Oxidation Number Assignments 

The determination of the oxidation number (or oxidation state) of chemical compounds can be made by following a few simple rules. 

1. The oxidation number of an element in it’s elemental state is always zero. (Na, H2, Li, O2 , etc.)

2. The oxidation number of a monatomic ion is equal to it’s charge.

3. If a group of atoms is ionic, the individual oxidation numbers must add up to its charge. (CO32-, NO3- , etc.) 
4. The oxidation numbers of elements in a neutral molecule must add up to zero. (H2O, SO3 , KMnO4 , etc.)
5. Fluorine always has a -1 oxidation number within compounds. 
6. All other halogens have a -1 oxidation number in compounds, except when combined with oxygen or a halogen above it (I-Cl) where their oxidation numbers are positive.(e.g., Cl= -1, I= +1) 

7. Oxygen is assigned an oxidation number of -2 in compounds or ions, with two exceptions... 

	A.
	Fluorine's oxidation number always takes precedence.

	B.
	Oxygen bonds follow previous rules, meaning other assignments take place first leaving oxygen to neutralize the charge.

	B1.
	The oxygen has an oxidation number of -1 in peroxide compounds


8. Hydrogen is always assigned a +1 oxidation number in compounds, except in metal hydrides (e.g. LiH) where the previous rules apply (Rule 3). In the case of LiH lithium is assigned a +1 charge leaving hydrogen with a -1 charge to neutralize the compound. 

Examples:
	+1 -2
	+1 -1
	+1 -1
	+1 -½
	0
	+6 -2

	 N 2 O
	  Li H
	 H 2 O 2
	 K O 2
	O 2
	 S O 4 2-


Balancing Redox Equations

1. Determine the oxidation numbers for all atoms in the reaction.

2. Determine which atom is being oxidized and which is being reduced.

3. Write a half reaction for the reduction process (addition of electrons…electrons added to the left side).

4. Write a half reaction for the oxidation process (loss of electrons…electrons added to the right side).
5. If the atoms being oxidized and reduced are not already balanced, balance them and then balance all the other atoms except H and O. 

6. Add the appropriate number of electrons to each half reaction to balance the difference in oxidation number.

7. Balance the H and O atoms in each half reaction next. Balance O first by adding H2O, then balance H by adding H+. 

8. Balance the electrons in both half reactions as follows (electrons are traded, so the numbers have to be the same):

a. Find the lowest common denominator (LCD) for the electrons in the two half reactions.

b. Multiply each half reaction by a whole number (the LCD) so that the total number of electrons in the reduction half reaction equals the total number of electrons in the oxidation half

9. Add the two half reactions together and cancel those things (usually electrons, H2O, and H+) that are common to both sides.

10. Check the equation to be sure that the equation is balanced by atoms and by charge.

11. If the reaction is basic, add enough OH-  the side of the reaction that has H+ to change all of the H+ into H2O. Add an equal number of OH- to the other side. Lastly, cancel any extra H2O that appear on either side of the equation.
EXAMPLE

MnO4-         +       C2O42-
Mn2+          +      CO2
Example of balancing a redox reaction in acid:

Steps 1. & 2.
MnO4-         +       C2O42-
Mn2+          +      CO2

Oxidation numbers:   Mn +7  red           C +3 ox                        Mn +2              C +4
                                   O –2                      O –2                                                    O –2
Steps 3, 4, 5, 6 
Reduction half reaction           MnO4- + 5e-   
Mn2+ (Mn atoms balanced and reduction balanced)

Oxidation half reaction           C2O42-
2CO2   +  2 e- (C atoms balanced and oxidation balanced)

Step 7

Reduction half reaction:

  1. Add 4 H2O to the right side of the equation to balance O

  2. Add 8 H+ to the left side of the equation to balance H

           MnO4-    +    5 e-      +      8H+
Mn2+          +        4H2O

Oxidation half reaction:

  1. O are already balanced, therefore there is no need to add water.
  2. There are no H so no H+ are required.
                                        C2O42-         
2CO2    +   2e-
Step 8
The common denominator is 10, so multiply the reduction half reaction by 2 and the oxidation half reaction by 5.
Reduction half reaction:

        2 *  [5 e-     +    MnO4-     +      8H+
Mn2+          +        4H2O]

               10 e-     +   2 MnO4-     +      16H+
Mn2+          +        8H2O

Oxidation half reaction:

                                   5  *   [C2O42-   
2CO2      +        2e-]
                                             5 C2O42-   
10 CO2      +        10 e-
Steps 9 and 10
Overall equation: 2MnO4- + 16H+ + 5C2O42-      2Mn2+ + 8H2O + 10CO2

The balanced equation in base:

Step 11
                       2MnO4- + 16H+ +   16OH-   +   5C2O42-      2Mn2+    +   8H2O  +  10CO2   +   16OH-  
Overall equation:    2MnO4-     +   8H2O   +   5C2O42-      2Mn2+     +    10CO2    +   16OH-
Practice:  Balance each of these in acid and then in base.
1. MnO4- + Br- 

MnO2 + BrO3-
2. Br2    +   SO2 

Br-    +    HSO4-
3. PbO2     +   Mn2+ 

Pb2+    +    MnO4-
4. MnO4-    +   SO32-

MnO2     +   SO42-
5. Zn    +    NO3-

NH3     +   Zn(OH)42-
Answers:

1. acid:  2H+  +  2MnO4-  +  Br-                      2MnO2  +  H2O    +     BrO3-
    base:  H2O  +  2MnO4-  +  Br-                      2MnO2  +  2OH-    +     BrO3-
2. acid:  Br2    +   2H2O   +    SO2 

Br-    +    HSO4-   +   3H+
    base: Br2    +   3OH-   +    SO2 

Br-    +    HSO4-   +   H2O
3. acid:   5PbO2     +   2Mn2+  + 4H+        
Pb2+    +    2MnO4-
    base:   5PbO2     +   2Mn2+  + 2H2O        
Pb2+    +    2MnO4-
4. acid:   2MnO4-    +   3SO32-   +  2H+
                   2MnO2     +   3SO42-   +   H2O
    base:   2MnO4-    +   3SO32-   +  H2O
         2OH-    +      2MnO2     +   3SO42-
5. acid:  13H2O  +  4Zn    +    NO3-

7H+   +NH3     +   4Zn(OH)42-

    base: 6H2O  +  4Zn    +    NO3-  +  7OH-
 
      NH3     +   4Zn(OH)42-
