Tutorial
Electron Transfer Reactions 
 
1. The Activity Series 
- Elements written in decreasing order of their ability to reduce other substances
- Easily oxidized elements at the top (Na, K, Li, etc)
- Oxidizable elements in the middle (Group II, lighter d-block elements)
- Relatively inert elements at the bottom (difficult to oxidize)

To determine of a REDOX reaction will occur, the element being oxidized must be closer to the top of the activity series.

Li
K
Ba
Ca
Na
..
.
.H2
..
Cu
Ag
Hg
Pt
Au

eg. react lithium metal with Cu+2 ions. What happens?

Li ( Li+ + e-
Cu+2 +2 e- ( Cu

or

2 Li ( ( Li+ + 2 e-
Cu+2 +2 e- ( Cu

Overall: 2 Li + Cu+2 ( ( Li+ + Cu

Since Li is more easily oxidized than Cu (Li is above Cu in the activity series), this reaction can occur.

eg. In a reaction involving gold (Au) and silver (Ag), which one will be oxidized and which reduced?
Since Ag is above Au in the activity series, Ag will be oxidized and Au will be reduced.
ie 3 Ag + Au+3 ( ( Ag++ Au

2. Balancing REDOX Reactions by the Half-Reaction Method
  

Example 1: balance Ag(s) + H+(aq) + NO3-(aq)→ Ag+(aq) + NO(g) in an acidic solution.


(a) The oxidation step is obviously the silver half reaction, since silver is being oxidized from an oxidation state of 0 to +1: 

Ag(s) → Ag+(aq) 

To balance this, we need only add an electron to the RHS: 

Ag(s) → Ag+(aq) + e- 

(b) The reduction step is: 

NO3-(aq) → NO(g) 

Note that the H+ has been left out of this unbalanced half reaction. It will soon be added in. Note also that it is the N that is being reduced (from an oxidation state of +5 to +2). 

To balance for O, add water to the RHS: 

NO3-(aq) → NO(g) + 2 H2O(l) 

To balance for H, add H+ to the LHS: 

NO3-(aq) + 4 H+(aq)→ NO(g) + 2 H2O(l) 

To balance the charge, add electrons to the LHS: 

NO3-(aq) + 4 H+(aq) + 3 e-→ NO(g) + 2 H2O(l) 

(c) multiply the reactions by integers so that both have the same number of electrons. In this case, the oxidation step can be multiplied by three: 

3Ag(s) → 3Ag+(aq) + 3e- 

NO3-(aq) + 4 H+(aq) + 3 e-→ NO(g) + 2 H2O(l) 

(d) add the two half reactions to obtain the final balanced reaction: 

3Ag(s) + NO3-(aq) + 4 H+(aq) →3Ag+(aq) + NO(g) + 2 H2O(l) 

Note that there is a charge of +3 on each side. This is OK - the charge need only be the same on each side, but does not have to be zero. 

Example 2: balance CrO4-2(aq) + AsH3(g) + H2O(l)→ Cr(OH)3(s) + As(s) in basic solution. 

The procedure is essentially the same here. First balance the reaction in acidic solution, but then add OH- to balance in basic solution: 

(a) oxidation is AsH3(g) → As(s) (arsenic goes from an oxidation state of -3 to 0.) 

balance for H: AsH3(g) → As(s) + 3 H+(aq) 

balance for charge: AsH3(g) → As(s) + 3 H+(aq) + 3 e- 

(b) reduction is CrO4-2(aq) → Cr(OH)3 (chromium is reduced from +6 to +3) 

balance for O: CrO4-2(aq) → Cr(OH)3 + H2O(l) 

balance for H: CrO4-2(aq) + 5 H+(aq)→ Cr(OH)3 + H2O(l) 

balance for charge: CrO4-2(aq) + 5 H+(aq) + 3 e-→Cr(OH)3 + H2O(l) 

(c) both half reactions have 3 electrons transferred, so they can now be added: 

AsH3(g) → As(s) + 3 H+(aq) + 3 e- 

CrO4-2(aq) + 5 H+(aq) + 3 e- → Cr(OH)3 + H2O(l) 

overall: AsH3(g) + CrO4-2(aq) + 2 H+(aq)→ As(s) + Cr(OH)3 + H2O(l) 

(d) to balance in basic solution, add enough OH-(aq) to cancel out the H+(aq) (by making water) to both sides of the reaction: 

AsH3(g) + CrO4-2(aq) + 2 H+(aq)+ 2 OH-→ As(s) + Cr(OH)3 + H2O(l) + 2 OH- 

or, 

AsH3(g) + CrO4-2(aq) + 2 H2O(l) → As(s) + Cr(OH)3 + H2O(l)+ 2 OH- 

or, 

AsH3(g) + CrO4-2(aq) + H2O(l) → As(s) + Cr(OH)3 + 2 OH- 
  
  

Example 3: Here is a balacing problem that incorporates all the tricks. If you can balance this one, you can balance any REDOX reaction. 

Balance P4(s) → H2PO2-(aq) + PH3(g) in a basic solution! 

First recognize that this is a disproportionation reaction. Some of the P4 is being reduced, and some is being oxidized. 

Second, recognize what is being reduced or oxidized. Obviously, it is the P, since it is the only reactant. 

The two half reactions must first be identified: 

P4(s)→ H2PO2-(aq) is one of them. Here, P goes from an oxidation number of 0 to +1, so this is the oxidation half reaction. 

P4(s) → PH3(g) must be the reduction half reaction. Here, the oxidation number of P decreases from 0 to -3. 

(a) For the oxidation half reaction: 

P4(s)→ H2PO2-(aq) 

to balance the P, use 4 H2PO2-(aq)’s: 

P4(s)→ 4 H2PO2-(aq) 

to balance the O, add H2O: 

P4(s) + 8 H2O(l) → 4 H2PO2-(aq) 

to balance the H, add H+: 

P4(s) + 8 H2O(l) → 4 H2PO2-(aq) + 8 H+(aq) 

to balance the charge, add electrons: 

P4(s) + 8 H2O(l) → 4 H2PO2-(aq) + 8 H+(aq) + 4 e- 

(b) for the reduction half reaction: 

P4(s) → PH3(g) 

balance the P by adding more PH3: 

P4(s) → 4 PH3(g) 

balance the H by adding H+: 

P4(s) + 12 H+(aq) → 4 PH3(g) 

balance charge using electrons: 

P4(s) + 12 H+(aq) +12 e- → 4 PH3(g) 

Now note that oxidation reaction involved the transfer of 4 electrons, but the reduction reaction involves 12 electrons. These numbers must be the same, so multiply the half reactions by integers until this is so. In this case, multiply the oxidation reaction by 3 so that it involves the transfer of 12 electrons as well: 

3 P4(s) + 24 H2O(l) →12 H2PO2-(aq) + 24 H+(aq) + 12 e- 

and add the reduction reaction: 

P4(s) + 12 H+(aq) +12 e-→ 4 PH3(g) 

The electrons cancel as do some of the H+’s: 

4 P4(s) + 24 H2O(l) →12 H2PO2-(aq) + 4 PH3(g) + 12 H+(aq) 

This reaction is now balanced in acidic solution. To convert to basic solution, add OH-(aq) to both sides to remove the H+(aq) (making water): 

4 P4(s) + 24 H2O(l) + 12 OH-(aq)→12 H2PO2-(aq) + 4 PH3(g) + 12 H+(aq) + 12 OH-(aq) 

or, 

4 P4(s) + 24 H2O(l) + 12 OH-(aq)→12 H2PO2-(aq) + 4 PH3(g) + 12 H2O(l) 

or, 

4 P4(s) + 12 H2O(l) + 12 OH-(aq)→ 12 H2PO2-(aq) + 4 PH3(g) 

Now note that the entire reaction can be divided by 4: 

P4(s) + 3 H2O(l) + 3 OH-(aq)→ 3 H2PO2-(aq) + PH3(g) (The final answer) 

 

 

Oxidation: Oxidation number increases

                 Occurs at the anode
Reduction: Oxidation number decreases

                 Occurs at the cathode
Shorthand Notations 

anode | oxidation reagents || reduction reagents | cathode 

e.g. Cr2O7-2(aq) + 6 Fe+2(aq) + 14 H+(aq)→ 2 Cr+3(aq) + 6 Fe+3(aq) + 7 H2O(l)
the oxidation is Fe+2 →Fe+3 
the reduction is Cr2O7-2 → Cr+3 

Note that no metals are present (as metals), so we need to use inert electrodes for both the cathode and anode. Usually, we use Platinum, since it is so inert. The shorthand notation is thus: 

Pt | Fe+2,Fe+3 || Cr2O7-2, Cr+3, H+ | Pt

Standard Reduction Potentials 

2 H+(aq) + 2 e- → H2(g) E0 = 0.000 V exactly

all others are relative to this value. 

e.g. F2(g) + 2 e- → 2 F-(aq) E0 = +2.866 V 

This is a very high reduction potential, indicating that this reaction occurs readily - makes sense since we know F2 is a strong oxidant. 

e.g. Zn+2(aq) + 2 e- → Zn(s) E0 = -0.763 V 
i.e. it is easier to reduce H+(aq) than Zn+2(aq) 
and it is easier to reduce F2(g) than H+(aq) 

Also, since Zn+2 is the most difficult to reduce, then Zn(s) is the easiest of Zn(s), H2(g) and F-(aq) to oxidize. 
  
  

e.g. arrange Br2(l), Fe+2(aq) and MnO4-(aq) in increasing order of oxidizing strength. 
From the reduction potential tables, 
MnO4- + 8 H+ + 5 e- → Mn+2 + 4 H2O         Eo = +1.51 V 
Br2(l) + 2 e- → 2 Br-             Eo = 1.09 V 
Fe+2 + 2 e- → Fe                  Eo = -0.45 V 
Thus, MnO4- is the strongest oxidant, Fe+2 is the weakest. 

