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Chemical Equilibrium

• What is equilibrium?

• Expressions for equilibrium constants, Kc;

• Calculating Kc using equilibrium concentrations;

• Calculating equilibrium concentrations using initial 

concentration and Kc value;

• Relationship between Kc and Kp;

• Factors that affect equilibrium;

• Le Chatelier’s Principle
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• Equilibrium is a state in which there are no
observable changes as time goes by.

• When a chemical reaction has reached the
equilibrium state, the concentrations of
reactants and products remain constant over
time, and there are no visible changes in the
system.

• However, there is much activity at the
molecular level because reactant molecules
continue to form product molecules while
product molecules react to yield reactant
molecules, it is a dynamic situation.

What is Equilibrium?
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The Concept of Equilibrium and the Equilibrium 
Constant

Few chemical reactions proceed in only one direction.
Most are reversible, at least to some extent.

At the start of a reversible process, the reaction
proceeds toward the formation of products.

As soon as some product molecules are formed, the
reverse process begins to take place and reactant
molecules are formed from product molecules.

The equation of chemical equilibrium can be
expressed symbolically as:
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At equilibrium
 rate of forward reaction = rate of reverse reaction
 the concentrations of the reactants and products 

remain constant.

Where [C] is concentration and t is time 
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where a, b, c, and d are the stoichiometric
coefficients for the reacting species A, B, C, and D.

For a generalized reversible chemical reaction,

For the reaction at a particular temperature and at
equilibrium, the equilibrium constant, K, is given by:

Where [C], [D], [A] and [B] represent the
concentrations of reactants and products at
equilibrium.
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• The equilibrium constant, then, is defined
by a quotient, the numerator of which is
obtained by multiplying together the
equilibrium concentrations of the products,
each raised to a power equal to its
stoichiometric coefficient in the balanced
equation.

• Applying the same procedure to the
equilibrium concentrations of reactants
gives the denominator.
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Examples

Note that although the concentrations may vary, as
long as a given reaction is at equilibrium and the
temperature does not change, the value of K remains
constant. 9



The magnitude of the equilibrium constant tells us
whether an equilibrium reaction favors the products
or reactants.

If K is much greater than 1 (that is, K >> 1), the
equilibrium will lie to the right and favors the
products.

Conversely, if the equilibrium constant is much
smaller than 1 (that is, K << 1), the equilibrium will
lie to the left and favor the reactants.
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Writing Equilibrium Constant Expressions

• The concept of equilibrium constants is extremely
important in chemistry. Equilibrium constants are the
key to solving a wide variety of stoichiometry
problems involving equilibrium systems.

• To use equilibrium constants, we must express them
in terms of the reactant and product concentrations.

• However, because the concentrations of the
reactants and products can be expressed in different
units and because the reacting species are not always
in the same phase, there may be more than one way
to express the equilibrium constant for the same
reaction. 11



To begin with, we will consider reactions in which the
reactants and products are in the same phase.

Homogenous equilibrium applies to reactions in
which all reacting species are in the same phase.

Homogenous equilibrium

An example of a homogenous gas-phase equilibrium
is the dissociation of N2O4.

The subscript in Kc indicates that the concentration
of the reacting species are expressed in molarity or
moles per liter.
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The concentrations of reactants and products in
gaseous reactions can also be expressed in terms of
their partial pressures.

The equilibrium constant for the dissociation of N2O4

in terms of partial pressures (in atm) of the reacting
species can be written as:

Where PNO2 and PN2O4 are the equilibrium partial
pressures (in atm) of NO2 and N2O4, respectively. The
subscript in KP tells us that equilibrium concentration
are expressed in terms of pressure. 13



In general, Kc is not equal to Kp. A simple
relationship between Kp and Kc can be derived as
follows. Let us consider the following equilibrium in
gas phase:

The equilibrium constant Kc is given by

And the expression Kp is given

For an ideal gas

Where P is pressure (in atm), V is volume (in L), T is
temperature (in kelvin (K)) n is number of moles and R (R =
0.08206 L·atm/mol·K) is a gas constant. 14



The ideal gas equation implies that:

Substituting this in the expression for Kp, we obtain

Now both nB/V and nA/V are number of moles per
liters of solution and can be replaced by [B] and [A],
so that,

Δn = moles of gaseous products – moles of gaseous reactants
15



For the dissociation of N2O4 to NO2, 

Δn = moles of gaseous products – moles of gaseous reactants = 2 – 1 = 1

we can write,

Therefore,

For a generalized reversible chemical reaction,

Dn = moles of gaseous products – moles of gaseous reactants

= (c + d) – (a + b)
16



As another example of homogeneous equilibrium, let us
consider the ionization of acetic acid (CH3COOH) in water:

The equilibrium constant is

H]CO[

]O][H[
O][HKK

23

33
2a

CH

COOCH
C





For a dilute aqueous solution, the concentration of water is
essentially constant (≈55M)

Acidity constant (a measure of the strength of an acid)

The concentration of liquids is not included in the
expression of the equilibrium constant. 17
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Heterogeneous equilibrium applies to reactions in
which reactants and products are in different phases.

Heterogeneous equilibrium

However, the concentration of solids does not change
and therefore [CaCO3] and [CaO] = constant.

The concentration of solids and pure liquids are not
included in the expression for the equilibrium
constant.
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Examples

Answers

Write expressions for Kc, and KP if applicable, for the following
reversible reactions at equilibrium:

a) Since there are no gases present, KP does not apply and
we have only K′c:

O]][H[

]O][H[
K

2

3'

HF

F
C





The concentration of the liquid remains constant

][

]O][H[ 3

HF

F
Kc





b)
KC =

[NO2]
2

[NO]2[O2]
and KP =

PNO2

2

PNO2

2 PO2
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Practice Exercise
Write Kc and KP for the decomposition of nitrogen
pentoxide:

Example
The equilibrium concentrations for the reaction between
carbon monoxide and molecular chlorine to form COCl2 (g) at
740C are [CO] = 0.012 M, [Cl2] = 0.054 M, and [COCl2] = 0.14
M. Calculate the equilibrium constants Kc and Kp.

Kc = 
[COCl2]

[CO][Cl2]
=

0.14

0.012 x 0.054
= 220

Kp = Kc(RT)Δn Δn = 1 – 2 = -1 R = 0.0821 T = 273 + 74 = 347 K

Kp = 220 x (0.0821 x 347)-1 = 7.7

Answer
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Example
The equilibrium constant Kp for the reaction given
below is 158 at 1000K. What is the equilibrium
pressure of O2 if the PNO = 0.400 atm and PNO2 = 0.270
atm?

= 347 atm

𝐾𝑃 =
𝑃𝑁𝑂
2 𝑃𝑂2
𝑃𝑁𝑂2

2
𝑃𝑂2 = 𝐾𝑃

𝑃𝑁𝑂
2

𝑃𝑁𝑂2

2

𝑃𝑂2 = 158
(0.400)2

(0.270)2

, this implies
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In one experiment the concentrations of the reacting species
at equilibrium are found to be [NO] = 0.0542 M, [O2]= 0.127
M, and [NO2]= 15.5 M. Calculate the equilibrium constant (Kc)
of the reaction at this temperature.

1. The following equilibrium process has been studied at
230°C:

2. The equilibrium constant KP for the decomposition of
phosphorus pentachloride to phosphorus trichloride and
molecular chlorine is found to be 1.05 at 250°C. If the
equilibrium partial pressures of PCl5 and PCl3 are 0.875
atm and 0.463 atm, respectively, what is the equilibrium
partial pressure of Cl2 at 250°C?

Practice Problem
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Example
Write the equilibrium constant expression Kc, and KP if
applicable, for each of the following heterogeneous
systems:

(a) The equilibrium constant is given by

However, since (NH4)2Se is a solid, we write the new
equilibrium constant as

Answer

𝐊𝐂
′ =

𝐍𝐇𝟑
𝟐[𝐇𝟐𝐒𝐞]

[ 𝐍𝐇𝟒 𝟐𝐒𝐞]

𝐊𝐂 = 𝐍𝐇𝟑
𝟐[𝐇𝟐𝐒𝐞] 23



Alternatively, we can express the equilibrium constant
KP in terms of the partial pressures of NH3 and H2Se:

b) 

Again, [AgCl] is incorporated into Kc because AgCl
is a solid.

𝐊𝐏 = 𝐏𝐍𝐇𝟑
𝟐 𝐏𝐇𝟐𝐒𝐞

𝐊𝐂
′ =

𝑨𝒈+ [𝑪𝒍−]

[𝐀𝐠𝐂𝐥]

𝑲𝑪 = 𝑨𝒈+ [𝑪𝒍−]
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(c) The equilibrium constant is

Since pure solids and pure liquids do not appear in the
equilibrium constant expression, we write

Alternatively, we can express the equilibrium constant in
terms of the pressure of Cl2:

𝐊𝐂
′ =

𝐏𝐂𝐥𝟑 𝟒

𝐏𝟒 𝐂𝐥𝟐 𝟔

𝑲𝑪 =
𝟏

𝐂𝐥𝟐 𝟔

𝑲𝑷 =
𝟏

𝑷𝐂𝐥𝟐
𝟔 𝟔
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Practice Exercise
1. Write equilibrium constant expressions for Kc and

KP for the formation of nickel tetracarbonyl, which
is used to separate nickel from other impurities:

2. Consider the following equilibrium at 295 K:

The partial pressure of each gas is 0.265 atm.
Calculate KP and Kc for the reaction.
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Multiple Equilibria

The reactions we have considered so far are all
relatively simple. A more complicated situation is one
in which the product molecules in one equilibrium
system are involved in a second equilibrium process:

The overall reaction is given by the sum of the two reactions

𝐾𝐶
′ =

𝐶 [𝐷]

𝐴 [𝐵]

𝐾𝐶
′′ =

𝐸 [𝐹]

𝐶 [𝐷]

KC
′

KC
′

KC 27



The equilibrium constant Kc for the overall reaction is

𝐾𝐶 =
𝐸 [𝐹]

𝐴 [𝐵]

We obtain the same expression if we take the product 
of the expressions for K′c and K ″c

𝐾𝐶 =
𝐶 [𝐷]

𝐴 [𝐵]
𝑥
𝐸 [𝐹]

𝐶 [𝐷]
=

𝐸 [𝐹]

𝐴 [𝐵]
= 𝐾𝐶

′𝐾𝐶
′′

We can now make an important statement about
multiple equilibria:

If a reaction can be expressed as the sum of two or
more reactions, the equilibrium constant for the
overall reaction is given by the product of the
equilibrium constants of the individual reactions.
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𝐾𝐶 = 𝐾𝐶
′𝐾𝐶

′′= (4.2 x 10-7) (4.8 x 10-11) = 2.0 x 10-17

An examples of multiple of multiple equilibria is the
ionization of diprotic acids in aqueous solution . The
following equilibrium constants have been
determined for carbonic acid at 25°C:

𝐊𝐂
′ =

𝑯+ [𝐇𝐂𝐎𝟑
−]

𝐇𝟐𝐂𝐎𝟑
= 4.2 x 10-7

𝐊𝐂
′′ =

𝑯+ [𝐂𝐎𝟑
−𝟐]

𝐇𝐂𝐎𝟑
− = 4.2 x 10-11

The overall reaction is the sum of the two reactions

𝐊𝐂 =
𝐇

+ 𝟐[𝐂𝐎𝟑
−𝟐]

𝐇𝟐𝐂𝐎𝟑

29



If we know the equilibrium constant for a particular
reaction, we can calculate the concentrations in the
equilibrium mixture from the initial concentrations.
Commonly, only the initial reactant concentrations
are given.

Calculating the Equilibrium Concentrations

A mixture of 0.500 mol H2 and 0.500 mol I2 was placed in a
1.00-L stainless-steel flask at 430°C. The equilibrium constant
Kc for the reaction is 54.3 at this temperature. Calculate the
concentrations of H2, I2, and HI at equilibrium.

Example 1
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Reaction

Initial

Change

Equilibrium

0.500 0.500 0.000

-x -x +2x

(0.500 – x) (0.500 – x) 2x

Step 1
The stoichiometry of the reaction is 1 mol H2 reacting with 1
mol I2 to yield 2 mol HI. Let x be the depletion in
concentration (mol/L) of H2 and I2 at equilibrium. It follows
that the equilibrium concentration of HI must be 2x. We
summarize the changes in concentrations as follows:

Solution

Remember the acronym RICE 31



Step 2: The equilibrium constant is given by

Substituting, we get

Taking the square root of both sides, we get

Step 3: At equilibrium, the concentrations are
[H2] =  (0.500 - 0.393) M  =  0.107 M
[I2] =  (0.500 - 0.393) M =  0.107 M
[HI] =  2 x 0.393 M =  0.786 M

𝐊𝐂 =
𝐇𝐈 𝟐

𝐇𝟐][𝐈𝟐

𝟓𝟒. 𝟑 =
𝟐𝐱 𝟐

(𝟎. 𝟓𝟎𝟎 − 𝐱)(𝟎. 𝟓𝟎𝟎 − 𝐱)

𝟕. 𝟑𝟕 =
𝟐𝐱

(𝟎. 𝟓𝟎𝟎 − 𝐱)
, this implies x = 0.393 M
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For the same reaction and temperature as in Example 1,
suppose that the initial concentrations of H2, I2, and HI are
0.00623 M, 0.00414 M, and 0.0224 M, respectively. Calculate
the concentrations of these species at equilibrium.

Step 1: Let x be the depletion in concentration (mol/L) of H2

and I2 at equilibrium. From the stoichiometry of the reaction
it follows that the increase in concentration for HI must be 2x.
Next we write

Example 2

Solution

Reaction

Initial

Change

Equilibrium

0.00623 0.00414 0.0224

-x -x +2x

(0.00623 – x) (0.00414 – x) 0.0224 + 2x33



Step 2: The equilibrium constant is

54.3(2.58 x 10-5 - 0.0104x +  x2)=  5.02x 10-4 +  0.0896x +  4x2

Collecting terms, we get

50.3x2 + 0.654x +  8.98x 10-4= 0

This is a quadratic equation of the form ax2 + bx + c = 0.
The solution for a quadratic equation is

Substituting, we get

𝐊𝐂 =
𝐇𝐈 𝟐

𝐇𝟐][𝐈𝟐

𝟓𝟒. 𝟑 =
𝟎. 𝟎𝟐𝟐𝟒 + 𝟐𝐱 𝟐

(𝟎. 𝟎𝟎𝟔𝟐𝟑 − 𝐱)(𝟎. 𝟎𝟎𝟒𝟏𝟒 − 𝐱)

𝑥 =
−𝑏 ± 𝑏2 − 4𝑎𝑐

2𝑎
34



The first solution is physically impossible since the amounts of
H2 and I2 reacted would be more than those originally
present. The second solution gives the correct answer. Note
that in solving quadratic equations of this type, one answer is
always physically impossible, so choosing a value for x is easy.

Step 3: At equilibrium, the concentrations are

[H2] = (0.00623 - 0.00156) M =  0.00467 M
[I2] = (0.00414 - 0.00156) M = 0.00258 M
[HI] = (0.0224 +  2 x  0.00156) M =  0.0255 M

𝑥 =
-0.654± (-0.654)2 − 4(50.3)(8.98 x 10-4)

2 x 50.3

Here we have a = 50.3, b = -0.654, and c = 8.98 x 10-4, so that

x = 0.0114 M   or    x = 0.00156 M
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PRACTICE EXERCISE
1. At 1280°C the equilibrium constant (Kc) for the reaction

given below is 1.1 x 10-3. If the initial concentrations are
[Br2] = 6.3 x 10-2 M and [Br] = 1.2 x 10-2 M, calculate the
concentrations of these species at equilibrium.

2. The equilibrium constant Kc for the reaction

36



Applications of Equilibrium Constant

Equilibrium constant can be used to predict the
direction of net reaction.
For a reaction of known Kc value, the direction of net
reaction can be predicted by calculating the reaction
quotient, Qc.

Qc is called the reaction quotient, where for a reaction
such as:

Qc has the same expression as Kc , but it is calculated
using concentrations that are not necessarily at
equilibrium.

ba

dc

c
B][[A]

D][[C]
   Q

37



For any system or reaction:
1. Knowing the equilibrium constant, we can

predict whether or not a reaction mixture is
at equilibrium, and we can predict the
direction of net reaction.

• Qc = Kc equilibrium (no net reaction)

• Qc < Kc a net forward reaction;

• Qc > Kc a net reverse reaction

2. The value of K tells us whether a reaction
favors the products or the reactants.
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Factors That Affect Chemical Equilibrium

Chemical equilibrium represents a balance between
forward and reverse reactions. In most cases, this
balance is quite delicate. Changes in experimental
conditions may disturb the balance and shift the
equilibrium position so that more or less of the
desired product is formed. When we say that an
equilibrium position shifts to the right, for example,
we mean that the net reaction is now from left to
right. Variables that can be controlled
experimentally are concentration, pressure, volume,
and temperature.

39



The rule, known as Le Chatelier’s† principle, states
that if an external stress is applied to a system at
equilibrium, the system adjusts in such a way that the
stress is offset.

Le Chatelier’s Principle

There is a general rule that helps us to predict the
direction in which an equilibrium reaction will move
when a change in concentration, pressure, volume, or
temperature occurs.

The word “stress” here means a change in
concentration, pressure, volume, or temperature that
removes a system from the equilibrium state. 40



Factors that Affect Chemical Equilibrium

1) Concentration

2) Pressure

3) Volume

4) Temperature

5) Catalysts- Have No Effect On Position Of 

Equilibrium

41



• Increase the yield of product by

– increasing concentration of reactant

– removing the product from the equilibrium

1) Changes in Concentrations

Example 1

0.683 M   8.80 M               1.05 M

Increase the concentration of NH3 to 3.65M, the position of
equilibrium shifts to the left

QC =
NH3

2

[N2] H2
3 = 

(3.65)2

0.683 8.80 3 = 0.0286

But KC =
NH3

2

[N2] H2
3 = 

(1.05)2

0.683 8.80 3 = 0.02

QC > Kc, a net reverse reaction (equilibrium shifted to the left)42



By adding Ba2+(aq), [SO4
2-] decreases, but

BaSO4 (s) increases

By add SO4
2-

(aq), [Ba2+] decreases but BaSO4(s)
increases

Add BaSO4 (s) no change

Kc = [Ba2+] [SO4
2-]

Example 2
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2. Changes in Volume and Pressure

• Little effect on reactions in solution

• Effect can be large on reactions in the gas phase

• Increase in pressure shifts the equilibrium to the
side with the fewer moles of gas

Example

How does the position of equilibrium change as the
pressure is increased?

five moles of gaseous reactant two moles of gaseous product

An increase in pressure causes an increase in products
44



When the number of moles of 
gaseous products is more than 

the number of moles of 
reactants, an increase in 

pressure causes an increase in 
products, and vice versa.

45



3. Changes in Temperature

Equilibrium constant is dependent on temperature, it
changes with change in temperature.

A temperature increase favours an
endothermic reaction, and a temperature
decrease favours an exothermic reaction.
Example

Increase temperature: Favours forward reaction

46



47

A catalyst enhances the rate of a reaction by lowering the
reaction’s activation energy. However, a catalyst lowers the
activation energy of the forward reaction and the reverse
reaction to the same extent.

The Effect of a Catalyst

We can therefore conclude that the presence of a catalyst
does not alter the equilibrium constant, nor does it shift the
position of an equilibrium system. Adding a catalyst to a
reaction mixture that is not at equilibrium will simply cause
the mixture to reach equilibrium sooner. The same
equilibrium mixture could be obtained without the catalyst,
but we might have to wait much longer for it to happen.



Reaction

Without catalyst

With catalyst

ΔG=-RTlnKeq

Catalyst lower the activation energy (AE) of
reactions and make the reaction faster but does not
change the equilibrium constant (Keq)

AEw/C

AEC

En
er

gy A + B

C + D

48
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We have considered four ways to affect a reacting
system at equilibrium. It is important to remember
that, of the four, only a change in temperature
changes the value of the equilibrium constant.
Changes in concentration, pressure, and volume can
alter the equilibrium concentrations of the reacting
mixture, but they cannot change the equilibrium
constant as long as the temperature does not change.
A catalyst can speed up the process, but it has no
effect on the equilibrium constant or on the
equilibrium concentrations of the reacting species.

Summary of Factors that Affect the Equilibrium 
Position
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Example
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1

2

Practice problem



Consider a saturated solution of silver chloride that is in
contact with solid silver chloride. The solubility equilibrium
can be represented as

Because salts such as AgCl are considered as strong
electrolytes, all the AgCl that dissolves in water is assumed to
dissociate completely into Ag+ and Cl- ions. We know that for
heterogeneous reactions the concentration of the solid is a
constant.

Thus we can write the equilibrium constant for the dissolution
of AgCl as

Solubility Product

where Ksp is called the solubility product constant or 
simply the solubility product. 53



In general, the solubility product of a compound is
the product of the molar concentrations of the
constituent ions, each raised to the power of its
stoichiometric coefficient in the equilibrium equation.

Because each AgCl unit contains only one Ag+ ion and one
Cl- ion, its solubility product expression is particularly
simple to write. The following cases are more complex:

54
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For equilibrium reactions involving an ionic solid in
aqueous solution, any one of the following conditions
may exist:

1) the solution is unsaturated,
2) the solution is saturated, or
3) the solution is supersaturated.

For concentrations of ions that do not correspond to
equilibrium conditions we use the reaction quotient,
which in this case is called the ion product (Q), to
predict whether a precipitate will form.

56



Note that Q has the same form as Ksp except that the
concentrations of ions are not equilibrium
concentrations. For example, if we mix a solution
containing Ag+ ions with one containing Cl- ions, then
the ion product is given by

The possible relationships between Q and Ksp are
 Q < Ksp Unsaturated solution
 Q = Ksp Saturated solution
 Q >Ksp Supersaturated solution;

The subscript 0 reminds us that these are initial
concentrations and do not necessarily correspond to
those at equilibrium.

57



There are two other ways to express a substance’s
solubility: molar solubility, which is the number of
moles of solute in one liter of a saturated solution
(mol/L), and sol-ubility, which is the number of grams
of solute in one liter of a saturated solution (g/L).
Note that both these expressions refer to the
concentration of saturated solutions at some given
temperature (usually 25°C). Both molar solubility and
solubility are convenient to use in the laboratory.

Molar Solubility and Solubility

58
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As the above examples show, solubility and solubility
product are related. If we know one, we can calculate
the other, but each quantity provides different
information.

61



When carrying out solubility and/or solubility product 
calculations, keep in mind the following important 
points:
 The solubility is the quantity of a substance that

dissolves in a certain quantity of water. In
solubility equilibria calculations, it is usually
expressed as grams of solute per liter of
solution. Molar solubility is the number of moles
of solute per liter of solution.

 The solubility product is an equilibrium 
constant.

Molar solubility, solubility, and solubility product 
all refer to a saturated solution.

62



Solubility product (Ksp)

• In a saturated solution of a sparingly 
soluble salt, a dynamic equilibrium 
exists between the insoluble salt and 
its dissociated ions

• Example: Adding AgCl to water, a small 
amount of the salt goes into solution 
yielding Ag+ and Cl- ions, but the rest 
remains as excess solid

• Hence the solid AgCl is in equilibrium 
with Ag+ and Cl- ions

• This can be represented as: 

AgCl ⇌ Ag+ + Cl-

• And can be expressed as 

K = [Ag+][Cl-]/[AgCl]

• Thus Ksp = [Ag+][Cl-]

• Therefore Solubility product  (Ksp) is the 
product of the activities of the ions in a 
saturated solution of a sparingly soluble 
salt

• Since the salt is sparingly soluble, the 
solution is dilute. 

• Ksp = [Ag+][Cl-]

• Note: Solubility product is dependent on 
temperature but nearly independent of 
the concentration of ions, provided the 
solution is dilute

63



Expression for solubility product
• In case where

stoichiometric
coefficients exist e.g.

• AxBy(s) ⇌ xAy+ + yBx-

• Solubility product is
given by

Ksp = [Ay+]x[Bx-]y

• Example

CaF2(s) ⇌ Ca2+ (aq) + 2F-

(aq)

Ksp = [Ca2+][F-]2

Saturated and unsaturated solutions

• Saturated solution occurs when the
ionic product is equal to or greater than
the Ksp of the salt

• If ionic product is less than the Ksp, The
solution is unsaturated, because more
salt can dissolve to raise the
concentration of ions

• If ionic product exceeds Ksp, a super
saturated solution exists, hence
precipitation will occur

• Thus the values of ionic product of a
solution can be used to predict whether
or not precipitation will occur

64



Saturated and unsaturated solutions

Example

• Ionic product <Ksp, No precipitation

• Ionic product = Ksp, No precipitation

• Ionic product >Ksp,  precipitation 
occurs

• Relationship between Ksp and 
Solubility (s)

• For a salt e.g. AgCl, if solubility is 
expressed in mol/L, then [Ag+] and 
[Cl-] ions is equal to solubility S

• Ksp = [Ag+][Cl-] = S2

• Or  s =  (Ksp)½ 

• Thus, for salt of the type AxBy, if S is 
the solubility, then from the equation

• AxBy(s) ⇌ xAy+    +   yBx-

• [Ay+] = xS,   and [Bx-] = yS

• Thus Ksp = [xS]x[yS]y = xxyx S(x+y)

Or S = [Ksp/ xxyx](1/(x+y))

• Example, For CaF2

[Ca2+] = S, and [F-] = 2S

Ksp =  (S)(2S)2 = 4S3

Thus S = (Ksp/4)1/3

Examples

• The solubility  product of Ag2CrO4 is 9 x 
10-12 at 298 K. Calculate the solubility of 
Ag2CrO4

• Ans: Let the solubility of the salt be S,

• Thus, [CrO4
2-] = S, and [Ag+] = 2S

• Thus, 1 mol of AgCrO4 produces 2 moles 
of Ag+ ions

• Ksp = [Ag+]2[CrO4
2-]  = (2S)2(S) = 9x 10-1265


