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Redox:
Believe it or not, the word redox is a combination of the words reduction and oxidation, 
Oxidation and Reduction:
A basic GCSE definition of oxidation and reduction will tell you that electrons are either gained or lost. Oxidation is electron loss and reduction is electron gain.
 At AS, the definition of oxidation and reduction is slightly different though 
	
	Oxidation
	Reduction

	Oxygen
	GAINED
	LOST

	Hydrogen
	LOST
	GAINED

	Electron
	LOST
	GAINED



Oxidation is ANY reaction where oxygen is GAINED, hydrogen is LOST or electrons are LOST
Reduction is ANY reaction where oxygen is LOST, hydrogen is GAINED or electrons are GAINED
You could remember that the words are in terms of oxygen gain/loss hence reduction is loss of oxygen and oxidation is oxygen gain.
Oxidation Numbers: 
Before you begin to understand how to calculate the oxidation numbers in compounds, you need to clarify what oxidation numbers are. Oxidation numbers refer to electron gain or loss in an atom NOT hydrogen or oxygen gain or loss. 
Oxidation reactions will involve a LOSS of electrons, so there is an INCREASE in oxidation number 
Zn  Zn2++ 2e-
Zn has an oxidation number of 0 which increases to 2 in Zn2+
Reduction reactions will involve a GAIN of electrons, so there will be a DECREASE in oxidation number
Cl2 + 2e-  2Cl-
Cl2 has an oxidation number of 0 which decreases to -1 in Cl-
An easy way to remember this particular rule is to relate it to oxygen, we know that oxidation is gain of oxygen so the oxidation number INCREASES and we know that reduction is loss of oxygen so the oxidation number DECREASES 
Rules for Oxidation Numbers:

All neutral atoms have a 0 oxidation number
Positively charged ions (cations) have positive oxidation number (anything above +1) 
Negatively charged ions (anions) have negative oxidation number (anything below -1)
	
Oxidation numbers are ALWAYS equivalent to the OVERALL charge of the atom/compound.  
H2 which is neutral will have an oxidation number of 0.
H+ (the hydrogen ion) which has a positive charge of one will have an oxidation number of +1
H- (the hydride ion) which has a negative charge of one will have an oxidation of -1
NaH which is neutral has a TOTAL oxidation state of 0 but individually, the Na will have an oxidation state of +1 and the H will have an oxidation number of -1
Some elements will have invariable oxidation numbers in their common compounds (oxidation numbers which don’t change)
· Group 1 metals = +1
· Group 2 metals = +2
· Al = +3
· H = +1 (expect in metal hydrides where it is -1)
· F = -1
· Cl, Br, I = -1 (expect in compounds containing oxygen and fluorine)
· O = -2 (expect in peroxides and in compounds with fluorine)
So for example;
CaCl2 will have a TOTAL oxidation state of 0. 
Ca = +2 
Cl = -1
+2 + -1 + -1 = 0

H2O2 will have a TOTAL oxidation state of 0. 
H = +1
O = -1 (notice the exception, this is a peroxide)
+1 + +1 + -1 + -1 = 0

Redox and Disproportionation: 
Now, redox is when BOTH oxidation and reduction in a reaction and so is disproportionation. So what’s the difference?
Redox is when BOTH oxidation and reduction occurs in a reaction BUT the species being oxidised is DIFFERENT to the species being reduced. 
For example; 
H2 + F2 = 2HF
Both H2 and F2 in the reactants side have an oxidation number of 0. Hydrogen in HF has +1 oxidation number and F in HF has a -1 oxidation number.
Disproportionation is when the SAME species is being BOTH oxidised and reduced. Two products will be formed. 
For example; 
2H2O2 2H2O + O2
Now, two products are formed in this reaction. Hydrogen peroxide splits into two products. Ignore the hydrogen here as it doesn’t pop up in both products. 
The oxygen in the original compound has an oxidation number of -1 (remember the exception). In H2O, oxygen has an oxidation number of -2 so the oxidation number is increased. In O2, oxygen has an oxidation number of 0 (remember that neutral compounds has an oxidation number of 0). 
So oxygen is both oxidised and reduced 
How to differentiate? 
Sometimes in the exam, you might be asked if a reaction is classed as redox, oxidation, reduction or disproportionation. 
You need to clarify the definitions and look for particular things. Best thing you can do here, is calculate the oxidation number of the original compound and the product. If there is a difference, you can detect if it is oxidation, reduction, redox or disproportionation.
 If there is ONLY an increase in oxidation number, oxidation has happened. If there is ONLY a decrease in oxidation number, reduction has happened.  If there is both, redox or disproportionation has happen. If the same species is being both reduced and oxidised, then that is disproportionation, if different species in the same reaction is being reduced and another species oxidised, then that’s redox. 
Redox Equations:
Just to clarify, redox equations aren’t necessarily ionic equations, redox half-equations involve reduction and oxidation. An ionic equation is simply looking at ions involved in the reaction. 
At AS, you need to understand the concept of redox equations and their half-equations. 
An example is below;
Br2 (aq) + 2I-(aq)  I2 (aq) + 2Br-(aq)
 (
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I has been oxidised as it LOSES electrons (remember OIL RIG)
)
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Br has been reduced as it GAINS electrons (remember OIL RIG).
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You can see above, that both reduction and oxidation happen in the reaction. The iodine has been oxidised whilst the bromine is reduced. 
Two iodide ions donate two electrons to bromine so the bromine gains two electron sto form two bromine ions and iodine. 
So therefore bromine acts an electron ACCEPTOR and the iodide ions act as electron DONORS. 
Electron Acceptors are classed as REDUCING AGENTS – they reduce another element but are oxidised in the process
Electron Donors are classed as OXIDISING AGENTS – they oxidise another element but are reduced in the process.






 Balancing Half-Equations:
Now, let’s say you have this reaction below
Zn  Zn2+
You might be asked in the exam to balance this half-equation. The first thing you need to do is work out the oxidation number to check if oxidation or reduction is happening. 
We know that the ionic charge is +2 so the oxidation number of Zn2+ is +2 correct? We also know that the Zn is neutral so therefore the oxidation number of Zn is 0
So Zn changes from an oxidation number of 0 to +2. Therefore this is oxidation as the oxidation number INCREASES!
Now, we can add electrons to balance that equation. Since this particular reaction is oxidation, we add the electrons to the products side to cancel the charges
 (
-2
) (
+2
) (
0
)Zn  Zn2+ + 2e-
 (
0
)


In oxidation reactions, we add electrons to the products side when balancing. In reduction reactions, we add electrons to the reactants side when balancing. 









Complicated Half-Equations 
Some exam questions will require some understanding of more complex redox half-equations. 
For example; you might be asked to write the half-equation for the change 
SO42-  SO2
Now, first thing, you need to do is calculate the oxidation states of the compounds. You know that SO42- has an ionic charge of -2 so the oxidation number of the SO42- would therefore be -2. You also know that SO2 is a neutral charge with no charge so the oxidation number is therefore 0. 
Based on that information, you can deduce that the oxidation number DECREASES so this reaction is a REDUCTION reaction. 
So the electrons are added on the reactants side to balance the change in oxidation number. 
SO42-+ 2e-  SO2 
You might question and ask why the electrons are added to the reactants side when SO42- has a negative charge already, you’ll need to understand that in such half-equations, H+ is added to cancel out the charge. 
So since there is a -4 charge on the reactants side and a neutral charge on the products side, you add a suitable number of H+ ions to cancel out the difference.
 SO42-+ 2e- + 4H+ SO2 
Now, the ionic charges are cancelled, you still have the problem of the H+ ions as they are ONLY present in the reactants side but not in the products side so we use H2O to deal with this problem. 
As there are 4 H+ and 2 oxygen atoms unused in the reactants (notice that SO42- has 4 oxygen atoms in the ion and then SO2 has only two oxygen atoms.), you can form some water. 
A single H2O molecule has 2 hydrogen atoms per oxygen atom. And you have 4 hydrogen atoms per two oxygen atoms so the ratio means you can have 2 moles of H2O correct? 
SO42-+ 2e- + 4H+ SO2 +2H2O
Now, check to see if everything is balanced correctly which it should be  

Combining Half-Equations:
To make a complete redox equation, you need to combine a reduction half-equation with an oxidation half-equation. 
So let’s say you’ve calculated the reduction and oxidation half-equations, you now need to combine them to cancel out the electrons
Reduction =		 MnO4- + 8H+ + 5e-  Mn2+ + 4H2O
Oxidation = 		C2O42-  2CO2 + 2e-
Now, you can realise that the first equation has 5 electrons in the reactants side and the second has only 2 so we need to cancel them out. We can do this by multiplying them together to obtain the same number of electrons on either side of the reaction. 
Reduction =		 (MnO4- + 8H+ + 5e-  Mn2+ + 4H2O) x2
Oxidation = 		(C2O42-  2CO2 + 2e-) x5
So the new equation becomes;
2MnO4- + 5C2O42- + 16H+ + 10e-  2Mn2+ + 8H2O + 10CO2 + 10e-
Now, we can eliminate the electrons from either side as they both cancel each other out
2MnO4- + 5C2O42- + 16H+ + 10e-  2Mn2+ + 8H2O + 10CO2 + 10e-
2MnO4- + 5C2O42- + 16H+   2Mn2+ + 8H2O + 10CO2 

