Electrochemistry: Standard Reduction Potentials
Standard Reduction Potentials:

1. Give a measure of the equilibrium position of the reduction of a metal

2. The potential is the difference in the amount of electrons that build up on the electrode and the positive ions in solution. 

Mg2+ +2e-1 ( Mg(s)

3. The more easily a metal oxidizes, the more the equilibrium is shifted to the left.

4. We can’t measure the potential difference directly, only in reference to another electrode. 

5. Measured against a hydrogen electrode 

a. 2H+1 + 2e-1 ( H2(g)

6. Because we’re comparing equilibrium positions we have to standardize the temperature, pressure and concentrations of the species involved. (Generally 1 bar, or 1 atm 25 deg C and 1 M are used).

7. Potentials are assigned as negative or positive. The electrode in which the equilibrium position sits more to the left than the other electrode will be the negative electrode. 
8. When two electrodes are connected by a wire the repulsive forces between the electrons “pushes” them to redistribute.  This force is called the electromotive force (emf or E0) or voltage. 
9. From measuring the emf for various metals against the Standard Hydrogen Electrode (SHE) we can get an electrochemical series or a table of standard reduction potentials.  (See Data book)

10. The more negative the value the more the elements wants to be oxidized
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Potential of a Voltaic Cell

1. You can see above that Zinc will lose electrons more easily than Copper since Zinc has a standard reduction potential of -0.76 V and copper has an E0 of +0.34 V.
2. When these two cells are hooked together, electrons move from the zinc electrode through the wire to the copper electrode.  

a. As zinc loses electrons, it dissolves in solution as Zn2+
i. Zn2+ + 2 e- ( Zn  E0  = -0.76 V
ii. equilibrium shifts to the left as the electrons get used

b. As Copper ions take the electrons, copper metal is deposited onto the electrode.

i. Cu2+ + 2e- ( Cu  E0 = +0.34 V
ii. Equilibrium shifts to the right as the electrons travel from the zinc electrode.

c. Remember that the electrode with a more negative E0 ,shift to the left and the electrode with a positive E0 shift to the right.
d. You can use this information to determine if a reaction will be spontaneous or not.
3. You can determine the electrode potential by adding the potentials of the two reactions that are occurring
a. Do not multiply by coefficients

b. Reverse the voltage in the table of the element that is being oxidized.

c. Ecell = EZn + ECu = 0.76 + 0.34 = 1.10 V
Determining Spontaneity

1. Method 1: Equilibrium position

a. X+ + e- ( X  
E0 = + 0.50 V

b. Y+ + e- ( Y 
E0 = - 0.50 V

c. Question to answer:  Will Y oxidize X? 
i. Since the more negative electrode is Y, the equilibrium of Y will shift to the left and the equilibrium of X will shift to the right.  This means that Y wants to be oxidized more than X.  Therefore Y will not oxidize X and the reaction is not spontaneous under standard conditions. 

2. Method 2: Gibbs Free Energy
a. If the sum of the electrode potentials is negative, the reaction will be spontaneous

b. (G  = - nFE0
i. n = moles

ii. F = Faraday’s constant (96,485 C/mol)

iii. E0 = emf, standard reduction potential
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