift the
equilibrium to the right to favor the formation of more ammonia, equilibrium is reached more slowly because of the
large decrease of reaction rate with decreasing temperature. If we increase the temperature to increase the rate,
equilibrium is reached more rapidly, but the yield is reduced because the equilibrium shifts to the left.
Part of the rate of formation lost by operating at lower temperatures can be recovered by using a catalyst to
increase the reaction rate. Iron powder is one catalyst used. However, as we have seen, a catalyst serves equally well
to increase the rate of a reverse reaction—in this case, the decomposition of ammonia into its constituent elements.
Thus the net effect of the iron catalyst on the reaction is to cause equilibrium to be reached more rapidly.
In the commercial production of ammonia, it is not feasible to use temperatures much lower than 500°C. At lower
temperatures the reaction proceeds too slowly to be practical, even in the presence of a catalyst. Conditions of
about 500°C and 150—900 atmospheres are selected to give the best compromise among rate, yield, and the cost
of the equipment necessary to produce and contain gases at high pressure and high temperatures.

Pump to circulate gases

Pump to
compress
gases

N 2 H2
inlet

Expanding
gases cool

Heat
Heat
exchanger exchanger
Fig. 28.3.5 (a)

Recycled
unreacted
N 2and H 2

Catalyst
(400 -500°C)

Refrigeration
unit
Liquid NH3
NH3outlet
to storage tank

Fig. 28.3.5 (b) : A catalyst changes the mechanism of a reaction and
lowers the net activation energy barrier in both directions. This increases
the rates of forward and reverse reactions, but it does not affect the
nature of the reactants or the products, so it has no effect on the overall
∆G0 and K eq for the reaction.

Heating
coil

Preheated
feed gases
(130 -300 atm)

Fig. 28.3.5 (c) : Representation of the Haber process for the industrial production
of ammonia. A mixture of gaseous N 2 and H2 at 130—300 atm pressure is passed
over a catalyst at 400—500 0C, and ammonia is produced by the reaction
N 2(g) + 3H 2(g)

2NH3(g). The NH3 in the gaseous mixture of reactants

and products is liquefied, and the unreacted N 2 and H2 are recycled.
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ONCEPT

28.2

BUILDING EXERCISE

CBE
1.

To improve air quality and obtain a useful product, sulfur
is often removed from coal and natural gas by treating
the fuel contaminant hydrogen sulfide with O2
2H2S(g) + O2(g)
2S(s) + 2H2O(g)
What happens to
(a) [H2O] if O2 is added?
(b) [H2S] if O2 is added?
(c) [O2] if H2S is removed? (d) [H2S] if sulfur is added?
Strategy : We write the reaction quotient to see how Q c
is affected by each disturbance relative to KC . This
effect tells us the direction in which the reaction
proceeds for the system to rettain equilibrium and how
each concentration changes.

Sol. Writing the reaction quotient : QC =

[H2 O]2
[H2 S]2 [O2 ]

(a) When O2 is added, the denominator of Q c increases,
so Qc < Kc. The reaction proceeds to the right until
Qc = Kc again, so [H2O] increases.
(b) As in part (a), when O2 is added, Qc < Kc. Some H2S
reacts with the added O 2 as the reaction proceeds
to the right, so [H2S] decreases.
(c) When H2S is removed, the denominator of Qc
decreases, so Qc > Kc. As the reaction proceeds to
the left to re—form H2S, more O2 is produced as
well, so [O2] increases.
(d) Since the concentration of solid S is unchanged as
long as some is present, it does not appear in the
reaction quotient. Adding more S has no effect, so
[H2S] is unchanged.
Check : Apply Le Chatelier’s principle to see that the
reaction proceeds in the direction that lowers the
increased concentration or raises the decreased
concentration.
Comment : As you know, sulfur exists most commonly as
S 8, so Qc would be

2.

[H2O]8
[H2S]8 [O2 ]4

(b) CaCO3(s)

Ca(OH) 2(aq) ∆H0 = — 82 kJ

CaO(s) + CO2(g)

∆H0= 178 kJ

(c) SO2(g)
S(s) + O2(g)
∆H0= 297 kJ
Plan : We write each equation to show heat as a
reactant or product. Increasing the temperature adds
heat, so the system shifts to absorb the heat; that is, the
endothermic reaction occurs. Kc will increase if the
forward reaction is endothermic and decrease if it is
exothermic.
Sol. (a) CaO(s) + H2O(l)
Ca(OH)2(aq) + heat
Adding heat shifts the system to the left : [Ca(OH)2]
and Kc will decrease.
(b) CaCO3(s) + heat

3.

(c) SO2(g) + heat
S(s) + O2(g)
Adding heat shifts the system to the right: [SO2] will
decrease and Kc will increase.
Check : You might check by going through the reasoning
for a decrease in temperature: heat is removed and
the exothermic direction is favored. All the answers
should be opposite.
Effect of a change in concentration on the equilibrium
position
At 7200C, the equilibrium cosntant Kc for the reaction
N2(g) + 3H2(g)
2NH3(g)

is 2.37 x 10—3. In a certain experiment, the equilibrium
concentrations are [N2] = 0.683 M, [H2] = 8.80 M, and [NH3]
= 1.05 M. Suppose some NH3 is added to the mixture so
that its concentration is increased to 3.65 M. (a) Use Le
Chatelier’s principle to predict the direction that the net
reaction will shift to reach a new equilibrium. (b) Confirm
your prediction by calculating the reaction quotient Qc
and comparing its value with Kc.
Sol. (a) The stress applied to the system is the addition of
NH3. To offset this stress, some NH3 reacts to produce
N2 and H2 until a new equilibrium is established. The
net reaction therefore shifts from right to left;
that is,
N2(g) + 3H2(g)← 2NH3(g)
(b) At the instant when some of the NH3 is added, the
system is no longer at equilibrium. The reaction
quotient is given byQc =

. The value of Kc is different

for this equation, but the changes described in the
problem have the same effects.
How does an increases in temperature affect the
equilibrium concentration of the underlined substance
and Kc for the following reactions?
(a) CaO(s) + H2O(l)

Adding heat shifts the system to the right: [CO2 ]
and Kc will decrease

CaO(s) + CO2(g)

=

4.

[NH 3 ]20
[N2 ]0 [H2 ]30

(3.65)2
(0. 683)(8.80)3

= 2.86 x 10—2
Because this value is greater than 2.37 x 10—3, the net
reaction shifts from right to left until Qc equals Kc.
Consider the following equilibrium systems :
(a) 2PbS(s) + 3O2(g)
2PbO(s) + 2SO2(g)
(b) PCl5(g)

PCl3(g) + Cl2(g)

(c) H2(g) + CO2(g)
H2O(g) + CO(g)
Predict the direction of the net reaction in each case as a
result of increasing the pressure (decreasing the volume)
on the system at constant temperature.
Sol. (a) Consider only the gaseous molecules. In the
balanced equation there are 3 mol of gaseous
reactants and 2 mol of gaseous products. Therefore
the net reaction will shift toward the products (to
the right) when the pressure is increased.
(b) The number of moles of products is 2 and that of
reactants is 1; therefore the net reaction will shift
to the left, toward the reactants.
(c) The number of moles of products is equal to the
number of moles of reactants, so a change in
pressure has no effect on the equilibrium.
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Factors That May Affect the Equilibrium Position or
Equilibrium Constant.
Consider the following equilibrium process:
N2F4(g)
2NF2(g)
∆H0 = 38.5 kJ
Predict the changes in the equilibrium if (a) the reacting
mixture is heated at constant volume; (b) NF2 gas is
removed from the reacting mixture at constant
temperature and volume; (c) the pressure on the reacting
mixture is decreased at constant temperature; and (d)
an inert gas, such as helium, is added to the reacting
mixture at constant volume and temperature.
Sol. (a) Because the forward reaction is endothermic, an
increase in temperature favors the formation of
NF2. The equilibrium constant

Kc

atmospheres : (a) pNO2 = 0.4, pN2O 4 = 0.002, (b) PNO2 =
0.2, PN2O 4 = 0.004; (c) PNO2 = 1.0, PN2O 4 = 0.002, (d)

PNO2 = 0.001, PN2O 4 = 0.0000, at 373 K. The reaction in
N2O4(g)
2NO2(g), K = 80 atm.
Sol. We use the same mehod in each case : Substitute the
data into the expression for Q and then compare the
result with the value of .
a.

ONCEPT

T

A weather indicator can be made by coating an object
with CoCl 2 and observing the color of the object. The
color change is the result of following reaction :
[Co(H2O)6]Cl 2(s)
[Co(H2O)4]Cl 2(s) + 2H2O(g)
pink
blue
If you were to observe a pink color, does that mean
“moist” or “dry” air?
Ans. moit air
2.
Silver chloride is a very slightly soluble substance, but
because of the equilibrium
AgCl(s)
Ag+ (aq) + Cl —(aq)

2
PNO
2

PN2O4

=

(0. 4 atm)2
= 80 atm
0. 002 atm

The sysem is at equilibrium, since Q = K.
(0.2 atm)2
= 10 atm
0.004 atm
Since Q < K, the system is not at equilibrium. There is
relatively too little of the product, NO2(g). The reaction
will proceed spontaneously from left to right to produce
NO2(g) and use up N2O4(g) until Q = K = 80 atm.
b.

c.

(1. 0 atm)2
= 500 atm
0. 002 atm

Since Q > K, the system is not at equilibrium. There is an
exess of NO2(g). The reaction will proceed from right to
left until equilibrium is reached and Q = K = 80 atm.
d. Whenever one of the components that is present at
equilibrium does not appear, the reaction will proceed
in the direction which produces that substance, in this
case from right to left to produce N2O4(g).

E S T I N G

CBE
1.

Predict the behavior of each of the following systems
prepared from the given pressures of the two gases in

[NF2 ]2
[N2F4 ]

will therefore increase with increasing temperature.
(b) The stress here is the removal of NF2 gas. To offset it,
more N 2 F4 will decompose to form NF 2 . The.
equilibrium constant Kc remains unchanged,
however.
(c) A decrease in pressure (which is accompanied by
an increase in gas volume) favors the formation of
more gas molecules, that is, the forward reaction.
Thus, more NF2 gas will be formed. The equilibrium
constant will remain unchanged.
(d) Adding helium to the equilibrium mixture at
constant volume will not shift the equilibrium.

C

6.

EXERCISE

28.2

equal amounts of Ag+ and Cl — are present in the aqueous
phase in contact with pure AgCl. Describe what
happens as solid AgNO3 is added.
Ans. More AgCl forms, [Cl—] < [Ag+] but [Ag+] [Cl—] remains
constant
3.
Predict whether the equilibrium for the photosynthesis
reaction described by the equation
6CO2(g) + 6H2O(l)
C6H12O6(s) + 6O2(g)
∆H0 = 669.62 kcal
would (i) shift to the right—the products side, (ii) shift to
the left— the reactants side, or (iii) remain unchanged
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if (a) [CO2] was increased, (b) pO 2 was increased, (c)
one—half of the C6H12O6 was removed. (d) The total
pressure was increased, (e) the temperature was
increased, and (f) a catalyst was added.
Ans. (a) i, (b) ii, (c) iii, (d) iii, (e) i, (f) iii
4.
Write the expression for Kc for the equation
2NO(g) + O2(g)
2NO2(g)
∆H01000 = — 27.93 kcal
will the concentration of NO2 at equilibrium (i) increase,
(ii) decrease, or (iii) remain the same if (a) additional O 2
is introduced? (b) additional NO is introduced? (c) The
total pressure is increased ? (d) the temprature is
decreased?
[NO 2 ]2

Ans. KC = [NO ]2 [O ]
2
(a) increases, (b) increases, (c) increases, (d) increases
5.
Suggest four ways in which the concentration of
hydrazine, N2H4, could be increased in an equilibrium
described by the equation
N2(g) + 2H2(g)
N2H4(g) ∆H = 95 kJ
Ans. Add N2, add H2, increase the pressure, heat the reaction.
6.
How will an increase in temperature affect each of the
following equilbria ? An increase in pressure?
(a) 2NH3(g)
N2(g) + 3H2(g)
∆H = 92 kJ
(b) N2(g) + O2(g)
(c) 2O3(g)

2NO(g)

3O2(g)

∆H = 181 kJ
∆H = —285 kJ

(d) CaO(s) + CO2(g)
CaCO3(s) ∆H= — 176 kJ
Ans. (a) shift right, shift left, (b) shift right, no effect; (c) shift left,
shift let, (d) shift left, shift right
7.
(a) Methanol, a liquid fuel that could possibly replace
gasoline, can be prepared form water gas and
additional hydrogen at high temperature and
pressure in the presence of a suitable catalyst.
Write the expression for the equilibrium constant
for the reversible reaction
2H2(g) + CO(g)
CH3OH(g)
∆H = — 90.2 kJ
(b) Assume that equilibrium has been established and
predict how the concentrations of H2, CO, and
CH3OH will differ at a new equilibrium if (1) more H2
is added. (2) CO is removed. (3) CH 3OH is added.
(4) the pressure on the system is increased. (5) the
temperature of the system is increased. (6) more
catalyst is added.
Ans. (a) K = [CH3OH]/[H 2] 2[CO]; (b) 1[H2] increase, [CO]
decreases, [CH3OH] increases, 2. [H2] increases, [CO]
decreases, [CH3OH] decreases, 3, [H2] increases, [CO]
increases, [CH3OH] increases, 4. [H2] increases, [CO]
decreases [CH3OH] increases; 5. [H2] increases, [CO]
increases, [CH3OH] decreases, 6. no changes
8.
(a) Water gas, a mixture of H2 and CO, is an important
industrial fuel produced by the reaction of steam with
red—hot coke, essentially pure carbon. Write the
‘expression for the equilibrium constant for the reversible
reaction
C(s) + H2O(g)
CO(g) + H2(g)
∆H = 131.30 kJ
(b) Assume that equilibrium has been established and
predict how the concentration of each reactant and
product will differ at a new equilibrium if (I) more C is
added. (2) H2O is removed. (3) CO is added. (4) the
pressure on the system is increased. (5) the temperature
of the system is increased.

Ans. (a) K= [CO][H2][H2O]; (b). In each of the following cases
the mass of carbon will change, but its concentration
(activity) will not change, 1. [H2O] no change, [CO] no
change,
[H2] no change. 2. [H2O] decrease, [CO]
decreases, [H2] decreases, 3. [H2O] increases, [CO]
increases, [H2] decreases; 4. [H2O] increases, [CO]
decreases, [H2] decreases, 5. [H2O] decreases, [CO]
increases, [H2] increases
9.
Industrially, sodium metal is obtained by electrolyzing
molten sodium chloride. The reaction at the cathode is
Na+ + e— → Na. We might expect that potassium metal
would also be prepared by electrolyzing molten
potassium chloride. However, potassium metal is soluble
in molten potassium chloride and therefore is hard to
recover. Furthermore, potassium vaporizes readily at
the operating temperature, creating hazardous
conditions. Instead, potassium is prepared by the
distillation of molten potassium chloride in the presence
of sodium vapor at 892°C:
Na(g) + KCl(l)
NaCl(l) + K(g)
In view of the fact that potassium is a stronger reducing
agent than sodium, explain why this approach works,
(The boiling points of sodium and potassium are 892°C
and 770°C, respectively.)
Ans. K is more volatile than Na. Therefore, its removal shift the
equilibrium to the right.
10. When a gas was heated at atmospheric pressure and
25°C, its color was found to deepen. Heating above
150°C caused the color to fade, and at 550°C the color
was barely detectable. However, at 550°C, the color
was partially restored by increasing the pressure of the
system. Which of the following best fits the above
description? Justify your choice. (a) A mixture of
hydrogen and bromine, (b) pure bromine, (c) a mixture
of nitrogen dioxide and dinitrogen tetroxide. (Hint:
Bromine has a reddish color and nitrogen dioxide is a
brown gas. The other gases are colorless.)
Ans. (c)
11. Calculate the reaction quotient and determine the
direction in which each of the following systems will shift
to reach equilibrium
(a) A 1.00 L flask containing 0.0500 mol of NO(g), 0.0155
mol of Cl 2(g), and 0.500 mol of NOCl(g).
2NO(g) + Cl 2(g)
2NOCl(g) K = 4.6 x 104 mol—1
(b) A 5.0 L flask containing 17g of NH3, 14 g of N 2, and 12
g of H2
N2(g) + 3H2(g)
2NH3(g)
K = 0.060 mol—2
(c) A 2.00 L flask containing 230 g of SO3(g)
2SO3(g)
2SO2(g) + O2(g) K = 0.230 mol
Ans. (a) Q = 6.45 x 103, shifts right, (b) Q = 0.23, shifts left; (c)
Q=0, shifts right
12. What effect does an increase in pressure have on each
of the following systems at equilibrium?
(a) A(s)
2B(s)
(b) 2A(l)
B(l)
(c) A(s)

B(g)

(d) A(g)

B(g)

(e) A(g)
2B(g)
The temperature is kept constant. In each case, the
reacting mixture is in a cylinder fitted with a movable
piston.
Ans. (a) No effect, (b) no effect, (c) shift to the left, (d) no
effect, (e) shift to the left
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28.4

KINETICS, FREE ENERGY AND EQUILIBRIUM

28.4.1 Rate constant and equilibrium constant
An explanation for the behavior of systems at or approaching equilibrium comes from a kinetic analysis of such
systems. At equilibrium the rates of the forward and reverse reactions are equal. As a result, the rate constants for
forward and reverse reactions and the equilibrium are all related. This relationship is easiest to show in the case of an
elementary process. Consider the reaction at equilibrium

k1
C+D
k–1

A+B

where k1 and k—1 are the rate constants for the forward and reverse reactions, respectively. The forward and reverse
rates are
Forward rate = k1 [A] [B]
Reverse rate = k—1 [C][D]
At equilibrium, these rates are equal, and so
k1 [A][B] = k —1 [C][D]

[C][D]
[A][B]

k1

= k =K
−1

This constitutes the kinetic proof that this expression is a constant for an elementary reaction at equilibrium.
28.4.2 Van’t Hoff’s equation
This equation, which predicts the change in equilibrium constant with
temperature, was first proposed by van’t Hoff as an empirical relation.
It can be easily derived from Arrhenius equation as follows :
−(E a )forward
RT
k forward Afe
 (E )
−(E )

−  a forward a reverse 
− (Ea )reverse =
K= k
=
RT


Ae
reverse
Ar e RT

=

Thus,

Ae

−

∆ Ho
RT

where A = (Af /Ar)

lnK = lnA —

K2
∆Ho
− ∆H•
or log K =
2.303R
RT
1

 1 1
 − 
T

 2 T1 

In differential form

∆H°
d
(lnK) =
dT
RT2

Fig. 28.4.2

28.4.3 Calculation of equilibrium constants for reactions in solution

Experimental variation of equilbrium constant
into tempertaure. Agreement into Van’s Hoff’s
equation shoud be noted.

Can be done in the same way as for gaseous reactions, but with the
substitution of Kc for Kp since the standard state is defined in terms of
unit concentration (1 mol dm—3). In fact, some other corrections have to be applied but they need not concern us
here. Thus :
∆Gφ = — RTln Kc
Once a value of Kc has been determined at a particular temperature, this can then be used to calculate the value of
the equilibrium constant at another one by application of van’t Hoff’s equation.
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ONCEPT

BUILDING EXERCISE

28.3

reaction

∴ A = 1010

CBE
1.

∆ G0

=

21.4

kJ

at

25 0C

HCOO—(aq)

for

the

HCOOH(aq)
+
Use this information to calculate the equilibrium constant
for ionization of formic acid in aqueous solution at 250C.
Sol. The relation between Gibbs free energy and K is given
as −∆G0 = —RT ln Kc
To obtain K from ∆G0, we first divide both sides of the
equation by —RT : ∆G0/RT = ln Kc
or
o
e—∆G /RT=KC
Now we can substitute the known values into the
equation :
o
Kc = e—∆G /RT = e—(21.4 kJ/mol) x (1000 J/kJ)/ (8.314 J/K.mol) (—298K)
= 1.77 x 10—4
Thus the positive value of ∆G0 results in a value of K C less
than one and indeed indicates a reactant favored
system.
2.

The activation energy of H2 + I 2
2HI in equilibrium for
the forward reaction is 167 kJ mol—1 whereas for the
reverse reaction is 180 kJ mol—1. The presence of catalyst
lowers the activation anergy by 80kJ mol—1. Assuming
that the reactions are made at 270C and the frequency
factor for forward and backward reactions are 4 x 10—4
and 2 x 10—3 respectively, calculate KC.
Sol. The lowering of activation energy by a catalyst occurs
for forward reaction as well as for backward reaction.
Thus, in presence of catalyst,
Energy of activation for forward reaction (Ea1) = 167 —
80 = 87 kJ mol—1
Energy of activation for backward reaction (Ea2) = 180
— 80 = 100 kJ mol—1
∴ For forward reaction K1 = A1e

K1
A1
KC = K = A e[(−E a1 / RT )+E a2 / RT ]
2
2

3.

2 x 10 -3

x e[(−87 + 100 ) / (8. 314 x 10 -3 x 300 )]
—3

KC = 2 x 10—1 e+ 13/ (8.314 x 300 x 10 )
KC = 36.8
A graph plotted between log10 KC and 1/T is straight line
with intercept 10 and slope equal to 0.5. Calculate:
(i) pre—exponential factor ratio A =At /Ab
(ii) heat of reaction at 298 K
(iii) equilibrium constant at 298 K
(iv) equilibrium constant at 800 K assuming ∆ H remains
constant in between 298 K and 800 K.

Sol. Van’t Hoff isochore is : log10 K = log10A —

(iii) Also log10 K =10 +

2 .303
2 .303 x 2 x 298

∴ K=1.004x1010

(iv) Also log10 K = 10 +

2.303
2.303 x 2 x 800

∴ K = 1.001x1010

The rate of formation of the complex [Fe(dipy)3]2+ at 250C
following the reaction :
Fe2+ + 3 dipy
[Fe(dipy)3]2+
13
is given as : rate = 1.45 x 10 [Fe2+][dipy]3
The rate of disappearance of complex is given as :
rate = 1.22 x 10—4 [Fe(dipy)3]2+
Calculate the stability constant of complex. dipy is
abbreviated for dipyridyl a chelating agent.
Sol. Fe2+ + 3dipy
[Fe(dipy)3] 2+
2+
r forward=Kf x [Fe ] [3dipy] = 1.45 x 1013 [Fe 2+ ] [3dipy]
r backward= Kb x [Fe(dipy)3] 2+ = 1.22 x 10—4 [Fe(dipy)3] 2+
4.

Kf

At equilibrium r f = rb and KC = K = [Fe(dipy)3] 2+ / [Fe2+ ]
b
[dipy] 3
Also, stability constant of complex = Equilibrium constant
of reaction

Kf

= K
b
=

are energies of activation.

∆H
2.303RT

∆H
∴ ∆H = 02.303
2.303R
cal mol—1

−Ea2 / RT

where A1 and A 2 are frequency factors and E a1 and E a 2

4 x 10 -4

Thus, intercept = log10 A = 10

(ii) Also slope = tanθ = 0.5 =—

−Ea1 /RT

For backward reaction K2 = A2e

=

(i)

H+(aq)

5.

1.45 x 1013

1. 22 x 10 -4
=1.188 x 1017
Calculate the value of log Kp for the reaction,

N2(g) + 3H2(g)
2NH3(g)
at 250C. The standard enthalpy of formation of NH3(g)
is —46 kJ and standard entropies of N2(g, H2(g) and
NH 3(g) are 191, 130, 192 JK —1 mol —1 respectively.
(R = 8.3 JK—1 mol—1)
Sol. N2(g) + 3H2(g)
2NH3(g)
At equilibrium —∆G0 = 2.303 RT log10 Kp
...(i)
Also ∆G0 =∆H0 — T∆S 0 (Given ∆H0 for NH3 = —46 kJ)
and ∆S 0reaction = 2 x S 0NH3 — S 0N2— 3 x S 0H 2
= 2 x 192 — 191 — 3 x 130
= —197 J
Also
T = 273 + 25 = 298 K
Thus,
∆G0 =—92 x 103 —298 x (—197) = - 92000 + 587706
(∆H0 for reaction = —46 x 2 kJ)
∆G0 = — 33294J
Thus, from Eq. ...(i)
+ 33294 = 2.303 x 298 x 8.3 log10 Kp
∴ log10Kp =5.845
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∆G0 for ½N2 + 3/2 H2

NH3 is — 16.5 kJ mol—1. Find out

Kp for the reaction. Also report Kp and ∆G0 for : N2 + 3H2
2NH3 at 250C.
Sol.

—∆G0

= 2.303 RT log10 Kp
— (—16.5 x 103) = 2.303 x 8.314 x 298 log10 Kp
16500
log10 Kp =
2.303 x 8.314 x 298

7.

∴ Kp = 779.41 atm—1
The equilibrium constant Kc for the reaction
fructose-1,6-diphosphate

glyceraldehyde-3-

phosphate + dihydroxyacetone phosphate
is 8.9 x 10-5 M at 250C, and we can assume that behavior
to be ideal.
a. Calculate ∆G0 for the process (standard state : 1M)
b. Suppose that we have a mixtue that is initially 0.01 M
in fructose-1, 6-diphosphate and 10-5 M in both
glyceraldehyde-3-phosphate
and
dihydroxyacetone phosphate. What is ∆G? In which
direction will reaction occur?

Sol. (a)

∆G0

Ko

=-RT ln
∆Go/J mol-1 = -8.314 x 298.5 ln (8.9 x 10-5)
∴∆Go = 23120 J mol-1 = 23.12 kJ mol-1

(b) ∆G = ∆Go + RT ln

[G - 3 - P][DHAP]/moldm
[FDF]

∆G/J mol-1 = 23 120 + 8.3145 x 298.15 ln

-3

10 -5 x 10 -5
10 −2

∴∆G= (23120 - 45660) J mol-1 = -22540 J mol-1 =22.54 kJ mol-1
Because ∆G is negative, reaction proceeds
spontaneously from left to right. If the initial
concentrations had been unity, the positive ∆Go value
would have forced the reaction to the left; however
the low concentrations of products have reversed the
sign and the reaction proceeds to the right.
Another way of seeing that the reaction will shift to the
right is to note that the cocnentration ratio
[G − 3 − P][DHAP] 10−5 x10-5
=
= 10-8 mol dm-3
[FDF]
10−2
is less than the equilibrium constant 8.9 x 10-5 mol dm-3.

Q=
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ONCEPT

TESTING EXERCISE

CBE
1.

8.

For the reaction

kf
NO(g) + O3(g)

kr

NO2(g) + O2(g)

KP = 1.32 x 1010 at 10000K. For kf = 6.26 x 108 liter / mole
sec, find kf at this temperature.
Ans 4.742 x 10-2 liter / mole sec
2.
Kinetics studies have shown that kf = 1.38 x 10—28 and
kr = 9.3 x 1010 at 25 0C for the reaction

kf
CO(g) + Cl 2(g)

Ans.
3.

Ans.
4.

Ans:
5.

Ans.
6.

Ans:
7.

Ans.

kr

COCl(g) + Cl(g)

What is the value of the equilibrium cosntant? Does the
reaction go to completion?
1.48 x 10-39, no
When PCl 5 is heated, it dissociates into PCl 3 and Cl 2. The
vapor density of the gaseous mixture at 200OC and
250 OC is 70.2 and 57.9 respectively. Find the %
dissociation of PCl 5 at 200OC and 250OC.
dissociation = 48.5%, 80.05%
The dissociation pressure of silver oxide at 4450C is 207
atm. Calculate ∆G0 for the formation of 1 mole Ag2O
from metal and oxygen at this temperature.
3.805 kcal
For the reaction SO2(g) + 1/2 O2(g) ⇔ S O3(g) ∆H298 =
— 98.32 kJ/mole, ∆S 298 = — 95.0 J/K/mole. Find the Kp
for this reaction at 298 K.
Kp=1.862 x 1012 atm—1/2
For the formation of 1 mole nitric oxide from the
elements, we can set ∆G0 approximately equal to 21,600
— 2.50T cal. If air is assumed to contain 20 mole percent
oxygen, and the rest nitrogen, how many mole percent
nitric oxide would air contain at equilibrium at 800 K?
0.00018%
For the equilibrium 2 SO2(g) + O2(g) ⇔ 2 SO 3(g), lnK p
=9888/T — 9.346. Calculate the value of ∆Hº for the
forward reaction. What is the value of Kp at 800 K ?
Making use of the thermodynamic relation ∆Gº = —RT
ln Kp, calculate ∆Gº at 800 K.
∆H = –82.21kJ.mol–1, Kp(800 K) = 20.36, ∆G0 = –20.05
kJ.mol–1

28.3

Kp is 10 5 atm—1 at 700 K for the reaction 2NO + O 2 = 2NO2
and ∆S O is —40.7 cal/deg and ∆CpO is zero.
(a) Some pure NO2 is introduced into a 30—liter flask
at 700 K until the equilibrium pressure is 0.2 atm.
Calculate α, the degree of dissociation of the NO2.
(b) If α were 0.3 under the above conditions, what
would be the average molecular weight of the gas
mixture ? Show your calculation.
(c) Calculate ∆GO for the reaction at 25OC.
(d) Calculate the temperature coefficient of K at 700
K, i.e., the percent change in K per degree
temperature change. (You may neglect the

NO2
N2O4 equilibrium, i.e., assume no N2O4
is present.)
Ans.: (a) α = 0.045;(b) M av = 40; (c) ∆GO = — 32.4 kcal;
(d) In % per degree = — 4.6% .
9.
4.4 grams of CO2 are introduced into a 1—liter flask
containing excess solid carbon, at 1000OC, so that the
equilibrium CO2 +C(s) = 2CO is reached. The gas density
at equilibrium corresponds to an average molecular
weight of 36.
(a) Calculate the equilibrium pressure and the value
of Kp.
(b) If, now, an additional amount of He (inert) is
introduced until the total pressure is doubled, the
equilibrium amount of CO will be (increased,
decreased, unchanged, insufficient information to
tell). If, instead, the volume of the flask were
doubled, with He introduced to maintain the same
total pressure, the equilibrium amount of CO would
(increase, decrease, be unchanged, insufficient
data to tell).
(c) If in (a) there were actually 1.2 g of C(s) present,
how many moles of CO 2 would have to be
introduced so that at equilibrium only a trace of
carbon remained ?
(d) If the Kp for the equilibrium doubles with a 10OC
increase in temperature, what is ∆H O for the
reaction?
Ans (a) P= 13.9 atm, K p = 6.95 atm.; (b) Introducing inert gas at
constant volume will not change the equilibrium partial
pressures and hence will not change the position of
equilibrium. Doing so at constant total pressure, however,
dilutes the mixture, and the equilibrium will shift in the
direction of forming more CO.; (c) The total moles of CO2=
0.702, ∆HO = 22.3kcal.]
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EQUILIBRIUM CALCULATIONS

We know that at equilibrium, the value of the reaction quotient of any reaction is equal to its equilibrium constant.
Thus we can use the mathematical expression for Q to determine a number of quantities associated with a reaction
at equilibrium or approaching equilibrium. However, before we consider how to do these calculations, we need to
consider how changes in the concentration or pressure of one species is related to changes in the concentration or
pressure of another. This is a simple application of mole concept (chapter 6), but lets revise it here.
28.5.1 Concentration and pressure changes
Changes in concentrations or pressures of reactants and products occur as a system approaches equilibrium. In this
section, we will see that we can relate these changes to each other by using the coefficients in the balanced
chemical equation that describes the system. We use the decomposition of ammonia as an example.
Upon heating, ammonia reversibly decomposes into nitrogen and hydrogen according to the equation
2NH3(g)
N2(g) + 3H2(g)
If a sample of ammonia decomposes and the concentration of N2 increases by 0.11 M, then the change in the N2
concentration, ∆[N2] is 0.11 M. The change is positive because the concentration of N2 increases.
The change in the H2 concentration, ∆[H2], is also positive—the concentration of H 2 increases as ammonia decomposes.
The chemical equation tells us that the change in the concentration of H 2 is three times the change in the concentration
of N2, because for each mole of N2 that is produced, three moles of H2 are produced.
∆[H2] = 3 x ∆[N2] = 3 x (0.11 M) = 0.33M
The change in concentration of NH3, ∆[NH3] , is twice that of ∆[N2]; the equation indicates that two moles of NH3 must
decompose for each mole of N2 formed. However, the change in the NH3 concentration is negative because the
concentration of ammonia decreases as it decomposes.
∆[NH3] = —2 x ∆[N2] = —2 x (0.11M) = — 0.22 M
We can relate these factors directly to the coefficients in the equation
2NH3(g)
N2(g) + 3H2(g)
∆[NH3] = —2 x ∆[N2]
∆[N2] =0.11 M ∆[H2] = 3 x ∆[N2]
Note that all the changes on one side of the arrows are of the same sign and that all the changes on the other side of
the arrows are of the opposite sign.
If we did not know the magnitude of the change in the concentration of N2, we could represent it by the symbol ∆
∆[N2] =∆
The changes in the other concentrations would then be represented
∆[H2] = 3 x ∆[N2] = 3∆
∆[NH2] = - 2 x ∆[N2] = —2∆
The coefficients in the ∆ terms are identical to those in the balanced equation for the reaction.
2NH3(g)
N2(g) + 3H2(g)
Changes —
2∆
∆
3∆
The simplest way for us to find the coefficients for the ∆ values in any reaction is to use the coefficients in the balanced
chemical equation. The sign of the coefficient is positive when the concentration increases; it is negative when the
concentration decreases.
28.5.2 Calculations involving equilibrium concentrations
Because the value of the reaction quotient of any reaction at equilibrium is equal to its equilibrium constant, we can
use the mathematical expression for Q to determine a number of quantities associated with a reaction at equilibrium.
It may help if we keep in mind that Q = K (at equilibrium) in all of these situations and that there are only three basic
types of calculations:
1. Calculation of an Equilibrium Constant. When we know the concentrations of all reactants and products at
equilibrium, we can determine the equilibrium constant for the reaction.
2. Calculation of Missing Equilibrium Concentrations. When we know the equilibrium constant, and either we know
all of the equilibrium concentrations except one, or we know the concentrations of the reactants and products
before equilibrium and at least one of the equilibrium concentrations, we can calculate the other concentrations
at equilibrium.
3. Calculation of Equilibrium Concentrations from Initial Concentrations. When all we know is the equilibrium constant
and a set of concentrations of reactants and products that are not at equilibrium, we can calculate the changes
in concentrations as the system comes to equilibrium and, from those, the new concentrations at equilibrium.
We will consider the first two types of calculations in this section and save the third type for later. Calculations of the
third type can be somewhat more involved.
Calculation of an equilibrium constant.
Generally, we can recognize that we must do this type of calculation when we need an equilibrium constant and are
not given one. However, we will be given equilibrium concentrations or enough information to determine the
equilibrium concentrations from the initial concentrations.
Calculation of a Missing Equilibrium concentration
When we know the equilibrium constant for a reaction and know the concentrations at equilibrium of all reactants
and products except one, we can calculate the missing concentration.
28.5.3 Calculation of Changes in Concentration
If we know the equilibrium constant for a reaction and a set of concentrations of reactants and products that are not
at equilibrium, we can calculate the changes in concentrations as the system comes to equilibrium as well as the new
concentrations at equilibrium. The typical procedure can be summarized in four steps.
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Step 1.
Determine in what direction the reaction shifts to come to equilibrium.
a. Write a balanced chemical equation for the reaction.
b. If the direction in which the reaction must shift to reach equilibrium is not obvious, calculate Q from the initial
concentrations in order to determine the direction of shift.
Step 2:
Determine the relative changes needed to reach equilibrium, and then write the equilibrium concentrations in terms
of these changes.
a. Define the changes in the initial concentrations that are needed for the reaction to reach equilibrium. Generally,
we represent the smallest change with the symbol ∆ and express the other changes in terms of ∆.
b. Define missing equilibrium concentrations in terms of the initial concentrations and the changes in concentration
determined in a.
Step 3:
Solve for the change and the equilibrium concentrations.
a. Substitute the equilibrium concentrations into the expression for the equilibrium constant, solve for ∆, and check
any assumptions used to find ∆
b. Calculate the equilibrium concentrations.
Step 4:
Check the arithmetic.
Check the calculated equilibrium concentrations by substituting them into the equilibrium expression and determining
whether they give the equilibrium constant.
Sometimes a particular step may differ from problem to problem—it may be more complex in some problems and less
complex in others. However, every calculation of equilibrium concentrations from a set of initial concentrations will
involve these steps.
In solving equilibrium problems that involve changes in concentration, sometimes it is convenient to set up ‘a table
of initial concentrations, the changes in these concentrations as the reaction reaches equilibrium, and the final
concentrations at equilibrium. Some textbooks use the symbol x to represent the change. However, we use the
symbol ∆ to emphasize the fact that we solve for the changes in concentrations and then use the changes to find the
concentrations at the final equilibrium.
28.5.4 technique for solving equilibrium problems
One thing that sometimes makes equilibrium problems difficult is solving the equilibrium constant equation for
∆. However, there are several different techniques we can use:
1. Assume that the change is small compared with the initial concentrations, and neglect ∆ when it is added to or
subtracted from an initial concentration.
2. Use successive approximations to converge on the solution.
3. Assume the reaction goes to completion in one direction and then comes back to equilibrium.
4. Solve the equilibrium equation with the quadratic formula, or take advantage of a special simplifying
mathematical feature of the equation.
5. Use a spreadsheet, a mathematics program, or an equilibrium program on a computer, or use the power of an
advanced calculator.
There are at least three uncertainties that make the results of many equilibrium calculations somewhat inaccurate.
(1) The concentrations and pressures used in the calculations are approximations of the activities of the reactants
and products. (2) Many equilibrium constants are known to only two significant figures, and this imposes uncertainty
on the results of equilibrium calculations. (3) Equilibrium constants are determined experimentally and are subject to
experimental error.
Most chemists accept the results of a simplified equilibrium calculation if it is within 5% of the value that a more
thorough calculation using the same data would yield. We will use this “5% test” in the following examples, which
illustrate how to use the techniques listed above for solving equilibrium constant equations.
The Assumption That ∆ is Small. If Q and K are both much larger than 1 or both are much smaller ‘than 1, then Q for the
initial concentrations is close to K, and the concentration’ changes necessary for Q to become equal to K will be
small. Under these conditions, it is possible to assume that ∆ is small enough, relative to the initial concentrations, for
us to neglect some ∆ values in solving the equilibrium equation.
In CBE 7.4.10 we did not assume that ∆ was zero. Rather, we assumed that ∆ was small enough for—the term (0.50 —∆)
to be approximately equal to 0.50 and for the term (0.75 — ∆) to be approximately equal to 0.75. These two
approximations simplified the equilibrium constant equation so that it could be solved much more easily. If the
assumption that ∆ is small does not prove true, then we can solve with successive approximations or with one of the
other techniques.
The use of successive approximations. As an introduction to the use of successive approximations, let’s consider the
equilibrium for the decomposition of PCI 5 into PCl 3 and Cl 2.
Assume the reaction goes to completion and then comes to equilibrium. If Q for an initial reaction mixture is much
smaller than 1 and K is much larger than 1, or vice versa, we can often simplify determination of the equilibrium
concentrations by attacking the problem in two steps: (l) Assume that the shift in the reaction goes to completion,
giving an intermediate mixture that is not at equilibrium and that contains a 100% yield of products as determined by
any limiting reactant that may be present. (2) Calculate the equilibrium concentrations as the intermediate mixture
of products (and reactants) comes to equilibrium. The reaction quotient for the intermediate mixture is closer to K
than that for the initial mixture, and the approximations discussed in this section may be applicable for solving the
equilibrium equation.
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BUILDING EXERCISE

ONCEPT

(a)

CBE
1.

Complete the changes in concentrations for the following
reactions on the lines below
(a) C2H 2 + 2Br2

∆

C2H2Br4

K=

(b) I 2(aq) + I —(aq)
_____ _____

∆

(c) C3H8(g) + 5O2(g)
_____
_____

3CO2(g) + 4H2O(g)
_____
_____

Sol. (a) C2H 2 + 2Br2

2∆

∆

—
(b) I 2(aq) + I (aq)

-∆

-∆

(c) C3H8 (g) + 5O 2(g

∆

5∆

Now that we have the value of the pressure of each
component at equilibrium, we can calculate the value
of K:

I 3—(aq)

C2H2Br 4
−∆

3.

I—
3 (aq)
∆

K=

3CO2 (g) + 4H2 O(g)
− 3∆
- 4∆

We can calculate the value of K by finding the pressure
of each gas present at equilibrium. Since the partial
pressure of a gas is directly proportional to the amount
of the gas, we can use the molar relationships expressed
in the balanced equation. It states that bromine and
iodine are formed in equal amounts. Therefore, PBr2 = PI2
= 3.01 atm.
The equation also states that 2 atm of product forms
when 2 atm of IBr reacts. Therefore, the total pressure of
I2 and Br2 that forms. PI 2 + PBr2 , equals PIBr that reacts.
The arithmetic is simple: 3.01 atm + 3.01 atm = 6.02 atm,
which is pressure of lBr undergoing reaction.
To calculate the pressure of IBr present at equilibrium.
We need the original pressure of IBr. We can find it by
using the ideal gas equation and the data given:

(7.24 g (IBr )(0.0821L atmmol

)

)

K -1 (500K )
(206.8 g IBr/molIBr )(0.225L)
-1

The pressure of lBr at equilibrium is 6.39 atm — 6.02
atm = 0.37 atm.
This type of reasoning is quite common. If we know the
quantity of a substance originally in the system and the
quantity that undergoes reaction, we know the quantity
of the substance that remains.

H2O

4

[HIO4 ]

initial
change
equilibrium
K=

H+ + IO4—

[H ][IO ] K is unknown
H+

HIO4(aq)

4.

= 66

H+ + IO4—

+

I2(g) + Br2(g)

(3.01atm) (3.01atm)
(0.37 atm)2

A solution of 0.100M HIO4 at 250C was found to contain
0.038 M H+. Using this information, find K for the reaction

Sol. HIO4(aq)

A 7.24—g sample of IBr is placed in a container whose
volume is 0.225 L and is heated to 500 K. Some of the IBr
decomposes to I 2 and Br2. All three substances are in the
gas phase. The system is at equilibrium and the measured
pressure of Br2(g) in the system is 3.01 atm. Calculate the
value of K.
Sol. As always, we start by writing a balanced equation from
the word description. One possibility is:

P=

=

2
PIBr

HIO4(aq)

2.

2IBr(g)

PI2 PBr 2

0.100
–0.038
0.062

+
0
+0.038
0.038

IO4—
0
+0.038
0.038

(0.038 )(0.038 )
—2
(0.062 ) = 2.3 x 10

Iodine molecules react reversibly with iodide ions to
produce triiodide
I 2(aq) + I — (aq)

I 3— (aq)

If a solution with the concentrations of I 2 and I — both equal
to 1.000 x 10—3 M before reaction gives an equilibrium
concentration of I 2 of 6.61 x 10—4 M, what is the equilibrium
constant for the reaction?
Sol. We begin by calculating the changes in concentrations
as the system comes to equilibrium. Then we calculate
the equilibrium concentrations and, finally, the
equilibrium constant. First we set up a table with the
initial concentrations, the changes in concentrations,
and the final concentrations using —∆ as the change in
concentration of I 2
I2

+

I—

10—3

I 3—
10—3

Initial conc., M 1.000 x
1.000 x
0
Change, M
—∆
—∆
+∆
Equilibrium
Concentration, M [I2] i + (—∆)
[I—] i + (—∆)
[I3] i + ∆
We find ∆ from [I2] i , the initial cocnentration of I2, and
[I2], its final concentration.
—∆ = ∆ [I2] = [I2] — [I2] i
= 6.61 x 10—4 M — 1.000 x 10—3 M
= — 3.39 x 10—4M
Now we can fill in the table with the concentrations at
equilibrium.
I2

+

I—

I 3—
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10—3

10—3

Initial conc., M 1.000 x
1.000 x
0
Change, M
–∆=–3.39x10-4 –∆
+∆
Equilibrium
Concentration, M 6.61 x 10—4 6.61 x 10—4 3.39 x 10—4
We now calculate the value of the equilibrium
constant.
K=Q=

3.39 x 10 M
[I ] =
[ I ][ I ] (6.61x 10 M)(6.61x 10 M)
-4

−
3

-4

—

-4

2.

N2O4(g)
3.
4.

= 776 M—1 = 776 (mol L —1)—1 = 776 mol—1L
Nitrogen oxides are air pollutants that are produced by
the reaction of nitrogen and oxygen at high temperatures.
At 20000C the equilibrium constant for the reaction
N2(g) + O2(g)

2NO(g)

is 4.1 x 10—4. Find the concentration of NO(g) in an
equilibrium mixture with air at 1 atm pressure at this
temperature. In air, [N2] = 0.036 mol L—1 and [O2] = 0.0089
mol L—1.
Sol. We are given all the equilibrium concentrations except
that of NO. Thus we can solve for the missing equilibrium
concentration by rearranging the equation for the
equilibrium constant.

[NO]
[N2 ][O2 ]
2

K= Q =

[NO] 2 = K[N2] [O2]
[NO] =
=

K[N2 ][O 2 ]

(4.1x 10 )(0.036 mol L )(0.0089 mol L )
-4

-1

(

= 1.31 x 10-7 molL-1

-1

)

2

= 3.6 x 10—4 mol L —1
Thus [NO] is 3.6 x 10—4 mol L —1 at equilibrium under these
conditions.
We can check our answer by substituting all equilibrium
concentrations into the expression for the reaction
quotient to see whether it is equal to the equilibrium
constant.

(3.6 x 10 -4 molL-1)2
[NO]2
–4
K= Q =
[N2 ][O2 ] = (0.036molL-1)(0.0089molL-1) = 4.0 x 10
The answer checks. Our calculated value gives the
equilibrium constant within the error associated with
the significant figures in the problem.
6.
For the reaction of NO2 to produce N2O4, Keq at 298 K
is 6.67.
Suppose that 2.50 g of NO2 is placed in a 2.00 L gas bulb
at 298 K. Find the partial pressures of the two gases at
equilibrium.
Sol. Method: Apply the step—by—step procedure. This
problem asks about equilibrium concentrations. The
pressures at equilibrium must be expressed in terms of
an appropriately chosen unknown, x.
1. Initially, 2.50 g of NO2 is all that is present.

K=

(pN O )eq
(pNO )2eq
2

4

= 6.67

2

2

5.

The reaction produces N2O4 from NO2 : 2NO2(g)

Because NO2 and N2O4 are gases, the equilibrium
concentrations are expressed in atmospheres.
Before setting up a concentration table, therefore,
use the ideal gas equation to calculate the initial
pressure of NO2 . Because equilibrium constant
calculations are generally accurate only to about
5%, it is unnecessary to carry more than three
significant figures in these calculations:

pNO2 =

nRT mRT (2.50g)(0.08206L atm mol−1 K-1) (298K)
=
=
=
(46.01g/mol)(2.00L)
V (M )V

0.664 atm
The initial pressure of NO2 is 0.664 atm, and the initial
pressure of N2O4 is zero.
Reaction (substance):

2NO2(g)

N2O4(g)

Initial pressure (atm)
0.664
0
Change in pressure (atm)
Equilibrium pressure (atm)
Only the initial pressures are known. Completing the table
requires an appropriate unknown. One logical choice is
to let x represent the change in pressure of N2O4 during
the reaction. Because NO2 molecules are consumed as
the reaction comes to equilibrium, the change in NO2
concentration has a negative value. The stoichiometric
ratio indicates that two molecules of NO2 must be
consumed for each molecule of N2O4 produced. Thus if
the change in pressure of N2O4 is x atm, the change in
pressure of NO2 is — 2x atm.
Reaction (substance):

2NO2(g)

Initial pressure (atm)
Change in pressure (atm)
Equilibrium pressure (atm)

0.664
—2x
x

N2O4(g)
0
+x

Reaction (substance):
2NO2(g)
N2O4(g)
Initial pressure (atm)
0.664
0
Change in pressure (atm)
—2x
+x
Equilibrium pressure (atm) 0.664 —2x
x
5. Now substitute equilibrium values into the
equilibrium constant expression and solve for x :
Keq=

(pN O )eq
x
=
= 6.67
2
(pNO )eq (0 .664 − 2 x )2
2

4

2

so (0.664 – 2x)2 =

x
6.67

This is a quadratic equation in the form ax2 + bx + c= 0.
We use the quadratic formula to find the value of x:
4x2 — 2.66x + 0.441 = 0.150 x and 4x2 — 2.81 x + 0.441 =0

833

Chemical Equilibrium
2

x=

− b ± b − 4ac
=
2a

− (− 2. 81) ±

Initial
4.00
8.00
4.00
8.00
Change
+x
+2x
–x
– 4x
Equilibrium 4.00 + x
8.00 + 2x 4.00 – x
8.00 – 4x
Solving for x: At equilibrium, [CH 4] = 5.56 M = 4.00 M + x
So, x = 1.56 M
Thus,
[H2S] = 8.00 M + 2x = 8.00 M + 2(1.56 M) = 11.12 M
[CS 2] = 4.00 M — x = 2.44 M
[H2] = 8.00 M — 4x = 1.76 M
CHECK : The comparison of QC and KC showed the
reaction moving to the left. The given data from part
(b) confirm this because [CH 4] increases from 4.00 M to
5.56 M during the reaction. Check that the
concentrations give the known KC :

(− 2.81)2 − 4(4 )(0.441) =
2(4)

2.81± 0 .92
8
x = 0.466 or 0.236
Mathematically, two possible solutions exist. However,
x = 0.466 leads to a negative pressure of NO 2 at
equilibrium. That is physically impossible because a
sample of gas molecules always exerts a positive
pressure on the walls of the container. The correct
solution is x = 0.236, and the equilibrium partial pressures
are as follows:

(pN O )eq = x atm = 0.236 atm
(pNO )eq = (0.664—2x) atm = [0.664—2(0.236)] atm =
2

0.192 atm
Predicting Reaction Direction and Calculating Equilibrium
Concentrations
The research and development unit of a chemical
company is studying the reaction of CH4 and H2S, two
components of natural gas:

Determining Equilibrium Concentrations from Initial
Concentrations and KC
Fuel engineers use the extent of the change from CO and
H2O to CO2 and H2 to regulate the proportions of syngas
fuel mixtures. If 0.250 mol CO and 0.250 mol H2O are
placed in a 125—mL flask at 900 K, what is the composition
of the equilibrium mixture? At this temperature, K C is known

CH4(g) + 2H2S(g)

to be 1.56 for the equation CO(g) + H 2O(g)

2

7.

2.44 x (1.76)4
= 0.0341, which is close to 0.036.
5.56 x (11.12)2

4

CS2(g) + 4H2(g)

In one experiment, 1.00 mol CH4, 1.00 mol CS2, 2.00 mol
H2S, and 2.00 mol H2 are mixed in a 250—mL vessel at
960°C. At this temperature, Kc = 0.036.
(a) In which direction will the reaction proceed to reach
equilibrium?
(b) If [CH 4] = 5.56 M at equilibrium, what are the
concentrations of the other substances?
Strategy :
(a) To find the direction, we convert the given initial
amounts to concentrations, calculate QC and
compare it with KC . (b) Based on the results from
(a), we determine the sign of each concentration
change for the reaction table and then use the
known [CH 4] at equilibrium to determine the value
of x and the other equilibrium concentrations.
Sol. (a) Calculating the initial concentrations:
[CH 4] =

1.00 mol
= 4.00 M
0.250 L

Similarly, [H2S] = 8.00 M, [CS 2] = 4.00 M, and [H2] = 8.00 M.
Calculating the value of QC :

[CS2 ][H2 ]
[CH4 ][H2 S]2
4

QC =

4.00 x (8.00 )

4

=

4.00 x (8.00 )2

= 64.0

Comparing QC and Kc; Qc > Kc (64.0 > 0.036), so the
reaction goes to the left. Therefore, reactants increase
and products decrease their concentrations.
(b) Setting up the reaction table, with x = [CS 2] that
reacts, which equals the [CH 4] that forms:
CONC. (M) CH4(g) + 2H2S(g)
CS2(g) + 4H2(g)

8.

CO2(g)

+ H2(g).
Strategy : We have to find the “composition” of the
equilibrium mixture, in other words, the equilibrium
concentrations. As always, we use the balanced equation
to write the reaction quotient. We find the initial [CO] and
[H2O] from the given amount (mol) and volume (L), use
the balanced equation to define x and set up a reaction
table, substitute into QC and solve for x, from which we
calculate the concentrations.
Sol. Writing the reaction quotient:
CO(g) + H2O(g)

[CO 2 ][H2 ]
CO2(g) + H2(g) QC = [CO][H O]
2

Calculating initial reactant concentrations:
[CO] = [H2O] =

0.250 mol
= 2.00 M
0.125 L

Setting up the reaction table, with x = [CO] and [H2O]
that reacts:
CONC. (M) CH4(g) + 2H2S(g) CS2(g) + 4H2(g)
Initial
2.00
2.00
0
0
Change
–x
–x
+x
+x
Equilibrium 2.00 – x
2.00 – x
x
x
Substituting into the reaction quotient and solving
for x:

[CO 2 ][H2 ]
x2
(x )(x )
QC = [CO][H O] =
=
(2.00 − x ) (2.00 - x ) (2. 00 − x )2
2
At equilibrium, we have
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QC = KC = 1.56 =

concentrations.
At equilibrium,

x2

(2 .00 − x )2

We can apply a math shortcut in this case but not in
general: since the right side of the equation is a perfect
square, we take the square root of both sides:

x
1.56 = 2.00 − x = ± 1.25
A positive number (1. 56) has a positive and a negative
square root, but only the positive root has any chemical
meaning, so we ignore the negative root:
1.

25 =

x
or 2.50 — 1.25 x = x
2.00 − x

9.

1.11x 1.11
= 1.56
0.89 x 0.89

Find the concentration of NO(g) at equilibrium when a
mixture of O2(g) with an initial concentration of 0.50 M
and N2(g) with an initial concentration of 0.75 M is heated
at 7000C.
N2(g) + O2(g)

Sol. Here we are given initial concentrations and the
equilibrium constant. These are the clues we use to
recognize that we need to calculate changes in
concentration as the reaction goes to equilibrium, even
though the problem asks for only one equilibrium
concentration.
Step I : Determine the direction that the reaction shifts.
The equation is given. Before the reaction starts, Q is
zero because no product is present. The reaction will
shift to the right, increasing the concentration of
product.
Step 2: Determine the relative changes needed to reach
equilibrium.
The table of initial concentrations, changes, and
equilibrium concentrations for this problem follows. (The
concentrations given in the problem are shown in color).
N2

+

O2

Initial
0.75
0.50
conc. M
Change, M —∆
—∆
Equilibrium 0.75+ (—∆)
0.50+ (—∆)
conc. M
Step 3 : Solve for the change and the

=

(2∆ )2
(0.75 − ∆ )(0.50 - ∆ )

There are several ways to solve this equation. Here we
note that both Q and K are much less than 1. Thus we
assume that ∆ is small—that is, that 0.75 is a close
approximation to the value of (0.75—∆) and 0.50 is a
close approximation to (0.50—∆) . W i t h t h e s e
approximations,
K = 4.1 x 10—9 =

∆2 =

(2∆)2
(0. 75)(0.50)

(4.1x 10 ) (0.75) (0.50) = 3.8 x 10

∆=

4

2NO
0
2∆
0+2∆=2∆
equilibrium

—10

—5
3 .8 x 10 -10 = 1.9 x 10

Now check the assumption that ∆ is small relative to
0.50 and 0.75

∆
1.9 x 10 -5
=
= 3.8 x 10—5 (3.9 x 10—3%)
0.50
0 .50
∆
1.9 x 10 -5
=
= 2.5 x 10—5 (2.5 x 10—3%)
0.75
0 .75
∆ is less than 5% of either 0.50 or 0.75, so the assumption
is valid.
The change in concentration of NO is 2 ∆, or 3.8 x 10—5 M.
The concentration of NO at equilibrium is equal of 0 +
2∆, which is 3.8 x 10—5M.
Step 4: Check the arithmetic,

[NO2 ]
[ ][ ]

K = 4.1 x 10—9

2NO(g)

[NO]2
[N2 ][O 2 ]

-9

So
2.50 = 2.2x; therefore, x= 1.11 M
Calculating equilibrium concentrations:
[CO] = [H2O] = 2.00 M — x = 2.00 M — 1.11 M = 0.89 M
[CO2] = [H2] = x =1.11M
CHECK : From the intermediate size of KC it makes sense
that the changes in concentration are moderate. It’s a
good idea to check that the sign of x in the reaction
table makes sense—only reactants were initially present,
so the change had to proceed to the right: x is negative
for reactants and positive for products. Also check that
the equilibrium concentrations give the known
KC :

K = 4.1 x 10—9 =

K = 3.9 x 10—9 = N O
2
2

(4.0 x 10 )
=

-5 2

(0 .75 )(0.50 )

= 4.3 x 10—9
Substituting the equilibrium concentrations into the
expression for the equilibrium constant shows that the
calculated values check, within the limits of the
significant figures in the problem.
10. The value of K for the reaction in which 2 mol of nitrogen
dioxide forms I mol of dinitrogen tetroxide at 451 K is 5.33
X 10—3 atm—1. A 0.460—g sample of nitrogen dioxide is
heated to 451 K in a reaction vessel whose volume is
0.500 L. Calculate the pressure of dinitrogen tetroxide at
equilibrium.
Sol. We must first write the chemical equation and tabulate
the starting quantities. But there is a problem. The starting
quantity of NO2 is given in units of mass, while K has units
of pressure. We must therefore express the given mass
of NO2 as a pressure of NO2 at 451 K. We substitute the
data into the ideal gas equation:
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p=

(0. 460g NO2 ) (0.0821L atmmol -1 K -1) (451K)
= 0.741 atm
(46.0 g NO2 / mol NO2 ) (0.500 L)

Now we can write the equation:

2 NO 2 (g)

N 2 O4 ( g)

start
0.741 atm
0
To avoid fractions, let 2x be the pressure in atmospheres
of NO2 that is consumed to reach equilibrium. Then x is
the pressure in atmospheres of N 2O 4 formed. The
equilibrium pressures are:
equilb. 0.741 atm — 2x
x
When we substitute these equilibrium pressures into the
expression for K, the result is a quadratic equation:
PN2 O4
x
—3
—1
K = P2
=
(0.741atm - 2x )2 = 5.33 x 10 atm
NO2
Method 1:
This expression can be rearranged to : (2.13 x 10—2) x 2—
1.0158x + 2.93 x 10—3 = 0 and can be solved using the
2
quadratic formula : x= − b ± b − 4 ac
2a
The value of x found in his way is 2.88 X 10—3 atm. In using
the quadratic formula, we obtain two values for x. Only
one makes chemical sense. In this case the other value
for x is 47.7 atm, much larger than the initial pressure of
NO2. In other problems, one of the values for x may be
negative, a chemical impossibility.
Method 2:
The computation with the quadratic formula is often
unnecessary. We can find a simple way by applying some
chemical reasoning to the problem.
We start with the fact that the value for K is small. We
learned earlier that a small value of K indicates that

only a small amount of the starting material undergoes
reaction. The unknown (x) usually is assigned to a quantity
of material that undergoes reaction. Therefore, the
value of x is small relative to the quantity of starting
material whenever the numerical value of K is small. In
this example, for instance, 2x, the pressure of NO2 that
reacts, is only 2(0.00288 atm) compared to 0.741 atm
of NO2.
A very large number is not changed appreciably by the
subtraction or addition of a very small number. In such a
case, we can go on using the larger number as if no
subtraction or addition took place. If you are in a traffic
jam and estimate idly that you are surrounded by 800
cars, you will not change your estimate if three cars pull
off the road. Rather than revising your estimate to 797
cars, you assume that 800 is still a good approximation.
That approximation also holds if five cars pull onto the
highway. We can state this numerically as 800 ≈ 800 —
3 ≈ 800 + 5. We can apply similar reasoning to examples
in chemical equilibrium.
Let us apply it to this system. We start with 0.741 atm of
NO2. Since K is small, we know that a very small amount
of NO2, designated as 2x, undergoes reaction. Since 2x
is much smaller than 0.741, we can say that 0.741 ≈ 0.741
— 2x. This approximation helps us greatly, since
substitution into the expression for K gives a much simpler
expression:
x

(0.741atm)2

= 5.33 x 10—3 atm—1

The previous expression was a quadratic equation. This
one is not. It can be solved directly, giving x = 2.93x10–3
atm. We check the approximation and find it to be a
valid one since this value is quite close to the value
obtained with the quadratic formula.

836

Chemical Equilibrium

C
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TESTING EX E R C I S E

28.4

CBE
1.

Complete the changes in concentrations for each of
the following reactions.
(a)

2 SO 2 + O 2
____ ∆

(b)

C4H 8
____

(c)

4NH3 (g) + 7O 2 (g)
____
7∆

2 SO 3
____

2C 2H4
− 2∆
4NO2 (g) + 6H2 O(g)
_____
______

Ans. (a) 2 ∆ , ∆ , —2∆, (b) ∆ , —2∆, (c)4∆, 7∆, —4 ∆ , —6∆
2.
2 moles of A & 3 moles of B are mixed and the reaction
is carried at 400°C according to the equation ; A + B
⇔ 2 C. The equilibrium constant of the reaction is 4.
Find the number of moles of C at equilibrium.
Ans 2.4 mole
3.
For the reaction 3 A (g) + B (g) ⇔ 2 C (g) at a given
temperature , Kc = 9.0 . What must be the volume of
the flask, if a mixture of 2.0 mol each of A , B and C
exist in equilibrium.
Ans 6 L
4.
Ethanol and acetic acid react and form water and
ethyl acetate, the solvent responsible for the odour
of some nail polish removers.
C2H5OH + CH3CO 2H
CH 3CO 2C2H5 + H2O
When 1 mol each of C 2H5OH and CH 3CO 2H are allowed
to react in 1L of the solvent dioxane, equilibrium is
established when one—third of a mole of each of
the reactants remains. Calculate the equilibrium
constant for the reaction. Note : Water is not a
solvent in this reaction.
Ans. K=4
5.
The following equilibrium is established in the presence
of water and a certain enzyme (catalyst) :
H2C4H2O4(aq) + H2O (l) ⇔ H2C4H4O5(aq)
fumaric acid
malic acid
One liter of solution was prepared from water and 0.20
mole of pure malic acid. At equilibrium, the solution
contained 0.04 mole of fumaric acid, in addition to some
unchanged malic acid. Find the equilibrium constant
for the reaction.
Ans 4
6.
Amylene, C5H10, and acetic acid react to give the ester
according to the reaction
C5H10 (l) + CH 3COOH (l) = CH3COOC5H11 (l)
What is the value of K c if 0.006 mol of amylene and 0.001
mol of acetic acid, dissolved in a certain inert solvent
to give a total volume of 0.800L, react to give 0.00075
mol of ester?
Ans Kc = 457.1M—1
7.
The equilibrium constant for the reaction of nitrogen
and hydrogen to produce ammonia at a certain
temperature is 6.00 x 10—2 mol—2 L 2. Calculate the
equilibrium concentration of ammonia if the equilibrium
concentrations of nitrogen and hydrogen are 4.26 M
and 2.09 M, respectively.
Ans. 1.53 mol L—1

(a)

8.

In a mixture of N2 and H2 in the ratio of 1:3 at 64
atmospheric initial pressure and 300°C, the
percentage of ammonia under equilibrium is 33.33
by volume. Calculate the equilibrium constant of the
reaction using the equation :
N2(g) + 3H2(g) ⇔ 2NH3(g).
Ans Kp = 1.3 x 10 —3 atm —2
9.
Many common nonmetallic elements exist as diatomic
molecules at room tempeature : all of the halogens,
hydrogen, oxygen, and nitrogen. When these elements
are heated to high temperatures, they break apart into
atoms. The basic reaction at 1500 K is
E2(g)
2E(g)
where E stands for each element. A 1-mol quantity of
each diatomic species is placed in a separate 1.0 L
container which is then heated to 1500 K. From the data
below, determine the equilibrium concentrations of the
atomic form of each element at 1500 K.
Species
Equilibrium Constant for
Atomization at 1500 K
Br2
8.9 x 10-2
Cl 2
3.4 x 10-3
F2
7.4
H2
3.1 x 10-10
I2
1.5
N2
1 x 10-27
O2
1.6 x 10-11
From these results, predict which of the diatomic
elements has the lowest bond dissociation energy, and
compare your results with thermochemical calculations
and with Lewis structures.
Ans. [Br] = 0.28 M
[Cl] = 0.058 M
[F] = 1.4 M
[H] = 1.8 x 10-5M
[I] = 0.91 M
[N] = 3 x 10-14M
[O] = 4.0 x 10-6M
Based on these results, fluorine has the lowest bond
dissociation energy.
10. Calculate the concentrations of all species present at
equilibrium when HF with an initial concentration of 0.50
M decomposes
2HF(g)

H2(g) + F 2(g) K = 1.0 x 10—13

Ans. [HF] = 0.50 M, [H2] = [F2] = 1.6 x 10—7 M
11. In the esterification
C2H5OH (l) + CH 3 COOH (l) ⇔ CH3COOC2H5 (l) + H2O (l)
an equimolar mixture of alcohol and acid taken initially
yields under equilibrium, the ester with mole fraction =
0.333. Calculate the equilibrium constant. What mole
fraction of the alcohol would be esterified if the
reaction is started with initially pure alcohol and acid
with initial mole fraction of alcohol 0.333?
Ans. Kc = 4, x = 0.85
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28.4

BUILDING EXERCISE

ONCEPT

(b)

CBE
In CBE 29.4 (a), sufficient solved examples have been civered
in detail. However, this is a section which some students find
difficult. Hence, additional solved examples we being given
for your help, if you are confident with CBE 29.4 (a) you may
skip these.
1.
One mole of nitrogen is mixed with three moles of
hydrogen in a—4 litre container. If 0.25 per cent of
nitrogen is converted to ammonia by the following
reaction :
[JEE 1981]
N2(g) + 3H2(g)
2NH3(g)
Calculate the equilibrium constant KC. What will be the
value of KC for the following equilibrium?
½N2(g) +

3
H (g)
2 2

NH3(g)

Sol. From the given data, we write
N2(g)
+
3H2(g)
t=0 1 mol
3 mol
t eq
(1—0.0025)mol
(3—0.0075)mol
Hence, KC =
=

2NH3(g)
0
0.005 mol

Hence, Kp =

3
H (g)
2 2

would be, KC ' =

The equilibrium constant of the reaction A 2(g) + B 2(g)
2AB(g)
at 1000C is 50. If a one litre flask containing one mole of A 2
is connected to a two litre flask containing two moles of
B2, what amount of AB will be formed at 373K?
[JEE 1985]
Sol. We have
A2(g)
+
B2(g)
2AB(g)
t=0
1mol
2mol
t eq
1mol—x
2mol—x
2x
Since for the given reaction, ∆v g = 0, we will have

NH3(g)

K C = 3.86 x 10—3 (mol L—1) —1

One mole of N2 and 3 mol of PCl5 placed in a 100 litre
vessel are heated to 2270C. The equilibrium pressure is
2.05 atm. Assuming ideal behaviour, calculate the
degree of dissociation of PCl5 and Kp for the reaction
PCl5(g)
PCl3(g) + Cl2(g)
Sol. If α is the degree of dissociation of PCl 5(g), we will have
PCl5(g)
PCl3(g)
+
Cl2(g)
t=0
3mol
0
0
t eq
3mol(1—α)
(3mol)α
(3mol)α
Total amount of gases in the vessel
n=n(N2) + n(PCl 5) + n(PCl 3) + n(Cl 2) = 1 mol + 3 mol (1—α)
+ (3mol)α + (3mol)α
= 4mol + (3mol)α
...(1)
From the given value of equilibrium pressure, we find
that
Total amount of gases,

(2.05 atm)(100 L)
pV
=
= 5.0 mol
0
.
082
atmL K -1 mol -1 (500K)
RT

)

...(2)

Equating eq. (1) and (2), we get
1mol
= 0.333
3 mol
Now
n(PCl)5 = 3 mol (1—0.333) = 2 mol
n(PCl 3) = n(Cl 2) = ( 3 mol) (0.333) = 1 mol

4 mol + (3mol)α = 5 mol or α =

p(PCl 5) =

(2 x )2

n 2AB

2.

(

p(PCl3 ).p(Cl2 )
(0 .41 atm)2 = 0.205 atm
=
p(PCl5 )
0.82atm

Kp = Kn = n n
=
A2 B 2
(1mol− x )(2mol- x ) = 50

(0.005 mol/4L)2
{(1− 0.0025) mol/4L}{(3 - 0.0075) mol/4L}3

½ N2(g) +

1
x 2.05 atm = 0.41 atm
5

3.

[NH3 ]2
[N2 ][H2 ]3

= 1.49 x 10—5 (mol L —1)—2
The equilibrium constant for the reaction

n=

p(PCl 3) = p(Cl 2) =

2
n(PCl5 )
peq =
x 2.05 atm = 0.82 atm
5
n

or 46x2—50 (3 mol) x + 100 mol2 =0
which gives x = 0.934 mol
Hence, n(AB) = 2x = 1.868 mol.
4.
At a certain temperature, equilibrium constant (KC) is 16
for the reaction
SO2(g) + NO2(g)
SO3(g) + NO(g)
[JEE 1987]
if we take one mole of each of all the four gases in a one
litre container, what would be the equilibrium
concentrations of NO and NO2?
Sol. We have
SO2(g) + NO2(g)
SO3(g) +
NO(g)
t=0 1 mol
1mol
1mol
1mol
t eq 1mol—x
1mol—x
1mol+x
1mol+x

[SO3 ][NO] {(1mol + x )/1L}2
Hence, KC = [SO ][NO ] =
2
2
{(1mol - x )/1L}2 =16
or

1mol + x
=4
1mol - x

or x =

3
mol = 0.6 mol
5

Hence, [NO2] = 0.4 mol L —1 and [NO] = 1.6 mol L—1.
5.
The equilibrium constant Kp of the reaction 2SO2(g) +
O2(g)
2SO3(g) is 900 atm—1 at 800 K. A mixture
containing SO3 and O2 having initial partial pressures of 1
atm and 2 atm, respectively, is heated at constant volume
to equilibrate. Calculate the partial pressure of each gas
at 800 K.
[JEE 1989]
Sol. Since to start with SO2 is not present, it is expected that
some of SO3 will decompose to give SO2 and O2 at
equilibrium. If 2x is the partial pressure of SO3 that is
decreased at equilibrium, we would have
2SO2(g) +
O2(g)
2SO3(g)
t=0 0
2atm
1atm
t eq 2x
2atm +x
1 atm —2x
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Hence, Kp

From the total pressure of 8.5 atm at equilibrium, we
calculate the total amount of gases, i.e. CO, H2 and
CH3OH at equilibrium.

(p SO )2
(1atm − 2x )
=
(p SO )2 (pO ) = (2 x) (2atm+ x ) = 900 atm
2

3

–1

2

2

2

Assuming x <<2 atm, we get

(1atm - 2x )
—1
(2 x 2 ) (2 atm) = 900 atm

ntotal =

(1atm- 2x )
(2 x )2

2

2

or

mol = 0.2176 mol
Hence, KC =

=

(nH )0 = nH

= 27.78 (mol

2

Hence, p0 =

(0. 1mol/5 L)
(0.1mol / 5L)(0.3 mol/5L)2

=

L —1)—2

n0RT
V

(0 .5276 mol) (0.082 L atmK -1 mol-1 ) (705 K)
(2 .5 L)

= 12.20 atm
Alternatively, p0 may be calculated as given below.

( )2

p0
p1
 8.5 atm 

 (0.5276 mol)
=
or
p
=
0
n0
n1
 0.3676 mol 

(0.1/ 0.5 ) x 4.92 atm
{(0.1/0.5) x 4.92 atm}{(0.3/0.5) x 4.92 atm}2

= 0.115 atm—2
0.15 mol of CO taken in a 2.5 L flask is maintained at 705 K
along with a catalyst so that the following reaction takes
place
CO(g) + 2H2(g)
CH3OH(g)
Hydrogen is introduced until the total pressure of the
system is 8.5 atm at equilibrium and 0.08 mol of methanol
is formed. Calculate (a) Kp and K C and (b) the final pressure
if the same amount of CO and H2 as before are used, but
with no catalyst so that the reaction does not take place.
[JEE 1993]
Sol. We have
CO(g)
+
2H2(g)
CH3OH(g)
t=0
0.15 mol
7.

0.15 mol—x

+ 2x = (0.2176 + 2 x 0.08) mol = 0.3776 mol

( )0 = (0.15 + 0.3776) mol = 0.5276 mol

Kp = p
CO pH 2

t eq

2

n0 = (nCO)0 + nH2

p CH 3OH

=

( )0 —2x, we have

Total amount of CO and H 2 in the reacting system before
the reaction sets in is given as

Hence, Amount of H2 at equilibrium = 0.5 mol — 0.2 mol
= 0.3 mol
=

(0 .08 mol/2.5 L)
(0 .07 mol/2.5L )(0.2176 mol/2.5L )2

Since, nH 2 = nH2

)

[CH 3OH]
[CO][H 2 ]2

[CH3 OH]
[CO][H2 ]2

= 150.85 (mol L —1)—2
Now Kp = KC (RT)∆n = (150.85 mol—2 L 2) {(0.082 L atmK—1
mol—1) )705 K)}—2 = 0.04513 atm—2

(4.92 atm)(5 L)
pV
= 0 .082 atm L K -1 mol-1 (600 K ) = 0.5 mol
RT

KC =

)

nH 2 = ntotal — nCO — nCH 3OH = (0.3676 — 0.07 — 0.08)

Hence, p(SO2) = 2x = 0.023 atm; p(O)2 = 2atm +x = 2.0115
atm and p(SO3) = 1 atm —2x = 0.977 atm
6.
For the reaction CO(g) + 2H2(g)
CH3OH(g), hydrogen
gas is introduced into a five—litre flask at 3270C containing
0.2 mol of CO(g) and a catalyst until the pressure is 4.92
atm. At this point, 0.1 mol of CH3OH(g) is formed. Calculate
the equilibrium constants Kp and Kc.
[JEE 1990]
Sol. We have
CO(g)
+
2H2(g)
CH3OH(g)
t=0
0.2mol
t eq
0.1 mol
?
0.1 mol
Total amount of gas at equilibrium,

(

(

Now, the amount of H2 at equilibrium is given as

= 1800

1
1 atm
—1 = 42.43 or x =
atm = 0.0115 atm
2 x 43.43
2x

or

(8.5 atm)(2.5 L )
pV
= 0. 082 atmL K -1 mol-1 (705K) = 0.3676 mol
RT

(nH )0 − 2x
2

x

It is given that 0.08 mol of CH 3OH is formed at equilibrium.
Hence,

nCH 3OH = x= 0.08 mol and nCO = 0.15 mol — x = 0.07 mol

= 12.20 atm
At temperature T, a compound AB 2(g) dissociates
according to the reaction 2AB2(g)
2AB(g) + B2(g)
with a degree of dissociation, x, which is small compared
with unity. Deduce the expression for x in terms of the
equilibrium constant, Kp and the total pressure P.
[JEE 1994]
Sol. Let n be the initial amount of AB2. We will have
2AB2(g)
2AB(g)
+
B2(g)
t=0 n
0
0
t eq
n(1—x)
nx
nx/2
Total amount of gases at equilibrium
8.

ntotal = nAB2 + nAB + nB2 = n (1—x) + nx + nx/2 = n(1+x/2)
The partial pressures of the species at equilibrium would
be

p AB2 =

nAB2
ntotal

nAB

P=

n (1 - x )
1− x
P=
P~P
n (1+ x/2 )
1+ x / 2
nx

x

pAB = n
P=
P=
P ~ xP
n (1+ x/2 )
1+ x / 2
total
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nB2

pB2 =

ntotal

(pAB )2

(

Now Kp = p
AB2

)2

nx / 2
x /2
x
P=
P=
P~ P
n (1+ x/2 )
1+ x / 2
2
=

(xP)2{(x/2) P}
P2

Sol. let there be 100 mol of the three gases at equilibrium.
We will have

N2 (g) + O 2 (g)
1442443
98 .2 mol

x3
=
P
2

1/ 3

[NO]2
—3
[N2 ][O2 ] = 2.1 x 10

A sample of air consisting of N2 and O2 was heated to
2500 K until the equilibrium
N2(g) + O2(g)
2NO(g)
was established with an equilibrium constant Kc = 2.1 x
10—3. AT equilibrium, the mole % of NO was 1.8. Estimate
the initial composition of air in mole fractions of N2 and
O2.

C

ONCEPT

1 .8 mol

Let x be the amount of N2 in the mixture. Then
N2(g)
+
O2(g)
2NO(g)
x
98.2 mol—x
1.8 mol
Using the equilibrium constant, we get

 2Kp 

or x = 

 P 
9.

2 NO(g)
1
424
3

i.e.

Solving for x, we get
x = 78.56 mol
In the original air sample. We will have
Amount of N2 = (78.56 + 0.9) mol = 79.46 mol
Amount of O2 = (98.2 — 78.56 + 0.9) mol = 20.54 mol
Mole fraction of N2 = 0.79
Mole fraction of O2 = 0.21

TESTING EX E R C I S E

CBE
PCl5 dissociates according to the reaction PCl 5 ⇔
PCl3(g) + Cl 2(g) . At 523 K, Kp = 1.78 atm. Find the
density of the equilibrium mixture at a total pressure
of 1 atm.
Ans. 2.7 g / lit
2.
Gaseous COF 2 is passed over a catalyst at 1000OC and
comes to equilibrium according to the equation 2COF 2
= CO2 +CF 4
The pressure is maintained at 10 atm. A sample of the
equilibrium mixture is quickly cooled (which stops any
shift in concentrations) and analysis shows that, out of
500 cc (STP) of the mixture, there are 300 cc (STP) of
combined COF 2 and CO2. (This is done by passing the
mixture through barium hydroxide solution, which
absorbs COF 2 and CO2 but not CF 4). Calculate Kp for the
equilibrium.
Ans.: Kp = 4
3.
A gas mixture held 51.3 volume percent H2S; the rest
was CO2. Of this mixture, 1,750ml (measured at 210C and
760mm) was sent through a tubular furnace of 3500C,
and was then rapidly cooled. The out flowing gas was
led through a tube containing calcium chloride, the
weight of which increased by 34.5mg. Find the
equilibrium constant at 3500C for the formation of
carbon oxysulfide (COS) and water vapour from
hydrogen sulfide and carbon dioxide. No other kind of
molecule need to be considered.
Ans: 0.00315
4.
An ideal gas A2 undergoes partial dissociation to the
ideal gas A : A2 ⇔ 2A. The equilibrium constant for this
reaction (in terms of partial pressures) is K.
(a) Show that α = (1+4P/K)—1/2, where α is the fractional
degree of dissociation of A2 and P is the total
pressure of A2 and A.

(1.8 mol)2
= 2.1 x 10—3
x (98.2 mol - x )

28.4
(b)

(b) Write the apparent equation of state for this gas
mixture, in terms of P, V, T, K , and R. Show that to a
first approximation the equation of state of a gas
that dimerizes to a small extent is reduced to

1.

K
PV
= 1− c
RT
V

Ans
5.

− 1/ 2 
 
4P 
RT
v = 1 +  1 +


K 
 
 2P

A certain gas A polymerizes to a small extent at a given
temperature & pressure, nA ⇔ An . Show that the gas
obeys
the
approx.
equation

PV  ( n − 1)K c 
[A n ] & V is the volume
= 1−
where K c =
n
RT 
V n −1 
[A ]
of the container. Assume that initially one mole of A
was taken in the container.
6.
SO 3 decomposes at a temperature of 1000 K and at
a total pressure of 1.642 atm. At equilibrium, the
density of mixture is found to be 1.28 g/l in a vessel of
90 liters. Find the degree of dissociation of SO3 and
Kp for SO3 ⇔ SO 2 + 1/2O2.
Ans : α = 0.5, Kp = 0.573 atm½
7.
In the reaction XY2 ⇔ X + 2Y all three substances are
ideal gases. A 10.0 liter flask contains, initially, 0.40 mole
of XY2. A catalyst for dissociation is then introduced.
When equilibrium is attained, the pressure of the mixture
is 1.20 atm. The temperature is 300OK. Find the equilibrium
constant Kp for the given reaction.
Ans : Kp = 5.8 x 10— 3
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At 400 C, K = 79.1 for the reaction NH3(g) ⇔ 1/2N2(g) +
3/2H2(g). Show that the fraction α of NH3 dissociated at
O

a total pressure P is given by α =

1
1 + kP

and calculate

the value of k in this equation.
Ans. k = 3 3 (4k)
9.
In a closed container nitrogen and hydrogen mixture
initially in a mole ratio of 1:4 reached equilibrium. It is
found that the half hydrogen is converted to ammonia.
If the original pressure was 180 atm, what will be the
partial pressure of ammonia at equilibrium. (There is no
change in temperature)
Ans : 48 atm

10.

The equilibrium constant for the reaction CO(g) +
H2O(g) ⇔ CO 2(g) + H2 (g) is 7.3 at 450º C & 1atm
pressure . The initial concentration of water gas [CO
+ H2 ; in mole ratio 1:1] and steam are 2 moles & 5
moles respectively. Find the number of moles of CO,
H2, CO2 & H2O (vapour) at equilibrium.
Ans : nCO2 = 0.938, nH2 = 1.938, nCO = 0.062, nH2Og= 4.062
11. At high temperatures phosgene, COCl 2 decompose
to give CO & Cl 2. In a typical experiment 9.9 x 10—4 kg
of COCl 2 is injected into an evacuated flask of
volume 0.4105 dm3 at 1000 K. When equilibrium is
established it is found that the total pressure in the
flask is 3.039 x 105 pascals. Calculate the equilibrium
constant (Kp) for this reaction at 1000 K.
Ans : Kp (atm) = 1.0
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C

ONCEPT

28.4

BUILDING EXERCISE

(c)

CBE
1.

An equilibrium mixture contains N2O4,P = 0.28 atm, and
NO2, P = 1.1 atm at 350 K. The volume of the container is
doubled. Calculate the equilibrium pressures of the two
gases when the system reaches a new equilibrium.
Sol. The reaction of interest and the conditions are

2NO2 (g)
1.1atm

()

equil N2 O4 g

0 .28 atm

We use the data to calculate the value of K:
K=

2
PNO
2

PN2O4

=

(1.1atm)2
(0.28 atm)

= 4.3 atm

According to Boyle’s law, doubling the volume of the
container decreases the pressure of each gas by a
factor of two. The system is no longer at equilibrium.
Find the pressure of each gas by dividing the equilibrium
pressure by two, and we tabulate the data as starting
conditions:
Start

0.28 atm
2

1 .1 atm
2

We can easily verify that these are no longer equilibrium
pressures by substitution into the expression for K. The
principle of Le Chatelier tells us that the reaction in a
system whose pressure is lowered proceeds in the
direction that produces more moles of gas. For this
reaction, the direction is from left to right: N2O 4 i s
consumed. We let x be the pressure of N2O4 consumed
and write a new equilibrium line:
N2O4(g)
2NO2(g)
equil

0.28 atm
1 .1 atm
—x
+ 2x
2
2

We use the expression for K to solve for x:
K=

(0.55 atm + 2x )2
(0.14 atm - x )

The reaction is expressed by the equation:
PCl5
PCl3 + Cl2
Sol. We assume that initially there is 1 mole of phosphorus
pentachloride, and that when equilibrium is reached at
2500C and 1 atmosphere pressure the total volume of
the mixture is V litres. Then, since the dissociation is 80
per cent:

= 4.3 atm

[PCl 5] =

0.8
mole per litre
V

[PCl 3] =

0.8
mole per litre
V

[Cl 2] =

0.8
mole per litre
V

The equilibrium constant, KC , is given by the equation:
KC =

[PCl 3 ] x [Cl2 ]
[PCl 5 ]

Substituting the known values:
0 .8 0 .8
x
V
V = 3 .2
KC =
0 .2
V
V

Let x=the fraction dissociated when the total volume
of the system has been reduced to half its initial value,
that is to

V
2

Then,

[PCl 5] =

1− x
2(1 − x )
=
,
V /2
V

and

[PCl 3] =

x
2x
=
V /2
V

and

[Cl 2] =

We must use the quadratic formula to find x; x = 0.045
atm. Thus, the new equilibrium pressures are PNO2 = 0.55
atm + 2x = 0.55 atm + 2(0.045 atm) =0.64 atm and PN2O 4
= 0.14 atm — x 0.14 atm — 0.045 atm = 0.095 atm.
We can check these values by substituting into the
expression for K:
K=
2.

(0 .64 atm)2
0.095

= 4.3 atm

If a given quantity of phosphorus pentachloride is heated
to 25 0 0 C and allowed to come to equilibrium at
atmospheric pressure, it is found to be dissociated to the
extent of 80 per cent into phosphorus trichloride and
chlorine. If, now, the pressure on this mixture is increased
so that finally the equilibrium mixture occupies only one
half of its original volume (temperature remaining
constant), what will be the percentage dissociation at
the new pressure

x
2x
=
V /2
V

Since the equilibrium constant must remain unchanged
at a fixed temperature,

2x 2x
x
V
V
2x 2
3.2
 1− x  =
=K=
2

(1− x )V
V
 V 
x2 + 1.6x — 1.6 = 0.
The roots of this equation are — 2.3 and 0.69. The
negative root must clearly be ignored.
x = 0.69 and percentage dissociation = 69%.
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3.

N2O4 is 25% dissociated at
and 1atm pressure.
Calculate (i) Kp and (ii) the percentage dissociation at
0.1 atm and 370C.
Sol. If α is the degree of dissociation of N2O4, we will have

N 2O 4

2NO2

t =0

n

t eq

n(1- α)

0

Sol.

2n α

Total amount of gases = n(1+α)
Now

and

5.

PN2O 4 =

Kp =

(a)
CO2 +
Mole at t=0 0.45
Mole at
(0.45—x)
equilibrium

1− α
2α
p and pNO2 =
p
1+ α
1+ α

(pNO )2
2

=

pN2O4

[2αp /(1+ α)]2 4α 2
(1− α)p /(1+ α ) = 1 − α 2 p

∴ KC = 0.11 =

2

Kp =

1 − (0 .25 )

2

or

(1 atm) = 0.267 atm

4α 2
1− α2

Solving for α, we get α 2 =
4.

Sol.

(0.1 atm)

2.67
= 0.4 or α = 0.63
6 .67

Hence, 63% of N 2O4 is dissociated at 0.1 atm and 370C.
An equilibrium mixture of
CO(g) + H2O(g)
CO2(g) +H2(g)
present in a vessel of one litre capacity at 8150C was
found by analysis to contain 0.4 mole of CO, 0.3 mole of
H2O, 0.2 mole of CO2 and 0.6 mole of H2.
(a) Calculate KC . (b) If it is desired to increase the
concentration of CO to 0.6 mole by adding CO2 to the
vessel, how many mole must be added into equilibrium
mixture at constant temprature in order to get this change?
CO(g)
Mole- 0.4
at equilibrium

+

H2O(g)
0.3

CO2(g) +
0.2

H2(g)
0.6

[CO 2 ][H2 ] 0.2 x 0.6
(a) ∴ KC = [CO ][H O] =
=1
0.4 x 0.3
2
∴ ∆n = 0, ∴ volume terms are not needed).
(b) Now it is desired to increase the conc. of CO by 0.2
at equilibrium by forcing CO2 into equilibrium
mixture. Suppose a mole of CO2 are forced in vessel
at equilibrium; by doing so reaction proceeds in
backward direction, i.e.,
CO2 +

H2

Addition at
initial
equilibrium (0.2 +a)
0.6
Mole at new (0.2+a—0.2) (0.6—0.2)
equilibrium a
0.4

1
[CO][H2O] 0.6 x 0.5
∴ K = [CO ][H ] =
a x 0.4
2
2
C
a = 0.75 mole

CO

+

0.4
(0.4+0.2)
0.6

CO +
0
x

H2O (∴ KC = 0.11)
0
x

x .x

(0 .45 − x )2

x

(0.45 − x)

= 0.3317

∴ x =0.112
∴ Mole of CO2 = Mole of H2 = 0.45 — 0.112 = 0.338 mole
Mole of CO = Mole of H2O = 0.112 mole

Now when p = 0.1 atm, we will have
0.267 atm =

H2
0.45
(0.45—x)

(∴ ∆n =0, ∴ volume terms are not needed)

It is given that when p = 1 atm, α = 0.25. Hence,

4(0.25 )

At 700 K, CO2 and H2 react to form CO and H2O. For this
purpose KC is 0.11. If a mixture of 0.45 mole of CO2 and
0.45 mole of H2 is heated to 700 K.
(a) Find out amount of each gas at equilibrium
(b) When equilibrium has been reached, another 0.34
mole of CO2 and 0.34 mole of H2 are added to the
reaction mixture. Find composition of mixture at new
equilibrium.

H2O
0.3
(0.3+0.2)
0.5

(b)
Initial mole
Mole further
added
Mole at new
equilibrium
∴

6.

KC =

CO2 +
H2
0.45
0.45
(0.45+0.34) (0.45+0.34)

CO
0
0

(0.79—x)

x

x2

(0 .79 − x )2

(0.79—x)

+

H2O
0
0
x

= 0.11

∴ x = 0.197
∴ Mole of CO2 = Mole of H 2 = 0.79 — 0.197 =0.593 mole
Mole of CO = Mole of H2O = 0.197 mole
The equilibrium mixture for

2 SO 2( g) + O 2(g )

2 SO 3( g)

present in 1 litre vessel at 6000C contains 0.50, 0.12 and
5.0 mole of SO2, O2 and SO3 respectively.
(a) Calculate KC for the given change at 6000C.
(b) Also Calculate Kp.
(c) How many mole of O2 must be forced into the
equilibrium vessel at 6000C in order to increase the
concentration of SO3 to 5.2 mole?
Sol.
2SO2 +
O2
Mole at equilibrium 0.5
0.12
volume = 1 litre
(a) KC =

2SO3
5.0

[SO3 ]2
(5 )2
=
[SO 2 ]2 [O2 ] (0 .5 )2 (0 .12 )

KC = 8333.33 mol—1 litre1
(b) Kp = KC (RT)∆n
= 833.33 x (0.0821 x 873)—1 =11.62 (atm) —1
(c) Now O2 is forced into the vessel in order to increase
the concentration of SO3 to 5.2 mol litre—1.
Let a mole of O2 be introduced in it to increase SO3 to
5.2 mole. Thus, 0.2 mole of SO2 and 0.1 mole of O2 will be
consumed to show forward reaction.
2SO2 +
O2
2SO3
At equilibrium
0.5
0.12
5
New equilibrium (0.5—0.2) (0.12+a—0.1)
5.2
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∴
7.

(5.2)2
(0 .02 + a)(0.3 )2

833.33 =

∴

∴ x = 0.0237

a = 0.34 mole
At 273 K and one atm, ‘a’ litre of N 2O4 decomposes to NO2
according to equation N2O4(g)
2NO2(g). To what
extent has the decomposition proceeded when the
original volume is 25% less than that of existing volume?

Sol.

∴ Kp

N2O4(g)
2NO2(g)
Mole before equilibrium a
0
Mole at equilibrium
(a—x)
2x
Given that original volume = 75/100 x existing volume
at equilibrium
Since Mole ∝ volume (at constant P and T)
∴ Initial mole = 75/100 x mole at equilibrium
a = 75/100 (a+x)
x = 25/75 a = 0.33 a
Now, % decomposition (α) = x/a =

=

0.33a
=0.33 or 33%
a

Kp

Kp =

 P 

 Σn 

2

2

4

=

(2α)  P 
(1− α)  (1+ α ) 

4 x (0.503 ) x 1

1

=

1− α2

1- (0.503 )2

N2O4
1
(1—x)

Given,

= 1.355

2NO2
0
2x

N2 O 4
1
1− x
=
=
NO2
8
2x

(at pressure P)

(∴ x =

∴ Kp =

(4 − 2 x )  (4 − 2x ) 

4x 2 (4 − 2 x )

...(1)

(1− x )(3 − 3 x )3 P 2
4 ( 0.0237)2 [4 - 2(0.0237)]2

x = 0.1884
or Now again using eq (1) Kp =

4x 2 (4 - 2x)2
(1− x) (3 - 3x)3.p 2

[4 x (0.1884) ][4 - 2(0.1884)]
2

1.431 x 10—5 =

2

[1− 0.1884] [3 - 3(0.1884 )]3 P2

P = 105.41atm
The Kp for the reaction N 2O4
2NO2 is 640 mm at 775 K.
Calculate the percentage dissociation of N2O 4 a t
equilibrium pressure of 160 mm. At what pressure, the
dissociation will be 50%?
[Roorkee 1997]
Sol.
N2O4
2NO2
Mole before equilibrium 1
0
Mole at equilibrium
(1—x)
2x

4x 2
P 
KP =
. 
(1− x )  Σn 

8
= 0.8)
10

640 =

4x x P
1- x 2

4=

4 x (0.8) x P
2

1.355 =

= (1− x ).P  (3 − 3x )P  3

10 .4
2x
=
100
4 - 2x

2

Using again at pressure P

' 3
H2

'
N2

10.

2

4α 2P

Now

x

2

( )
=
(P ) x (P )

2

(1.0. 0237)[3 - 3(0.0237)]3 x 100
Kp = 1.431 x 10-5 atm-2
Let mole % of NH3 in equilibrium mixture is increased to
10.4 at pressure P.

N2O4 dissociates as N2O4
2NO2. At 550C and one
atmosphere, % decomposition of N 2O4 is 50.3%. At what P
and same temperature, the equilibrium mixture will have
the ratio of N2O4 : NO2 as 1:8?
Sol.
N2O4
2NO2
Mole before equilibrium
1
0
Mole at equilibrium
1– α
2α
where α is degree of dissociation = 0.503
∆n

 2x .P 
 (4 − 2 x ) 



'
PNH
3

2

Kp =

8.

(nNO )2
= (
nN O )

2x
(4 − 2x) = 0.012

1- (0.8)2

P = 0.19 atm
9.
A reaction carried out by 1 mole of N2 and 3 mole of H2
shows at equilibrium, the mole fraction of NH3 as 0.012 at
5000C and 10 atm pressure. Calculate Kp. Also report the
pressure at which mole % of NH3 in equilibrium mixture is
increased to 10.4.
Sol.
N2 +
3H2
2NH3
Mole before reaction 1
3
0
Mole at equilibrium
1—x
(3—3x)
2x
Given mole fraction of
NH3 = 0.012 at P = 10 atm

∆n

160
4x 2
(
1
(1− x ) + x )

4x 2
1− x 2

or 1—x2 = x 2 or 2x2 =1

∴ x2 = 1/2 or x = 0.707 = 70.7%

4 (0 .5 )
0 .5

2

Also
11.

640 =

.

P
(if x =0.5)
1.5

∴ P = 480 mm
The equilibrium concentration of the reactants and
products for the given equilibrium in a two litre container
are shown below :
PCl3(g) + Cl2(g)
PCl5(g)
2M
1M
4M
(i) if 2 mole of Cl2 are added in the container, find the
new equilibrium concentration of each. (ii) If the
equilibrium mixture reported initially is transferred
into 4 litre vessel, what would be the new
concentrations at equilibrium?
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Sol. (i)
PCl 3 + Cl 2
Initially 2M 1M

(initial volume is doubled)

PCl 5
4M

[PCl5 ]
∴ KC = [PCl ][Cl ] =
3
2

=

4
=2
2x1

KC =

(1+x)

∴ a= 0.5
Thus, new concentrations of reactants and products at
equilibrium are
[PCl 3] =1.5 M; [Cl 2] =1.5 M; [PCl 5]= 4.5 M
(ii) If the initial equilibrium mixture is transferred in 4
litre vessel then,
PCl 3(g) + Cl 2(g) → PCl 5(g)
Conc. in 2 litre vessel
2
1
4

2
2

C

1
2

or
or

− 4 ± 16 − 4 .(2 ) .(−1)
2x2
∴ x = 0.225 M
∴ [PCl 5] = 2 —0.225 =1.775M
[Cl 2] = 0.5 + 0.225 =0.725 M
[PCl 3] = 1 0.225 =1.225M

TESTING E X E R C I S E

1.

The degree of dissociation of N2O4 into NO2 at 1.5
atmosphere and 40°C is 0.25. Calculate its Kp at
40°C.Also report degree of dissociation at 10
atmospheric pressure at same temperature.

Ans :

Kp = 0.4, α ~ 0.1

2.

At some temperature and under a pressure of 4
atm, PCl 5 is 10% dissociated. Calculate the
pressure at which PCl 5 will be 20% dissociated,
temperature remaining same.

Ans :

0.97 atm

3.

The system N2O4 ⇔ 2 NO2 maintained in a closed
vessel at 60º C and a pressure of 5 atm has an
average (i.e. observed) molecular weight of 69,
c a l c u l a t e Kp. At what pressure at the same
temperature would the observed molecular
weight be (230/3) ?

Ans.

Kp = 2.5 atm, P = 15 atm

4.

An equilibrium mixture contains NO2 at P = 0.28
atm & N2O4 at P = 1.1 atm at 350 K. The volume of
the container is doubled. Calculate the
equilibrium pressures of the two gases when the
system reaches new equilibrium.

Ans.

PNO =0.195 atm, PN

2O 4

=0.523 atm

(2—x)

1
3 
2
2  + x + x  =2 —x
2
2 

2
2x +4x —1 =0

CBE

2

1

 + x
2


x=

4
2

ONCEPT

2

2 −x
∴ (1+ x)  1 + x  = KC =2
2


(4 + a)
(2 − a )2

Conc. in 4 litre vessel

1
2

This will cause an decrease in pressure and thus,
equilibrium will shift in backward direction, i.e., new
equilibrium conc.

Now 2 mole of Cl 2 in 2 litre container are added i.e., [Cl 2]
is increased by 1M, which will direct the reaction is
forward. Thus,
PCl 3
+
Cl 2
PCl 5
2M
1M + 1M
4M
(2—a)
(2—a)
(4+a)
or

1

Ans.

28.4
(c)

5.

In a study of the equilibrium, H2 + I 2 = 2HI, a certain
number of moles x of HI are formed when 1 mole of H 2
and 3 moles of I 2 are introduced into a flask of volume
V at temperature T. On introducing 2 additional
moles of H2, the amount of HI formed is found to be
2x. Calculate Kp.

Ans.:

Kp = 4

6.

The equilibrium mixture SO2 + NO2 ⇔ S O3 + NO was
found to contain 0.6 mol of SO3, 0.40 mol of NO,
0.8 mol of SO2 & 0.1 mol of NO2 in a 1L vessel. One
mole of NO was then forced into the reaction
vessel with V & T constant. Calculate the amounts
of each gas in the new equilibrium mixture.

Ans :

(Kc= 3), nSO2= 0.92, nSO3= 0.48,nNO=1 .28, nNO2 = 0.22

7.

A reaction system in equilibrium according to the
equation 2 SO 2 + O 2 ⇔ 2 SO 3 in 1 litre reaction
vessel at a given temperature was found to
contain 0.11 mol of SO2, 0.12 mol of SO3 and 0.05
mol of O2. Another 1 litre reaction vessel contains
64 g of SO2 at the same temperature. What mass
of O2 must be added to this vessel in order that at
equilibrium half of SO2 is oxidised to SO3?

Ans

9.34 g
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28.6

HETEROGENEOUS EQUILIBRIUM

28.6.1 Basics
We turn now to the study of equilibria that involve solids, liquids, and
dissolved species as well as gases. Let us begin by recalling the phase
equilibrium between liquid water and water vapor that was considered at
the beginning of this chapter:
H2O(l)

PH 2O =K

H2O(g)

As long as some liquid water is in the container, the pressure of water
vapor at 25°C adjusts to an equilibrium value of 0.03126 atm. The position
of this equilibrium is not affected by the amount of liquid water present,
and there is no mention of the liquid in the equilibrium expression. The
reason for this is that the concentration of liquid water is a constant at a
given temperature and pressure. An analogous situation occurs in the
equilibrium between solid iodine and iodine dissolved in aqueous solution:
I2(s)
I2(aq)
[I2(aq)] = K
The equilibrium concentration of I2(aq) at 250C is always 1.34 x 10—3 M,
regardless of the amount of solid iodine present, as long as there is some;
the pure solid does not appear in the equilibrium law. Dissolved species
such as I2(aq) enter equilibrium laws through their concentrations, which
are expressed in moles per liter.
Consider the decomposition of limestone to lime and carbon dioxide as
an example of a system reaching heterogeneous equilibrium:
CaCO3(s)
CaO(s) + CO2(g)
Based on the rules we have been using for writing the reaction quotient,
the expression for this reaction is

[CaO][CO 2 ]
QC = [CaCO ]
3

CO2

CO2
CO2

CO2

CaCO3

CO2

CO2

CaO

CO2
CO2

CO2

CaCO3

PCO2

PCO2

CO2

CaO

Fig. 28.6.1 As CO2 is absorbed by C2O in the
vessel, the partial pressure of CO2 fall till it
attains the equilibrium pressure.

A pure solid, however, such as CaCO3 or CaO, always has the same
concentration at a given temperature, that is, the same number of moles
per liter of the solid, just as it has the same density at a given temperature. Moreover, since a solid’s volume changes
very little with temperature, its concentration also changes very little. For all intents and purposes, therefore, the
concentration of a pure solid is constant. The same argument applies to the concentration of a pure liquid.
Because we are concerned only with concentrations that change as they approach equilibrium, we eliminate the
terms for pure liquids and solids from the reaction quotient by incorporating their constant concentrations into a
rearranged reaction quotient, QC '. We multiply both sides of the equation by [CaCO3] and divide both sides by [CaO].
Thus, the only substance whose concentration can change is the gaseous CO2: Qc'= Qc

[CaCO 3 ]
[CaO ] =[CO2]

No matter how much CaO and CaCO3 are in the reaction vessel. so long as some of each is present, the reaction
quotient for the reaction equals the CO2 concentration.
A similar equation also applies when one of the constituents in an equilibrium reaction is in the liquid state. For
example, NOBr decomposes in the following way
2NOBr
2NO + Br2
When the partial pressure of bromine is sufficiently high, the bromine condenses. Without bromine condensation the
equilibrium expression at 25°C is
KP =

PBr 2PNO2
PNOBr 2

= 1.0 x 10—2 atm

...28.6.1

At 25’C the vapor pressure of liquid bromine PBr2 (l ) is 0.282 atm, so that for bromine in the liquid state, this expression
becomes

KP =

PBr 2 (l )PNO2
PNOBr 2

[0 .282 atm] PNO

2

=

PNOBr 2

...28.6.2

Thus, an alternative expression for the equilibrium constant can be written:
PNO 2
KP
KP* = P
=
= 3.5 x 10—2 atm—1
...28.6.3
2
[
0
.
282
atm]
NOBr
where the term in brackets is the constant pressure of the bromine vapor, the vapor pressure of the liquid I bromine at
this temperature.
If the vaporization of a substance is written in the form of an equation similar to a chemical equation, the vapor
pressure can be regarded as an equilibrium constant. For example, writing
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H2O(l)
then

KP' =

H2O(g)

PH2O

[H2O()l ] = KP = KP' [H2O(l)] = PH O
2

where the concentration term for liquid water [H2O(l)] is a constant at cosntant temprature.
28.6.2 Le—Chatelier’s principle applied to heterogeneous equilibria
It is also important to understand that the composition of the equilibrium state does not change if we vary the
amounts of liquid or solid in the system. The expression for K contains no terms for liquids and solids. The presence of any
amount of solid or liquid at equilibrium is enough to keep the system at equilibrium.
For example, the composition of the equilibrium state of a system containing a liquid and its vapor is described by the
vapor pressure alone. We can change the value of the equilibrium constant by changing the temperature, but not by
adding or removing liquid. As long as some liquid is present, the pressure of vapor is the equilibrium pressure. The
pressure of gas can fall below the equilibrium pressure only if the liquid is removed completely.
Now look at a saturated solution, the equilibrium state of a system containing dissolved and undissolved material. If
the solute is a gas, the composition of the solution varies as the pressure of the undissolved solute varies. But if the
solute is a pure liquid or a pure solid, the quantity of undissolved solute does not affect the composition of the system.
Suppose we have a system composed of solid glucose, C6H12O6, dissolved glucose, and water. The equilibrium state
of the system can be defined by the appropriate value of K for the reaction: =
C6H12O6
C6H12O6(aq); K =[C6H12O6]
The expression for K tells us that the quantity of solid glucose that is present at equilibrium does not influence the
quantity of dissolved glucose.
The same is true for a reaction that does not occur in aqueous solution, such as the decomposition of magnesium
carbonate. At 800 K, the value of the equilibrium constant for this process is about 0.95 atm. The reaction is
MgCO3(s)
MgO(s) + CO2(g) and K = PCO 2 = 0.95 atm
The equilibrium state of this system at 800 K in any state that has carbon dioxide at a pressure of 0.95 atm and that also
contains any amount of magnesium carbonate and magnesium oxide. Adding or removing even large amounts of
solid does not affect the pressure of carbon dioxide at equilibrium. The PCO 2 , will be below 0.95 atm at 800 K only if
insufficient MgCO3 was added to reach equilibrium.
28.6.3 Partition coefficient
A very important type of heterogeneous equilibrium involves the partitioning of a solute between two mutually
insoluble solvent phases. Such equilibria are used in many separation processes in chemical research and in industry.
Suppose the two immiscible liquids water and carbon tetrachloride are placed together in a container. Immiscible
means; “mutually insoluble.” Immiscible liquids, if shaken together, mix temporarily, but eventually separate into
distinct phases, with the most dense on the bottom and the least dense on the top. In this case, water floats as a layer
on top of the denser carbon tetrachloride. A visible boundary, the meniscus, separates the two phases. If a small
quantity of iodine is added and the vessel is shaken in order to distribute the iodine thoroughly, some of the iodine
dissolves in the carbon tetrachloride and the rest in the water ( Moreover, an equilibrium law governs the distribution
of the iodine between the two immiscible solvents. Thus, if a little more iodine is added to the container (which is
again shaken thoroughly), the iodine concentration in each solvent increases, but the ratio of the two concentrations
remains the same, as long as the temperature remains constant. The ratio of the concentrations of iodine in the two
phases is the partition coefficient, the equilibrium constant K for the process.

It can be written as

[I2 ]CCl
[I 2 ]aq

4

I2(aq)

I2(CCl 4)

=K

in which [I2] CCl 4 and [I2] aq are the concentrations (in moles per liter) of I 2 in the CCl 4 and aqueous phases, respectively.
At 25°C, K has the value 85 for this equilibrium. The fact that K is larger than unity shows that iodine is more soluble in
CCl 4 than it is in water.
Extraction takes advantage of the partitioning of a solute between two immiscible solvents to remove that solute
from one solvent into another. Suppose that iodine is present as a contaminant in water that also contains other
solutes that are insoluble in carbon tetrachloride. In such a case, most of the iodine could be removed by shaking the
aqueous solution with CCI 4, allowing the two phases to separate, and then pouring off (decanting) the water layer
from the heavier layer of carbon tetrachloride. The larger the equilibrium constant for the partition of a solute from
the original solvent into the extracting (that is, added) solvent, the more complete such a separation will be.
The most important use of extraction is to separate a desired solute from one or more unwanted solutes that have
different partition coefficients between the two solvent phases. In favorable cases, almost complete separations
are attained: the desired solute is extracted and the others are left behind. A process of extraction is used industrially
on a large scale to purify sodium hydroxide for use in the manufacture of rayon. The sodium hydroxide produced by
electrolysis typically contains 1% sodium chloride and 0.1 % sodium chlorate as impurities. If a concentrated aqueous
solution of this sodium hydroxide is extracted with liquid ammonia, the NaCI and NaCIO3 are partitioned into the
ammonia phase in preference to the aqueous phase. The heavier aqueous phase is added to the top of an extraction
vessel that is filled with liquid ammonia, and equilibrium is reached as droplets of it settle through the ammonia to the
bottom. The concentrations of the impurities in the sodium hydroxide solution are reduced to about 0.08% NaCI and
0.0002% NaClO3 by this procedure.
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BUILDING EXERCISE

CBE
1.

Hypochlorous acid (HOCl) can be produced by bubbling
chlorine through an agitated suspension of mercury (II)
oxide (HgO) in water. The chemical equation for this
process is
2Cl2(g) + 2HgO(s) + H2 O(l)
HgO.HgCl 2 (s) +
2HOCl(aq)
Write the equilibrium expression for this reaction.

Sol.

2.

[HOCl]2
2
PCl
2

=K

The reactant HgO and the product HgO. HgCl 2 do not
appear in the expression because they are solids; water
does not appear because it is the solvent, present in a
high and essentially constant concentration. The partial
pressure in atmospheres of chlorine enters the
expression because chlorine is a gas. The concentration
in moles per liter of HOCl appears because HOCl is a
dissolved species. The concentration of HOCl and the
partial pressure of Cl 2 are raised to the second power
because their coefficients are 2 in the balanced
chemical equation.
The reaction of iron(III) oxide with carbon monoxide
occurs in a blast furnace when iron ore is reduced to iron
metal:

Fe2O3(s) + 3CO(g)
2Fe(l) + 3CO2(g)
Use Le Chatelier’s principle to predict the direction of
reaction when an equilibrium mixture is disturbed by:
(a) Adding Fe2O3
(b) Removing CO2
(c) Removing CO; also account for the change using
the reaction quotient QC.
Sol. (a) Because Fe2O3 is a solid, its “concentration” doesn’t
change when more Fe2O3 is added. Therefore, there
is no concentration stress, and the original
equilibrium is undisturbed. .
(b) Le Chatelier’s principle predicts that the
concentration stress of removed CO 2 will be
relieved by reaction from left to right to replenish
the CO2.
(c) Le Chatelier’s principle predicts that the
concentration stress of removed CO will be
relieved by reaction from right to left to replenish
the CO. The reaction quotient is
QC = [CO2] 3t / [CO] t 3
When the equilibrium is disturbed by reducing [CO], QC
increases, so that QC > KC . For the system to move to a
new state of equilibrium, Qc must decrease—that is,
[CO2] must decrease and [CO] must increase. Therefore
the reaction goes from right to left, as predicted by Le
Chatelier’s principle.
3.
Write balanced chemical equations and the
corresponding expressions for K for the following
processes:
(a) the sublimation of iodine
(b) the dissolution of silver sulfate in water ,

(c) the decomposition of calcium carbonate to calcium
oxide and carbon dioxide
(d) the formation of a precipitate of silver chloride after
a solution of hydrochloric acid and a solution of silver
nitrate are mixed
(e) the conversion of nitrogen dioxide to dinitrogen
tetroxide
Sol. (a) Sublimation is the conversion of a solid to a gas, The
equation for the sublimation of iodine is
I2(s)
I2(g)
K= PI (g)
2
The expression for the equilibrium constant shows that
the pressure of I 2(g) at equilibrium does not depend on
the amount of solid present.
(b) Silver sulfate is a solid at room temperature, and it
dissociates into ions when it is dissolved in water.
The equation is thus:
Ag2SO4(s)
2Ag+ (aq) + SO42—(aq)
+
2
2—
K = [Ag ] [SO4 ]
Once again, the amount of solid does not determine
the concentration of ions in the solution, so long as there
is enough solid to form a saturated solution.
(c) The equation for the reaction is
CaCO3(s)

CaO(s) + CO2(g)

K= PCO2(g)

Neither solid appears in the expression for K.
(d) Hydrochloric acid is a strong acid that is a solution
of H+ and Cl — ions. A solution of sliver nitrate, a salt
that dissociates into ions, contains Ag+ ion and
NO3— ion. Silver chloride forms from silver ion and
chloride ion. The net equation is thus:
Ag+ (aq) + Cl —(aq)
AgCI(s)
The H+ and NO3— ions are properly omitted because
neither undergoes a change. The equilibrium constant
for this equation is K=1/[Ag+ ][Cl —]. The numerator of the
expression for K is 1 when no other terms appear.
(e) The balanced equation for this reaction can be
written as:
2NO2(g)

N2O4(g)

For this equation,

K=

PN2O4
2
PNO
2

If the equation is written as NO2(g)
then

½N2O(g)
K=

PN1/ 2O
2

4

PNO2

and it has a different numerical value. Remember that
the numerical value of K can be changed by changing
the form of a chemical equation. We normally write
equations with the smallest whole number coefficients,
for uniformity.
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4.

For the decomposition of 1 mol of carbon tetrachloride
vapor to graphite and chlorine at 700 K, K= 0.76 atm.
Calculate the starting pressure of carbon tetra chloride
that will produce a total pressure of 1.0 atm at equilibrium.
Sol. The only information given about the initial conditions is
that we start with an unknown quantity of CCl 4, Let us
represent this starting quantity by an unknown. y, the
required starting pressure of CCI 4 in atmospheres. The
relevant reaction and the starting conditions are

CCl4(g)
y

Start

K=
6.

A container at 1000 K holds carbon dioxide, P = 0.464
atm. Graphite is added to the container, and some of the
carbon dioxide is converted to carbon monoxide. At
equilibrium, the total pressure in the container is 0.746
atm. Calculate the value of K.
Sol. The equation of interest can be written as:

2Cl2 (g) + C(s)
0

CO2(g) + C(s)

The system now proceeds to equilibrium as an unknown
quantity of CCI 4 reacts. Let x be this quantity in
atmospheres. The equilibrium line is
equil
y—x
2x
The equilibrium line has two unknowns, so we must look
for two bits of data that are given about the
composition of the equilibrium state. They are the value
of K and the total pressure at equilibrium. First we
eliminate one of the unknowns from the “equil” line by
using the total pressure:
which can be rearranged to y = 1.0 atm — x. Substituting
the expression for y in terms of x on the “equil” line gives:

CCl4
1.0 atm - 2x

2Cl2 (g) + C(s)
2x

(2x )2

(1.0 atm - 2x ) = 0.76 atm

Since K is neither particularly large nor particularly small,
an approximation cannot be used. Applying the
quadratic formula gives x = 0.29 atm. Since y = 1.0 atm
— x, then y = 1.0 atm — 0.29 atm = 0.71 atm, the starting
pressure of carbon tetrachloride needed to produce a
total pressure of 1.0 atm at equilibrium.
5.
Graphite (a form of solid carbon) is added to a vessel
that contains CO2(g) at a pressure of 0.824 atm at a certain
high tempeature. The pressure rises because a reaction
occurs that produces CO(g). The total pressure reaches
an equilibrium value of 1.366 atm. Write a balanced
chemical equation for the process, and give the value of
its equilibrium constant.
Sol. The equation can be writen as
C(s)+ CO2(g)
2CO(g)
Initial partial pressure (atm)
0.824
0
Change in partial pressure (atm)
-x
+ 2x
Equilibrium partial pressure (atm) 0.824-x
2x
The total pressure at equilibrium is
Ptotal = 0.824 atm -x + 2x = 0.824 +x = 1.366 atm
Solving for x gives
x = 1.366 - 0.824 = 0.542 atm
The equilibrium partial pressures of the two gases are
PCO = 2x = 1.084 atm

PCO 2 = 0.824 - 0.542 = 0.282 atm
and the equilibrium constant of the reaction is therefore

2
PCO

K= P
CO 2

CO2(g)
+
C(s)
2CO(g)
Start
0.464 atm
0
At equilibrium 0.464 atm – x
2x
The initial conditions are expressed on the line labeled
“start.” The equilibrium conditions are given on the line
labeled “equil.” No entry is needed for the solid. since
the solid does not appear in the expression for K.
We can find the value for K by solving for x, using the
additional information that the total pressure is 0.746
atm. Total pressure is the sum of the partial pressures of

Now that the equilibrium line has only one unknown, we
can substitute pressure terms into the expression for K
to solve for x:
K=

2CO(g)

To calculate a value of K, we must know the pressures of
both CO2 and CO at equilibrium.
As this reaction proceeds from left to right, 2 mol of
CO(g) is produced for each mole of reactant CO2(g).
Therefore, the total pressure increases. If we let x equal
the pressure of CO2 in atmospheres that must react for
the system to reach equilibrium, we can say from the
stoichiometry at the reaction that 2x will be the pressure
of CO at equilibrium. Thus, when the system proceeds to
equilibrium, we can see that there is a decrease of x
atm in the starting pressure of CO2 and an increase of
2x atm in the pressure of CO, which started as zero.

PT = PCCl 4 + PCl2 = (y—x) + 2x = 1.0 atm

equi l

(1.084 )2
= 4.17
0.282

the gases: PT = PCO 2 + PCO .If we express the values of
these pressures in terms of x, we get:
0.746 atm = (0.464 atm—x) + 2x
x = 0.282 atm
This value of x is used to find the pressures of the gases
at equilibrium PCO , = 0.464 atm — 0.282 atm = 0.182
2
atm, and PCO = 2(0.282 atm) =0.564 atm.
We can calculate the value of K using these values
for P:
K=

(0.564 atm)2
(0.182 atm)

= 1.75 atm

7.

When sulfur in the form of S8 is heated to 900 K, at
equilibrium the pressure of S8 falls by 29% from 1.00 atm
because some of the S8 is converted to S2. Find the value
of K for this reaction.
Sol. The chemical equation and the starting and equilibrium
pressures are
S 8 (g)
4S 2 (g)
Start
1.00 atm.
0
At equilibrium
1.00 atm. – 0.29 am
4 (0.29 atm.)
The equilibrium pressures are found by this line of
reasoning: The pressure of S8 equilibrium is the starting
pressure minus 29% of the original 1.00 atm of S 8, that is,
1.00 atm — 0.29 atm. For each mole or atmosphere of S 8
that reacts, 4 mole or 4 atm of S 2 is formed. If 0.29 atm of
S 8 reacts, 4(0.29 atm) of S 2 is formed.
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Using these data, we can calculate the value for K:
K=

PS42
PS8

=

[4(0.29 atm)]4
1.00 atm - 0.29 atm

(i)

 0.018 mol   0.018 mol 
 

2L
2L

 


Kc = [NH3] [H2S] = 

= 2.6 atm3

At 400 K, solid ammonium chloride decomposes to
gaseous ammonia and hydrogen chloride. For this
process. K = 6.0 X 10—9 atm2. Calculate the equilibrium
pressures for the two gases at this temperature.
Sol. At first glance, it might seem that we cannot solve this
problem because no starting quantity of ammonium
chloride is given. But ammonium chloride is a solid. The
quantity of ammonium chloride is therefore
unimportant, as long as there is enough present for the
system to reach equilibrium. In problems where the
exact quantity of starting material is unimportant, we
shall designate this quantity by the letter a. Thus, for this
example, the equation and starting conditions are: .

8.

NH4 Cl (s)
NH3 (g) + HCl (g)
Start
a
0
0
For the system to reach equilibrium, some ammonium
chloride must decompose and some ammonia must
form. Let us designate the pressure (in atmospheres) of
ammonia that forms by the letter x. From the
stoichiometry of the reaction, the pressure of hydrogen
chloride that forms is also x. Now we can describe the
equilibrium conditions symbolically while ignoring the
quantity of ammonium chloride:
At equilibrium
x
x
We know that the expression for K includes only the
equilibrium pressures of the two gases:
K= PNH 3PHCl = 6.0 x 10—9 atm2
Expressing the pressures in terms of x gives:
(x) (x) = 6.0 x 10—9 atm2
x= 7.7 x 10—5 atm = PNH 3 = PHCl

NH3(g) +
0
0.3 x 0.06 mol
= 0.018 mol

10.

= 8.1 x 10—5 (mol / L)2
The equilibrium constant Kp is
Kp = KC (RT)∆ng = (8.1x10—5 mol2/L 2) [(0.082 atm L mol—1 K–1)
(300 K)] 2 = 4.90 x 10—2 atm2
(ii) There will not be any effect on the equilibrium by
introducing more of solid NH4HS as the equilibrium
constant is independent of the quantity of solid.
In the preparation of quick lime from limestone, the
reaction is,
CaCO3(g)

CaO(s) + CO2(g)

Experiments carried out between 8500C and 9500C led to
set of Kp values fitting in empirical equation
ln Kp = 7.282 —

8500
where T is absolute temperature. If
T

the reaction is carried out in quiet air, what minimum
temperature would be predicted from this equation for
almost complete decomposition of lime?
Sol. ln Kp = 7.282 —

8500
T

at T = 1123 K
ln Kp = 7.282 — 7.569
ln Kp =— 0.287, ∴ Kp = 0.751
at T = 1223 K
ln Kp = 7.282 — 6.950
ln Kp = 0.332;
∴ Kp = 1.394

2.145
0.751+ 1.394
=
= 1.0725
2
2
Quiet air means, the state when the decomposition of
CaCO3 occurs in a way that the air surrounded to it
becomes saturated with a pressure of CO2 equal to 1
atm (to pushback the air) needed to attain equilibrium.
Thus, when Kp ≥ 1, then reaction is spontaneous in
forward direction or at 9500C, the reaction occurs
predominantely in forward direction. Thus, for minimum
temperature, putting Kp = 1 in given equation
∴ Av. Kp =

Since the value of K is small, the equilibrium pressures of
the two gases are also small.
9.
When 3.06 g of solid NH4HS is introduced into a two—litre
evacuated flask at 270C, 30% of the solid decomposes
into gaseous ammonia and hydrogen sulphide. (i)
Calculate Kc and Kp for the reaction at 270C. (ii) What
would happen to equilibrium when more solid NH4HS is
introduced into the flask?
[JEE 1999]
Sol. The reaction along with the given data is
NH4HS(s)
t=0 3.06g ( =0.06 mol)
t eq 0.7 x 0.06 mol

The equilibrium constant Kc is

H2S(g)
0
0.3 x 0.06 mol
= 0.018 mol

∴ log Kp = 7.282 —

8500
8500
or log 1 = 7.282 —
T
T

∴ T = 1167.26 K or 894.260C
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1.

Write equilibrium expressions for the following reactions:
(a) Si3N4(s) + 4O2(g)

3SiO2(s) + 2N2O(g)

(b) O2(g) + 2H2O(l)
Ans. (a)

pN2 2O
p4O2

= K (b)

2H2O2(aq)

[H2O2 ]2
PO2

7.

=K

2.

Consider the reaction CaCO3 (s)
CaO(s) +
CO2(g)
Will the mass of CaCO3 at equilibrium (i) increase, (ii)
decrease, or (iii) remain the same if (a) CO2 is removed
from the equilibrium system? (b) The pressure is
increased? (c) solid CaO is added?
Ans. (a) decrease, (b) increase, (c) remain the same
3.
The following equation represents a reversible
decomposition
CaCO3(s)
CaO(s) + CO2(g)
under what conditions will decomposition proceed to
completion so that no CaCO3 remains in a closed
container?
Ans. The amount of CaCO3 must be so small that PCO2 is less
4.

than KP when all of the CaCO3 has decomposed.
The hydroxide ion concentration in a sample of river
water is 5 x 10—8M. What is the maximum concentration
of iron (both Fe2+ and Fe3+ ) that can exist in the water if
Kc = 1.64 x 10—14 for the reaction

Ans.
8.

Ans.
9.

Ans.
10.

Fe(OH)2(s)
Fe2+ (aq) + 2OH—(aq) and Kc = 1.1 x
10—36 for the reaction
Fe(OH)2(s)
Fe3+ (aq) + 3OH—(aq
Ans. [Fe2+ ] = 7M. [Fe3+ ] = 9 x 10—15M, 7M
5.
A vessel holds pure CO(g) at a pressure of 1.282 atm
and a temperature of 354 K. A quantity of nickel is added,
and the partial pressure of CO(g) drops to an equilibrium
value of 0.709 atm because of the reaction
Ni(s + 4CO(g)
Ni(CO)4(g)
Compute the equilibrium cosntant for this reaction at
354 K.
Ans. K = 0.567
6.
The binding of oxygen by haemoglobin (Hb), giving
oxyheamoglobin (HbO2), is partially regulated by the
concentration of H3O+ and dissolved CO2 in the blood.
Although the equilibrium, is complicated, it can be
summarized as
HbO2 + H3O+ + CO2
CO2—Hb—H+ + O2 + H2O
(a) Write the equilibrium constant expression for this
reaction.
(b) Explain why the production of lattice acid and CO2
in a muscle during exertion stimulates release of O 2
from the oxyhaemoglobin in the blood passing
through the muscle.
Ans. (a) K = [CO2-Hb-H+] [O2]/ [HbO2] [H3O+] [CO2]

Ans
11.

Ans.
12.

28.5

(b) Lactic acid releases H3O+. This coupled with the
increased concentration of CO2 shifts equilibrium to
the right, releasing O2.
The vapor pressure of mercury is 0.0020 mmHg at 260C.
(a) Calculate K c and K P for the process
Hg(l)
Hg(g). (b) A chemist breaks a thermometer
and spills mercury onto the floor of a laboratory
measuring 6.1 m long, 5.3 m wide and 3.1 m high.
Calculate the mass of mercury (in grams) vaporized at
equilibrium and the concentration of mercury vapor in
mg/m3. Does this concentration exceed the safety limit
of 0.050 mg/m3? (Ignore the volume of furniture and
other objects in the laboratory.)
(a) Kp = 2.6 x 10—6, Kc = 1.1 x 10—7, (b) 2.2 g; 22 mg/m3; yes
What pressure of NH3 is in equilibrium with H2SO4 and
(NH4)2SO4 in the production of ammonium sulfate, which
is used in fertilizer 2NH3(g) + H2SO4 (l) ⇔ (NH4)2SO4(s) if Kp
= 2.23 x 1031 for the reaction at 25OC ? In order to produce
ammonium sulfate, would you change the pressure of
NH3 so that it was larger, equal to, or smaller than this
value?
2.12 x 10—16, larger
An equimolar mixture of CO(g), H 2(g), and H2O(g) at 1000K
is compressed. At what total pressure will solid carbon
start to precipitate out if there is chemical equilibrium?
C(graphite) + H2O(g) ⇔ CO(g) + H2(g) , K = 2.52 atm
7.56 atm
Calculate Kp for the reaction S(s) + 2CO(g) = SO2(g)
+ 2C(s)
At the temperature in question, two atmospheres of
CO are introduced into a vessel containing excess solid
sulfur, and a final equilibrium pressure of 1.03 atm is
observed.
Kp = 270 atm—1
Advantage is taken of the immiscibility of molten zinc
and molten lead in the Parkes process, in which silver is
extracted from lead into zinc. A 105—L sample of molten
lead that contains 0.0306 mol L —1 of dissolved silver is
shaken with 21.0 L of molten zinc. Although the actual
mode of extraction is quite complicated, assume that
the equilibrium concentration of silver in the molten
zinc is 3.0 x 102 times that in the lead. What mass of silver
(in grams) is originally present and how much of it remains
in the lead at equilibrium?
347 g of silver is present; 5.7 g of silver remains in the lead.
Ammonium hydrogen sulfide crystals decompose to give
ammonia gas and hydrogen sulfide gas NH4HS(s) ⇔
NH3(g) + H2S(g)
At 25 OC the sublimation pressure of NH4HS is 501 mm Hg.
This means that if solid NH4HS is placed in an evacuated
vessel, it will evaporate untill the total pressure of the
two gaseous products is 501 mm Hg. (Students are well
advised to get into the habit of translating the wording
of an equilibrium calculation into the details of an actual
experimental situation, as was done in the preceding
sentence.)
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Suppose that extra NH3 gas is now injected into the
vessel until, at equilibrium, the pressure of NH3 is 700 mm
Hg. What is the partial pressure of H2S and what is the
total pressure ?
Ans.: PH2S = 89.8 mm Hg.; Total Pressure = 789.8 mm Hg
13. Solid Ammonium hydrogen carbonate dissociates as:
NH 4HCO3 (s) ⇔ NH3(g) + H2O (g) + CO2(g), Kp = 10—
3atm. In a closed vessel, solid ammonium hydrogen
carbonate is in equilibrium with its dissociation
products. Find the partial pressures of various
components at equilibrium. Also determine the
equilibrium pressure in the vessel. Vapor pressure of
water is 19 torr under these conditions. Assume all
the gaseous phase components as ideal. Is any
assumption required?
Ans. 0.425 atm
14. 4.4 grams of CO2 are introduced into a 1—liter flask
containing excess solid carbon, at 1000OC, so that the
equilibrium CO2 +C(s) = 2CO is reached. The gas density
at equilibrium corresponds to an average molecular
weight of 36.
(a) Calculate the equilibrium pressure and the value
of Kp.
(b) If, now, an additional amount of He (inert) is
introduced until the total pressure is doubled, the
equilibrium amount of CO will be (increased,
decreased, unchanged, insufficient information to
tell). If, instead, the volume of the flask were
doubled, with He introduced to maintain the same
total pressure, the equilibrium amount of CO would
(increase,decrease, be unchanged, insufficient
data to tell).
(c) If in (a) there were actually 1.2 g of C(s) present,
how many moles of CO 2 would have to be
introduced so that at equilibrium only a trace of
carbon remained ?
If the Kpfor the equilibrium doubles with a 10OC increase
in temperature, what is ∆HO for the reaction?

C

ONCEPT

Ans. (a) P= 13.9 atm, Kp = 6.95 atm.; (b) Introducing inert gas
at constant volume will not change the equilibrium partial
pressures and hence will not change the position of
equilibrium. Doing so at constant total pressure, however,
dilutes the mixture, and the equilibrium will shift in the
direction of forming more CO.; (c) The total moles of CO2=
0.702, ∆HO = 22.3kcal.
15. The equilibrium constant for the reaction Fe3O4(s) + CO
⇔ 3FeO(s) + CO2 at 600OC is 1.15.
If a mixture consisting initially of 1 mole of Fe3O4 , 2 moles
of CO, 0.5 moles of FeO, and 0.3 moles of CO2 were
heated to 600OC at a constant total pressure of 5.00
atm, what would be the amount of each substance at
equilibrium ?
Ans. Number of moles of CO2 at equilibrium = 1.23; Number of
moles of CO at equilibrium = 1.07; Number of moles of
Fe3O4 at equilibrium = 0.07; Number of moles of FeO at
equilibrium = 3.29
16. Ferrous sulfate undergoes a thermal decomposition as
follows : 2FeSO4 (s) = Fe2O3(s) + SO2(g) + SO3(g)
At 929 OK the total gas pressure is 0.9 atm with both solids
present.
(a) Calculate Kp for this temperature. (b) Calculate the
equilibrium total pressure that will be obtained if
excess ferrous sulfate is placed in a flask at 929OK,
which contains an initial SO2 pressure of 0.6 atm.
[Ans.:(a) Kp = 0.203 atm2 ;(b) P total= 1.08 atm.]
17. Pure hydrogen sulfide was let into an evacuated flask
with solid FeCI 2. The flask was heated to 392.9 0C, and
after four days equilibrium was assumed to exist. The
flask then contained two solid phases, FeCI 2 and
FeS 1+x(FeS where some of the iron atoms are missing).
The gas phase contained only hydrogen sulfide,
hydrogen chloride, and hydrogen: the partial pressures
were 0.300, 0.803, and 0.0563 atm. Find (a) x, and (b) Kp
(unit?) for the equilibrium in the flask.
Ans: (a) 0.14; (b) 1.70atm

28.6

BUILDING EX E R C I S E

CBE
1.

Two solid compounds A and B dissociate into gaseous
products at 200C as
(i)

A(s)
A'(g) + H2S(g) (ii) B(s)
B'(g) + H2S(g)
0
At 20 C pressure over excess solid A is 50 mm and
that over excess solid B is 68 mm. Find
(i) the dissociation constant of A and B.
(ii) relative number of mole of A' and B' in the vapour
phase over a mixture of the solids A and B.
(iii) Show that the total pressure of gas over the solid
mixture would be 84.4 mm.
Sol. (i)

For dissociation of A( s )A'(g)

A'(g) + H2S (g)

∴ P'A + PH′ 2S = 50
∴ P'A = 25 mm and PH′ 2S = 25 mm(∴1 : 1 ratio)
KP1 = PA' x P'H 2S = 25 x 25 = 625 (mm) 2
Similarly, for B(s)

B'(g) + H2S (g)

∴ KP2 = PB′ x PH′ 2S = 34 x 34 = 1156 (mm) 2
(ii) For mixture showing an equilibrium simultaneously,
A( s )
B( s )
B'(g) + H2S
Pressure after dissociation
(x+y)

A'g + H2S;
x

(x+y)

y

∴ K p1 = x (x+y) and K p2 = y (x+y)

Kp1

x

x

625

∴ K
=
∴
=
y
y 1156
p2
∴V and T are same and thus, ratio of pressure is
ratio of mole, i.e.,

n′A
625
n′B = 1156 = 0.5407
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(iii) ∴

2.

x
625
=
and x (x+y) = 625
y 1156

3.

∴ x = 14.81 mm and y = 27.38 mm
∴ PT = P'A’ + P'B’ + P'H S = x + y + (x + y) =2 (x+y) = 2
2
(14.81 + 27.38)
= 84.38mm
Solid NH4I on rapid heating in a closed vessel at 3570C
develops a constant pressure of 275 mm Hg owing to
partial decomposition of NH4I into NH3 and HI, but the
pressure gradually increases further (when the excess
solid residue remains in the vessel) owing to dissociation
of HI. Calculate the final pressure developed at
equilibrium KP for dissociation of HI is 0.015 at 3570C.

Sol. NH4I

NH3 + HI
P
P
For this equilibrium 2P = 275 ...(i)
P = 137.5
Thus Kp for Eq. (1) = PNH 3 x PHI = 137.5 x 137.5 ...(2)
2HI
1

H2 + I 2
0 0

x
2

(1-x)

KP = KC =

x = 0.2
i.e., degree of dissociation of HI is 0.2. Again since HI
decomposes, reaction(1) proceeds in forward
direction, i.e.,
NH4I
NH3 + HI
(P+A)
(P+A-a)
....(3)
2HI
H2 + I 2
....(4)
(P+A-a)

and NO + NO2
N2O3
In an experiment when NO and NO2 are mixed in the
ratio of 1:2, the final total pressure was 5.05 atm and the
partial pressure of N2O4 was 1.7 atm. Calculate
(a) the equilibrium partial pressure of NO.
(b) KP for NO + NO2
N2O3
Sol. For I equilibrium 2NO2
KP =

PN′ 2O 4
′ 2 )2
(PNO

N2O4

= 6.8

...(1)

′ 2O 4 = 1.7 atm ∴ By Eq. (1); PNO
′ 2 = 0.5 atm
∴ PN
The equilibria are maintained using NO and NO2 int eh
ratio 1:2
For II equilibria NO +
NO2
N2O3
Initial pressures P
2P
0
Pressure at equi. (P-x)
(2P-x-3.4)
x
′ 2O 4
∴ 3.4 atm of NO2 are used for I equilibrium to have PN
= 1.7 atm
At equilibrium
(P-x)
0.5
x

x
2

x2
= (0.015)2
4 (1- x)2

a
2

When NO and NO2 are mixed, the following equilibria
are readily obtained ;
2NO2
N2O4
KP = 6.8 atm-1

a
2

[∴ a= (P +A) x 0.2]

Also KP for final equilibrium eqs. (3) or (1) is
KP = (P+A) (P+A-a) = (P+A) (P+A-0.2) x (P+A)
= 0.8 x (P+A)2 = 137.5 x 137.5
P + A = 153.73
A = 16.22
a = (P+A) x 0.2 = 153.73 x 0.2 = 30.75
Total pressure at equilibrium

H2 I2
HI
NH3
=
+
+ a a
P+A −a
P+A
2 2
= 2P + 2A
= 2 (P+A) =2 x 153.73
= 307.46 atm

′ 2 is same for both the equilibria since both
(∴ PNO
reactions are at equilibrium at a time).
Total pressure at equilibrium (Given 5.05 atm)
′ 2 + PN′ 2O 3 + PN′ 2O 4
P′NO + PNO
= P -x + 0.5 + x + 1.7
∴ 5.05 = P + 2.20
∴ P = 5.0 - 2.20
∴ P = 2.85 atm
∴ 2P-x-3.4 = 0.5
2 x 2.85 -x -3.4 =0.5
∴ x = 5.70 - 3.90
∴ x =1.80 atm
∴ P′NO =2.85 - 1.80 = 1.05 atm
Now KP for NO + NO2
KP =

PN' 2O3

'
'
PNO
× PNO
2

=

N2O3

1.80
= 3.43 atm–1
1.05 × 0.5
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EX E R C I S E - 1
1.

2.

3.

Pure ammonia is placed in a vessel at a temperatue
where its dissociation constant is appreciable. At equilibrium
(A) concentration of ammonia does not change with
pressure
(B) its degree of dissociation, α does not change with
pressure
(C) Kp does not change significantly with pressure
(D) concentration of hdyrogen is less than that of nitrogen
The relationship between equilibrium constants Kp and
Kc for a gaseous reaction is
(A) Kp = Kc.R(T)∆n
(B) Kc=Kp(RT)∆n
∆n
(C) Kp=Kc(RT)
(D) Kp=Kc/RT∆n
For the gaseous reaction, C2H4 + H2

8.

9.

of ∆Go? Ag+ (aq) + 2NH3(aq)

10.

C2H6, the

equilibrium constant has the units
(A) mol2 dm-3
(B) dm3 mol-1
3
-2
(C) dm mol
(D) mol.dm-3

11.

The equilibrium constant for the reaction H 2 + Br 2

5.

2HBr is 67.8 at 3000K. The equilibrium constant for the
dissociation of HBr is
(A) 0.0147
(B) 67.80
(C) 33.9
(D) 8.349
The equilirbium constant (K) for the reaction A + 2B

(C)
6.

(B)

12.

[2C][D]
[A][2B]

(D)

[C] [D]
[A][B]2

Consider the following equilibrium
CH 2 CH 3
H

H
CH 2 CH 2 CH 2
CH 2 CH 3

H

Which of the following best describes the equilibrium
constant K of this intercovnersion?
(A) K<1
(B) K>1
(C) K=1
(D) K cannot be deduced from this information
What is the expression for Kc at 250°C for this reaction?
2NH3(g)
(A) Kc =

14.

N2(g) + 3H2(g)

Kp

(RT )

2

(C) Kc = Kp (RT)2

(B) Kc =

Kp
RT

(D) Kc=KpRT

15.

(1/2)N 2O4(g)

(A) 327
(B) 164
(C) 12.8
(D) 3.05 x 10—3
(1/2)N 2(g) + (3/2) H2(g)→ NH3(g)
For this reaction at 25°C, ∆G0f is —16.5 kJ mol—1. What is
the equilibrium constant Keq for this reaction at this
temperature?
(A) 1.08
(B) 7.80 x 102
6
(C) 4.57 X 10
(D) 2.98 x 1034
This reaction occurs readily above 500°C. 2HgO(s) →
2Hg(l) + O2(g)
What is the equilibrium constant for this reaction?
(A) K” [Hg] 2[O2]/[HgO] 2
(B) K” [Hg][O2]/[HgO]
(C) K” [Hg] 2[O2]
(D) K” [O2]
Consider this equilibrium, for which HgO(s) + 4I—(aq) +
H2O(l)

H

CH 3 CH 2 CH 3

7.

13.

2

[C][D]
[A][B]

(A) —41.2
(B) —17.9
(C) +17.9
(D) +41.2
Phosphorus reacts with chlorine as shown
P4(s) + 6 Cl 2 (g) → 4PCl 3(g). What is the equilibrium
constant expression, Kp for this reaction?
(A) 4PPCI 3/6PPCl 3 PCI 2
(B) 4PPCl 3/6PCI 2
(C) PPCI /PP4 P6Cl 2
(D) p4PCI /p6C12
3
3
The equilibrium constant for the reaction N2 O4(g)
value of K for this reaction: NO2(g)

2C + D is

[C]2[D]
[ A][2B]

Ag(NH3)2+ (aq)

2NO2(g) is 6.10 X 10—3 at 25°C. Calculate the

4.

(A)

For the chemical reaction 3X(g) + Y(g) ↔ X3Y(g the
amount of X3Y at equilibrium is affected by
(A) temperature and pressure
(B) temperature only
(C) pressure only
(D) temperature, pressure and catalyst.
For this reaction, k =1.7 X 107 at 25°C. What is the value

HgI42—(aq) + 2OH—(aq)

Which changes will increase the equilibrium
concentration of HgI42—
I.
Increasing the mass of HgO(s) present
II. Increasing [I—]
III. Adding 1 M HCI
(A) I only
(B) II only
(C) II and III only
(D) I, II, and III
The free energy of formation of NO is 78 kJ mol—1 at the
temperature of an automobile engine (1000 K). What is
the equilibrium constant for this reaction at 1000 K?
(1/2) N2(g) + (1/2) O2(g) → NO(g)
(A) 8.4 x 10—5
(B) 7.1 x 10—9
—10
(C) 4.2 x 10
(D) 1.7 x 10—19
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For the reaction N 2(g) + O 2(g) → 2NO(g), the equilibrium
constant is K1. The equilibrium constant is K2 for the
reaction 2NO(g) + O2(g) →2NO2(g), What is K for this
reaction?
NO2(g) →(1/2) N2(g) + O2(g)
(A) 1/(K1K2)
(B) 1/(K1K2)½
2
(C) 1/(K1K2)
(D) [1/(2K1K2)]
This equation represents the decomposition of methanol
CH3OH(g) → CO(g) + 2H2(g)
The K for this reaction equals 1.26 x 10—3
At equilibrium, a 1.0 L steel tank is found to contain 0.25
mol of CH 3OH and 0.060 mol CO. How many moles of HI
are in the tank?
(A) 0.00030 mol
(B) 0.0053 mol
(C) 0.017 mol
(D) 0.072 mol
If the equilibrium constant for a reaction is very small
(for example 1 x 10—20), what would the value of ∆G be
expected to be?
(A) a small positive number
(B) a large positive number
(C) a small negative number
(D) a large negative number
2SO2(g) + O2(g)

20.

2NO2(g)

21.

(B) H2(g) + I 2(g)

(D) 3O2(g)
23.

2HI(g)
4NO(g) + 6H2O(l)

2O3(g)

Reaction

K

1/2 N2(g) + O2(g)
2NO2(g)

NO2(g)

N2O4(g)

K1
K2

Given these reactions and their equilibrium constants,
write an expression for K for this reaction.
N2O4(g)

N2(g) + 2O2(g)

(A) K1K2
(C) 1/[K1(K2)2]
24.

(B) (K2)2K1
(D) 1/[K12K2]

Consider this reaction 2SO2(g) + O2(g)

2SO3(g)

The equilibrium constant may be stated in terms of K c or
Kp. How are they related for this reaction?
(A) Kp=Kc
(B) Kp = Kc(RT)
(C) Kp=Kc(RT)2
(D) Kp=Kc(RT)—1
25.

26.

N2O4(g)

(A) The reaction is exothermic and N2O4 is darker in
color than NO2
(B) The reaction is exothermic and NO2 is darker in color
than N2O4
(C) The reaction is endothermic and NO2 is darker in
color than N2O4
(D) The reaction is endothermic and N2O4 is darker in
color than NO2
For an exothermic reaction in which 2 mol of gaseous
reactants are converted to 3 mol of gaseous products,
which will lower the forward reaction rate?
(A) decreasing the volume
(B) decreasing the temperature
(C) removing some of the products
(D) adding a catalyst

CO(g) + H2(g)

(C) 4NH3(g) + 5O2(g)

SO2(g) + 1/2 O2(g)

(A) 1.3 x 10—5
(B) 1.8 x 10—3
—3
(C) 3.6 x 10
(D) 6.0 x 10—2
When a sample of NO2 is placed in a container, this
equilibrium is rapidly established. If this equilibrium
mixture is a darker color at high temperatures and at
low pressures, which of these statements about the
reaction is true?

In which reaction will an increase in the volume of the
container favor the formation of products?
(A) C(s) + H2O(g)

2SO3(g)

Given that the equilibrium constant for the reaction
above has a value of 278 at a particular temperature,
what is the value of the equilibrium constant for the
following reaction at the same temperature?
SO3(g)

22.

The reaction N2(g) + 3H2(g)
2NH3(g) is exothermic
Which of the following options ((A), (B), (C), (D), or (e)
correctly states the changes in the equilibrium yield of
ammonia (NH3) when the reaction conditions are altered
as indicated.
An increase in
An increase in
Use of a
temperature
pressure
catalyst
(A) more NH3
less NH3
no change
(B) less NH3
more NH3
no change
(C) more NH3
less NH3
more NH3
(D) less NH3
more NH3
less NH3
For a certain temperature the chemical reaction
represented by the following equation has an equilibrium
constant of 4.
CO(g) + H2O(g)

27.

CO2(g) + H2(g)

A mixture initially containing one mole of each of carbon
monoxide and steam is allowed to reach equilibrium.
How many moles of carbon monoxide are now present?
(A) 1/4
(B) 1/3
(C) 1/2
(D) 2/3
In the reaction below which has reached equilibrium,
which of the following would cause precipitation of
more silver?
Ag+ (aq) + Fe2+ (aq)
(A)
(B)
(C)
(D)

Ag(s) + Fe3+ (aq) ∆H < 0

Warming
Removing some of the solid silver
Increasing the concentration of Fe2+ ions
Increasing the concentration of Fe3+ ions.
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28.

29.

30.

31.

Cu2+

Fe2+

ions react with
ions according to the following
reaction. Cu2+ + 2Fe 2+ → Cu + 2Fe3+
At equilibrium, the concentration of Cu2+ ions is not
changed by the addition of
(A) Cu2+
(B) Fe2+
(C) Cu
(D) Fe3+
Consider this reaction : SO2 (g) + NO2 (g)
SO3 (g)
+ NO (g) ; Kc = 33
(the concentration equilibrium constant)
If 0.1 mol of each SO2 and NO2 are placed in a 1.0 L
container, what is the concentration of SO2 at
equilibrium?
(A) 0.0030 M
(B) 0.015 M
(C) 0.055 M
(D) 0.085 M
Carbon monoxide reacts with water vapour in a
balanced equation.
CO(g) + H2O (g)
CO2 (g) + H2 (g) ; ∆Ho=—41.13 kJ
Under what conditions could we get a maximum yield
of products?
(A) at low temperature
(B) at high temperature
(C) at low temperature and low pressure
(D) at high temperature and high pressure
Consider the following euilibrium in a closed container :
N2O4 (g)
2NO2(g) at a fixed temperature, the volume
of the reaction container is halved. For this change which of
the following statements holds trueregarding the equilibrium constant (Kp) and degree of dissociation ( α )?
(A) neither Kp nor α changes
(B) both Kp and α change

35.

36.

37.

38.

32.

33.

For the reaction CO(g) + H2O (g)

34.

(g) at a given temperature the equilibrium amount of
CO2 (g) can be increased by
(A) adding a suitable catalyst
(B) adding an inert gas
(C) decreasing the volume of the container
(D) increasing the amount CO (g)
The oxidation of SO2 by O2 to SO3 is an exothermic
reaction. The yield of SO3 will be maximum if
(A) temperature is increased and pressure is kept
constant
(B) temperature is reduced and pressure is increased
(C) both temperature and pressure are increased
(D) both temperature and pressure are reduced

contains 0.120 mol of NO2, 0.080 mol of NO, and 0.640
mol of O2 in a 4.00-L bulb at a temperature, T. What is
the value of Kc for this reaction at this temperature ?
(A) 88
(B) 14
(C) 9.4
(D) 3.5
For the reaction CaCO3(s)
CaO(s) + CO2(g), the
pressure of CO2(g) depends on
(A) the mass of CaCO3(s)
(B) the mass of CaO(s)
(C) the masses of both CaCO3(s) and CaO(s)
(D) temperature of the system
Given the following reaction at equilibrium N2 (g) +
3H2 (g)
2NH3 (g). Some inert gas is added at
constant volume. Predict which of the following facts
will be affected ?
(A) More of NH3(g) is produced
(B) Less of NH3(g) is produced
(C) No affect on the degree of advancement of the
reaction at equilibrium
(D) Kp of the reaction is increased
Predict which of the following facts for the equilibrium
reaction 2NH3(g)
N2(g) + 3H2(g) holds good ?
(A) Kp of the reaction is changed with increase in
pressure of the system
(B) Kp of the reaction remains unaffected with increase
in pressure of the system
(C) More of NH 3(g) is decreased with increase in
pressure
(D) Less of H2(g) is formed as compared to N2(g)

(C) Kp changes but α does not change
(D) Kp does not change but α changes
At constant temperature, the equilibrium constant (Kp)
for the decomposition reaction N2 O4 →2NO2 is expressed by Kp= (4x2p)/(1–x2), where P = pressure, x = extent of decomposition. Which one of the following statements is true ?
(A) Kp increases with increase of P.
(B) Kp increases with increase of x.
(C) Kp increases with decrease of x.
(D) Kp remains constant with change of P and x.

An equilibrium mixture of the reaction
2NO(g) + O2(g)
2NO2(g)

39.

40.

CO2 (g) + H2

41.

For the reaction 2HI(g)
H2(g) + I 2(g), which of the
following facts holds good ?
(A) Kp = Kc
(B) Kp > Kc
(C) Kp < Kc
(D) Kp and Kc cannot be correlated unless pressure of
the system is given
For the reaction 4NO 2(g) + O2 (g)
2N 2O5(g),
which of the following facts holds good ?
(A) Kp = K c
(B) Kp > K c
(C) Kp < K c
(D) Kp and K c cannot be correlated unless pressure
of the system is provided
For the reaction N 2O4(g)
2NO2(g), the relation
connecting the degree of dissociation ( Α)of N2O4(g)
with the equilibrium constant Kp i s

Kp / p

(A) α = 4 + K / p
p


K /p

1/ 2



p
(C) α =  4 + K / p 
p



Kp

(B) α = 4 + K
p


K

1/ 2



p
(D) α =  4 + K 
p
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43.

44.

45.
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Solids CaCO3 and CaO and gaseous CO2 are placed
in a vessel and allowed to reach equilibrium CaO(s)
+ CO 2(g)
CaCO 3(s) ∆H = – 180 kJ mol –1
The quantity of CaO in the vessel could be increased
by
(A) adding more of CaCO3
(B) removing some of CO2
(C) lowering the temperature
(D) reducing the volume of the vessel
The concentration of a pure solid or liquid phase is
not included in the expression of equilibrium
constant because
(A) s o l i d a n d l i q u i d c o n c e n t r a t i o n s a r e
independent of their quantities
(B) solids and liquids react slowly
(C) solids and liquids at equilibrium do not interact
with gaseous phase
(D) the molecules of solids and liquids connot
migrate to the gaseous phase
In the system AB(s)
A(g) + B(g), doubling the
quantity of AB(s) would
(A) increase the amount of A to double its value
(B) increase the amount of B to double its value
(C) increase the amounts of both A and B to double
their values
(D) cause no change in the amounts of A and B
In a system A(s)
2B(g) + 3C(g) of the
concentration of C at equilibrium is increased by a
factor of 2, it will cause the equilibrium
concentration of B to change to
(A) two times the original value
(B) one half of its original value

49.

(C) 2 2 times its original value

54.

50.

51.

52.

53.

(D) 1/ 2 2 times the original value
46.

For an equilibrium reaction A(g ) + B(g)
C(g)
+ D(g), ∆H = – ve. An increase in temperature would
cause
(A) an increase in the value of Keq
(B) a decrease in the value of Keq
(C) no change in the value of Keq
(D) a change in K eq which cannot be qualitatively

55.

predicted

47.

48.

For the reaction N2( g ) + 3 H2(g)
2NH 3(g),
∆H = – 93.6 kJ mol –1 . The concentration of H2 at
equilibrium will increase if
(A) the temperature is lowered
(B) the volume of the system is decreased
(C) N2 is added at constant volume
(D) NH3 is added
For the reaction N2( g ) + 3 H2(g)
2NH 3(g),
∆H = – 93.6 kJ mol–1. The amount (i.e. number of mole) of
H2 at equilibrium will increase if
(A) volume is increased
(B) volume is decreased
(C) O2 is added at constant volume
(D) NH3 is removed

56.

57.

The equilibrium constant K c of the reaction A2(g) + B 2(g)
2AB(g) is 50. If 1 mol of A2 and 2 mol of B2 are
mixed, the amount AB at equilibrium would be
(A) 0.467 mol
(B) 0.934 mol
(C) 1.401 mol
(D) 1.866 mol
For the reaction A(g) + 2B(g)
2C(g), one mole of
A and 1.5 mol of B are taken in a 2.0-L vessel. At
equilibrium, the concentration of C was found to be
0.35 M. The equilibrium constant Kc of the reaction
would be
(A) 0.295 M–1
(B) 0.673 M–1
–1
(C) 1.178 M
(D) 2.36 M–1
If 0.2 mol of H2(g) and 2.0 mol of S(s) are mixed in a 1.0 L
vessel at 90 0C, the partial pressure of H2S(s) formed
according to the reaction H2(g) + S(s)
H2S(g),
Kp = 6.8 × 10–2, would be
(A) 0.19 atm
(B) 0.38 atm
(C) 0.6 atm
(D) 6.8 × 10–2 atm/(0.2 × 2)
The equilibrium constnat Kc for the reaction SO2(g) +
NO2(g)
SO3(g) + NO(g) is 16. If 1 mol of each of all
the four gases is taken in 1 dm3 vessel, the equilibrium
concentration of NO would be
(A) 0.4 M
(B) 0.6 M
(C) 1.4 M
(D) 1.6 M
For the reaction 2NO(g) + Cl 2(g)
2NOCl(g) a
reaction mixture containing NO(g) and Cl 2(g) at partial
pressures of 0.373 atm and 0.310 atm, respectively, is
taken. The total pressure of the system at equilibrium
was found to be 0.544 atm. The value of Kp for the
reaction 2NOCl(g)
2NO(g) + Cl 2(g) would be
(A) 1.838 atm
(B) 0.544 atm
(C) 0.04 atm
(D) 0.016 atm
For the decomposition reaction NH2COONH4(s)
2NH3(g) + CO2(g), the Kp = 2.9 × 10–5 atm3. The total
pressure of gases at equilibrium when 1.0 mol of
NH2COONH4(s) was taken to start with would be
(A) 0.0194 atm
(B) 0.0388 atm
(C) 0.0582 atm
(D) 0.0766 atm
One mole of N 2O4 (g) at 300 K is kept in a closed
container under one atmosphere. It is heated to 600 K
when 20% by mass of N2O4(g) decomposes to NO2(g).
The resultant pressure is
(A) 1.2 atm
(B) 2.4 atm
(C) 2.0 atm
(D) 1.0 atm
For the chemical reaction 3X(g) + Y(g)
X3Y(g),
the amount of X3Y at equilibrium is affected by
(A) temperature and pressure
(B) temperature only
(C) pressure only
(D) temperature, pressure and catalyst
When two reactants, A and B are mixed to give products
C and D, the reaction quotient Q, at the initial stages of
the reaction
(A) is zero
(B) decreases with time
(C) is independent of time
(D) increases with time
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58.

59.

60.

61.

62.

63.

At equilibrium, if Kp = 1, then :
(A) ∆G0 = 0
(B) ∆G0 > 1
0
(C) ∆G < 1
(D) None
A chemical reaction A
B is said to be at
equilibrium when:
(A) Complete conversion of A to B has taken place
(B) Conversion of A to B is only 50% complete
(C) Only10% conversion of A to B has taken place
(D) The rate of transformation of A to B is just equal to
the rate of transformation of B to A in the system.
An aqueous solution of hydrogen sulphide shows the
equilibrium, H2S
H+ + HS –
If dilute hydrochloric acid is added to an aqueous
solution of hydrogen sulphide without any change in
temperature, then:
(A) The equilibrium constant will change
(B) The concentration of HS – will increase
(C) The concentration of undissociated hydrogen
sulphide will decrease
(D) The concentration of HS – will decrease
On applying pressure to the equilibrium, ice
water
Which phenomenon will happen:
(A) More ice will be formed
(B) More water will be formed
(C) Equilibrium will not be disturbed
(D) Water will evaporate
The vapour density of completely dissociated NH4Cl
would be :
(A) Slightly less than half of that of ammonium chloride
(B) Half of that of ammonium chloride
(C) Double that of ammonium chloride
(D) Determined by the amount of solid ammonium
chloride used in the experiment
Which oxide of nitrogen is the most stable :
N2(g) + 2O2(g); K = 6.7 × 1016 mol

(A) 2NO2(g)
litre –1
(B) 2NO(g)
litre –1
(C) 2N2O5(g)
litre –5

64.

N2(g) + O2(g);

1
2

N2 +

2

O2

67.

68.

Then:
(A) K2 = K1

(B) K2 = k 1

(C) K1 = 2K2

(D) K2 = 1/2K2

(A) The reaction is retarded by the addition of KOH
(B) The reaction is favoured by the addition of NH4OH
(C) The reaction is retarded by the addition of hydrogen
ion
(D) None
van’t Hoff’s equation giving the effect of temperature
on chemical equilibrium is represented as :

(C)
69.

70.

71.

.................... (i)

NO ................... (ii)

Pure ammonia is placed in a vessel at a temperature
where its degree of dissociation ( Α)is appreciable. At
equilibrium :
(A) Kp does not change with pressure
(B) α does not change with pressure
(C) [NH3] does not change with pressure
(D) [H2]<[N2]
The most favourable conditions of temperature and
pressure for the oxidation of SO2 into SO3 are :
(A) Low temperature and high pressure
(B) Low temperature and low pressure
(C) High temperature and high pressure
(D) High temperature and low pressure
Indicate the correct answer out of the following for the
reaction, NH4Cl + H2O
NH4OH + HCl

(A)

2N2(g) + 5O2(g); K = 1.2 ×1034 mol–5

2NO
1

66.

K = 2.2 × 1030 mol

(D) 2N2O(g)
2N2(g) + O2(g); K = 3.5 × 1033 mol
–1
litre
If K1 and K2 are equilibrium constants for reactions (I)
and (II) respectively for,
N2 + O2

65.

72.

d ln F ∆H
=
dT RT 2
d ln K p
dT

=

∆H
RT 2

(B)

(D)

d ln K p
dT
d ln K p
dT

=

∆HT 2
R

=

RT 2
∆H

Hydrogen and oxygen were heated together in a closed
vessel. The equilibrium constant is found to decrease
after 20000C. Which is responsible for this
(A) Backward reaction predominates
(B) Forward reaction predominates
(C) Both forward and backward reaction have same
rate
(D) exothermicity of forward reaction
When NaNO3 is heated in a closed vessel, oxygen is
liberated and NaNO2 is left behind. At equilibrium:
(A) Addition of NaNO2 favours reverse reaction
(B) Addition of NaNO2 favours forward reaction
(C) Increasing temperature favours forward reaction
(D) Decreasing pressure favours reverse reaction
In lime kiln, the reversible reaction, CaCO3(g)
CaO(g) + CO2(g)
proceeds to completion because :
(A) Of high temperature
(B) CO2 escapes out
(C) CaO is removed
(D) Of low temperature
For the reaction
CuSO4.5H2O(s)
CuSO4.3H2O(s) + 2H2O(g)
which one is correct representation
(A) Kp = (pH O)2
(B) Kc = [H2O] 2
2
2
(C) Kp = Kc[RT]
(D) All
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The equilibrium constants for the reactions are :
H3PO4

H+ + H 2PO–4 ;

81.

K1

H 2PO–4

H+ + HPO 24– ;

K2

HPO 24–

H+ + PO 34 – ;

K3

82.

The equilibrium constant for
H3PO4

74.

75.

76.

77.

78.

(B) Temperature and volume
(C) pressure and volume
(D) At equilibrium, and P.V. and T are constant anyway.
In Kp = Kc[RT] ∆n, ∆n may have :
(A) + ve values
(B) – ve values
(C) Integer or fractional values
(D) Either of these
In which of the following cases, does the reaction go
farthest to completion :
(A) K = 103
(B) K = 10–2
(C) K = 10
(D) K = 1
When a bottle of cold drink is opened, the gas comes
out with a fizzle due to :
(A) Decrease in pressure suddenly which results in a
decrease in solubility of CO2 gas in water
(B) Decrease in temperature
(C) Increase in pressure
(D) None
If 1.0 mole of I 2 is introduced into 1.0 litre flask at 1000 K,
at equilibrium (Kc = 10–6), which one is correct:
(A) [I2(g)]>[I(g)]
(B) [I2(g)]<[I(g)]

(B) 2HI

2NO2

85.

86.

87.

88.

H2 + I 2

(C) 2SO2 + O2
(D) N2 + O2
80.

84.

(D) [I2(g)]= 2 [I(g)]

For which reaction, Kp is less than Kc :
(A) N2O4

83.

1

(C) [I2(g)]=[I(g)]
79.

(A)
(B)
(C)
(D)

3H+ + PO 34 – will be :

(A) K1/K2 K3
(B) K1 × K2 × K3
(C) K2/K1 K3
(D) K1 + K2 + K3
For a system in equilibrium, ∆G = 0 under conditions of
constant
(A) Temperature and pressure

2SO3
2NO

Le Chatelier’s principle is not applicable to :
(A) Fe(s) + S(s)

FeS(s)

(B) H2(g) + I 2(g)

2HI(g)

(C) N2(g) + 3H2(g)
(D) N2(g) + O2(g)

2NH3(g)
2NO(g)

Which one is reversible process :
(A) Melting of ice at 100C
(B) Mixing of two gases by diffusion
(C) Evaporation of water at 1000C and 1 atm pressure
(D) None
Densities of diamond and graphite are 3.5 and 2.3 g/mL
respectively. Increase of pressure on the equilibrium
C(diamond)
C(graphite) :

89.

Favours backward reaction
Favours forward reaction
Have no effect
Increases the reaction rate

For the reaction, N2 + 3H2
2NH3 in a vessel,after
the addition of equal number of mole of N2 and H2 .
equilibrium state is formed. Which of the following is
correct :
(A) [H2] = [N2]
(B) [H2] < [N2]
(C) [H2] > [N2]
(D) [H2] > [NH3]
For the reactions :
A
B
:
Kc = 2
B

C

:

Kc = 4

C

D

:

Kc = 6

Kc for the reaction A
D is :
(A) (2 + 4 + 6)
(B) (2 × 4)/6
(C) (4 × 6)/2
(D) 2 × 4 × 6
If pressure is applied to the equilibrium of solid
liquid. The melting point of the solid :
(A) Will not change
(B) May increase or decrease depending upon its
nature
(C) Will always increase
(D) Will always decrease
Solubility of a gas in liquid increases on :
(A) Addition of catalyst
(B) Increasing the pressure
(C) Decreasing the pressure
(D) Increasing temperature
2 mole of PCl 5 were heated in a closed vessel of 2 litre
capacity. At equilibrium 40% of PCl 5 dissociated into
PCl 3 and Cl 2. The value of the equilibrium constant is :
(A) 0.267
(B) 0.53
(C) 2.63
(D) 5.3
If in the reaction N2 O4
2NO2. α is degree of
dissociation of N2O4 then the number of molecules at
equilibrium will be :
(A) 3
(B) 1
(C) (1 – α)2
(D) (1 + α)
Kc for A + B
C +D , is 10 at 250C. If a container
contains 1, 2, 3, 4 mol per litre of A, B, C and D respectively
at 250C, the reaction shall :
(A) Proceed from left to right
(B) Proceed from right to left
(C) Be at equilibrium
(D) None

859

Chemical Equilibrium
90.

4400C

HI was heated in a sealed tube at
till the equilibrium
was reached. HI was found to be 22% decomposed. the
equilibrium constant for dissociation is :

(A) 0.282
(C) 0.0199
91.

In the system, CaF2(s)

(B) 0.0796
(D) 1.99
Ca2+ + 2F–,

increasing the concentration of Ca2+ ions 4 times will cause
the equilibrium concentration of F– ions to change to :

92.

93.

94.

95.

(A) 1/4 of the initial value
(B) 1/2 of the initial value
(C) 2 times of the initial value
(D) None
For a reversible reaction, the rate constant for the
forward reaction is 2.38 × 10–4 and for the backward
reaction is 8.15 × 10–5. The Kc for the reaction is :
(A) 0.342
(B) 2.92
(C) 0.292
(D) 3.42
28 g N2 and 6 g H2 were mixed. At equilibrium 17 g NH3
was formed. The weights of N2 and H2 of equilibrium are
respectively :
(A) 11 g, zero
(B) 1 g, 3 g
(C) 14 g, 3 g
(D) 11 g, 3 g
For the reaction, N2 + 3H2
2NH3 at 5000C, the value
–5
of Kp is 1.44 × 10 . What will be the value of Kp at low
pressure where the gases are behaving almost ideally:
(A) 1.44 × 10–5
(B) (0.082 × 773)2 × 1.44 × 10 –5
(C) 1.44 × 10–5 × (0.082 × 500)2
(D) 1.44 × 10–5 × (0.082 × 773)3
When CO2 dissolves in water, the following equilibrium
is established,
CO 2 + 2 H 2 O

H 3 O+ + HCO3– , for which the

equilibrium constant is 3.8 × 10–7 and pH = 6.0. The ratio
of [ HCO3– ]/[CO2] is :

96.

97.

98.

99.

(A) 3.8 × 10–18
(B) 3.8
(C) 0.38
(D) 13.8
If ∆G 0 for the reaction given below is 1.7 kJ ; the
equilibrium constant of the reaction,
2HI(g)
H2(g) + I 2(g) at 250C is
(A) 24.0
(B) 3.9
(C) 2.0
(D) 0.5
The equilibrium constant for a reaction is 1 × 1020 at 300
K. the standard free energy change for this reaction is :
(A) – 115 kJ
(B) + 115 kJ
(C) + 166 kJ
(D) – 166 kJ
The equilibrium constants for the reaction, Br2
2Br
at 500 K and 700 K are 1 × 10–10 and 1 × 10–5 respectively.
The reaction is
(A) Endothermic
(B) Exothermic
(C) Fast
(D) Slow
If the pressure of N2/H2 mixture in a closed apparatus is
100 atm and 20% of the mixture then reacts the pressure
at the same temperature would be :
(A) 100
(B) 90
(C) 85
(D) 80

100. If 340 g of a mixture of N2 and H2 in the correct ratio
gave a 20% yield of NH3. the mass produced would be :
(A) 16 g
(B) 17 g
(C) 20 g
(D) 68 g
101. The equilibrium constant of a reaction is 20.0. At
equilibrium, the rate constant of forward reaction is 10.0.
The rate constant for backward reaction is :
(A) 0.5
(B) 2.0
(C) 10.0
(D) 200.0
102. In an aqueous solution of volume 500 mL, when the
reaction of 2Ag + + Cu
Cu2+ + 2Ag reached
2+
equilibrium the [Cu ] was xM. When 500 mL of water is
further added at the equilibrium [Cu2+ ] will be:
(A) 2xM
(B) xM
(C) Between xM and x/2 M
(D) Less than x/2 M.
103. At temperature, T, a compound AB2(g) dissociates
according to the reaction 2AB2(g)
2AB(g) + B 2(g)
with a degree of dissociation x, which is small compared
with unity. The expression for Kp, in terms of x and the
total pressure, P is
(A)

Px 3
2

(B)

Px2
3

(C)

Px3
3

(D)

Px 2
2

104. Kc for the reaction :
[Ag(CN)2] –
Ag+ + 2CN –, the equilibrium constant
0
–19
at 25 C is 4.0 × 10 then the silver ion concentration in
a solution which was originally 0.1 molar in KCN and 0.03
molar in AgNO3 is
(A) 7.5 × 1018
(B) 7.5 × 10–18
19
(C) 7.5 × 10
(D) 7.5 × 10–19
105. For which of the following reactions are the numerical
values of Kp and Kc the same ?
(A) 2NOCl(g)
2NO(g) + Cl 2(g)
(B) N2 + 3H2(g)
2NH3(g)
(C) H2(g) + Cl 2(g)
2HCl(g)
(D) H2(g) + I 2(s)
2HI(g)
106. If the system CaCO3(s)
CaO(s) + CO2(g) is at
equilibrium at constant temperature, and the number
of moles of CaO in the vessel is doubled.
(A) The reaction quotient, Q, is doubled.
(B) The reaction quotient, Q is halved.
(C) The number of moles of CO2 present at equilibrium
is halved.
(D) The partial pressure of CO2 in the vessel remains
unchanged.
107. At a given temperature the equilibrium constant for
the reaction PCl 5(g)
PCl 3(g) + Cl 2(g) is 2.4 × 10–3
What is the equilibrium constant for the reaction
PCl 3(g) + Cl 2(g)
PCl 5(g)
at the same temperature ?
(A) 2.4 × 10–3
(B) – 2.4 × 10–3
–2
(C) 4.16 × 10
(D) 4.16 × 102
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108. Which of the following statements about the reaction
quotient ‘Q’ is FALSE ?
(A) The reaction quotient ‘Q’ and the equilibrium
constant, Keq, always have the same numerical
value.
(B) The reaction quotient may sometimes be zero.
(C) The reaction may be larger than the equilibrium
constant.
(D) Thr reaction quotient may be smaller than the
equilibrium constant.
109. At constant temperature, for which of the following
systems at equilibrium will doubling the volume cause a
shift to the right ?
(A) H2(g) + Cl 2(g)

2HCl(g)

(B) 2CO(g) + O2(g)
(C) N2(g) + 3H2(g)
(D) PCl 5(g)

2CO2(g)
2NH3(g)

PCl 3(g)+ Cl 2 (g)

(E) none
110. For the system NH4Cl(s)
NH3(g) + HCl(g), if the
concentration of NH 3 is doubled, the equilibrium
constant will
(A) double
(B) increase, but by less than a factor of 2
(C) be halved
(D) remain the same
111. If the pressure of an equilibrium mixture of the three
gases NO, Cl 2, and NOCl,
2NO(g) + Cl 2(g)

2NOCl(g)

is suddenly decreased by doubling the volume of the
container at constant temperature, when the system
returns to equilibrium
(A) The concentration of NOCl will have increased.
(B) the value of the equilibrium constant Kc will have
increased
(C) The number of moles of Cl 2 will have increased.
(D) The number of moles of NOCl will have increased.

112. For which of the following systems at equilibrium at
constant temperature will decreasing the volume
cause no shift ?
(A) H2(g) + CO2(g)
H2O + CO(g)
(B) 2NO(g) + O2(g)
(C) 2NO2(g)
(D) SO3(g)

2NO2(g)
N2O4(g)

SO2(g) +

1
2

O2(g)

113. The decomposition of phosgene . COCl 2(g)
CO(g)
+ Cl 2(g), is an endothermic process. Which of the
following factors will cause the value of the equilibrium
constant to increase?
(A) adding Cl 2
(B) adding He(g)
(C) increasing the temperature
(D) decreasing the total pressure
114. At a given temperature, Kc for the reaction H2(g) +
CO2(g)
H2O(g) + CO(g)
is 3.24. If 0.800 mol of both H2(g) and CO2(g) are placed
in a 1.00-L container at this temperature, when the
system comes to equilibrium the concentration of CO(g)
will be
(A) 1.60 M
(B) 0.800 M
(C) 0.611 M
(D) 0.514 M
115. For a reaction of the type A(s) + 2B(g)
2C(g), an
equilibrium mixture consists of 3.0 mol of A, 0.80 mol of B,
and 0.40 mol of C, in a 2.00-L flask. What is the value of
Kc for this reaction ?
(A) 5.0 × 10–1
(B) 3.3 × 10–1
–1
(C) 2.5 × 10
(D) 1.7 × 10–1
116. For the reaction 2A ( g )+ 2B ( g ) → 3C( g ) at a certain
temperature, K is 2.5 X 10—2. For which conditions will the
reaction proceed to the right at the same
temperature?
[A], M
[B],M
[C], M
(A) 0.0
0.10 0.10
(B) 1.0
1.0 1.0
(C) 1.0
0.10 0.10
(D) 1.0
1.0 0.10
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EX E R C I S E - 2
Choose the correct alternative(s). One or more than one answers may be correct. All the correct choices and
TYPE-A : no wrong choices must be chosen.
1.

Yield of NH3 in Haber’s process :

N 2(g ) + 3H 2(g )

2.

3.

2 NH3(g ) , ∆H = –22 kcal ; can be

increased by
(A) compressing the reaction system
(B) raising the temperature
(C) decreasing the temperature
(D) using the catalyst to lower down the activation
energy
Which of the following statements is/are correct
regarding the solubility of a non-reacting gas into a fixed
amount of water :
(A) The dissolution of gas results in the decrease of
temperature.
(B) The solubility is favoured by high pressure and low
temperature.
(C) The volume of gas dissolved at a fixed temperature
and measured at the equilibrium pressure remains
constant.
(D) The amount dissolved increases exponentially with
the pressure of the gas.
The volume of the reaction flask is reduced to half of its
initial value, temperature being constant. In which of
the following cases the position of the equilibrium would
shift?

COCl 2(g)

8.

CO(g) + Cl 2(g)

is an endothermic process. Which of the following
factors will increase the degree of dissociation of
COCl 2?
(A) Adding Cl 2 to the system
(B) Adding helium to the system
(C) Decreasing the temperature of the system
(D) Reducing the total pressure
The equilibrium of which of the following reactions will
not be disturbed by the addition of an inert gas at
constant volume?
(A) H2(g) + I 2(g)

2HI(g)

NH3(g ) + H 2S (s )

(B) N2O4(g)

(B)

2 NO(g) + Cl2 (g )

(C) CO(g) + 2H2(g)

2NOCl(g )

(D) I 2( g )

CO 2(g ) + H2 (g )

(D) C(s) + H2O(g)
9.

2I (g )

KNO3(s) dissociates on heating as :

KNO 3(s)

5.

7.

The equilibrium :
SO2Cl 2(g)
SO2(g) + Cl 2(g)
is attained at 25ºC in a closed container and an inert
gas, helium is introduced. Which of the following
statements are correct?
(A) Concentration of SO 2 , Cl 2 and SO 2 Cl 2 do not
change
(B) More chlorine is formed
(C) Concentration of SO2 is reduced
(D) More SO2Cl 2 is formed.
The dissociation of phosgene, which occurs according
to the reaction :

(A) NH4 HS( s)

(C) CO (g ) + H2 O (g )

4.

6.

1
KNO 2 ( s) + O 2 ( g )
2

At equilibrium in a closed container
(A) addition of NaNO3(s) favours forward reaction
(B) addition of KNO2(s) favours reverse reaction
(C) increasing temperature favours forward reaction
(D) decreasing pressure favours forward reaction
In which of the following reactions is Kp < Kc?
(A) CO(g) + Cl 2(g)

COCl 2(g)

(B) CO(g) + 3H2(g)

CH4(g) + H2O(g)

(C) 2BrCl(g)
(D) I2(g)

Cl 2(g) + Br2(g)
2I(g)

10.

2NO2(g)
CH3OH(g)
CO(g) + H2(g)

For the gas phase reaction :
C2H4 + H2
C2H6 (∆H = –32.7 kcal)
carried out in a vessel, the equilibrium concentration of
C2H4 can be increased by :
(A) increasing the temperature
(B) decreasing the pressure
(C) removing some H2
(D) adding some C2H6
For the reaction :
PCl 5(g) → PCl 3(g) + Cl 2(g)
The forward reaction at constant temperature is
favoured by
(A) introducing an inert gas at constant volume
(B) introducing chlorine gas at constant volume
(C) introducing an inert gas at constant pressure
(D) increasing the volume of the container
(E) introducing PCl 5 at constant volume
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A box contains CO(g), Cl 2(g) and COCl 2(g) in equilibrium
at 1000 K. The removal of CO(g) wil
(A) decrease the concentration of COCl 2
(B) increase the concentration of Cl 2
(C) increase the concentration of COCl 2
(D) reduce the concentration of CO as well as Cl 2
For the reaction CO(g) + H2O(g)

14.

For the equilibrium 2SO2(g) + O2(g)
2SO3(g), ∆H =
–198 kJ the equilibrium concentration of SO3 will be
affected by
(A) doubling the volume of the reaction vessel
(B) increasing the temperature at constnat volume
(C) adding more oxygen to the reaction vessel
(D) adding helium to the reaction vessel at constant
volume
The following reaction attains equilibrium at high
temperature
N2(g) + 2H2O(g) + heat

19.

20.

16.

partial pressure of NH3 will increase :
(A) if NH3 is added after equilibrium is established
(B) if H2S is added after equilibrium is established
(C) temperature is increased
(D) volume of the flask is decreased
Volume of the flask in which the following equilibria are
separately established are transferred to a flask that is
double the size of the earlier flask. In which of the
following cases, equilibrium concentrations are
affected?
(g)

2NO(g) + 2H2(g)

2NH3

(g)

(g)

(B) N2 + O 2
(g)

2NO
(g)

(g)

PCl3 + Cl2

(C) PCl5
(g)

(g)

(g)

21.

(g)

(A) N2 + 3H2

2NH3 , exothermic

(B) N2 + O 2

2NO , endothermic

(g)

(g)

(g)

(g)

(g)

(g)

PCl3 + Cl2 , endothermic

(C) PCl5
(g)

22.

(g)

Volume of the flask in which the following equilibria are
separately established are transferred to a flask that is
double the size of the earlier flask. In which of the
following cases, equilibrium constants are affected?

2NH3(g) + CO2(g)

∆Hº for the forward reaction is negative. The equilibrium
will shift from right to left if there is
(A) a decrease in pressure
(B) an increase in temperature
(C) an increase in the concentration of ammonia
(D) an increase in the concentration of carbon dioxide
Which of the following statements about the reaction
quotient, Q are correct?
(A) the reaction quotient, Q and the equilibrium
constant always have the same numerical value
(B) Q may be lesser than, equal to o greater than Keq
(C) Q (numerical value) varies as reaction proceeds
(D) Q = 1 at equilibrium

(g)

N2 + O 2

(D) 2NOBr
2NH3 + heat

In the above reaction, the direction of equilibrium will
be shifted to the right by
(A) increasing the concentration of nitrogen
(B) compressing the reaction mixture
(C) removing the catalyst
(D) decreasing the concentration of ammonia
The dissociation of ammonium carbamate may be
represented by the equation
NH4CO2NH2(s)

17.

500ºC

NH3(g) + H2S(g)

(A) N2 + 3H2

catalyst

N2(g) + 3H2(g)

NH4OH(aq)

(A) increase in pressure
(B) addition of water
(C) addition of an acid to water
(D) addition of a base to water
For the following endothemic equilibrium established
by dissociation of NH4HS to its components,
NH4HS(s)

The yield of NO is affected by
(A) increasing the nitrogen concentration
(B) decreasing the hydrogen concentration
(C) compressing the reaction mixture
(D) none of these
15.

Which of the following factors will increase solubility of
a well known weak base, NH3(g), in H2O?
NH3(g) + H2O(aq)

CO2(g) + H2(g) at

a given temperature the equilibrium amount of CO2(g)
can be increased by
(A) adding a suitable catalyst
(B) adding an inert gas
(C) decreasing the volume of the container
(D) increasing the amount of CO(g).
13.

18.

(g)

(g)

(D) none of these
Which of the following relation(s) hold good for gaseous
and reversible reactions :
(A)

Kp
Kc

( ∆n)g

= (RT)

(B)

( ∆n)g

Kc  P 
= 
(C)
Kx  RT 

Kp
Kx

= (P)(∆n)g
( ∆n)g

(D)

K c  RT 
= 
Kx  P 
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23.

24.

Which of the following statements are incorrect?
(A) S of a closed system is always maximum at
equilibrium
(B) Addition of a reactant gas to an ideal-gas reaction
mixture shifts the equilibrium such that some of the
added gas is used up
(C) In any closed system, G is always minimum at
equilibrium
(D) In the limit T → 0, ∆G approaches ∆H.
The equilibrium constant expression for an ideal-gas
reaction mixture is given by

dlnKc

(A)

(C)

dT

=

 ∂ lnK x

 ∂p

∆E 0

 ∂ lnK x

 ∂T

(B)

RT2

(∆ n)g

 =
p
T

dlnKp

(D)

dT

25.

26.


∆ S0
 = 2
p RT

=

∆H0
RT

27.

2

For a reaction to be spontaneous in neither direction
which of the following is/are true regarding the closed
system?
(A) ( ∆G ) P, T = 0

(B) ( ∆G ) P, T < 0

(C) ( ∆U ) S, V = 0

(D) ( ∆S) U , V = 0

Which of the following statements is/are correct for a
reversible reaction ?
(A) Reaction quotient (Q) is the ratio of the product of
arbitrary molar concentrations of the products to
those of the reactants.
(B) Q may be < > = K
(C) At a given temperature both Q and K vary with the
progress of the reaction.
(D) When Q > K, the reaction proceeds in backward
direction before coming to stand still.
Which of the following expression(s), is/are correct ?
(A) ∆ G = ∆G º + RT ln K (B) ∆G = ∆Gº +RT ln Q
º
(C) E cell =

TYPE-B :

Read the passages given below and answer the questions that follow.

COMPREHENSION-1
In Denmark the subsoil consists mainly of limestone. In contact
with ground water containing carbon dioxide some of the
calcium carbonate dissolves as calcium hydrogen carbonate.
As a result, such ground water is hard, and, when used as tap
water the high content of calcium hydrogen carbonate
causes problems due to precipitation of calcium carbonate
in, for example, kitchen and bathroom environments.
Carbon dioxide, CO2, is a diprotic acid in aqueous solution.
The pKa—values at 0°C are:
CO2(aq) + H2O(l) → HCO3
HCO3

—

(aq)

→ CO3

2—

(aq)

—

+

H+

(aq) +
H+ (aq)

(aq)

pKa1 = 6.630

pKa2 = 10.640

The liquid volume change associated with dissolution of CO2
may be ; neglected for all of the following problems. The
temperature is to be taken as being 0 0C.
1.

2.

0.0591
log K (D) ∆Go = —RTlnK
n

The total concentration of carbon dioxide in water
which is saturated with carbon dioxide at a carbon
dioxide partial, pressure of 1.00 bar is 0.752 M. Calculate
the volume of carbon dioxide gas which can dissolved
in one litre of water under thee conditions (R = .08314 L
bar mol–1 K–1)
(A) 1.71 L

(B) 2L

(C) 1.5 L

(D) 2.21 L

Calculate the equilibrium concentration of hydrogen
ions in water saturated with carbon dioxide at a carbon
dioxide partial pressure of 1.00 bar
(A) 1.33 x 10–4 M

(B) 1.66 x 10–4 M

(C) 7.5 x 10–2 M

(D) 1.33 x 10–2M

3.

Calculate the equilibrium concentration of hydrogen
ions in a .0100 M aqueous solution of sodium hydrogen
carbonate saturated with carbon dioxide t a carbon
dioxide partial pressure at 1 bar
(A) 1.76 x 10–6 M

(B) 7.5 x 10–2M

(C) 1.33 x 10–4 M

(D) 2 x 10–2M

COMPREHENSION-2
EQUILIBRIA IN INDUSTRY
When chemists make compounds, they try to maximize the
yields of their reactions. This is largely a matter of economics.
At the end of an industrial synthesis, un reacted starting
materials must be separated from the products and recycled
for another run through the plant. This increases production
costs and complicates the jobs of chemical engineers who
must design the plant. The further away from a 100% yield, the
worse the problems become. Because of the waste involved,
reactions that reach equilibrium well before completion are
not very attractive to the synthetic chemist. Consequently,
process chemists go to great lengths to adjust the conditions
of an industrial synthesis to maximize yields.
The gas-phase equilibria involved in fertilizer production are
tolerated by industry even though they stop well before
completion because no other economical option exists. The
Haber synthesis is the only effective reaction for the
conversion of nitrogen gas into ammonia in industrially useful
quantities.
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In the sophisticated reactors of a typical ammonia plant, the
product gas coming out of a reactor contains only about
13% NH3. When the product gas is chilled below —10°C,
ammonia liquefies and can be drained off. The remaining
nitrogen and hydrogen gas is then recycled back into the
reactor to make more ammonia. By repeated reaction,
condensation, and recycling, the overall yield of the Haber
process can be made to exceed 90%.
The combustion reactions of NO and SO2 are two additional
examples of processes that are used in industry despite
unfavorable equilibrium conditions. In these cases, oxygen
gas is a reactant that is inexpensive and easy to recycle. By
using excess oxygen gas, a greater percentage of the NO
and SO2 can be converted into NO2 and SO3.

concentrations are measured by their partial pressure, with
the partial pressure of oxygen in the lungs usually around 100
mm Hg (Table). Oxygen then diffuses through the delicate
walls of the: lung alveoli and into arterial blood, which
transports it to all body tissues.
Only about 3% of the oxygen in blood is dissolved; the rest is
chemically bound to hemoglobin molecules (Hb), large
proteins that contain heme group embedded in them. Each
hemoglobin molecule contains four heme groups and each
heme group contains an iron atom that is able to bind to one
O2 molecule. Thus, a single hemoglobin molecule can bind
four molecules of oxygen.

Because of the unavoidable expense that accompanies
inefficient syntheses, the catalog of industrial equilibria is not
very large. Most important industrial processes have been
carefully selected and designed using reactions that go
virtually to completion.
1.

If reaction takes place at —200C,

N2 + H2

NH3

(A) yield of NH3 can be increased by draining off NH3
(B) the reaction will complete to 100%
(C) yield of NH3 can’t be increased by draining off NH3
(D) By increasing pressure, yield of NH3 will decrease.
2.

NO2 dimerizes at temperature lower than 0 0C.
2NO(g) + O2(g) → 2NO2(g) ...(i)
2NO2(g)

N2O4 (g)

...(ii)

(A) equation (i) is equation of formation of NO2

3.

Home-an O2 molecules binds to the central iron atom
The entire system of oxygen transport and delivery in the body
depends on the pickup and release of O2 by hemoglobin
according to the following series of equilibria:
Hb + O2 Hb(O2)

(B) equation (ii) is equation of formation of N2O4
(C) concentration of NO 2 will first increase then
decrease

Hb(O2) + O2
Hb(O2)2 + O2

Hb(O2)3

(D) concentration of N2 O4 will first increase then
decrease
Which of the following statement is correct above the
given equation :

Hb(O2)3 + O2

Hb(O2)4

SO2 + ½O2 → SO3

Hb(O2)2

The positions of the different equilibria depend on the partial
pressures of O2 (Po2) in the various tissues.
100

(A) it is Haber’s process
80

(C) Kp = Kc.RT

PSO3

(D) Kp = P .P
SO2 O 2

% Saturation

(B) rate of decomposition SO2 is equal to rate of
formation of SO3

60

40

COMPREHENSION-3
BREATHING & OXYGEN TRANSPORT
Humans, like all animals, need oxygen. The oxygen comes, of
course, from breathing: About 500 mL of air is drawn into the
lungs of an average person with each breath. When the
freshly inspired air travels through the bronchial passages
and enters the approximately 150 million alveolar sacs of
the lungs, it picks up moisture and mixes with air remaining
from the previous breath. As it mixes, the concentrations of
both water vapor and carbon dioxide increase. These gas

20

0
0

20

40
60
80
PO (mm Hg)
2

100

120

An oxygen-carrying curve for hemoglobin. The percent
saturation of the oxygen binding sites on
haemoglobin depends on the partial pressure of
oxygen (PO2)
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What about people who live at high altitudes? In Leadville,
Colorado, for example, where the altitude is 10,156 ft, the
partial pressure of O2 in the lungs is only about 68 mm Hg.
Hemoglobin is only 90% saturated with O2 at this pressure,
meaning that less oxygen is available for delivery to the tissues
People who climb suddenly from sea level to high altitude
thus experience a feeling of oxygen deprivation, or hypoxia,
as their bodies are unable to supply enough oxygen to tissues.
The body soon copes with the situation, though by producing
more hemoglobin molecules, which both provide more
capacity for O2 transport. The time required to adapt to the
lower O2 pressures is typically days to weeks, so athletes and
hikers must train at high altitudes for some time.
1.
At what partial pressure of O 2 (in torr) each heme group
contains 3/4th of O2 molecule on an average
(A) 18 torr

(B) 40 torr

(C) 68 torr

(D) 26 torr

TYPE-C :

1.

(B)

(B) each of them shifts towards left
(C) first one shifts left, others shift right
(D) they are not affected as these equilibria are set up
in lungs only
3.

At high altitudes the body encounters hypoxia. In this
case which of the following is true for the equilibrium
shown in passage
(A) each of them shifts towards right
(B) each of them shifts towards left
(C) First one shifts left, others shift right
(D) they are not affected as these equilibria are set up
in lungs only

Given below are certain matching type questions, where two columns (each having 3 or 4 items) are given.
Immediately after the columns the matching grid is given, where each item of Column I has to be matched with
the items of Column II, by encircling the correct match(es). Note that an item of column I can match with more
than one item of column II.

2SO 2 + O 2

2SO3

........ ........

-2∆
........

C4H8

Column-I
(A) If [C] > 10, [B] <.1
[A] < 1
(B) If [C] = 10, [B] = .1
[A] = 100
(C) If [C] < 10, [B] > 1
[A] = 100

Column-II
(P) May be tends to
form product
(Q) May be tends to
form reactant
(R) Backward
reaction
is favored
(D) If [C] < 5, [B] > 2 [A] = 90 (S) None of these

(P) 2∆

(Q) ∆

2C2H 4
-2∆
........

........

The matching grid :

(C) C2H2 + 2Br 2
........ ........

C2H2Br4
........

(R) – ∆

(D) I2(aq) + I—(aq)
........ ........

I3—(aq)
........

(S) –2∆

3.

(A)

P

Q

R

S

(B)

P

Q

R

S

(C)

P

Q

R

S

(D)

P

Q

R

S

3C Keq = 105 M-5

2A + 6B
3

C
2
6
A B

(A)

P

Q

R

S

(B)

P

Q

R

S

(C)

P

Q

R

S

(D)

P

Q

R

S

In given reaction A(g) + B(g) → C(g)
Column-I
(A) Addition of catalyst

The matching grid :

K=

In hard working muscles, which of the following is true
for the equilibria shown in passage
(A) each of them shifts towards right

Match column (I) and (II) such that concentration
changes shown in (II) can be use to field in the
blanks in reactions in (I)
Column-I
Column-II
(A)

2.

2.

(B)

Column-II
(P) Shifts the
equilibrium
(Q) ∆H changes

(D) Increase in concentration of reactants

(R) Activation
energy changes
(S) Rate of reaction
changes

Increase in
tempreature
(C) Increase in pressure

The matching grid :

(A)

P

Q

R

S

(B)

P

Q

R

S

(C)

P

Q

R

S

(D)

P

Q

R

S
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ANSWER KEY
EXERCISE - 1
1
2
3
4
5
6
7
8
9
10
11
12
13
14
15

C
C
B
A
D
B
A
A
A
D
C
B
D
C
A

16
17
18
19
20
21
22
23
24
25
26
27
28
29
30

B
D
B
D
B
A
A
D
D
B
B
C
C
B
A

31
32
33
34
35
36
37
38
39
40
41
42
43
44
45

D
D
D
D
B
D
C
C
A
C
C
B
A
D
D

46
47
48
49
50
51
52
53
54
55
56
57
58
59
60

B
D
A
D
D
B
D
D
C
B
A
D
A
D
D

61
62
63
64
65
66
67
68
69
70
71
72
73
74
75

B
B
A
B
A
A
C
C
C
C
B
D
B
D
D

76
77
78
79
80
81
82
83
84
85
86
87
88
89
90

A
A
A
C
A
C
A
B
D
B
B
A
D
A
C

91
92
93
94
95
96
97
98
99
100
101
102
103
104
105

B
B
C
A
C
D
A
A
B
D
A
D
A
B
C

106
107
108
109
110
111
112
113
114
115
116

D
D
A
D
D
C
A
C
D
C
D

EXERCISE - 2
ANSWER KEY
TYPE-A : MULTIPLE ANSWER QUESTIONS
1.
6.
11.
16.
21.
26.

(A, D)
(A)
(A, B)
(B, C, D)
(D)
(A, B, D)

2.
7.
12.
17.
22.
27.

(B, C)
(B, D)
(D)
(B, C)
(A, B, C)
(B, C, D)

3.
8.
13.
18.
23.

(A,
(A,
(A,
(A,
(A,

B, D)
B, C, D)
B, C)
B, C)
B, C, D)

4.
9.
14.
19.
24.

(C, D)
(A, B, C, D)
(A, B, C)
(A, C)
(A, C, D)

TYPE-B : COMPREHENSION BASED QUESTIONS
COMPREHENSION 1
COMPREHENSION 2
COMPREHENSION 3

1. (A)
1. (C)
1. (B)

2.
2.
2.

(A)
(C)
(B)

3. (A)
3. (B)
3. (A)

TYPE-C : COLUMN MATCHING TYPE QUESTIONS
1.
3.

(A)- P,Q; (B)- Q; (C)- P,Q,R; (D)- Q,R;
(A)- R,S; (B)- P,Q,S; (C)- P,S; (D)- P,S;

2.

(A)- Q,R; (B)- S; (C)- P; (D)- P;

5.
10.
15.
20.
25.

(A, B)
(C, D, E)
(A, B, D)
(A, B, C, D)
(A, C, D)

