Braviroff's Rules for balancing redox reactions by the half-reaction method

Identify who is being oxidized and who is being reduced by assigning OXIDATION NUMBERS to every atom in the reaction (see the rules for assigning these values on page 89 of your textbook). 

Determine how many electrons are being lost by the oxidizing atom and how many are being gained by the reducing atom.  The difference in the atom's oxidation number from left side to right side is the # of e- lost or gained.

Follow the next steps IN THE ORDER GIVEN -- deviate from it at your own risk!


Write the two half-reactions (OX and RED):

1. OX:
Write the formula of the reactant containing the oxidizing atom; draw an arrow; write the formula of the product containing that atom on the right of the arrow.

2. Balance THAT ATOM by using a coefficient (NOT a subscript!) if needed (don't worry about other atoms present, we'll take care of them later)

3. Add the number of electrons that atom is losing on the RIGHT (product) side of the arrow.  Remember that if you used a coefficient to balance that atom, multiply the # of e- by that coefficient as well.
4. Balance oxygen atoms by adding H2O molecules 

5. Balance hydrogen atoms by adding H+ ions

6. Double check to make sure both atoms and charges balance. 

7. Repeat these steps for the RED half-reaction, but use the reactant and product containing the atom being reduced, and put the electrons gained on the LEFT (reactant) side of the arrow. 

8. Now that both OX and RED half reactions are completed, check to see if the number of electrons is the same for both of them. If it is not, multiply one or both half-reactions through by a whole number coefficient to make the electron number equal for both. 

9. ADD both half reactions together, and cancel out any species (like the electrons) that are the same on both sides.  Often some H2O molecules and/or H+ ions will cancel out as well.

10.  What remains is the balanced redox reaction. 

11. If the reaction is occurring in BASIC (rather than acidic) solution, do one final step:  Check to see if any H+ ions are present in the final balanced equation.  If they are, add the same number of OH- ions to BOTH sides of the equation.  The OH- ions will combine with the H+ ions to make water molecules.  Then you may be able to cancel out additional water molecules. 
See example on the next page. 
Unbalanced reaction:






OX: each S loses 2 e-


              +7    -2           +1 +4 -2              +6 -2                +2
MnO4- +  HSO3-  --> SO42- +  Mn2+
RED: each Mn gains 5 e-
Half reactions:
OX: H2O +  HSO3-  --> SO42- +  2e- +  3 H+
RED: 8H+ + 5e- +  MnO4- --> Mn2+ + 4H2O

Multiply the OX by 5, and the RED by 2, to make the electrons equal; then add both together, and cancel out all electrons and any water molecules and hydrogen ions that appear on both sides.  Final result is:
5HSO3-  + H+ + 2 MnO4- --> 5 SO42- + 2Mn2+ 






+ 3H2O
IF this were in BASIC solution, you would then add one OH- (because there is one hydrogen ion present) to BOTH sides.  The OH- on the left would combine with the hydrogen ion to make one H2O, which would cancel out along with one H2O on

the right side.  The final answer in that case would be
5HSO3-  +  2 MnO4- --> 5 SO42- + 2Mn2+ 






+ 2H2O + OH- (basic)
