
24. ELECTROCHEMISTRY 
24.1 Electrolysis 

 

 

Electrolysis 
The breaking down of a compound into its elements using an electric current. 
It is carried out in an electrolytic cell.   
 
Uses of Electrolysis 

-​ To extract metals from their metal ores when the metals cannot be extracted 
by heating their ores with carbon. 

-​ To purify metals. 
-​ To produce non-metals such as fluorine 

 
Electrolytic Cell 
Electrolysis is carried out in an electrolytic cell. It consists of: 

1.​ Electrolyte:  
-​ the compound that is broken down during electrolysis. 
-​ molten ionic compound OR concentrated aqueous solution of ions. 

 
2.​ 2 electrodes: 

-​ metal or graphite rods that conduct electricity to the electrolyte and 
away from the electrolyte.  

-​ positive electrode = anode. 
-​ negative electrode = cathode.  

 
3.​ Power supply – direct current 

 
 
 



Electrolysis of Molten Electrolytes 

At cathode  At anode  

Cations (+ve charged ions) move to –ve 
charged cathode. 

Anions (–ve charged ions) move to +ve 
charged anode. 

Cations gain electrons at cathode.  Anions lose electrons at anode.  

Reduction takes place at cathode Oxidation takes place at anode. 

Examples: 
-​ Ag+ + e– → Ag 
-​ 2H+ + 2e– → H2 

Examples: 
-​ 2Br– → Br2 +  2e–  

Observations: 
-​ If metal is formed at cathode, a layer 

of metal is deposited on cathode OR 
a molten layer forms in the cell. 

-​ If hydrogen gas is formed at cathode, 
bubbles are seen.  

 

 
Examples:  

Compound  Cathode product  Anode product 

Al2O3 Al O2 

HCl H2 Cl2 

 
Electrolysis of Aqueous Solutions 

-​ Aqueous solutions have more than one cation and anion in solution due to 
presence of water. 

-​ Water is a weak electrolyte and splits into H+ and OH– ions: 
H2O ⇌ H+ + OH–  

-​ Actual ions discharged during electrolysis will depend on: 
1.​ Relative electrode potential of the ions 
2.​ Concentration of the ions 

 
Relative Electrode Potential (Eθ) of Ions 
Describes how easily an ion is discharged during electrolysis.  
 

Positively charged cation with most 
positive Eθ will be discharged at the 
cathode, as this is the cation that is 
most easily reduced.  

Negatively charged anion with most 
negative Eθ will be discharged at the 
anode, as this is the anion that is most 
easily oxidised. 



Example: 
Concentrated aqueous solution of NaF 
will contain H+ and Na+ ions.  
 
-​ 2H+ (aq) + 2e– ⇌ H2 (g)  ​

Eθ =  0.00 V 
-​ Na+ (aq) + e– ⇌ Na (s)  ​

Eθ = –2.71 V 
 
Since Eθ of H+ >  Eθ of Na+, H2 is formed 
at cathode instead of Na.  

Example: 
Concentrated aqueous solution of NaF 
will contain OH– and F– ions.  
 
-​ 4OH– (aq) → O2 (g) + 2H2O (l) + 4e– ​

Eθ =  –0.40 V 
-​ 2F– (aq) → F2 (g) +  2e–  ​

Eθ = –2.87 V 
 
Since Eθ of F– <  Eθ of OH–, F2 is formed 
at anode.  

 
Concentration of Ions  

-​ Ions that are present in higher concentrations are more likely to be 
discharged. 

-​ In electrolysis of concentrated aqueous solution of NaF, F– ions are in much 
higher concentration, so more fluorine is formed at anode.  

-​ In electrolysis of a very dilute aqueous solution of NaF,  F– ions are in much 
lesser concentration, so more oxygen and less fluorine is formed at anode. ​
In reality, a mixture of both oxygen and fluorine gas is formed.  

 
Faraday’s Law & Avogadro 

Faraday's Law 
Amount of substance formed at an electrode during electrolysis is proportional to: 

1.​ The time for which a constant electric current passes through the electrolyte. 
2.​ The total electric charge, in coulombs, that passes through the electrolyte 

(strength of electric current). 
 

 𝑄 =  𝐼 𝑡
 

-​ Q = charge (coulombs, C) 
-​ I = current (amperes, A) 
-​ t = time (seconds, s) 

 
Faraday Unit 

-​ Can be used to express the amount or quantity of electricity.  
-​ One faraday = amount of electric charge carried by 1 mole of electrons or 1 

mole of singly charged ions.  
-​ 1 faraday = 96500 C mol–1 

 
 



 𝐹 =  𝐿 𝑒
-​ F = Faraday’s constant (96500 C mol–1) 
-​ L = Avogadro’s constant (6.02 x 1023 mol–1) 
-​ e = charge on an electron (1.60 x 10–19 C) 

 
Examples: 

Ag+ (aq) + e– → Ag (s) 1 faraday of electricity (96500 C) is required to 
deposit 1 mol of Ag.  

Cu2+ (aq) + 2e– → Cu (s) 2 moles of electrons are needed to produce 1 mole of 
copper from Cu2+. Thus 2 faradays of electricity 
(96500 x 2 C) is required to deposit 1 mol of Cu. 

2Cl– (aq) → Cl2 (g) + 2e–  2 moles of electrons are released when 1 mole of Cl2 
is formed. Thus 2 faradays of electricity (96500 x 2 C) 
is required to produce 1 mol of Cl2. 

4OH– (aq) → O2 (g) + 2H2O 
(l) + 4e– 

4 moles of electrons are released when 1 mole of O2 
is formed. Thus 4 faradays of electricity (96500 x 4 C) 
is required to produce 1 mol of O2. 

 
Determining Avogadro’s Constant by Electrolysis  

 

 
 
 



Method 
-​ Pure copper anode and pure copper cathode are weighed.  
-​ Variable resistor is kept at constant current.  
-​ Electric current is passed through for certain time interval.  
-​ Anode and cathode are removed, washed with distilled water, dried with 

propanone, and reweighed.  
 
Results 

-​ Cathode has increased in mass as copper is deposited.  
-​ Anode has decreased in mass as copper goes into solution as copper ions.  

 
Calculation 

-​ Current = 0.20 A 
-​ Time interval for which current is passed = 34 min 
-​ Initial mass of copper anode = 56.53 g 
-​ Final mass of copper anode = 56.40 g 

 

Mass of copper removed from anode = 56.53 – 56.40 = 0.13 g 

Q = I t 
    = 0.2 x 34 x 60 = 408 C 

-​ To deposit 0.13g of copper = 408 C 
-​ To deposit 1 mol of copper (63.5g) = (63.5/0.13) x 408 C 

-​ Cu2+ (aq) + 2e– → Cu (s) 
-​ 2 moles of electrons are needed to produce 1 mole of copper. 
-​ So, charge on 1 mole of electrons = (63.5/0.13) x 408 x 0.5 = 99646 C.   

 
  = 99646 / (1.6 x 10–19) = 6.23 x 1023 mol–1 ~  6.02 x 1023 mol–1 

 
Electrolysis Calculations 

 
Faraday’s constant can be used to calculate: 

1.​ Mass of a substance deposited at an electrode. 
2.​ Volume of gas liberated at an electrode 

 
 
 
 
 



Calculating the mass of a substance deposited at an electrode 
a.​ Write half-equation at electrode. 
b.​ Determine number of coulombs needed to form one mole of substance at the 

specific electrode using Faraday’s constant.  
c.​ Calculate charge transferred during electrolysis. 
d.​ Use simple proportion and relative atomic mass of substance to find mass.  

 
Example: Calculate the amount of magnesium deposited when a current of 2.20 A 
flows through the molten bromide for 15 minutes. 

Half equation at cathode: 

 

Number of coulombs needed to deposit 1 mole of Mg at cathode: 
-​ 1 mole of electrons = 96500 C mol–1 

-​ Each mole of Mg involves 2 electrons, so 96500 x 2 = 193000 C mol–1 

Charge transferred during electrolysis: 
-​ Q = It = 2.20 x 15 x 60 = 1980 C 

Mass of Mg deposited: 
 

Charge (C) Amount of Mg deposited (mol) Amount of Mg deposited (g) 

193000 1 24.3 

1980 0.0103 0.250 

 
0.25 g of Mg is deposited. 

NOTE: quicker formula to determine amount of substance formed at an electrode: 
 𝑚 =  𝑀 𝑄

𝑛 𝐹

-​ m = mass of substance formed/deposited (g) 
-​ M = molar mass of substance (g mol–1) 
-​ Q = total charge passed (C) 
-​ n = number of electrons involved per ion  
-​ F = Faraday’s constant (96500 C mol–1) 

 
Calculating the volume of gas liberated at an electrode  

a.​ Write half-equation at electrode. 
b.​ Determine number of coulombs needed to form one mole of substance at the 

specific electrode using Faraday’s constant.  
c.​ Calculate charge transferred during electrolysis. 
d.​ Use simple proportion and the relationship 1 mol of gas occupies 24.0 dm3 at 

room temperature.  



Example: Calculate the volume of oxygen gas produced at room temperature, when a 
concentrated aqueous solution of H2SO4 is electrolysed for 35.0 minutes using a 
current of 0.75 A. 

Half equation at anode: 

 

Number of coulombs needed to produce 1 mole of O2 at anode: 
-​ 1 mole of electrons = 96500 C mol–1 

-​ Each mole of O2 involves 4 electrons, so 96500 x 4 = 386000 C mol–1 

Charge transferred during electrolysis: 
-​ Q = It = 0.75 x 35 x 60 = 1575 C 

Mass of Mg deposited: 
 

Charge (C) Amount of O2 liberated (mol) Amount of O2 liberated (dm3) 

386000 1 24 

1575 4.08 x 10–3 0.0979 

 
0.0979 dm3 of O2 is liberated. 

 

 
 
 
 
 
 
 
 
 
 
 
 
 



24.2 Standard Electrode Potentials (E⦵), Standard 
Cell Potentials (E⦵

cell) and the Nernst Equation 
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