




UV

A Born-Haber cycle is an energy cycle for the formation of 
an ionic compound (ΔHo

f).

The lattice enthalpy (ΔHo
lat) is the enthalpy change when 

one mole of solid ionic compound is broken down into 
gaseous ions under standard conditions. 



2 × - 349 kJ mol-1 

(+738) + (+1451) kJ mol-1 

+148 kJ mol-1 

- 642 kJ mol-1 

+242 kJ mol-1 

H
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The solid ionic compound is 
broken down into gaseous ions 
(ΔHo

lat). 

The gaseous ions are 
hydrated by water 
molecules (ΔHo

hyd).



UV

The enthalpy change of solution (ΔHo
sol) is the 

enthalpy change when one mole of an ionic 
substance dissolves in water to give a solution 
of infinite dilution.

NaCl(s) → Na+
(aq) + Cl-

(aq)



The enthalpy of hydration (ΔHo
hyd) is the enthalpy 

change when one mole of gaseous ions dissolve in 
water to give a solution of infinite dilution.
Enthalpies of hydration are always negative 
(exothermic). 

Na+
(g) → Na+

(aq) Cl-
(g) → Cl-

(aq)



UV

When a gaseous ion is hydrated, ion-dipole forces 
occur between the gaseous ion and the dipoles of 
the water molecule.

The formation of ion-dipole forces 
releases energy so ΔHhyd values are 
always negative.
The higher the charge on the ion and 
the smaller the ionic radius, the more 
exothermic the value of the ΔHhyd . 



UV

ΔHo
sol = ΔHo

lat + ΔHo
hyd



UV



UV

Use the data in sections 18 and 20 to calculate 
the enthalpy change of solution ΔHo

sol of CaF2. 



UV

ΔHo
sol = ΔHo

lat + ΔHo
hyd

ΔHo
sol = +2651 + (-1616 + 2 × -504) 

ΔHo
sol = +27.0 kJ mol-1

Use the data in sections 18 and 20 to calculate 
the enthalpy change of solution ΔHo

sol of CaF2. 



UV

ΔHo
lat = ΔHo

sol - ΔHo
hyd

ΔHo
lat = +14.78 + (-307 + -359) 

ΔHo
lat = +680 kJ mol-1

Use the data in sections 19 and 20 to calculate 
the lattice enthalpy of NH4Cl. 



UV

The solubility of an ionic compound depends on the 
magnitude of the ΔHo

lat compared to the ΔHo
hyd. 

If the ΔHo
lat is greater than the ΔHo

hyd, the ΔHo
sol is 

endothermic.
If the ΔHo

lat is less than the ΔHo
hyd, the ΔHo

sol is 
exothermic.
An exothermic ΔHo

sol favours the dissolving process. 
Whether an ionic compound with an endothermic ΔHo

sol

is soluble or not depends on the ΔS.



UV

The change in entropy is also a factor that determines 
the solubility of an ionic compound.
NaCl has a ΔHo

sol of +3.9 kJ mol-1.
NaCl is soluble in water because the increase in 
entropy makes up for the endothermic ΔHo

sol .

NaCl(s) → Na+
(aq) + Cl-

(aq)

Ionic compounds with a +ΔHo
sol are only soluble if 

the change in entropy is large enough to outweigh it.



UV

The dissolving of ammonium nitrate has a ΔHo
sol of 

+25.7 kJ mol-1 and a ΔS of +108 J K-1 mol-1. Determine 
the spontaneity of the dissolving process at 25oC.

ΔG = ΔH – TΔS
ΔG = 25.7 – (298 × 0.108)

ΔG = –6.48 kJ mol-1





A spontaneous process is a process that occurs 
without adding energy (other than the energy 
required to overcome the energy barrier). 



Spontaneous processes can be either fast or 
slow.

Combustion is a fast
spontaneous process. 

Rusting is a slow
spontaneous process. 



According to the second law of thermodynamics, for    
a spontaneous process the change in entropy of the 
universe (ΔStotal) must be positive. 

ΔS(total) = ΔS(system) + ΔS(surroundings) 

ΔS(total) > 0

For a spontaneous process: 



The temperature of the surroundings affects the 
ΔS(surroundings) when heat is added.

ΔS(surroundings) = −
Δ𝑯𝐬𝐲𝐬𝐭𝐞𝐦

𝐓

Heat added to low temperature surroundings   
has a greater effect than heat added to high 
temperature surroundings. 



ΔS(surroundings) = −
Δ𝑯𝐬𝐲𝐬𝐭𝐞𝐦

𝐓

H2O(l) → H2O(s)

ΔS(system) = −22.0 J K-1 mol-1

ΔH(system) = −6.01 kJ mol-1



ΔS(surroundings) = −
−𝟔𝟎𝟏𝟎

𝟐𝟔𝟑

ΔS(surroundings) = +22.9 J K-1 mol-1

ΔS(total) = −22.0 + 22.9 = +0.9 J K-1 mol-1

Freezing is spontaneous at 263 K (-10oC)

H2O(l) → H2O(s) at -10oC (263 K)



ΔS(surroundings) = −
−𝟔𝟎𝟏𝟎

𝟐𝟖𝟑

ΔS(surroundings) = +21.2 J K-1 mol-1

ΔS(total) = −22.0 + 21.2 = −0.8 J K-1 mol-1

Freezing is non-spontaneous at 283 K (10oC)

H2O(l) → H2O(s) at 10oC (283 K)



ΔS(total) > 0

For a spontaneous process: 

H2O(l) → H2O(s) at 263 K  ΔS(total) > 0

H2O(l) → H2O(s) at 283 K  ΔS(total) < 0



Exothermic reaction – heat lost by the system is 
gained by the surroundings. 

Endothermic reaction – heat gained by the system 
is lost by the surroundings. 

ΔS(surroundings) < 0

ΔS(surroundings) > 0ΔH(system) < 0

ΔH(system) > 0



ΔH(sys) < 0  ΔS(sys) > 0 ΔH(sys) < 0   ΔS(sys) < 0

ΔS(total) is positive 
irrespective of ΔS(surr) 

ΔS(total) can only be positive if 
ΔS(surr) > ΔS(sys) 



ΔH(sys) > 0  ΔS(sys) > 0

ΔS(total) can only be positive if 
ΔS(surr) < ΔS(sys)

ΔS(sys) < 0  ΔS(surr) < 0

ΔS(total) can never be positive



C6H12O6(s) + 6O2(g)  → 6CO2(g) + 6H2O(g)

CaO(s) + CO2(g)  → CaCO3(s)

Ba(OH)2•8H2O(s) + 2NH4NO3(s) → Ba(NO3)2(aq)+ 2NH3(aq) + 10H2O(l)

ΔS(sys) > 0   ΔS(surr) > 0   ΔS(total) > 0   

ΔS(sys) < 0   ΔS(surr) >> 0   ΔS(total) > 0   

ΔS(sys) >> 0   ΔS(surr) < 0   ΔS(total) > 0   





Entropy (S) refers to the distribution of available 
energy among the particles in a system. 
The more ways in which the energy can be 
distributed, the higher the entropy. 

solid gas

Increasing entropy 



solid liquid gas

S = k ln W
k – the Boltzmann constant (R/L = 1.38 × 10-23 J mol-1)
W – number of different microstates

A microstate is the arrangement of each molecule  
in the system at a single instant.
The greater the number of microstates, the greater 
the number of ways that energy can be distributed. 



A microstate is the arrangement of each molecule  
in the system at a single instant.

solid liquid gas

Increasing number of microstates

Increasing W (increasing entropy) 



State of matter Absolute entropy 
(So) J K-1 mol-1

H2O (s) 41.3

H2O (l) 70.0

H2O (g) 188

solids < liquids < gases





solid liquid gas

Increasing entropy 

A system with fewer ways to distribute energy 
has a lower entropy.
A system with more ways to distribute energy 
has a higher entropy.



Factors that can change the entropy of a 
system:
• changes in temperature 
• changes of state (freezing, evaporating)
• dissolving (or crystallisation)
• changes in amounts of gaseous reactants 

or products



Entropy increases as temperature increases. 

Increasing entropy 

Decreasing entropy 

H2O(l) → H2O(g)  +ΔS
H2O(g) → H2O(l)  -ΔS



Factors that increase entropy (positive entropy 
change, +ΔS)  

Dissolving NaCl(s) → Na+
(aq) Cl-

(aq)

Increase in mol 
of gas 

CaCO3(s)→ CaO(s) + CO2(g)

C3H8(g) + 5O2(g) → 3CO2(g) + 4H2O(g)

CH4 (g) + H2O(g) → 3H2(g) + CO(g)



Factors that decrease entropy (negative entropy 
change, -ΔS)  

Crystallisation Na+
(aq) Cl-

(aq) → NaCl(s) 

Decrease in 
mol of gas 

N2(g) + 3H2(g) ⇌ 2NH3(g)

C2H4(g) + H2(g) → C2H6(g)

2Mg(s) + O2(g)→ 2MgO(s)



Na2CO3(s) + 2HCl(aq) → CO2(g) + 2NaCl(aq) + H2O(l) 

AgNO3(aq) + NaCl(aq) → AgCl(s) + NaNO3(aq) 

2S2O3
2-

(aq) + I2(aq) → S4O6
2-

(aq) + 2I-
(aq)

NH3(g) + HCl(g) → NH4Cl(s)





solid liquid gas

Absolute entropy values (So) are always positive.
The unit of So is J K-1 mol-1. 



solid

Use the absolute entropy values (So) in Table 12 of the IB 
chemistry data booklet.
Input the values into the equation, remembering to 
multiply by the coefficients in the balanced equation.
Check that the sign of the entropy change corresponds to 
the change in entropy of the reaction.
When using the equation ΔG = ΔH - TΔS, convert the ΔS to         
kJ K-1 mol-1 by dividing by 1000. 



solid

The ΔS is positive because in the reaction 1 mol of 
liquid and 1 mol of gas have become 3 mol of gas. 



solid

The ΔS is negative because in the reaction 2 mol of gas 
have become 1 mol of gas. 

(131 + 220)



The ΔS is negative because in the reaction 4 mol of gas 
have become 2 mol of gas. 

N2 (g) + 3H2 (g) ⇌ 2NH3 (g)





solid liquid

ΔG = ΔH – TΔS 

ΔG – Gibbs free energy change (kJ mol-1) 
ΔH – change in enthalpy (kJ mol-1)
T – temperature in kelvin, K
ΔS – change in entropy (J K-1 mol-1)

The change in Gibbs free energy (ΔG) can be calculated 
using the following equation:



solid liquid

For a spontaneous process, ΔG is negative.
For a non-spontaneous process, ΔG is positive.

Spontaneity ΔG Ecell Kc

Spontaneous ─ + Large 

Non-spontaneous + ─ Small



solid liquid

N2 (g) + 3H2 (g) ⇌ 2NH3 (g)

ΔHf
o (kJ mol-1) So (J K-1 mol-1)

N2 (g) 0 191.5

H2 (g) 0 130.6

NH3 (g) -46.1 192.3

Calculate the ΔG for the following reaction at 298 K, 
given the following data. 



solid liquid

N2 (g) + 3H2 (g) ⇌ 2NH3 (g)



solid liquid

N2 (g) + 3H2 (g) ⇌ 2NH3 (g)



solid liquid

ΔG = ΔH – TΔS 

ΔG = –92.6 – (298 × – 0.1987)

ΔG = –33.4 kJ mol-1

Negative value for ΔG means that the reaction 
is spontaneous at 298 K. 



solid

>0 = –92.6 – (T × – 0.1987)

At what temperature does the reaction become non-
spontaneous?

T = >(92.6 / 0.1987) 

T = > 466 K ΔG = –92.6 – (467 × – 0.1987)
ΔG = + 0.193 kJ mol-1





solid liquid

The standard Gibbs free energy change (ΔGo) is 
the change in Gibbs free energy measured under 
standard conditions (100 kPa and 298 K).

ΔGo = 𝚺ΔGf
o

products 𝚺ΔGf
o

reactants



solid liquid

The standard change in Gibbs free energy (ΔGo) is 
the change in Gibbs free energy measured under 
standard conditions (298 K and 100 kPa).

ΔGo = 𝚺ΔGf
o

products 𝚺ΔGf
o

reactants

ΔGf
o - standard Gibbs free energy of formation is the change 

in Gibbs free energy when one mole of a compound is 
formed from its elements in their standard states under 
standard conditions (100 kPa and 298 K). 



solid liquid

ΔGf
o - standard Gibbs free energy of formation is the 

change in Gibbs free energy when one mole of a 
compound is formed from its elements in their 
standard states under standard conditions (100 kPa 
and 298 K). 

2C(graphite) + 3H2 (g) + ½O2 (g) → C2H5OH (l)

ΔGf
o C2H5OH = –175 kJ mol-1



C2H4 (g) + H2O (g) → C2H5OH (l)

ΔGo = 𝚺ΔGf
o

products 𝚺ΔGf
o

reactants

ΔGf
o (kJ mol-1)

C2H4 +68.0 

H2O –228.6

C2H5OH –175

H2SO4



C2H4 (g) + H2O (g) → C2H5OH (l)

ΔGo = (– 175) – (68.0 + – 228.6)

ΔGf
o (kJ mol-1)

C2H4 +68.0 

H2O –228.6

C2H5OH –175

H2SO4



C2H4 (g) + H2O (g) → C2H5OH (l)

ΔGo = –14.4 kJ mol-1

ΔGf
o (kJ mol-1)

C2H4 +68.0 

H2O –228.6

C2H5OH –175

H2SO4





solid

For a spontaneous process, ΔG must be negative.

ΔG = ΔH – TΔS

ΔH ΔS Temperature 

negative positive any

negative negative low/high

positive negative any

positive positive low/high



An exothermic reaction with an increase in 
entropy is spontaneous at any temperature.

ΔH ΔS T ΔG Spontaneity

negative positive any negative spontaneous

Exothermic reaction with an increase in entropy.

ΔG = ΔH – TΔS



An exothermic reaction with a decrease in entropy is 
spontaneous only at low temperatures.
ΔG will be negative only at low temperatures; at high T, 
(TΔS) makes ΔG positive. 

ΔH ΔS T ΔG Spontaneity

negative negative low negative spontaneous

Exothermic reaction with a decrease in entropy.

ΔG = ΔH – TΔS



An endothermic reaction with a decrease in 
entropy is non-spontaneous at any temperature.

ΔH ΔS T ΔG Spontaneity

positive negative any positive non-
spontaneous

Endothermic reaction with a decrease in entropy.

ΔG = ΔH – TΔS



An endothermic reaction with an increase in entropy is 
spontaneous only at high temperatures.
ΔG will be negative only at high temperatures (TΔS > 
ΔH); at low temperatures ΔH >TΔS.

ΔH ΔS T ΔG Spontaneity

positive positive high negative spontaneous

Endothermic reaction with an increase in entropy.

ΔG = ΔH – TΔS



Δ

C6H12O6(s) + 6O2(g)  → 6CO2(g) + 6H2O(g)

2N2O(g) + O2(g)  → 4NO(g) 

ΔH < 0   ΔS > 0   ΔG < 0 at any temp  

ΔH > 0   ΔS > 0   ΔG < 0  at T > 994 K  

Na(s) + Cl2(g)  → 2NaCl(s) 

ΔH < 0   ΔS < 0   ΔG < 0  at T < 4525 K  



Δ

3O2(g) → 2O3(g)

ΔH > 0   ΔS < 0   ΔG > 0 at any temp  

ΔG = ΔH – TΔS

How to determine the temperature at which a 
reaction becomes spontaneous.

T = ΔH ÷ ΔS

0 = ΔH – TΔS

TΔS = ΔH



Δ

ΔH ΔH

ΔH ΔH
ΔH

ΔS ΔS

ΔSΔS

ΔS


