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Achievement Standard 91393 

Demonstrate understanding of oxidation-reduction processes 

3 credits, Internally assessed 

 
This achievement standard involves demonstrating understanding of oxidation-reduction processes. 
 
 

Achievement Achievement with Merit Achievement with Excellence 

Demonstrate understanding of 
oxidation-reduction processes. 

Demonstrate in-depth 
understanding of oxidation-
reduction processes. 

Demonstrate comprehensive 
understanding of oxidation-
reduction processes. 

 
 
Demonstrate understanding involves describing oxidation-reduction processes and may involve calculations.  
This requires the use of chemistry vocabulary, symbols, and conventions. 
Demonstrate in-depth understanding involves making and explaining links between oxidation-reduction 
processes, observations, equations and calculations.  This requires explanations that use chemistry 
vocabulary, symbols, and conventions. 
Demonstrate comprehensive understanding involves comparing and contrasting, and justifying, links between 
oxidation-reduction processes, observations, equations and calculations.  This requires the consistent use of 
chemistry vocabulary, symbols, and conventions. 
 
Oxidation-reduction processes involve  

• the use of the relative strengths of oxidants and reductants.   
o the use of reduction potentials  
o spontaneity of reactions. 

 
Processes include  

• reactions in electrochemical cells  
• reactions in electrolytic cells. 

 
Calculations are limited to those involving electrode potentials. 
 
For Achievement the student identifies what has been oxidised and reduced for both cell types; support with 
description of either loss/gain of electrons or ON changes and some reference to the requirement of energy 
for electrolytic cell and reduction potentials for electrochemical cell. 
For Merit the student identifies what has been oxidised and reduced with reason and give balanced half 
equations for both cell types. Explains spontaneity of electrochemical cell with reference to E° values, include 
reduction potential calculation, and relate species to given observations. 
For Excellence Compare and contrast the oxidation-reduction processes occurring in electrolytic and 
electrochemical cells, including elaborating on the spontaneity of the reactions. Include fully balanced 
equations and correct calculations (for electrochemical cells but not electrolytic cells). 
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Summary of Requirements 
 

Evidence Achievement Merit Excellence 

Identifies oxidation and reduction reactions in both cells 
with reasons (either loss of electrons / ON change)    

Reference to requirement of energy for electrolytic cell 
and reduction potentials for electrochemical cell    

Balanced half equations    

Reduction potential calculations    

Compare and contrast the oxidation-reduction processes 
occurring in electrolytic and electrochemical cells, 
including elaborating on the spontaneity of the reactions. 
Include fully balanced equations and correct calculations 
(for electrochemical cells but not electrolytic cells). 

  
 
 

 
 
 

Oxidation and reduction  

A redox reaction (oxidation-reduction reaction) is a reaction involving the transfer of electrons. 

In redox reactions, both oxidation and reduction occur simultaneously.  

• Oxidation is the loss of electrons.  
• Reduction is the gain of electrons.  

Useful mnemonics may be “Leo the lion says Ger” or “Oil Rig” 

• Loss of Electrons is Oxidation (LEO), Gain of Electrons is Reduction (GER) 
• Oxidation Is Loss (OIL), Reduction Is Gain (RIG); you will have to remember ‘of electrons’ for yourself! 

Oxidising agents (also known as oxidants) are themselves reduced, reducing agents (also known as reductants) 
are themselves oxidised. 

 

Balancing redox equations  

Write two half-equations (one for the oxidation process and one for the reduction process). 

Leave out the spectator ions. 

For each half-equation:  

• Balance the atoms that are not H or O.  
• Balance the O’s by adding water.  
• Balance the H’s by adding H+.  
• Balance the charge by adding electrons (to the more positive side).  
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To combine the half-equations together:  

• Multiply the half-equations by factors so that the number of electrons in each half-equation becomes 
the same.  

• Add the two equations together. 
• Cancel out the electrons and any other molecules or ions that occur on both sides of the equation e.g. 

H2O. 

 

Balancing redox equations in alkaline conditions  

To balance reactions carried out in alkaline conditions, use the above method BUT at the end add as many OH– 
to both sides of the equation as you need to, to convert all the H+ ions into H2O. 

Example: Reduction of MnO4
– to MnO2 in alkaline conditions.  

MnO4
– → MnO2  

MnO4
– → MnO2 + 2H2O  

MnO4
– + 4H+ → MnO2 + 2H2O  

MnO4
– + 4H+ + 3e- → MnO2 + 2H2O  

MnO4
– + 4H2O + 3e- → MnO2 + 2H2O + 4OH- 

MnO4
– + 2H2O + 3e- → MnO2 + 4OH- (having cancelled out 2 x H2O from each side) 

 

 

Oxidation Numbers 

Oxidation numbers can be used to identify what species has been oxidised or reduced in an equation.  

If the oxidation number increases, the element has been oxidised.  

If the oxidation number decreases, the element has been reduced. 

Oxidation numbers are written above the element symbol and with “charge then number” so we don’t 
confuse them with ionic charge.  E.g.  
                                                                   +2  +6  -2 
     Cu S O 4  

 

Rules for assigning oxidation numbers (memorise these) 

• The oxidation number of an (uncombined) element is zero.  
• The oxidation number of a simple monatomic ion equals the charge of that ion.  
• In a polyatomic ion, the sum of the oxidation numbers of the atoms in that ion is equal to the charge on 

the ion.  
• The sum of the oxidation numbers of all the atoms in a compound (ionic or covalent) is zero.  
• The oxidation number of oxygen in compounds is –2, except in the case of peroxides where it is –1.  
• The oxidation number of hydrogen in compounds is +1, except in metal hydrides where it is –1. 
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Example of how oxidation numbers can be used to show if a reaction is a redox reaction or not. 

3HCl(aq) + HNO3(aq) → Cl2(g) + NOCl(g) + 2H2O(l) 
 
                                                      +1 -1            +1 +5 -2                   0             +3 -2 -1            +1 -2 

3HCl(aq) + HNO3(aq) → Cl2(g) + NOCl(g) + 2H2O(l) 
 

The oxidation numbers of Cl and N have changed: it is a redox reaction.   Chlorine has been oxidised (Oxidation 
number increases from -1 to 0).  Nitrogen has been reduced (Oxidation number decreases from +5 to +3) 
 

Identifying species in redox reactions  

In many redox reactions there are visible changes in the appearance of one or both of the reacting species.  

For example, when acidified potassium permanganate is added to iron(II) sulfate solution the purple colour 
disappears as purple MnO4 - is reduced to the virtually colourless Mn2+.   The pale green colour of Fe2+ is 
replaced by a very pale orange due to Fe3+. 

• MnO4 -  (oxidation number +7) is reduced to the virtually colourless Mn2+ (oxidation number +2) 
• Fe2+ (oxidation number +2 ) is oxidised to very pale orange Fe3+ (oxidation number +3 ) 

To the observer in the laboratory the colour change is usually recorded as “purple to colourless” as the very 
pale orange is hardly discernible at the low concentrations we use. 

In many reactions no colour change is visible – and we might need a chemical test to identify the products. 

 

Some important oxidants and reductants (not an exhaustive list) 

Oxidising agents  

H+/MnO4
–(aq) [purple] – is reduced to Mn2+(aq) [colourless] 

MnO4
– (aq)(in neutral conditions) – is reduced to MnO2(s) [brown black]  

MnO4
– (aq)(in alkaline conditions) – is reduced to MnO4

2-(aq) [green] 

H+/Cr2O7
2– (aq) [orange] – is reduced to Cr3+(aq) [green] 

H2O2(aq) [colourless]  – is reduced to H2O (l) [colourless] 

Cl2 (g) [pale yellow-green] – is reduced to Cl-(aq) [colourless] 

IO3
– (aq) [colourless] is reduced to I2 (aq) [yellow-orange] or I2(s) [black]  

BrO3
– (aq) [colourless] is reduced to Br2 (aq) [orange] or Br2(g) [orange-red]  

 

Reducing agents  

SO2(g) [colourless (or HSO3
–(aq) [colourless] – is oxidised to SO4

2-(aq) [colourless] 

S2O3
2– [colourless] – is oxidised to S4O6

2-(aq) [colourless] 

Fe2+(aq) [pale green] – is oxidised to Fe3+(aq) [pale orange] 

C2O4
2– (aq) [colourless] – is oxidised to CO2(g) [colourless] 
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Electrochemistry is the chemistry of electron transfer reactions.  

In a spontaneous reaction, electrons are released with energy that can be used in electrochemical cells.  

In a non-spontaneous reaction, electrons have to be supplied with energy in order to produce chemicals that 
are wanted. A non-spontaneous reaction (one that would not occur by itself) can be forced to occur via 
electrolysis by applying an external voltage / attaching a power supply. 

Anode and cathode 

In both electrochemical and electrolytic cells the terms anode and cathode have the following meanings:  

Anode: The electrode where oxidAtion is occurring.  

Cathode: The electrode where reduCtion is occurring. 

Be careful if you memorise a charge for an anode or cathode as they are different depending on whether you 
are talking about electrochemical cells or electrolysis. 

 

Electrolysis 
In electrolysis the positive ions (cations) are attracted to the negative electrode (Cathode) where they gain 
electrons to become neutral atoms or molecules.  This is reduCtion (gain of electrons). 
e.g. 

• 2H+(aq) + 2e-  H2(g) 
• Pb2+(aq) + 2e-  Pb(s) 

 
The negative ions (anions) are attracted to the positive electrode (Anode) where they lose electrons to 
become neutral molecules. This is oxidAtion (loss of electrons).  The examples you will come across produce 
either oxygen or a halogen.   
e.g. 

• 2Cl-(aq)  Cl2(g) + 2e- 

 
Electrochemical Cells 

If we put a piece of zinc metal into a Cu2+ ion solution, a reaction occurs where we get Zn2+ ions and solid 
copper deposited on the zinc surface. 

This is an (redox) process where electrons are transferred from one chemical to another. 

Zn(s) loses electrons (oxidation) while the Cu2+(aq) gains electrons (reduction). 

Zn(s)  Zn2+(aq) + 2e- 

Cu2+(aq) + 2e-  Cu(s) 

Overall: Zn(s) + Cu2+(aq)  Zn2+(aq) + Cu(s) 

 

Since we see this reaction occurring it must be spontaneous.   

However if we put a piece of Cu into a Zn2+ solution, nothing happens. This reaction is non-spontaneous. 
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In an electrochemical cell the half reactions take place in separate containers (called half-cells). Since a half-
reaction cannot take place by itself we need to connect the half-cells together. 
The redox couple with the most positive reduction potential will undergo reduction and therefore Cu2+ will be 
reduced to Cu (and Zn oxidised to Zn2+).    

 
E°(Zn2+/Zn) = -0.76 V;  E°(Cu2+/Cu) = +0.34 V 

 
 

 

 

 

 

 

 

 

 

 

 

Zn(s)  Zn2+(aq) + 2e- Cu2+(aq) + 2e-  Cu(s) 

Oxidation Reduction 

Zn electrode will be seen to dissolve. The copper electrode will become copper coated. 

The blue colour of solution will fade as Cu2+(aq) 
ions are removed. 

 

Cell diagram*:                                                           Zn|Zn2+|| Cu2+|Cu 

*A representation of a cell (instead of drawing it) 

It is always written in the format R O || O R 

• || represents the salt bridge 
• R is the reduced form 
• O is the oxidised form 
• R and O are either separated by a | or a , 

o | if they are a in a different state, e.g. one is a solid and one is a solution e.g Cu(s) and Cu2+(aq) 
o A comma , when they are is the same state. E.g. two solutions Cr2O7

2-(aq), Cr3+(aq) 
o If they are both solutions then an inert electrode such as Pt is needed which is written on the 

outside left or right depending on the cell, e.g. Pt|Br– (aq), Br2(aq) OR Br2(aq), Br–(aq)|Pt(s)  
• E°cell = E°RHE - E°LHE OR E°cell = E°REDUCTION - E°OXIDATION 
• E°cell = +0.34 - - 0.76 = 1.1V 
•  

 

Copper (cathode) 

Cu2+(aq) 

Zinc (anode) 

Zn2+(aq) 

Direction of electron flow 
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Note: If the labelling of the half cells is reversed (in opposite beakers) then the movement of charge would 
have to be in the opposite direction, with the cathode on left, anode on right etc.   

 

It is more usual (and useful) to set up reduction as occurring on the right (the more +ve Eo half cell). 

If you can.... 

• Put the more +ve Eo half cell on the Right 
And then 

• ReduCtion will occur on the Right at the Cathode 
• Electrons will flow L  R in the external circuit 
• Cell diagram can be read L  R      Zn|Zn2+|| Cu2+|Cu  (Zn  Zn2+ and Cu2+  Cu (unbalanced half 

equations) 

[This is useful to remember but is no substitute for actually knowing what is going on – and why!] 
 

Salt Bridge  

The salt bridge contains an ionic solution which completes the circuit. It balances the build-up of charge that 
would occur as the redox reactions take place in the half cells. It is usually a solution of the unreactive and 
highly soluble KNO3. K+ ions move towards the cathode to balance the charge (the solution in this beaker 
becomes more negatively charged due to the removal of the Cu2+ ions as they plate out as Cu on the 
electrode), whereas the NO3

- ions do the same job but move towards the anode (the solution in this beaker 
becomes more positively charged due to the production of the Zn2+ ions as the Zn electrode dissolves). 
 
Standard Conditions 
Temperature: 25°C (298K) 
Pressure: 101.3 kPa (1 atm) 
Concentration: 1 mol L-1 

Standard hydrogen electrode. 
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Standard Reduction Potentials/Electrode Potentials 
These are values obtained by connecting a half cell to the standard hydrogen half cell 
The more -ve the E° value, the stronger the reductant (more easily oxidised) 
The more +ve the E° value, the stronger the oxidant (more easily reduced) 
 
Example 
 
Redox Couple                     E°/V 
Mg2+/Mg                             -2.37 
H+/H2  0.00 
Cu2+/Cu                              +0.34 
Cl2/Cl-                                  +1.36 
 
The strongest oxidant is Cl2 (Oxidants are on the left of redox couples) 
The weakest reductant is Mg2+ 
The strongest reductant is Mg (reductants are on the right of redox couples) 
The weakest reductant is Cl- 
 

Mg|Mg2+||Cl2|Cl- 
Eocell = +1.36 - -2.37 = 3.73 V 
Value of Eocell is +ve so reaction that is spontaneous is Mg + Cl2  2Mg2+ + 2Cl- 
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Sample question 

Below is a drawing of the cell: Fe|Fe2+||Sn2+|Sn 

On the diagram  
• fully label each half-cell (including charge of each electrode),  
• identify where oxidation and reduction occur  
• give balanced equations for the half-reactions occurring at each electrode 
• indicate the direction of flow of charged particles in both the internal and external circuits  
• explain what you would observe in each half cell 
• use the electrode potentials to support your answer. 

E°(Sn2+/Sn) = – 0.14 V and E°(Fe2+/Fe) = – 0.44 V 

 

 

 

 
 
 

 

The half-cell on the right is the cathode. Reduction occurs here because the Eo(Sn2+/Sn) half-cell 

has the more positive reduction potential.  

This electrode gains electrons which explains the direction of electron flow in the external circuit 

(towards the Sn electrode).  Sn2+ ions are removed from solution as Sn builds up on the Sn 

electrode and there is a build-up of negative charge in the solution due to the nitrate in that 

half-cell.  Positive K+ ions move into this half-cell from the salt bridge to balance the charge in 

the half-cell.   

The more negative Eo for Fe2+/Fe is where oxidation occurs.  Electrons are lost and flow through 

the external circuit.  The iron electrode dissolves and more Fe2+ ions move into the solution; the 

pale green colour of the solution intensifies slightly.  To balance the build-up of positive charge 

in the solution (as Fe2+ > NO3- ions), nitrate ions move through the salt bridge into this half-cell.   

The more +ve 
of the 2 

Sn 

Sn2+(aq) 

e.g. tin(II) 

nitrate 

Fe 

Electron flow 

 
 

 Cathode (+) Anode (-) 

oxidation 

FeFe2++2e- 

reduction 

Sn2++2e-Sn 

 

Fe2+(aq) 

e.g. 

iron(II) 

nitrate 
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