
Synoptic Questions - Solutions to Questions in Text  

 

Chapter 1  

 

Solution S1.1 

Copper metal is oxidised by nitric acid to Cu2+ ions. 

 

Addition of KI to this solution reduces the Cu2+ to Cu+  according to: 

Cu2+  +  e-  → Cu+   

 

The iodide ions are oxidised to iodine according to: 

2I- →    I2  +  2e- 

 

Multiply the first equation by 2 and combine the equations to cancel the electrons: 

2Cu2+  +  2e-  →  2Cu+ 

2Cu2+  +  2I- → 2Cu+  +  I2 

 

The I2 is reduced by thiosulfate (S2O3
2-) ions. The half equation for this reaction is: 

I2  +  2e- →  2I-   

 

The thiosulfate is oxidised to tetrathionate (S4O6
2-). The half equation for this is: 

2S2O3
2-  →  S4O6

2-  +  2e- 

 

Combining the two equations to cancel the electrons: 

I2  +  2S2O3
2-  → S4O6

2-  +  2I-   

 

 

Remember to convert 
the volume in cm3 to 

dm3 



So 2 moles Cu2+ releases 1 mole of I2 which is reduced by 2 moles of S2O3
2-.  

Therefore 1 mole of Cu2+ is equivalent to 1 mole of S2O3
2- 

 

To calculate the amount in moles of Cu2+ we must first find the number of moles of 

S2O3
2-: 

Moles of S2O3
2- = c x v = 0.1500 mol dm-3 x 24.35 x 10-3 dm3 = 3.6525 x 10-3 mol 

 

Therefore amount in moles of Cu2+ in 25.00 cm3 = 3.6525 x 10-3 mol 

Moles of Cu2+ in 500 cm3 = 3.6525 x 10-3 x 500
25

 = 73.05 x 10-3 = 0.073 mol 

Mass of Cu = n x M = 0.073 mol x 63.5 g mol-1 = 4.635 g  

 

Percentage copper in metal sample = 4.635
5.014

 x 100% = 92% 

 

Solution S1.2 

In this question we can calculate the volume of the room and use the molar volume 

given to find the amount in moles of gas. The composition of air is roughly made up of 

N2 and O2 in the proportions given and so the mass of air can be calculated. 

The volume of the room = 3 m x 4 m x 3 m = 36 m3 = 36 x 103 dm3 

24 dm3 is equivalent to 1 mol 

1 dm3 is equivalent to 1/24 mol 

36 x 103 dm3 is equivalent to 1/24 x 36 x 103 mol = 1.5 x 103 mol 

1 mol air contains 80% N2 and 20% O2 

The average mass of one mol air is therefore 0.8 x 28 g mol-1 + 0.2 x 32 g mol-1 = 28.8 

g mol-1 

So 1.5 x 103 mol air has a mass of 1.5 x 103 x 28.8 g = 43.2 x 103 g = 43.2 kg 

 

Solution S1.3 



a) In order to determine the empirical formula the percentage of each element must 

first be divided by its molar mass: 

b)  

Carbon  21.4/12 = 1.78 

Fluorine 68/19 = 3.6 

Oxygen 9.5/16 = 0.59 

Hydrogen 1.1 /1 = 1.1 

Next divide through by the smallest ratio: 

Carbon = 1.78/0.59 = 3.0 

Fluorine = 3.6/0.59 = 6.1 

Oxygen = .59/0.59 = 1 

Hydrogen = 1.1/0.59 = 1.87 

This gives the empirical formula as: C3F6OH2. 

 

This formula has a molar mass of 168 g which is the same as the mass of the parent ion 

from the mass spec. The molecular formula is therefore C3F6OH2. 

(b) The ratio of moles of each of the gases in the mixture is : Nitrous oxide : 

oxygen :  desflurane = 10:5:1. 

Hence the mole fraction of each can be obtained. The total number of moles is 16 and 

so the mole fraction of each is given by: 

Nitrous oxide = 10/16 = 0.625 

Oxygen = 0.3125 

Desflurane = 0.0625 

Therefor the partial pressures are : 

Nitrous oxide = 0.625 atm, oxygen = 0.313 atm and desflurane – 0.063 atm as the total 

pressure is 1 atm. 

Solution S1.4 

a) In order to find the total mass of gas above the surface of the earth we need first 

to find the area of the surface of the earth in centimetres and multiply this by the 

mass of air above 1 square centimetre. 

Converting km to m 
by multiplying by 103 



Area of the earth’s surface = 4πR2
 = 4 x 3.142 x  (6400 x 103 m)2 = 5.148 x 1014 

m2 

Converting to cm2 by multiplying by 104  

Area = 5.148 x 1014x 104 cm2 = 5.148 x 1018 cm2 

Mass of air = 5.148 x 1018 cm2 x 1 kg cm-2 = 5.1 x 1018 kg 

 

b) Knowing the mass of gas and the average molar mass of the gas at this 

temperature, the number of moles can be calculated: 

n = mass/molar mass = 5.1 x 1018 kg/28.8 g mol-1 = 5.1 x 1021 g/28.8 g mol-1 = 

0.18 x 1021 mol 

 

Solution S1.5 

The amount in moles of AgNO3 used in the titration will indicate the amount in moles 

of chloride ions present in the sample of WCl6. 

N(AgNO3) = 23.00 x 10-3 dm3 x 0.0105 mol dm-3 = 0.2415 x 10-3 mol 

N(Cl-) = 0.2415 x 10-3 mol 

N(WCl6) = 0.2415 x 10-3/6 = 0.04025 x 10-3 = 4.025 x 10-5 

Theoretical amount in moles of WCl6 present in 0.0216 g = m/Mr = 0.0216 g/396.54 g 

mol-1 = 5.447 x 10-5  

Therefore percentage purity of the sample of WCl6 = 4.025 x 10-5/5.447 x 10-5 x 100% 

= 73.9% 

Chapter 2 

Solution S2.1. 

(a) The equation required here relates the enthalpy change ∆H for a reaction with the 

internal energy change and the pressure/volume work done and is: ∆H = ∆U + p∆V 

(b) Hess’s law states that the overall reaction enthalpy is the sum of the reaction 

enthalpies for the individual reactions into which the overall reaction can be divided. 

Basically Hess’s law states that the enthalpy change for a reaction must be a constant, 

no matter what route is taken to bring about the reaction. 



(c) The question asks for the standard enthalpy of formation of diborane, B2H6(g) at 

298 K, or standard temperature.  

 

We can label the equations we have been given as: 

Reaction (1) B2H6 (g) + 3 O2 (g) → B2O3 (s) + 3 H2O (g)    ∆rHѲ = -1941 kJ mol-1 

Reaction (2) 2 B(s) + 2
3 O2 (g) → B2O3 (s)                           ∆rHѲ = -2368 kJ mol-1 

Reaction (3) H2 (g) + 2
1 O2 (g) →H2O (g)                             ∆rHѲ = -241.8 kJ mol-1 

 

The first step is therefore to write the chemical equation for the formation of diborane.  

2 B (s)  +  3 H2 (g)  → B2H6 (g)      = ∆fHѲ  

 

The next step is to construct an energy cycle using Hess’s law to incorporate this 

equation with the data given in the question. Looking at the data we have the enthalpy 

change for the combustion of diborane to B2O3(s) and the standard enthalpies of 

combustion of the elements B and H2. A suitable energy cycle is shown below: 

 

 
 

 

So applying Hess’s Law to the enthalpy cycle the enthalpy change for the red route 

(below) must be the same as the enthalpy change for the black route and the following 

equation can be written: 

 

∆fHѲ
  +∆rHѲ(reaction 1)    = ∆rHѲ(reaction 2) + 3×∆rHѲ(reaction 3) 

∆fHѲ = ∆rHѲ(reaction 2)+3×∆rHѲ(reaction 3)-∆rHѲ(reaction 1)    

The standard enthalpy of 
formation of a material is 
the enthalpy change for 
the formation of one 
mole of material under 
standard conditions. 



 

Inserting the values of the enthalpy changes of each reaction, this becomes: 

= -2368+3×(-241.8)-(-1941) kJ mol-1 = -1152 kJ mol-1     

 

Solution S2.2 

Here we have a reaction equation that we are required to find the enthalpy change for 

using a set of given data. This type of question involves constructing an enthalpy cycle 

and using Hess’s law. In this case we have enthalpy changes for the formation of 

reactants (HNO3 and N2H4) and products (H2O).  

 

The equation for the reaction that we are determining the enthalpy change of is: 

4 HNO3 (l) + 5 N2H4 (l) → 7 N2 (g) + 12 H2O (l)  ∆rHƟ 

Write down this equation as one side in the enthalpy triangle to employ Hess’s Law. 

Use the enthalpies of formation given to construct the other two sides of the enthalpy 

triangle. The full equations for the enthalpies of formation of the reactants and products 

should be written as follows and the reactions have been numbered to clarify the 

explanation. 

½ H2 (g)  + ½ N2 (g) + 3/2 O2(g) → HNO3(l) ∆fHϴ
 HNO3 (l) = -174.1 kJ mol-1 Reaction 

(1) 

N2(g) + 2H2(g) → N2H4(g)  ∆fH Ѳ(N2H4(l)) = +50.63 kJ mol-1,Reaction (2) 

H2(g) + ½O2(g) → H2O(l)   ∆fH Ѳ(H2O(l)) = –285.8 kJ mol-1,Reaction (3) 

 

So to obtain 4 moles of HNO3 we need to multiply Reaction (1) by 4: 

2 H2 (g)  + 2 N2 (g) + 6 O2 (g) → 4 HNO3(l)    3 x ∆fH Ѳ(HNO3(l)) 

 

To obtain 5 moles of hydrazine we need to multiply Reaction (2) by 5: 

5 N2 (g) + 10 H2 (g) → 5 N2H4 (g)  5 x ∆fH Ѳ(N2H4(l)) 

 

These two equations become the left hand side of the enthalpy triangle.  

In this question nitrogen 
gas is a product but the 
enthalpy of formation of 
this is zero as it is a pure 
element in its standard 
state. 



 

To obtain 12 moles of water we need to multiply Reaction (3) by 12: 

12 H2 (g) + 6 O2 (g) → 12 H2O (l)  12 x ∆fH Ѳ(H2O(l)) 

 

The enthalpy of formation of molecular nitrogen is zero as this is the elemental state. 

 

 

So applying Hess’s Law to the enthalpy cycle the enthalpy change for the red route 

(above) must be the same as the enthalpy change for the black route and the following 

equation can be written: 

 

∆rHϴ + 4 x ∆fH Ѳ(HNO3(l)) (Reaction (1)) + 5 x ∆fH Ѳ(N2H4(l)) (Reaction (2)) = 12 x 

∆fH Ѳ(H2O(l)) (Reaction (3)) 

 

Rearranging to obtain an equation in ∆rHϴ: 

∆rHϴ = 12 x ∆fH Ѳ(H2O(l)) – (4 x ∆fH Ѳ(HNO3(l))+ 5 x ∆fH Ѳ(N2H4(l))) 

∆rHϴ = 12 x -285.8 kJ mol-1 – (4 x -174.1 kJ mol-1 + 5 x 50.63 kJ mol-1 )  

        = -3429.6 kJ mol-1 + 696.4 kJ mol-1 – 253.15 kJ mol-1 

        = -2986 kJ mol-1 

 

Solution S2.3 

As we are given a value for the equilibrium constant in this question we should use ∆G 

= -RT lnK to determine a value for the Gibbs free energy change. 



∆G = -RT lnK = - 8.314 J K-1 mol-1 x 700 K x ln (3.0 x 104) = - 59.996 kJ mol-1 = - 60 

kJ mol-1 

 

As the Gibbs free energy is negative this suggests the equilibrium lies over to the 

products and the reaction is favourable. This is confirmed by the large size of the 

equilibrium constant at this temperature. 

 

Solution S2.4 

(a) Combustion of benzene leads to the production of CO2 (g) and H2O (g). As the 

gases are produced the increase in volume results in work being done against the 

atmosphere according to the equation: w = -p∆V. 

Assuming that the gases behave as ideal gases this equation becomes: 

w = - ∆nRT. 

In this equation R is the gas constant and T the temperature in Kelvin at which the 

reaction is carried out. The unknown is ∆n, the change in number of moles of gas  

So the first step is to write the chemical equation for the reaction to work out the 

number of moles of gas produced: 

C6H6 (l)  +  15/2 O2 (g) → 6 CO2 (g) + 3 H2O (g) 

From the balanced stoichiometric equation we can see that the change in number of 

moles of gas, ∆n, is (9-15/2) = 1.5 mol.  

w = - ∆nRT = -1.5 mol x 8.314 J K-1 mol-1x 298 K = -3.716 kJ 

The fact that the value for the work is negative agrees with the statement in the 

question that work is done against the atmosphere, and the system loses internal 

energy in this way. 

 

(b)The change in internal energy of the system is due to the energy lost as heat 

(combustion) and the work done and is given by the equation: ∆U = q + w. 

Inserting the values for the molar enthalpy of combustion and the work we get: 

∆U = -3273 kJ mol-1 – 3.72 kJ mol-1 = -3276.72 kJ mol-1 = -3277 kJ mol-1  

 

Solution S2.5 

Benzene is a liquid at 
this temperature and 7.5 
moles of gaseous O2 are 
required to completely 
burn 1 mole of benzene. 

As the system does work 
then w is negative as it is 
being lost as internal 
energy. 



In order to solve this problem we need to compare the bonds broken when 1 mole of 

propane is converted to CO2 and H2O with those that must be broken when 1 mole of 

butane is converted to the same products. We also have to calculate the additional 

energy released on forming bonds in the associated moles of CO2 and H2O from butane 

as compared to propane. 

This is shown in the diagram below: 

 

So comparing the bonds that must be broken with the bonds that are formed we get: 

 

Additional bonds broken : 

1 C=C  (612 kJ mol-1) = 612 kJ mol-1 

2 C-H  (413 kJ mol-1) = 826 kJ mol-1 

1.5 O=O (498 kJ mol-1) = 747 kJ mol-1 

Total additional energy required for butane = 2,185 kJ mol-1 

 

The additional bonds formed : 



2(C=O) (805 kJ mol-1) = 1610 kJ mol-1 

2(O-H) (464 kJ mol-1) = 928 kJ mol-1 

 

Total additional energy released for butane = 2,538 kJ mol-1. As this direction is 

exothermic this energy change is negative. 

 

So the theoretical additional energy released from the combustion of one mole of 

butane is 2,185 - 2,538  kJ mol-1 =  -353 kJ mol-1  

 

From the experimental enthalpies of combustion the expected difference in energy 

released is 2,220 - 2,877 kJ mol-1 = -657 kJ mol-1 

 

Solution S2.6 

This problem uses the equation for Gibbs free energy: ∆rGϴ = ∆rHϴ – T∆rSϴ. 

The temperature at which it becomes thermodynamically possible for the reaction to 

occur is when the value of the Gibbs free energy becomes zero. A positive value 

means that the reaction will not be spontaneous at this temperature whereas a negative 

value for ∆rGϴ suggests the reaction is thermodynamically feasible. 

When ∆rGϴ is zero ∆rHϴ = T∆rSϴ 

∆rHѲ can be obtained from: ΔrHϧ= ΔfHϧ
products - ΔfHϧ

reactants 

Substituting values gives ΔrHϧ = 3 x (- 393.5) – (2 x (-824.2 kJ mol-1) = 467.9 kJ mol-1 

∆rSѲ can be obtained from: ∆SѲ = ƩνSm
Ѳ(products) - ƩνSm

Ѳ(reactants) 

Substituting values gives: ∆rSѲ = (4 x 27.3 + 3 x 213.7) – (2 x 87.4 + 3 x 5.7) J K-1 

mol-1 = (750.3 – 191.9) J K-1 mol-1 = 558.4 J K-1 mol-1 



Rearranging the following equation to obtain an expression for T: 

∆rHϴ = T∆rSϴ  

Τ = ∆𝑟𝑟𝐻𝐻
𝛳𝛳

∆𝑟𝑟𝑆𝑆𝛳𝛳  
 = 467.9 kJ mol-1

558.4 J K-1 mol-1
  = 467.9 x 103 J mol-1

558.4 J K-1 mol-1
 = 838 Κ  

Chapter 3 

Solution S3.1 

 

Step 1 Calculate the standard Gibbs energy change, ΔrGo, for the reaction using 

∆rGo = � n∆rGO(products) −� n∆rGO(reactants) 

∆rGo = �(2 × ∆rGo�NO2(g)�� − �(1 × ∆rGo�N2O4(g)�� 

∆rGo = �(2 × 51.8 kJ mol-1� − �(1 × 98.3 kJ mol-1�  

∆rGo = +5.3 kJ mol-1 

 

Step 2 Use the van’t Hoff isotherm for a gaseous reaction to determine Kp  

∆r𝐺𝐺o = −𝑅𝑅𝑅𝑅ln𝐾𝐾p 

ln𝐾𝐾p = −
∆𝑟𝑟𝐺𝐺𝑜𝑜

𝑅𝑅𝑅𝑅
 

𝐾𝐾 = 𝑒𝑒− �∆𝑟𝑟𝐺𝐺
𝑜𝑜

𝑅𝑅𝑅𝑅 � 

𝐾𝐾 = 𝑒𝑒
− � +5300 J mol-1

8.314 J K-1mol-1× 298 K
�
 

𝐾𝐾 = 0.118 atm 

 

Step 3 Use 𝐾𝐾p = 𝐾𝐾c(𝑅𝑅𝑅𝑅)∆n to determine Kc 

Remember to convert kJ 
to J so that the units 
cancel 



𝐾𝐾c =
𝐾𝐾p

(𝑅𝑅𝑅𝑅)∆n 

𝐾𝐾c =
(0.118 atm)

((0.0821 dm3 atm  K-1mol-1) × (298 K))+1 

𝐾𝐾c = 4.82 × 10-3 mol dm-3 

 

Solution S3.2 

For this reaction the equilibrium constant expression is 

𝐾𝐾p =
�pNO2�

2

𝑝𝑝N2O4
  

 

An equilibrium table can be used to examine the dissociation process 

 N2O

4 

2 

NO2 

Initial partial pressure 1 0 

Change in partial 

pressure 

-x +2x 

Equilibrium partial 

pressure 

1-x +2x 

 

𝐾𝐾p =
�𝑝𝑝NO2�

2

𝑝𝑝N2O4

 

𝐾𝐾p =
(2𝑥𝑥)2

1 − 𝑥𝑥
 

 

It is also known that 



𝐾𝐾p = 47.9  

So 

(2𝑥𝑥)2

1 − 𝑥𝑥
= 47.9 

 

The % dissociation can be found by solving this expression to find a value for x 

4𝑥𝑥2

1 − 𝑥𝑥
= 47.9 

4𝑥𝑥2 = (47.9) × (1 − 𝑥𝑥) 

4𝑥𝑥2 = (47.9) − (47.9𝑥𝑥) 

4𝑥𝑥2 + (47.9𝑥𝑥) − (47.9) = 0 

 

In this case the expression obtained is in the form of a quadratic:  𝑎𝑎𝑥𝑥2 + 𝑏𝑏𝑥𝑥 + 𝑐𝑐 = 0 

where a = +4, b = 47.9 and c = −47.9 and so it is possible to solve for x using the 

following relationship  

𝑥𝑥 =
−b ± �b2 − 4ac

2a
 

𝑥𝑥 =
−(47.9) ± �(47.9 )2 − (4 × 4 × −47.9) 

2 × 4
 

𝑥𝑥 =
−47.9 ± 55.3

8
 

𝑥𝑥 = 0.925 or − 12.9 

 

In this case the acceptable answer for x is 0.925 and therefore the sample is 92.5 % 

dissociated under these conditions.   

 



Solution S3.3 

CdS (s) ⇌ Cd2+(aq) + S2- (aq) 

𝐾𝐾sp = �Cd2+�[S2-] 

 

If CdS is to precipitate then [Cd2+][S2-] > Ksp; the concentration of Cd2+ is set at 0.15 

mol dm-3 and Ksp is known so by substitution we can find the required concentration of 

sulfide ions: 

𝐾𝐾sp

�Cd2+�
= [S2-] 

[S2-]=
𝐾𝐾sp

�Cd2+�
 

[S2-] = 1.6×10−28mol2 dm-6

0.15 mol dm-3   

[S2-] = 1.1 × 10−27mol dm-3 

The concentration of sulfide ions that will result in precipitation of CdS is 1.1 ×

10−27mol dm-3 

 

Solution S3.4 

a) 𝐾𝐾𝑝𝑝 = (𝑝𝑝𝐶𝐶)4

(𝑝𝑝A)2  with units of atm2 (Other units of pressure are also acceptable; the solid 

does not form part of the expression) 

 

b)  Using the expression below, assume that the standard reaction enthalpy is constant 

over the range of temperatures and replace any known terms  

ln
𝐾𝐾2
𝐾𝐾1

=
−∆r𝐻𝐻𝑜𝑜

𝑅𝑅
�

1
𝑅𝑅2
−

1
𝑅𝑅1
� 



ln
𝐾𝐾2
𝐾𝐾1

= 
−�−91 × 103 J mol-1�

8.314 J K-1mol-1
�

1
675 K

−
1

600 K
� 

ln
𝐾𝐾2
𝐾𝐾1

= −2.03 

ln K2/K1 represents the natural logarithm of K2/K1 and to evaluate K2 we first take the 

antilogarithm 

𝐾𝐾2
𝐾𝐾1

= 𝑒𝑒−2.03 

𝐾𝐾2
𝐾𝐾1

= 0.132 

 

And then rearrange the expression to find K2 

𝐾𝐾2 = �0.132) × (3 × 103� = 396 

𝐾𝐾2 = 396 atm2 

The equilibrium constant at 675 K = 396 atm2 

 

c) In this case the number of moles of gaseous products is 2 and the number of moles of 

gaseous reactants is 4 hence Δn = +2, so  

𝐾𝐾𝑝𝑝 = 𝐾𝐾𝑐𝑐(𝑅𝑅𝑅𝑅)∆𝑛𝑛 

𝐾𝐾𝑐𝑐 =
𝐾𝐾𝑝𝑝

(𝑅𝑅𝑅𝑅)∆𝑛𝑛 

𝐾𝐾𝑐𝑐 =
( 3 × 103  atm2)

((0.0821 dm3 atm  K-1 mol-1) × (600 K))2 

𝐾𝐾𝑐𝑐 = 1.24 mol2 dm-6 

Kc at 675 K is 1.24 mol2 dm-6 

 



d) The equilibrium constant for the reverse reaction  

4 C (g) ⇌ 2 A (g) + 2 B (𝑠𝑠) 

is given by  

𝐾𝐾p reverse = 1
𝐾𝐾p  forward

  

𝐾𝐾p reverse =
1

(3 ×  103 atm) 
 

𝐾𝐾p reverse = 333 × 10-6 atm-2 

 

Solution S3.5 

Consider the overall process 

H2S + 2 H2O ⇌ 2 H3O+ + S2− 

𝐾𝐾𝑐𝑐 =
�H3O+�

2
�S2-�

[H2S]  

 

As we do not know Kc we cannot directly determine the hydrated proton concentration 

and the sulfide ion concentration, we must examine each step of the ionization process. 

 

Consider the first ionization 

H2S + H2O ⇌ H3O+ + HS− 

 

We know 

𝑝𝑝𝐾𝐾1 = 7.05 

 

 



Hence 

𝐾𝐾1 = 10−7.05 

𝐾𝐾1 = 89 × 10−9 

It is also known that 

𝐾𝐾1 =
�H3O+�[HS-]

[H2S]  

 

Hence 

�H3O+�[HS-]
[H2S] = 89 × 10−9 

Consider the second ionization 

HS− + H2O ⇌ H3O++S2− 

𝑝𝑝𝐾𝐾2 = 12.92 

𝐾𝐾2 = 10−12.92 

𝐾𝐾2 = 120 × 10−15 

It is also known that  

𝐾𝐾2 =
�H3O+��S2-�

[HS-]  

 

Hence 

�H3O+��S2-�
[HS-] = 120 × 10−15 

 

Comparing the relative magnitudes of K1 and K2 it can be seen that most of the protons 

are released in the first step so we can estimate their concentration using the first 



ionization process.  We can assume that the concentration of HS− is the same as that of 

H3O+ as they are produced in equal quantities. 

�H3O+��S2-�
[H2S] =

[𝑥𝑥]2

0.15
 

 

Hence 

[𝑥𝑥]2

0.15
= 89 × 10−9 

[𝑥𝑥]2 = 0.15 × (89 × 10−9) 

𝑥𝑥 = �13.35 × 10−9 

𝑥𝑥 = 115.5 × 10−6 

�H3O+� = 115.5 × 10−6 mol dm-3 

This is the concentration of protons released in the first ionization step 

Next consider the sulfide ion and the second ionization 

HS− + H2O ⇌ H3O++ S2− 

𝑝𝑝𝐾𝐾2 = 12.92 

𝐾𝐾2 = 10−12.92  

𝐾𝐾2 = 120 × 10−15 

It is also known that 

𝐾𝐾2 =
�H3O+��S2-�

�HS-�
  

Hence 

�H3O+��S2-�
[HS-] = 120 × 10−15 



The small value for K2 indicates that the second ionization process is not very 

significant so again we can assume that the concentration of HS− is the same as that of 

H3O+ (as they are produced in equal quantities in the first ionization step), this produces 

the result that  

�S2-� = 120 × 10−15 mol dm-3 

This is the concentration of sulfide ion produced during the second ionization step. 

Note the value for the concentration of the sulfide ion is extremely small thus 

confirming that our assumptions throughout are valid. 

 

Chapter 4 

Solution S4.1 

The number of components is two, C = 2; the number of phases is two (there are two 

separate layers), P = 2 and the number of degrees of freedom, F, is determined using 

𝐹𝐹 = 𝐶𝐶 − 𝑃𝑃 + 2 

Where F is the number of degrees of freedom (number of intensive variables such as 

pressure or temperature that can be changed without disturbing the number of phases in 

equilibrium), C is the number of components in the system, and P is the number of 

phases.  

𝐹𝐹 = 2 − 2 + 2 

𝐹𝐹 = 2  

 

Solution S4.2 

a = solid, b = liquid, c = vapour and d = solid and a liquid 

 

Solution S4.3 

Take Trouton’s rule (which states that the entropy change of vaporization, ΔvapS, at the 

boiling point, Tb, of a liquid (where there is no hydrogen bonding) is approximately 85 



J K-1 mol-1), insert the boiling point given in the question and rearrange to find the 

enthalpy of vaporization, ΔvapH 

∆vap𝐻𝐻
𝑅𝑅b

= 85 J K-1 mol-1  

∆vap𝐻𝐻
(353 K)

= 85 J K-1 mol-1 

∆vap𝐻𝐻 = �85 J K−1 mol-1� × (353 K) = 30005 J mol−1 =  30 kJ mol−1  

Solution S4.4 

First consider the amount of water vaporised; the question gives the amount of water 

present in g (18 g), this must be converted to moles by dividing through by the 

molecular mass of water (18 g mol-1) 

18 g
18 g mol-1

= 1 mol 

Then take Trouton’s rule, insert the enthalpy of vaporization, ΔvapH and the boiling 

point given in the question and solve to find the entropy of vaporization, ΔvapS 

∆vap𝑆𝑆 =
∆vap𝐻𝐻
𝑅𝑅b

 

Remember that the temperature should be in Kelvin so the normal boiling point, Tb, 

should be changed from 100 oC to Kelvin:  (100.00 + 273.15) K = 373.15 K  

∆vap𝑆𝑆 =
40.7 × 103 J mol-1

(373.15 K)
 

∆vap𝑆𝑆 = 109 J K-1 mol-1 

 

Solution S4.5 

Take the expression that relates osmotic pressure to molarity, rearrange to make the 

molarity of the solution the subject and insert the values given remembering to convert 

temperature to Kelvin 

𝛱𝛱 = 𝑖𝑖𝑅𝑅𝑅𝑅𝑐𝑐  



𝑐𝑐 =
Π
𝑖𝑖𝑅𝑅𝑅𝑅

 

𝑐𝑐 =
(232 Pa)

1 × (8.314 J K-1 mol-1)  × (298 K)
= 93.64 × 10-3  mol m-3 

 

As the sample volume was 100 ml (or 100 ×10-6 m3) it follows that the number of 

moles, n, in the sample is 

𝑛𝑛 = (100 × 10−6 m3) × �93.64 × 10-3  mol dm-3� = 9.363 × 10-6 mol 

 

The original mass of protein was 7.5 g so the molar mass is 

Molar mass =  
(7.5 g)

�9.363 × 10-6  mol�
= 801 × 103 g mol-1 =  8.0 × 105 g mol-1 

The molar mass of the polymer is 8.0 × 105 g mol-1. 

 

Solution S5.1 

 

i) The rate equation can be expressed in terms of the mass of 131I remaining or the 

number of 131I atoms remaining:  𝑑𝑑𝑑𝑑
𝑑𝑑𝑑𝑑

= −𝑘𝑘I 

ii) The half-life is the time period required for half of the original amount of 

material to be lost. The half-life, t½, is related to the 1st order rate constant, k, by: 

𝑡𝑡½ = ln2/𝑘𝑘  

 

Substituting given values into the expression and rearranging we obtain: 

𝑘𝑘 = ln2
𝑑𝑑½

 = ln2
8.02 days

 = 0.086 day-1 

This gives a value for the rate constant of 0.0864 day–1 . 

 

iii) The activity is proportional to the amount of 131I remaining, so we can use the 

first order integrated rate equation to find the length of time it will take for the 

The minus sign is needed 
as the number of I atoms 
is decreasing 

Radioactive decay 
always follows first order 
kinetics 



activity to drop by this amount. Let the activity = A: 

ln A = ln A0 – kt 

ln (2.6×108) = ln (4.5×109) – 0.0864 day-1 x t 

21.68 = 24.53 – 0.0864 day-1 x t 

2.85 = 0.0864 day-1 t 

So t = 32.99 days = 33.0 days 

 

Solution S5.2 

In a zero order reaction the concentration decreases linearly with time, so a plot of 

concentration against time is a straight line with a gradient equal to the rate constant. 

The equation of the line is [A] = kt. 

 

In this problem [A] is equivalent to the pressure, p. so the equation becomes: 

p= k t or ∆p = k ∆t 

 

Substituting values into the equation: 30 kPa – pt = 1.43 x 10-2 kPa s-1 x 10 min 

 

Converting the time, t, to seconds: 30 kPa – pt = 1.43 x 10-2 kPa s-1 x 10 x 60 s 

30 kPa - pt =  858 x 10-2 kPa 

pt = (30-858 x 10-2) kPa = 21.4 kPa 

 

To find the time when all the ammonia has disappeared we must substitute pt = 0 into 

the equation and solve for t: 

30 kPa – 0 = 1.43 x 10-2 kPa s-1 t 

t = 30 kPa/1.43 x 10-2 kPa s-1 = 20.98 x 102 s = 35 min 



Solution S5.3 

 

This question provides data for a bromination reaction at different temperatures and so 

we must use the Arrhenius equation to plot a graph of lnk against 1/T (from the 

Arrhenius equation) to obtain a straight line. The gradient of the straight line is equal to 

–Ea/R, from which we can obtain a value for Ea. 

 

The values of 1/T and lnk must be calculated and then the graph plotted. It is simplest to 

do this in Excel, although in an examination of course it would be necessary to do this 

using a calculator and graph paper. 

 

Using Excel to calculate values for the graph we obtain the new table: 

T/K 1/T /K-1 

k/mol-1 

s-1 lnk 

298 

0.00335

6 

8.50E+0

3 

9.04782

1 

301 

0.00332

2 

1.30E+0

4 

9.47270

5 
304 0.003289 1.90E+04 9.852194 

307 0.003257 2.50E+04 10.12663 

310 0.003226 3.70E+04 10.51867 

313 0.003195 5.10E+04 10.83958 

316 0.003165 7.00E+04 11.15625 

319 0.003135 9.60E+04 11.4721 

 

Plotting 1/T against lnk gives the following straight line graph: 



 
 

The equation of the straight line for the graph gives a gradient of -10849 K. 

From the Arrhenius equation we know that the gradient = -Ea/R. 

So: -Ea/R =  -10849 K 

Ea = 10849 K x 8.314 J K-1 mol-1 = 90198 J mol-1 = 902 kJ mol-1 

 

Solution S5.4 

As we are told that this is a first order decomposition and we are given the rate constant 

we can determine the half life from the expression: 

t½ = ln 2
𝑘𝑘

 



Inserting the value for the rate constant in this expression we obtain: 

t½ = ln 2
3.35 x 10−5 𝑠𝑠−1  

 = 2.07 x 104 s 

The integrated rate equation can be used to find the pressure of N2O5 at any time 

ln 𝑝𝑝 = ln 𝑝𝑝0  − 𝑘𝑘𝑡𝑡 = ln 500 kPa – 3.35 x 10-5 s-1 x 10 x 60 s = 6.2146 – 0.0201 = 6.1945 

So p = 490 kPa 

 

Solution S5.5 

As we are told the reaction obeys second order kinetics we can use the integrated rate 

equation for a second order reaction to obtain an expression for the half life: 
1

𝐴𝐴0/2
=  

1
𝐴𝐴0

+ 𝑘𝑘𝑡𝑡½ 

 

kt½ = 2
𝐴𝐴0
−  1

𝐴𝐴0
 = 1

𝐴𝐴0
 

So t½ = 1
𝑘𝑘𝐴𝐴0

 

When three quarters the original concentration has disappeared then the concentration 

of A left will be A0/4. We can substitute this value into the integrated rate equation to 

obtain an expression for the time at this point, t¾. 
1

𝐴𝐴0/4
=  

1
𝐴𝐴0

+ 𝑘𝑘𝑡𝑡¾ 

 

kt¾ = = 4
𝐴𝐴0
−  1

𝐴𝐴0
 = 3

𝐴𝐴0
 

So t¾ = 3
𝑘𝑘𝐴𝐴0

 

Comparing this with the expression for the half life ( 1
𝑘𝑘𝐴𝐴0

) we can see that this is three 

times bigger. 

 

Solution S5.6 

According to the mechanism N2O is formed in the second step of the reaction which 

can be used to write a rate expression based upon the formation of N2O : 



d[N2O]
dt

=  𝑘𝑘2[N2O2][H2] 

 

However, N2O2 is an intermediate formed in step two and so we should use the steady 

state approximation to derive an expression for N2O2 and then substitute for this in the 

overall rate equation. 

 

The steady state approximation says that; 

d[N2O2]
dt

 = rate of production of N2O2 - rate of removal of N2O2= 0 

 

We now need to write expressions for the rate of formation and rate of consumption of 

N2O2. 

 

From the first step the rate of production of N2O2 = d[N2O2]
dt

=  𝑘𝑘1[NO]2 

 

N2O is consumed in two steps represented by: 

- d[N2O2]
dt

=  𝑘𝑘−1[N2O2]  and  - d[N2O2]
dt

=  𝑘𝑘2[N2O2][H2]   

 

So applying the steady state approximation: 

𝑘𝑘1[NO]2  =  𝑘𝑘−1[N2O2] +   𝑘𝑘2[N2O2][H2]   

[N2O2] =  𝑘𝑘1[NO]2 
𝑘𝑘−1+ 𝑘𝑘2[H2] 

 

 

Now we have an expression for N2O2 we can substitute it in the rate expression: 

d[N2O]
dt

=  𝑘𝑘2[
𝑘𝑘1[NO]2 

𝑘𝑘−1 +  𝑘𝑘2[H2]][H2] 

 

Compare this with the rate expression given in the question: 

 d[N2O]
dt

=  𝑘𝑘𝑜𝑜𝑜𝑜𝑠𝑠[NO]2[H2] 

 

Our derived rate expression can only agree with the observed rate law if k-1>>k2[H2]. If 

the conversion of N2O2 back to NO is much faster that the conversion of N2O2 to N2O 



then k-1 will be much larger than k2 and the rate of reaction becomes: 

If we make this assumption the rate law becomes: 

 
d[N2O]

dt
=  𝑘𝑘2[𝑘𝑘1[NO]2 

𝑘𝑘−1
][H2] = 𝑘𝑘2𝑘𝑘1

𝑘𝑘−1
[NO]2[H2] 

 

So 𝑘𝑘2𝑘𝑘1
𝑘𝑘−1

 =  𝑘𝑘𝑜𝑜𝑜𝑜𝑠𝑠 

 

Chapter 6 

Solution S6.1 

Step 1: 

MgCl2 → Mg2+ + 2 Cl− 

Here z+ = 2, z− = 1 and |2×1| = 2 and 

log10 𝛾𝛾± = −0.509|𝑧𝑧+𝑧𝑧−|𝐼𝐼1/2  

log10 𝛾𝛾± = −0.509|2 × 1|0.1101/2 

log10 𝛾𝛾± = −0.338 

𝛾𝛾± = 0.459  

 

Step 2: For a 1:2 electrolyte such as MgCl2 with a molality of m the activity may be 

determined as 

MgCl2 → Mg2+ + 2 Cl− 

𝑎𝑎+− = (𝑎𝑎±)𝑣𝑣 

Here 𝑎𝑎± = 𝛾𝛾±𝑚𝑚± and v = 3 so by substitution this expression becomes 

𝑎𝑎MgCl2 = (𝑎𝑎±)3 

𝑎𝑎MgCl2 = (𝛾𝛾±𝑚𝑚±)3  



𝑎𝑎MgCl2 = 𝛾𝛾±
3 × 4𝑚𝑚3 

𝑎𝑎MgCl2 = 0.4593 × 4 × 0.1103 

𝑎𝑎MgCl2 = 5.15 × 10−4 

 

Solution S6.2 

 

Step 1: Plot a graph of molar conductivity against c1/2 and extrapolate the straight line 

graph to infinite dilution.   The SI units of conductivity are S m2 mol-1, however it is 

easier to handle the data in S cm2 mol-1, this involves multiplying the molar 

conductivity values provided through by 10,000 as there are 10,000 cm2 in a m2. 

 

c / mol dm-3 0.001 0.01 0.10 

c1/2 / mol1/2 dm-

3/2 

0.03 0.1 0.3 

Λm / S m2 mol-1 112.4 × 

10-4 

107.3 × 

10-4 

95.9 × 

10-4 

Λm / S cm2 mol-

1 

112.4 107.3 95.9 

 



 

Figure 6.6.1 Plot of the molar conductivity, Ʌm, against c1/2 for aqueous lithium 

chloride solutions. 

 

A linear fit is applied to the data (the equation for this fit is shown on the plot) and the 

intercept on the y axis gives the value of the limiting molar conductivity as 113.7 S cm2 

mol-1 

 

Step 2: The gradient of the line provides the value of Kohlrausch’s constant, 56.71 S 

cm2 mol-1/(mol dm-3)1/2 

 

Step 3: Both anions and cations contribute to the limiting molar conductivity  

𝛬𝛬m
0 = 𝑛𝑛+𝜆𝜆0

+ + 𝑛𝑛−𝜆𝜆0
−  

 

Where 𝛬𝛬m
o  is the limiting molar conductivity (S m2 mol-1), n+ is the number of cations 

per electrolyte molecule, 𝜆𝜆0
+ is the limiting molar conductivity of the cation (S m2 mol-

1), n- is the number of anions per electrolyte molecule and 𝜆𝜆0
− is the limiting molar 

conductivity of the anion (S m2 mol-1). 



 

Hence the limiting molar conductivity of the silver ion is determined by rearranging the 

expression and replacing known values  

𝛬𝛬m
0 = 𝑛𝑛𝜆𝜆0

+ + 𝑛𝑛𝜆𝜆0
−  

𝛬𝛬m
0 − 𝑛𝑛𝜆𝜆0

− = 𝑛𝑛𝜆𝜆0
+ 

113.7 S cm 2mol-1 − 76.4 S cm 2mol-1 = 37.3 S cm 2mol-1  

The limiting molar conductivity of the lithium ion is 37.3 S cm2 mol-1 

 

Solution S6.3 

𝐸𝐸𝑒𝑒 = 𝐸𝐸o +
𝑅𝑅𝑅𝑅
𝑛𝑛𝐹𝐹

ln
[Oxidised species]
[Reduced species] 

𝐸𝐸𝑒𝑒 = (+0.77 V) + �
(8.314 J K-1mol-1) × (298 K) 

1 × �96485 C mol-1�
×  ln

[0.03]
[0.05]� 

𝐸𝐸𝑒𝑒 = +0.76 V 

 

Solution S6.4 

The reaction at the cathode is  

Ni2+(aq) + 2 e− → Ni (s) 

 

So deposition of 1 mole of nickel requires 2 moles of electrons corresponding to a 

charge of 

𝑄𝑄 = (2 mol) × (96485 C mol−1) 

𝑄𝑄 = 192970 C 

 



Compare this value with the charge passed during the electrolysis, as determined from 

the information provided using 

𝑄𝑄 = 𝐼𝐼𝑡𝑡 

Where Q is the electrical charge (C), I is the current (A) and t is the time (s). 

 

The current should be converted to SI units: 76 mA = ((1×10-3) × 76 mA) = 0.076 A 

 

The time should be converted to SI units: (85 min) × (60 s min-1) = 5100 s  

𝑄𝑄 = 𝐼𝐼𝑡𝑡  

𝑄𝑄 = (0.0760 A) × (5100 s)  

Note that 1 A = 1 C s-1 hence  

𝑄𝑄 = (0.0760 C s-1) × (5100 s) 

𝑄𝑄 = 387.6 C 

 

The actual amount in moles of nickel deposited during electrolysis is given by 

 Amount in moles deposited =  (387.6 C)

�192970 C mol-1�
 

 Amount in moles deposited = 2.00 × 10-3 mol 

 

The relative molecular mass of copper is 58.69 g mol-1 so the actual mass of nickel 

deposited during electrolysis is given by  

 

Mass deposited = �2.00 × 10-3 mol) × (58.69 g mol-1� 

Mass deposited = 0.118 g 
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