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UNIT 7: Chemical Equilibrium 
 
TOPIC 7A: Dynamic Equilibrium I 
TOPIC 7B: Dynamic Equilibrium II 
 

Many chemical reactions and processes are reversible. Lots of examples exist in biology and in 

the environment such as oxygen binding and then being released from hemoglobin, the continual 

evaporation and condensation of water in the atmosphere, and the transfer of carbon in the 

carbon cycle. 

 

In terms of the chemistry that you will encounter in the AP course, such examples include a solid 
dissolving and then crystallizing, electrons being lost and gained in REDOX reactions, and H+ 

ions being exchanged in acid-base reactions. 

 

Many of these processes and reactions will be accompanied by some kind of observable event 

(e.g., a color change or gas being released) that will allow you to see that the process is 

reversible. 

 

A dynamic equilibrium exists in a reversible chemical reaction when the rate of the forward 
reaction is equal to the rate of the backward reaction. For a reaction to reach equilibrium, a finite 

amount of time must elapse, i.e., the reactants must be allowed to come together and both the 

forward and backward reactions must be established before the equilibrium position is reached.  

 

At the beginning of a reversible reaction the reactant concentrations are high, and as a result the 

rate of the forward reaction is also high (see KINETICS). At this point the product concentrations 

are low, and the rate of the backward reaction is low. 

 
As the reaction proceeds, the reactant concentrations will fall (since the reactants are consumed), 

and the rate of the forward reaction will begin to decrease. As the product concentrations 

increase, the rate of the backward reaction will increase. The point at which the rates of forward 

and backward reaction are the same is when equilibrium will have been established. At this point, 

since reactants and products are being converted to one another at the same rate, their 

concentrations do not change, and in the figure below, this is represented by a horizontal line. 
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Changing concentrations of reactants and products as equilibrium is established 

 

Once the equilibrium has been established, a sudden introduction of reactants (an increase in 

concentration of reactants) would result in a sudden dramatic increase of the forward reaction 

rate. After the spike in forward rate, a new, constant forward reaction rate will be established. The 

same effect can be observed in the reverse reaction rate when a product is introduced. 

 

When equilibrium has been achieved, on a macroscopic scale it appears that the reaction has 

‘stopped’. Closer inspection on the microscopic scale confirms, it is in fact, still occurring. When 
equilibrium has been established there are both products and reactants present in the reaction 

mixture. If those products and reactants have observable differences (e.g., different colors), the 

reaction mixture will often appear as a combination of the two. For example, the mixture below 

will often appear purple, as the red and blue colors from reactants and products are both present. 

Depending on the relative amount of red/blue within the purple, one can make an estimation of 

the relative numbers of products or reactants present in the mixture. 

 

[Co(H2O)6]2+(aq) + 4Cl-(aq)  ⇌  [CoCl4]2-(aq) + 6H2O(l) 

Red    Blue 
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TOPIC 7D: Kc & Kp 
TOPIC 7G: ICE Tables 
TOPIC 7E: Large K & Small K 
 

Equilibrium in aqueous reactions, Kc 
 

Consider the equilibrium below where a, b, c and d are the stoichiometric coefficients of 

substances A, B, C and D respectively. 

 

aA(aq) + bB(aq) ⇌ cC(aq) + dD(aq) 

 

The equilibrium constant (Kc) is constant at a given temperature. For the reaction above, at 

equilibrium, at a given temperature 

 

 

 
Where [ ] represents equilibrium concentrations, i.e., the product of the equilibrium concentrations 

of products raised to their stoichiometric powers, divided by the product of the equilibrium 

concentrations of reactants raised to their stoichiometric powers. Kc has NO units. 

 

N.B. Kc expressions do not include values for pure solids or pure liquids, since their 

concentrations are considered constant, and as such are incorporated into the constant. 

  

Kc = [C]c [D]d

[A]a[B]b
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Task 7.1 
 
Calculations where equilibrium has already been established 
 
1. Consider the following reaction where butanoic acid (C3H7CO2H) reacts with ethanol 
 (C2H5OH) to produce the ester, ethyl butanoate (C3H7CO2C2H5) and H2O. In three 
 separate experiments, all at the same temperature, equilibrium was achieved and then 
 the following data were collected. In each experiment, calculate the equilibrium 
 constant and comment on the values. 
 

C3H7CO2H(g) + C2H5OH(g) ⇌ C3H7CO2C2H5(g) + H2O(g) 

 

Experiment 
Moles of 

butanoic acid 
Moles of 
ethanol 

Moles of ethyl 
butanoate 

Moles of water 

1 10.0 10.0 20.0 20.0 

2 5.00 20.0 10.0 40.0 

3 30.0 1.00 12.0 10.0 

 
Calculations where INITIAL amounts are known, and THEN equilibrium is established - The 
use of ICE tables 
 
2. Using the reaction and the Kc calculated in question 1, calculate the number of  moles 
 of each substance present at equilibrium, when 1.00 mole of butanoic acid and  2.00 
 moles of ethanol are mixed at the same temperature. 
 
In any equilibrium the reaction is incomplete, meaning that we cannot predict the number of 

moles of products PURELY based upon stoichiometry as we can in reactions that go to 
completion. In order to account for the incomplete nature of the reaction, we use an ICE table. 

 

 C3H7CO2H(g) + C2H5OH(g) ⇌	 C3H7CO2C2H5(g) + H2O(g) 

Initial 1.00  2.00  0  0 

Change - x  -x  + x  + x 

Equilibrium 1.00 - x  2.00 - x  0 + x  0 + x 

 

The equilibrium amounts can be put into the K expression. Note: The solving of a quadratic 

expression is not expected on the AP exam, but the set-up should be understood.  
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3. Another ester, ethyl ethanoate (CH3CO2C2H5) can be formed by the reaction of ethene 
 (C2H4) with ethanoic acid (CH3COOH) in an inert solvent according to the equation 

 
C2H4 + CH3COOH ⇌	CH3CO2C2H5 

 
In one experiment, 0.500 moles of ethene were allowed to react with 0.250 moles of 
ethanoic acid, and the total volume of the mixture made up to 500. mL with an inert 
solvent. When equilibrium had been established, the mixture was found to contain 
0.220 moles of the ester. Calculate the molar concentration of all three substances 
present at equilibrium, and hence the value of Kc. 
 

Calculations where K is already known – working backwards 
 
4. K for the reaction below has a value of 55 at a certain, given temperature. Calculate the 
 number of moles of HBr present in an equilibrium mixture that contains 3.0 moles of 
 hydrogen gas and 0.45 moles of bromine vapor at this temperature. 

 
H2(g) + Br2(g) ⇌ 2HBr(g) 

 
The magnitude of K can give a quantitative guide to the amounts of products and reactants 

present in an equilibrium mixture. Very large K values indicate large numbers of products and 

reactions that basically ‘go to completion’, and very small K values indicate large numbers of 

reactants, and reactions that basically hardly proceed at all. 

 

TOPIC 7H: Particulate Representation of Equilibrium 
 

Task 7.2 

In the diagram to the right, that represents an equilibrium at a 
certain temperature for the reaction, H2 + I2 ⇌ 2HI, where 
H2 = , I2 = , and HI = . What can be said about the 
equilibrium position in terms of reactants and products, the likely 
magnitude of K, and the extent to which the reaction proceeds?  
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Equilibrium in gaseous reactions, Kp 
 

Equilibrium constants for gaseous reactions are usually found in terms of the partial pressures of 

the components of the mixture. Partial pressures may be given, or if not, can be calculated using 
 

 
 

 

 

Consider the equilibrium 
aA(g) + bB(g) ⇌ cC(g) + dD(g) 

 

 

 

Where pp = partial pressure. 

N.B. Like Kc, Kp expressions also do not include values for solids or liquid phases since the 

vapor pressures above them are constant and as such are incorporated into the constant. 

 
For example, in the equilibrium 

 

3Fe(s) + 4H2O(g) ⇌ Fe3O4(s) + 4H2(g) 

 

 

 
Task 7.3 
 
1. Dinitrogen tetroxide dissociates into nitrogen dioxide according to the equation below 

 
N2O4(g) ⇌ 2NO2(g) 

 
(a) When one mole of N2O4 is 45% dissociated, what is the value of Kp if the total 

pressure at equilibrium pressure is 3.0 atm? 
(b) What will be the % dissociation of dinitrogen tetroxide at the same temperature

 but at a total pressure of 1.5 atm? 

Pressure) (Total   A)of fraction mole( Aof Pressure Partial =

moles total
 Aof moles Aof fraction Mole =

c d

a b
(ppC)  (ppD)Kp = 
(ppA)  (ppB)

( )
( )

4
2

4
2

ppH
Kp = 

ppH O
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2. One mole of hydrogen and one mole of chlorine are allowed to reach equilibrium at 

three different temperatures 
 

H2(g) + Cl2(g)	⇌ 2HCl(g) 
 

(a) Under the first set of conditions, 65.0% of the hydrogen is converted to HCl, what
 is the value of Kp? 

(b) At a second temperature, the equilibrium mixture contains 1.40 mols of hydrogen 
  chloride. Calculate the value of Kp. 

(c) At a third temperature, Kp = 2.11 x 104. What % of hydrogen is converted to HCl? 
 
3. Sulfur dioxide and oxygen were mixed in the molar ratio 2:1 and allowed to reach 

equilibrium at a total pressure of 4.45 atm. At this point, 28.0% of the sulfur dioxide 
was converted to sulfur trioxide. Calculate Kp for the reaction. 
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The relationship between Kc and Kp 
 
When a homogeneous gaseous equilibria is established it is possible to express the equilibrium 

constant for the reaction in one of two ways, either in terms of concentrations as a Kc value, or in 
terms of partial pressures as a Kp value. It is often helpful to use the two terms interchangeably 

and this can be achieved using the expression 

 

 
 
Dn = stoichiometric number of moles of gaseous products – stoichiometric number of moles of 

gaseous reactants 

T = Temperature in Kelvin 

R = 0.08206 atm L K-1 mol-1 (Kp must have been calculated using atm) 
 

Note that when ∆n = 0, i.e., when there is no change in the total number of moles of gas, Kc = Kp. 

 
N.B. Since 2013-14 this equation was no longer given on the equations and constants 
sheet so you will not be expected to use it quantitatively on the AP exam.  

n(RT)Kc Kp Δ=
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TOPIC 7C: Q & K 
TOPIC 7J: Q versus K and Equilibrium Shifts 
 

When equilibrium is in the process of being established, we can use the reaction quotient, Q, to 
determine to what extent the reaction has proceeded.  Considering the equilibrium from earlier,  
 

aA(aq) + bB(aq) ⇌ cC(aq) + dD(aq) 

 

 

  

It may seem that Q is essentially the same as K, and it is, but the difference being that K is the 

ratio of products to reactants when equilibrium has been established, and Q is the same ratio at 

any other point. This allows us to make predictions about what a reaction will do, with any given 

set of conditions, in order to establish the equilibrium position, and convert Q to K. 

 

When Q > K then there are too many products in the reaction mixture, and the equilibrium must 

shift backwards, to the reactant side, in order to reduce the product to reactant ratio and lower Q 

to a point where Q = K. 

 

When Q < K then there are too many reactants in the reaction mixture, and the equilibrium must 
shift forwards, to the product side, in order to increase the product to reactant ratio and raise Q to 

a point where Q = K. 

 

When Q = K, equilibrium has been established and there will be no further observable changes. 

 
 

Q = 
C⎡⎣ ⎤⎦

c
D⎡⎣ ⎤⎦

d

A⎡⎣ ⎤⎦
a

B⎡⎣ ⎤⎦
b
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TOPIC 7F: Mathematical Manipulation of Q & K 
 
Consider a situation where two equilibrium reactions occur together with a common intermediate. 

For example, the ionization of a diprotic acid such as carbonic acid occurs in two stages that add 

up to one overall reaction with HCO3- being the common intermediate. 

 

Step 1 (K1):  H2CO3(aq) ⇌ H+(aq) + HCO3-(aq) 

Step 2 (K2):  HCO3-(aq) ⇌ H+(aq) + CO32-(aq) 

   __________________________ 

Overall (Koverall):  H2CO3(aq) ⇌ 2H+(aq) + CO32-(aq) 

 
It is possible to write a series of K expressions for these equilibria. 

Stage 1:   

 

Stage 2:  

 

Overall:   

 

Inspection shows that Koverall is the product of the K1 and K2, i.e., Koverall = (K1) (K2) and this is true 

of all multiple, simultaneous equilibria with common intermediates. 

 
It is helpful to be aware of the possible different formats that K and Q could take under 
circumstances that appear very similar. When a reversible reaction is written in the opposite 

direction, the new equilibrium constant is equal to the reciprocal of the original equilibrium 

constant; if a reaction is “halved” or “doubled”, then the original equilibrium constant must be 

square rooted or squared respectively in order to find the new equilibrium constant. For example, 

in the reaction below 
 

N2O4(g) ⇌ 2NO2(g) 

The Koriginal expression is 
 

 

K1 = 
[H+][HCO3

- ]
[H2CO3]

K2  = 
[H+][CO3

2- ]
[HCO3

- ]

Koverall= 
[H+]2[CO3

2- ]
[H2CO3]

Koriginal  = 
[NO2]2

[N2O4]
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(i) If the equation is instead written reversed as 
 

2NO2(g) ⇌ N2O4(g) 

Then the new K expression is 
 

 

 

Inspection tells us that 
 

 

 

(ii) If the equation is instead written halved as 
 

½N2O4(g)	⇌ NO2(g) 

Then the New Kc expression is 
 

 

 
Inspection tells us that 
 

 

 

(iii) If the equation is instead written doubled as 
 

2N2O4(g) ⇌ 4NO2(g) 

Then the New Kc expression is 
 

 

 
Inspection tells us that 
 

 
 

Similarly, if the reaction were to have been tripled, the new Kc = (Korginal)3.  

2
2

42

][NO
]O[N

KcNew =

New Kc = 
1

Koriginal

New Kc = 
[NO2]

[N2O4]
1
2

New Kc = Koriginal

4
2

2
2 4

[NO ]New Kc
[N O ]

=

New Kc = (Koriginal)
2
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TOPIC 7I: Le Châtelier's Principle 
 

Le Châtelier’s principle states that in any equilibrium system, when a stress is placed upon the 

system, such as a change in temperature, pressure or concentration, then there is a shift in the 

position of the equilibrium to oppose that stress. This shift occurs because the stress will cause Q 

(or if it is a temperature stress, K) to change, and the equilibrium will have to shift in order to bring 

Q back into numerical agreement with K. Consider two examples; 

 

1. Manufacture of ammonia (The Haber process):           N2(g) + 3H2(g) ⇌ 2NH3(g) DH = - 92 kJ mol-1 (i.e., “heat is a product”) 

Stress Shift Reason 

Increase in pressure 

by compressing the 

container* 

Shifts to RHS 

Less moles of gas on RHS so pressure is reduced 

(Partial pressures of all gases increase, but change is more profound in denominator of Q, 

so Q decreases, so the reaction must shift forwards in order to bring Q back = K) 

Increase in 

temperature 
Shifts to LHS 

Backward reaction is endothermic so removes heat by shifting to the LHS 

(K is decreased**, so reaction must shift backward in order to bring Q back = K) 

Increase in 

concentration of 

nitrogen and 

hydrogen 

Shifts to RHS 
Less nitrogen and hydrogen on RHS 

(Q is decreased, so reaction must shift forward in order to bring Q back = K) 

Increase in 

concentration of 

ammonia 

Shifts to LHS 
Less ammonia on LHS 

(Q is increased, so reaction must shift backward in order to bring Q back = K) 

2. Synthesis of hydrogen iodide:                             H2(g) + I2(g) ⇌ 2HI(g)  DH = + 51 kJ mol-1 (i.e., “heat is a reactant”) 

Stress Shift Reason 

Increase in pressure 

by compressing the 

container* 

No effect 

Same moles of gas on LHS and RHS 

(Partial pressures of all gases increase, but change is the same in the numerator and 

denominator of Q, so Q stays the same and no shift is necessary since Q still = K) 

Increase in 

temperature 
Shifts to RHS 

Forward reaction is endothermic so removes heat by shifting to the RHS 

(K increases**, so reaction must shift forwards in order to bring Q back = K) 

Increase in 

concentration of 

hydrogen and iodine 

Shifts to RHS 
Less hydrogen and iodine on RHS 

(Q is decreased, so reaction must shift forward in order to bring Q back = K) 

Increase in 

concentration of 

hydrogen iodide 

Shifts to LHS 
Less hydrogen iodide on LHS 

(Q is increased, so reaction must shift backward in order to bring Q back = K) 

 
It should be noted that since a catalyst causes no change in Q or K, it therefore causes no shift in 

the equilibrium, but that a catalyst does increases the rate of both the forward and backward 

reactions, and therefore rate that equilibrium is established (see Kinetics). 
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*Increasing the total pressure (at constant temperature) in the reaction vessel by adding an inert 

gas (e.g., helium), has no effect on the partial pressures of the gases in the equilibrium system, 

so no change in Q results, so no shift occurs. 

 
**We can rationalize a change in K with increased temperature (decrease for exothermic and 

increase for endothermic), by considering the energy profiles in each type of reaction. For an 

exothermic forward reaction, the activation energy of the forward reaction is smaller than the 

activation energy of the endothermic, backward reaction; for an endothermic forward reaction, the 

activation energy of the forward reaction is larger than the activation energy of the exothermic 

backward reaction. In short, the endothermic direction always has the larger activation energy in 

an equilibrium system. 

 

 
Coupling this knowledge with the fact that an increase in temperature causes a larger increase in 

the rate of reaction of those reactions with larger activation energies (which can be ‘proven’ by 

computations carried out on the Arrhenius equation), we conclude that an increase in 

temperature causes the rate of the endothermic reaction in an equilibrium system to be increased 

more than the rate of the exothermic reaction. This means that increasing temperature will always 

shift an equilibrium system in the endothermic direction. For exothermic forward reactions, that 
means backward, to give more reactants and smaller K’s, and for endothermic forward reactions 

that means forward, to give more products and larger K’s. 
 

According to Le Châtelier’s principle, in the first reaction in the table above, the preferred 

conditions to give a high yield of ammonia (shift to RHS – the product side) are high pressures 
and low temperatures. However, in practice high pressures are expensive to achieve (requiring 

stronger plant and thicker pipes that are able to withstand higher pressures), and low 

temperatures lead to slow rates of reaction that are not economically feasible. It is therefore 

necessary to compromise to achieve an economic process with a reasonable yield at a good rate. 
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Le Châtelier and Q versus K, in non-standard electrochemical cells 
 

In Electrochemistry, predictions about how the voltage of an electrochemical cell will change if the 

conditions are not standard are discussed. That explanation uses a ‘pseudo’ Le Châtelier 
argument. We can also explain the change in voltage under non-standard conditions by using ‘Q 

versus K’, and this is the preferred argument. 

 

For example, consider the reaction below, which, when [Cu2+] = [Zn2+ ] = 1.0 M (and therefore Q = 

1), has a standard voltage of 1.10 V (see Nernst Equation). 

  

Cu2+(aq) + Zn(s) → Zn2+(aq) + Cu(s) 

 
Eventually the voltage drops to 0.00 V once equilibrium has been established. In the process of 

approaching equilibrium, i.e., approaching 0.00 V, the [product] increases and [reactant] 

decreases, meaning that Q gets larger. So, 

 

• if the [Zn2+(aq)] is artificially increased beyond the standard 1.0 M, and all other conditions 

are kept constant (1.0 M), then the value of Q increases (since Q has product 
concentrations in the numerator of the expression). When Q is artificially made larger 

than 1, we are closer to equilibrium, i.e., closer to a voltage of 0.00 V, i.e., the voltage is 

less than standard. 

 

• if the [Cu2+(aq)] is artificially increased beyond the standard 1.0 M, and all other conditions 

are kept constant (1.0 M), then the value of Q decreases (since Q has reactant 
concentrations in the denominator of the expression). When Q is artificially made smaller 

than 1, we are further from equilibrium, i.e., further from a voltage of 0.00 V, i.e., the 

voltage is greater than standard. 

 



© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2019 – All rights reserved. 
 

3/1/2020 10:29 AM  Page 16 of 21 

TOPIC 7K: Ksp 
 

All sodium, potassium, ammonium and nitrate salts are completely soluble in water, but some 

other salts are considered to be ‘insoluble’. In reality, even ‘insoluble’ salts dissolve to some 

degree, and equilibria are set up in solution. For example, it is possible to set up an equilibrium 

where a saturated solution (one where the maximum amount of solute has been dissolved) of 

silver chloride is in contact with undissolved solid silver chloride. 
 

AgCl(s) ⇌ Ag+(aq) + Cl-(aq) 

 
Since pure solids are omitted from K expressions, the Ksp can be written as 

 

Ksp = [Ag+] [Cl-] 

 

Ksp is defined as the product of the equilibrium concentrations of the constituent ions raised to 

their stoichiometric coefficients and is called the solubility product. The smaller the value of Ksp 

then the smaller the number of ions that have gone into solution, and therefore the less soluble 

the compound is in water. The concentration of the ions that have gone into solution is usually 
expressed in terms of molar solubility, i.e., the number of moles of a solute in 1.0 L of a saturated 

solution. However, solubility may be expressed as the number of grams of a solute in 1.0 L of a 

saturated solution. Obviously these two terms have different definitions, and as such it is 

occasionally necessary to convert solubility values (in g/L), to molar solubility values (in mol/L), 

before using them in Ksp expressions. 

 
Task 7.4 
 
This task summarizes some of the different types of calculation relating to Ksp 
 
1. Calculate Ksp from molar solubility. 
 
 At a certain temperature the molar solubility of the salt M2+X2- is found to be 4.15 x 10-6 

M. Calculate the Ksp for the salt. 
 
2. Calculate Ksp from solubility expressed in g/L. 
 
 At a certain temperature, the solubility of calcium sulfate is found to be 0.66 g/L. 

Calculate the Ksp for calcium sulfate. 
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3. Calculate molar solubility and solubility in g/L from Ksp. 
 
 Given that the Ksp for Ag2SO4 = 1.41 x 10-5, calculate the molar solubility (mol/L), of 

Ag2SO4 and its solubility in g/L. 
 
4. Predicting the formation of precipitates. 
 
 If 150. mL of 0.00395 M BaCl2 and 550. mL of 0.00775 M K2SO4 are mixed, will a 

precipitate form? The Ksp for barium sulfate is 1.1 x 10-10. 
 
A tip and a word of warning about Qsp/Ksp values 
 
A direct comparison of Ksp values to determine the relative solubility of a sparingly soluble salt, 

should only be made when the two salts involved each have the same ratio of cations to anions, 

i.e., when they have the same “x expression”. For example, AgCl and BaSO4 are a good pair to 

compare in this manner since their ratio of ions is 1:1, and their Q/K expressions are both, K = x2 

(i.e., K = [Ag+][Cl-], and K = [Ba2+][SO42-]). The larger K will result in the larger square root of K, 

hence the larger x value, and hence the greater solubility.  

 

However, such a comparison is not necessarily so easy with salts that have different ratios of 
ions, i.e., different  “x expressions”. For example, the Ksp value for Fe(OH)2 is 8.0 x 10-16, and the 

Ksp value for AgBr is 5.0 x 10-13. You may be tempted to think that the larger Ksp value shows 

that AgBr is more soluble, but when we solve for solubility using the different “x expressions”, we 

find that the reverse is true. 

 

Fe(OH)2 AgBr 

8.0 x 10-16  = 4x3 

x = 5.8 x 10-6 

5.0 x 10-13 = x2 

x = 7.1 x 10-7 

 
Also, since the knowledge surrounding the solubility of salts is now greatly reduced on the AP 

exam, AP questions will sometimes ask students to infer solubility from Ksp values rather than 

simply recall solubilities. For example, it may not be sufficient to simply know that AgCl is 

insoluble, but rather you may be expected to say something like, “because the Ksp value is 1.8 x 

10-10 and is very small, this suggests that very few ions enter solution, and that the salt is 

essentially ‘insoluble’“.  
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TOPIC 7N: ∆G°, ∆H°, ∆S° and Solubility 
 

The relative thermodynamic favorability of the dissolution of a salt is determined by the sign of 

DG. ∆G° depends on both enthalpy and entropy considerations. The enthalpy change for 

dissolution is dependent upon (and a sum of) three, independent factors; 
 

1. The separation of the solute particles from one another (for example, breaking ionic bonds in 

an ionic substance, an endothermic process). 

2. The separation of the solvent particles from one another (for example, breaking hydrogen 

bonds between water molecules, an endothermic process). 

3. The interaction between the solute particles and the solvent particles (for example, ions 

becoming hydrated (surrounded by water molecules) when an ionic substance dissolves in 

water, an exothermic process). 
 

In addition to enthalpy changes, we also need to consider entropy changes. When a solute 

dissolves, entropy increases. 

 

It is the cumulative effect of enthalpy AND entropy factors (see Thermochemistry) that determine 

the value of G°, and ultimately the thermodynamic favorability of any dissolution process. 
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TOPIC 7L: Common Ion Effect 
 
If a solution contains two dissolved substances that share a common ion, then the solubility of a 

salt becomes a more complex matter to determine. For example, it is relatively easy to perform 

calculations relating to the solubility of a saturated solution of silver chloride in water since all of 

the silver ions and chloride ions in that solution come from one compound (the silver chloride). If 

however, we wish to study a solution that contains both silver chloride, and silver nitrate then a 

more complicated situation arises. In this case the silver ions have two sources, the silver 

chloride and the silver nitrate. 
 

Task 7.5 

 
1. Given the Ksp for silver chloride as 1.58 x 10-10, calculate the molar solubility of silver 

chloride in;  
 
 (a) pure water 
 (b) a solution that has a silver ion concentration = 5.5 x 10-3 M 
 (c) a 0.025 M KCl solution 
 

2. Purely in terms of Q and K (no calculations required), explain why barium sulfate is 
less soluble in a solution of sodium sulfate than it is in water.  
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TOPIC 7M: pH & Equilibrium Shifts 
 

When one of the ions in a salt can act as an acid or a base, pH can influence solubility. For 

example, in the case of iron(III) hydroxide, the following equilibrium can be established; 

 

Fe(OH)3(s) ⇌ Fe3+(aq) + 3OH-(aq) 

 

Addition of acid (H+) to the equilibrium mixture will cause the hydroxide ions to be removed in a 

neutralization reaction, and as a result the equilibrium will be shifted forward (according to Le 

Châtelier’s principle and Q), and the solubility of solid iron(III) hydroxide increases. 
 

Addition of a base (OH-) to the equilibrium mixture will shift it backward (again according to Le 

Châtelier’s principle and Q), and the solubility of solid iron(III) hydroxide decreases. 

 

More complicated scenarios arise when the anion of the salt is a strong base, i.e., it is the salt of 

a weak acid. For example, silver ethanoate that sets up the following equilibrium in solution; 

 

CH3COOAg(s) ⇌ Ag+(aq) + CH3COO-(aq) 

 

If we increase the H+(aq) concentration of the solution, i.e., make it more acidic, then the hydrogen 

ions will react with the ethanoate ion, thus; 
  

H+(aq) + CH3COO-(aq) → CH3COOH(aq) 

 

This reaction lays essentially 100% to the RHS since ethanoic acid is a weak acid and will not 

dissociate. The CH3COO- ions are removed from the equilibrium mixture, and the first reaction is 

shifted forward according to Le Chatelier’s principle, meaning silver ethanoate is more soluble at 

low pH’s. 

 
The final example involves lead(II) carbonate that sets up the following equilibrium in solution; 

 
PbCO3(s) ⇌ Pb2+(aq) + CO32–(aq) 

 
In acid, the carbonate ions react; 
 

CO32–(aq) + 2H+(aq) → H2O(l) + CO2(g) 
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So, the lower the pH, the more CO32-(aq) are removed form the equilibrium system of lead(II) 

carbonate in the first equation, causing the equilibrium to be shifted forward, and therefore 

increasing the solubility of lead(II) carbonate. 

 
Task 7.6 
 
1. Consider the dissociation of iron(III) hydroxide.  
 

Fe(OH)3(s) ⇌ Fe3+(aq) + 3OH-(aq) 
 
 In which of the following pHs would you expect iron(III) hydroxide to be most soluble; 

4.5, 6.7 or 11.1? 
 
2. The solubility product (Ksp) of Pb(OH)2 is 1.2 x 10-15. 
 
 (a) What is the molar solubility of a saturated solution of Pb(OH)2? 
 
 (b) What is the molar solubility of Pb(OH)2 in a solution of pH = 11.00? (A solution with 

a pH = 11.00 has a [OH-] = 1.00 x 10-3, see Acids & Bases). 
 
 (c) Explain the change in the molar solubility of Pb(OH)2 exhibited by your answers to 

(a) and (b) above. 


