Chapter 9 – Redox and Electrochemistry

Oxidation Numbers:

· charge or partial charge of an atom or of an ion in a compound

Rules for Oxidation Numbers:

1. oxidation number of a free element is 0!

Ex:

2H2  +  O2



  2H2O

Oxidation number of oxygen in O2 = 0

Oxidation number of oxygen in H2O = -2  

2. All metals in Group 1 have an oxidation number of +1

3. All metals in Group 2 have an oxidation number of +2

4. F always has an oxidation number of – 1 in all compounds.

5. In a compound, the sum of the oxidation numbers must equal zero.

Ex:  NaCl




MgCl2
6. In ions (charged particles), the sum of the oxidation numbers of all the atoms must equal the charge of the ion.

Ex: SO4‑
7. Oxygen has an oxidation number of –2 in all its compounds except peroxides (ex: H2O2) and in compounds with F (ex: OF2).

8. Hydrogen has an oxidation number of +1 except in metal hydrides (ex: LiH, CaH2).

Oxidation:

· Losing electrons (LEO)

· Oxidation numbers increase (0 
      +2)

Reduction:

· Gaining electrons (GER)

· Oxidation numbers decrease (+2       - 1)

Redox Reaction:

· short for reduction – oxidation

· electrons are transferred from substance oxidized to substance reduced

· oxidation numbers change

Ex:

4 Fe     +     3O2  




2Fe2O3
Fe is oxidized (loses three electrons)

O is reduced (gains 2 electrons)

Cu     +     2AgNO3



  Cu(NO3)2     +     Ag

Cu is oxidized (loses 2 electrons)

Ag+ is reduced (gains 1 electron)

2H2O   




2H2     +     O2
O-2 is oxidized (loses 2 electrons)

H+ is reduced (gains 1 electron)

Oxidizing Agent:

· takes electrons from something and causes it to be oxidized

· oxidizing agent becomes reduced

· Positive ions (Ex: Na+, Ca2+)

· Highly active nonmetals (Ex: F2, O2, Cl2)

· Polyatomic ions containing oxygen (Ex: MNO4-, ClO3-, NO3-)

Reducing Agent:

· gives electrons to something causing it to be reduced

· reducing agent becomes oxidized

· Active metals (Ex: Na, Mg)

· Halide ions (Ex: F-, Cl-)

· Multivalent positive ions (Ex: Fe2+, Mn2+, Cr2+)

Ex:

Ca     +     Cl2




CaCl2
2Mg     +     O2




  2MgO

Half Reactions:

· oxidation or reduction half of a redox reaction

· shows electrons

Ex:

Zn     +     2HCl




   ZnCl2    +    H2
ox:   Zn0



Zn2+     +     2e-

red:  2H+  +  2e-



H2 O

Ex:

4Fe0     +     3O20



   2Fe2O3
ox:  4Fe0


  4Fe+3    +     12e-

red:  3O20    +    12e-


   6O-2
Ex:

2Al     +     3CuCl2


    2AlCl3     +     3Cu

ox:  2Al0  


     2Al+3    +    6e-

red: 3Cu+3    +    6e-  


    3Cu0
Balancing Oxidation-Reduction Equations:

Ex:  Let’s balance the following equation:




 Mg  +  
    Cr+3  (   
   Mg+2  +  
 Cr

1. Write the half-reactions:

Ox:  Mg0  (  Mg+2  +  2e-
Red:  Cr+3  +  3e-  ( Cr0
2a. Loss of electrons must equal gain of electrons.  So, put coefficients in front of oxidation and reduction equations to make this possible.

ox: 3(Mg0  (  Mg+2  +  2e-)

red: 2(Cr+3  +  3e-  ( Cr0)

2b.  Multiply the coefficients through


ox: 3Mg0  (  3Mg+2  +  6e- (3 Mg0 lose 6 electrons)


red: 2Cr+3  +  6e-  ( 2Cr0 (2 Cr+3 gain 6 electrons)

3.  Add oxidation and reduction reactions in order to get one net equation (Note: the electrons before the arrow cancel out the electrons after the arrow, so do not show them in the final equation).


3 Mg  +  2Cr+3  (  3Mg+2  +  2Cr

ALL FINISHED!!

Try balancing the following oxidation-reduction equations:

1.  Cu       +       Ag+



   Cu+2     +    Ag

2. Zn     +     Pb+2   




 Zn+2     +     Pb
3.  Al     +     H+




 Al+3     +     H2
Predicting Redox Reactions (Reference Table J):

· Metals lose electrons (oxidized) to form compounds

· Metals that are more active easily lose electrons

· Nonmetals gain electrons (reduced) to form compounds

· Nonmetals that are more active easily gain electrons

RULE:

· The most active metal: 

· At the top of Table J

· Most easily loses electrons

· Most easily oxidized

· As you go down Table J, metals are less active and less easily oxidized.

- The most active NONmetal:

· At the top of Table J

· Most easily gains an electron

· Most easily reduced

Ex:

Zn     +     Cu+2  



  Zn+2     +      Cu

Will the reaction proceed as shown?

Ex:

Will Fe+3 and Ni0 react spontaneously?

Ex:

Will Fe+2 and Pb0 react spontaneously?

Reactions of Acids with Metals:

· Remember: acids produce H+

· acids react only with metals that can reduce the H+ from acids to H0

· must be above H+ on Reference Table J
Metals which react with acids: Mn, Al, Mg, Ba, Ni

Metals which do not react with acids: Cu, Ag, Hg, Au

II. Electrochemistry
· electrical energy from chemical energy

· oxidation/reduction reactions separated

· electrons made to flow through wires

· two types: voltaic and electrolytic

A. Voltaic Cells:

· made of two half-cells, each housing a half reaction

· In each half cell is a metal strip called the electrode
· Wire connects the two electrodes

· ELECTRONS travel through the WIRE!!!

· Salt bridge connects the two half cells to keep them neutral

· IONS flow through the SALT BRIDGE!!!

What is happening in the following voltaic cell?

1. In half cell 1, the zinc electrode loses two electrons (oxidation):


Zn 

    Zn +2  + 2e-
2. When the switch is closed, electrons flow from the Zn electrode, through the wire to the Cu electrode in half cell 2.

3. In half cell 2, there are Cu+2 ions that are from the Cu(NO3)2 solution.

4. Cu+2 in solution gains 2 of the electrons that traveled in the wire (reduction), and forms Cu0:

Cu+2  +  2e-

      Cu0
5.  Ions travel through the salt bridge.

6.  Zinc electrode decreases in mass; Copper electrode increases in mass.

Anode:

· name of the electrode where oxidation takes place

· negative

Hint:  Anode  (An: anode/o: oxidation)  

OR  

An Ox (An: an/Ox: oxidation)

Cathode:

· name of the electrode where reduction takes place

· positive

Hint: Red Cat (Red: reduction/Cat: cathode)

· Direction of electron flow in a voltaic cell is from the anode (oxidation) to the cathode (reduction)

Electrolytic Cells:

· electricity forces a non-spontaneous redox reaction to occur

· single cell (no half-cells)

· Uses:

· electroplating

· electrolysis of fused salts

· electrolysis of brine

· electrolysis of water

A. Electrolysis of fused molten salts:

Ex: KCl (l)

· electrical energy (electricity) produces a chemical reaction

1.  Electrons go from the negative end of the electric source (battery) through the wire to the electrode  (Result: electrode is now negative)

2. Positive ions go to the negative electrode and gain electrons

K+  +  e- 

     K0  (reduction/ this electrode is the cathode)

3. The other electrode is positive.  Negative ions go to the positive electrode and lose electrons

2Cl-


   Cl2 0 + 2e- (oxidation/this electrode is the anode)

Note: electrons go from the positive electrode through the wire and back to the positive end of the battery.

B. Electroplating:

· electric current is used to produce chemical reactions

· a layer of metal coats an object to be plated 

What is happening in the following setup?

1. object (spoon) to be plated is the cathode (negative electrode)

2. positive ions move to the negative electrode (spoon) and become silver which covers the spoon


Ag+  +  e-


Ag0  (reduction)

3. solution in which object is placed supplies more positive ions so that plating can continue

Ag0 


     Ag+  +  e- (oxidation)

NOTE: mass of anode decreases while the mass of the cathode increases (it is plated)

C. Electrolysis of Water:

- Electricity breaks down water into hydrogen and oxygen


2 H2O  


2 H2   +   O2
ox: 2 O-2

   O20   +   4e-
red: 4 H+   +   4e- 

 2 H20
O2 bubbles off anode      

H2 bubbles off cathode

Comparison of Voltaic and Electrolytic Cells:

How they are the SAME:

· oxidation takes place at the anode

· reduction takes place at the cathode

How they are DIFFERENT:

1. In a voltaic cell, chemical reactions produce electricity

In an electrolytic cell, electricity produces chemical reactions

2. In a voltaic cell, the anode is negative and the cathode is positive

 In an electrolytic cell the anode is positive and the cathode is negative

