Electrochemistry

Electrochemistry represents chemical changes that involve and exchange of electrons.  All reactions are the rearrangement of electrons.  Bonds of reactants are broken while new bonds are formed when products are made.  There are two parts to an electrochemical change; oxidation and reduction.

Theoretical definitions are: 

Oxidation is the part of a change where electrons are “lost” or given up by a substance.

Reduction is the part of a change where electrons are gained by a substance.

Empirical definitions are:

These definitions are based on metallurgy which is the study of metals and their properties.

Oxidation is when a pure metal is changed to an ionic compound or mineral.

Reduction is when an ore or mineral is converted to a pure metal.
A substance that promotes oxidation or reduction is called an agent.  An oxidizing agent (O.A.) promotes the loss of electrons by gaining them.  A reducing agent (R.A.) promotes the gaining of electrons by losing them.

An electrochemical change can be demonstrated by an equation called a Redox reaction.  Redox reactions are composed of both an oxidation half reaction and a reduction half reaction.

Both  OA and RA can be listed in order of their strength or ability to gain/lose electrons.  On a table of oxidizing agents, reduction half reactions are written.  The strongest OA is at the top and the weakest is at the bottom.  The stronger the agent the more likely it is to react.  

Activity:  viewing redox reactions and making a reduction table
Predicting redox reactions

1. List all species exactly how they are.

2. Identify the strongest OA and SRA.

3. Write the OR and the RR.

4. Multiply half reactions to ensure the electrons lost equals the electrons gained.

5. Add both half reactions to produce the Redox 

Example
O.R.  [
Na(s)  (  Na+1  +  1e-   ] x2  
* electrons shifted must be equal



R.R.
O2  +  4e-  (  2O-2


_____________________________________


Redox   2Na(s)  +  O2 ( 2Na+1 + 2O-2
Oxidation Numbers
Oxidation numbers are values that demonstrate the oxidation state of each atom.  These values are assigned based on arbitrary rules agreed upon by chemists.  These rules are:

1. Oxygen is the most attractive element (except fluorine) and always gains two electrons so is has an oxidation number of  -2.
Unless it is with fluorine and then has an oxidation number of  +2 .

Or if it is in hydrogen peroxide and then has an oxidation number of  -1. 
2. Hydrogen is the least attractive element (except for metal hydrides, group I or II metals) and always has an oxidation number of  +1.

3. Simple ions have and oxidation number equal to their charge.

4. Pure elements have an oxidation number of zero.

5. Oxidation numbers agree with laws of conservation of charge.

Example



Individual oxidation numbers

+1      ?  -2


     


       
  Na2SO4

total oxidation numbers

+2      ?  -8  =  0
net charge is zero

Balancing reactions using oxidation numbers
Identify all the individual oxidation numbers for every element in a reaction.

Determine which species gain and lose electrons.  This is done by recognizing which species change their charge over the chemical change. 

*There will always be one substance that gains electrons and one that loses electrons.

Calculate the change of electrons for individual OA and RA.

Calculate the total change of electrons per formula.
Multiply the formulae containing the agents to balance the electrons gained and lost.

Balance all other species based on the coefficients from the OA and the RA
              +1  +4  -2           +6     -2                +1                     +3                +1   -2           +6  -2
Example   H2SO3(aq) + Cr2O7-2(aq) + H+1(aq)  (  Cr+3(aq)  +  H2O(l)  +  SO4-2 
                     +2 +4  -6             +12  -14               +1                     +3                 +2  -2           +6  -8

                loses 2 e-    gains 3e-

         loses 2e-       gains 6e-

       per formula    per formula  

             x 3                x 1         
