Oxidation Reduction  (RedOx)  Reactions 1 – The Basics:
In RedOx reactions, you simply have one component losing electrons (oxidation) and one component gaining electrons (reduction). Remember OiL RiG: Oxidation is Loss, Reduction is Gain. In each RedOx reaction, both oxidation and reduction must occur. Let’s take a look at a simple RedOx reaction:

Iron(III) ions are reduced by Chloride ions.
The final reaction looks like this:

2Fe+3  +  2Cl-                       Cl2  +  2Fe+2
But how did we get there? Well, first, we want to find our reactants. For this reaction it’s easy: you have Fe+3 and Cl-. 

Next, we need to find what are called half reactions. Our half reactions show the exchange of electrons for only one of our reactants. This makes it much easier to balance the equation later.

So, using the chart in Chapter 11 of the Chemical Equation Handbook, we can easily find our half reactions. Remember, we need one oxidation half reaction and one reduction half reaction. 

So, in the chart for Common Oxidizing Agents, we see a metallic ion of higher oxidation number can be reduced to a metallic ion of a lower oxidation. This will happen with Iron(III) which can be reduced to Iron(II). Thus,  our half reaction for the iron(III) ions will look like this:

Fe+3 +  e-                           Fe+2  
Next, we need to find the half reaction for chloride atoms. In the chart for Common Reducing Agents, we see halide ions will be oxidized to free halogens. Thus, our half reaction for chloride ions looks like this:

2Cl-                      2e-  +  Cl2       (Remember, free halogens are diatomic, thus the Cl2)
Note that we included the electrons that were lost or gained in our half reactions. This is extremely important for balancing, since we need to have an equal exchange of electrons from reactants to products. Therefore, we need to make sure one of our half reactions has electrons in the reactants and one our half reactions has electrons in the products.

Next, we need to combine our half reactions to get a full reaction, making sure we have an equal number of electrons on both sides. Going off of just what we have so far, we get this:
Fe+3  +  e-                      Fe+2
2Cl-                          2e-  +  Cl2

Fe+3  +  2Cl-  +  e-                        2e-  +  Cl2  +  Fe+2
Note that, while all the elemental components are balanced, the electron exchange is not. So, now we need to fix that by manipulating our half reactions. In RedOx, only balance by multiplying coefficients into half reactions.
In this case, we need an extra electron on the products. To do this, we go back to our reduction half reaction with iron(III) ions, and “multiply” the half reaction by a power of 2:

2  x  ( Fe+3  +  e-                 Fe+2 )    =    2Fe+3  +  2e-                        2Fe+2
Now, by adding our new iron(III) half reaction with our chloride half reaction, we should get the right answer:

2Fe+3  +  2e-                  2Fe+2
2Cl-                 2e-  +  Cl2

2Fe+3  +  2Cl-  +  2e-                     2e-  +  Cl2  +  2Fe+2
So, now we finally have an equal number of electrons on both sides of the equation. To finish it off, we need to pull the electrons out of equation. That will give us our final equation:

2Fe+3  +  2Cl-                          Cl2  +  2Fe+2
And that’s basic RedOx.
