
Most reactions for energy production are redox reactions.  In fact, the chemistry of batteries is based upon these types of reactions.  Redox is a special type of reaction that is caused by a transfer of electrons.  Hence, the oxidation numbers of the elements in the reactants differ from the oxidation numbers of the same elements in the products.

An element whose oxidation number decreases (gains electrons) during the reaction is REDUCED.

If the oxidation number increases (loses electrons) it is OXIDIZED.




	X loses electron(s)
	Y gains electron(s)

	X is oxidized
	Y is reduced

	X is the reducing agent
	Y is the oxidizing agent

	X increases in oxidation number
	Y decreases in oxidation number


Rules:



All free elements (lone elements) have an oxidation number of zero (0).
Otherwise follow the oxidation number rules previously learned.  

Example: Identify the oxidizing and reducing agent.


     2 Al(s)  +  3 H2SO4(aq)

     Al2(SO4)3(aq) +  3 H2(g)
     2 Al(s)  +  3 H2SO4(aq)

     Al2(SO4)3(aq) +  3 H2(g)

The oxidation number of Al increased from 0 to +3 (Al lost electrons), so Al was oxidized and is therefore the reducing agent.

The oxidation number of H decreased from +1 to 0 (H gained electrons), so H was reduced.  H2SO4 is the oxidizing agent.


Example: Identify the oxidizing and reducing agent.

PbO(s)  +  CO(g)

Pb(s)  CO2(g)
PbO(s)  +  CO(g)

Pb(s)  CO2(g)


Pb was reduced (from +2 to 0) PbO is the oxidizing agent.

C was oxidized (from +2 to +4) CO is the reducing agent.


Example: Identify the oxidizing and reducing agent.

2 H2(g)  +  O2(g)

2 H2O(g)
2 H2(g)  +  O2(g)

2 H2O(g)

O was reduced (from 0 to –2); O2 is the oxidizing agent

H was oxidized (from 0 to +1); H2 is the reducing agent.




Oxidation-reduction reactions that occur in aqueous solutions are often complicated, which means that it can be difficult to balance their equations by simple inspection.

In order to balance these equations we will use a method called the half-reaction method.  We will separate the reaction into two half-reactions: one involving oxidation and the other involving reduction.  We will balance the equations separately and then add them to obtain the overall balanced equation.

Step 1.  Write separate equations for the oxidation and 

reduction half-reactions.

Step 2.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

· Balance oxygen using H2O.

· Balance hydrogen using H+.

· Balance the charge using electrons.

Step 3.  If necessary, multiply one of the half-reactions 

by an integer to equalize the number of electrons transferred in the two half-reactions.


Step 4.  Add the reactions and cancel the identical 

species.


Step 5.  Check that the elements and charges balance.

Example: 

MnO4-(aq)  +  Fe2+(aq)

   Fe3+(aq)  +  Mn2+(aq)

Step 1:
Write separate equations for the oxidation 

and reduction half-reactions.
Manganese is reduced
       MnO4-(aq)   

  Mn2+(aq)

Iron (II) is oxidized to iron (III)
Fe2+(aq)

Fe3+(aq) 

Step 2:
Reduction Reaction

Balance all the elements except hydrogen 

and oxygen.

Balance oxygen using H2O.

Balance hydrogen using H+.

Balance the charge using electrons.

MnO4-(aq)   

  Mn2+(aq)
· The manganese is balanced
· Balance the oxygen by adding 4 H2O to the right side of the equation.
MnO4-(aq)   

  Mn2+(aq)  +  4 H2O(l)
· Balance the hydrogen by adding 8 H+ to the left side.
8 H+(aq)  +  MnO4-(aq)   

  Mn2+(aq)  +  4 H2O(l)
    8+
    
       1-


                 2+ 

0

The total charge on the left side is  7+.   The right is 2+. 

· We can equalize the charges by adding 5 electrons to the left side.

5 e-  +  8 H+(aq)  +  MnO4-(aq)   

  Mn2+(aq)  +  4 H2O(l)
  5-
         8+

1-


      2+


0





2+


      2+

This represents the balanced half-reaction (reduction)

Step 2b:
Oxidation Reaction

Balance all the elements except hydrogen 

and oxygen.

Balance oxygen using H2O.

Balance hydrogen using H+.

Balance the charge using electrons.

Fe2+(aq)


Fe3+(aq) 

· The elements are balanced, we must simply balance the charge.
Fe2+(aq)


Fe3+(aq) 

   2+ 



   3+

Fe2+(aq)


Fe3+(aq)  +  e- 

  2+



  3+
             1-

  2+



   2+

This represents the balanced half-reaction (oxidation)
Step 3.  If necessary, multiply one of the half-reactions 

by an integer to equalize the number of electrons transferred in the two half-reactions.

5 e-  +  8 H+(aq)  +  MnO4-(aq)   

  Mn2+(aq)  +  4 H2O(l)
       Fe2+(aq)

   Fe3+(aq)  +  e-
· Multiply the oxidation reaction by 5 to equalize the 5 electron transfer

      5 Fe2+(aq)

   5 Fe3+(aq)  +  5 e-

Step 4.  Add the reactions and cancel the identical 

species.


5 e-  +  8 H+(aq)  +  MnO4-(aq)  

  Mn2+(aq)  +  4 H2O(l)

       5 Fe2+(aq)

     5 Fe3+(aq)  +  5 e-

NOTE THE ELECTRONS CANCEL (AS THEY MUST) 

TO GIVE THE FINAL BALANCED EQUATION.)

Step 5.  Check that the elements and charges balance.

5 Fe2+(aq)  +  8 H+(aq)  +  MnO4-(aq)  
      5 Fe3+(aq)  +  Mn2+(aq)  +  4 H2O(l)
Example:  Potassium dichromate (K2Cr2O7) is a bright 

orange compound that can be reduced to a blue-violet solution of Cr3+ ions.  Under certain conditions, K2Cr2O7 reacts with ethyl alcohol (C2H5OH) as follows:


H+(aq)  +  Cr2O72-+(aq)  +  C2H5OH(l)

  Cr3+(aq)  +  CO2(g)  +  H2O(l)
Balance this equation using the half-reaction method.

Step 1.  Write separate equations for the oxidation and 

reduction half-reactions.

Cr2O72-+(aq)  

  Cr3+(aq)   REDUCTION

C2H5OH(l)


CO2(g)  
OXIDATION

Step 2.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

Cr2O72-+(aq)  

  2 Cr3+(aq)   

· Balance oxygen using H2O.

Cr2O72-+(aq)  

  2 Cr3+(aq)  +  7 H2O(l) 

· Balance hydrogen using H+.

14 H+(aq)  +  Cr2O72-(aq)  

  2 Cr3+(aq)  +  7 H2O(l)
· Balance the charge using electrons.

 6 e-  +  14 H+(aq)  +  Cr2O72-(aq)  

2 Cr3+(aq)  +  7 H2O(l)
Step 2b.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

C2H5OH(l)


2 CO2(g)
· Balance oxygen using H2O.

3 H2O(l)  +  C2H5OH(l)

2 CO2(g)
· Balance hydrogen using H+.

3 H2O(l)  +  C2H5OH(l)

2 CO2(g)  +  12 H+(aq)

· Balance the charge using electrons.
3 H2O(l)  +  C2H5OH(l)


2 CO2(g)  +  12 H+(aq)  +  12 e-
Step 3.  If necessary, multiply one of the half-reactions 

by an integer to equalize the number of electrons transferred in the two half-reactions.

6 e-  +  14 H+(aq)  +  Cr2O72-(aq)  

2 Cr3+(aq)  +  7 H2O(l)
3 H2O(l)  +  C2H5OH(l)



2 CO2(g)  +  12 H+(aq)  +  12 e-
· Multiply the reduction reaction by 2 equalize the 12 electron transfer.

12 e-  +  28 H+(aq)  + 2 Cr2O72-(aq)  

4 Cr3+(aq)  +  14 H2O(l)
3 H2O(l)  +  C2H5OH(l)



2 CO2(g)  +  12 H+(aq)  +  12 e-
Step 4.  Add the reactions and cancel the identical 

species.


12 e-  +  28 H+(aq)  + 2 Cr2O72-(aq)  

4 Cr3+(aq)  +  14 H2O(l)

3 H2O(l)  +  C2H5OH(l)



2 CO2(g)  +  12 H+(aq)  +  12 e-

C2H5OH(l)  +  16 H+(aq)  + 2 Cr2O72-(aq) 

 2 CO2(g)  +  4 Cr3+(aq)  +  11 H2O(l)

Step 5.  Check that the elements and charges balance.

C2H5OH(l)  +  16 H+(aq)  + 2 Cr2O72-(aq) 



 2 CO2(g)  +  4 Cr3+(aq)  +  11 H2O(l)



In order to balance these equations we will again use the half-reaction method.  There are additional steps for basic environments.

Step 1.  Write separate equations for the oxidation and 

reduction half-reactions.

Step 2.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

· Balance oxygen using H2O.

· Balance hydrogen using H+.

· Balance the charge using electrons.

Step 3.  If necessary, multiply one of the half-reactions 

by an integer to equalize the number of electrons transferred in the two half-reactions.


Step 4.  Add the reactions and cancel the identical 

species.

Step 5.  Add OH- ions to both sides of the balanced 

equation to eliminate the H+ ions.


Step 6.  Eliminate as many water molecules as 

possible.


Step 7.  Check that elements are balanced.

EXAMPLE:  Silver is sometimes found in nature as 

large nuggets; more often it is found mixed with other metals and their ores.  An aqueous solution containing cyanide ion is often used to extract the silver using the following reaction that occurs in basic solution.


Ag(s)  +  CN-(aq)  +  O2(g)

Ag(CN)2-(aq)
Balance this equation using the half-reaction method.

Step 1.  Write separate equations for the oxidation and 

reduction half-reactions.

Ag(s)  +  CN-(aq)  

Ag(CN)2-(aq)
O2(g)



Step 2.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

Ag(s)  +  2 CN-(aq)  

Ag(CN)2-(aq)
· Balance oxygen using H2O. (NONE)

· Balance hydrogen using H+.  (NONE)

· Balance the charge using electrons.

Ag(s)  +  2 CN-(aq)  

Ag(CN)2-(aq)  +  e-
Step 2b.  For each half-reaction:

· Balance all the elements except hydrogen and oxygen.

O2(g)



· Balance oxygen using H2O.

O2(g)

2 H2O(l)

· Balance hydrogen using H+.

 



4 H+  + O2(g)

2 H2O(l)

· Balance the charge using electrons.

 



 4 e-  +  4 H+  + O2(g)


2 H2O(l)
Step 3.  If necessary, multiply one of the half-reactions 

by an integer to equalize the number of electrons transferred in the two half-reactions.

Ag(s)  +  2 CN-(aq)  

Ag(CN)2-(aq)  +  e-
4 e-  +  4 H+  + O2(g)


2 H2O(l)

· Multiply the oxidation equation by 4 to equalize the charge.


4 Ag(s)  +  8 CN-(aq)  

4 Ag(CN)2-(aq)  +  4 e-
4 e-  +  4 H+  + O2(g)


2 H2O(l)

Step 4.  Add the reactions and cancel the identical 

species.


4 Ag(s)  +  8 CN-(aq)  

4 Ag(CN)2-(aq)  +  4 e-

4 e-  +  4 H+  + O2(g)


2 H2O(l)

4 Ag(s)  +  8 CN-(aq)  +  4 H+  + O2(g)

       4 Ag(CN)2-(aq)  +  2 H2O(l)
Step 5.  Add OH- ions to both sides of the balanced 

equation to eliminate the H+ ions.

· We need to add 4 OH- to both sides

4 Ag(s)  +  8 CN-(aq)  +  4 H+  + O2(g)  +  4 OH-(aq)
       

4 Ag(CN)2-(aq)  +  2 H2O(l)  +  4 OH-(aq)

Step 6.  Eliminate as many water molecules from each 

side as possible.



4 Ag(s)  +  8 CN-(aq)  +  4 H+  + O2(g)  +  4 OH-(aq)
       

4 Ag(CN)2-(aq)  +  2 H2O(l)  +  4 OH-(aq)
Step 7.  Check that elements are balanced.

4 Ag(s)  +  8 CN-(aq)  +  2 H2O(l)  + O2(g)  
      4 Ag(CN)2-(aq) +  4 OH-(aq)



e-





Transfer or shift of electrons
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In an acidic environment 
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In a  basic environment 
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