Chemistry - Redox Notes

I. Oxidation - Reduction


A. The terms originated to describe reactions where oxygen was added or removed.



4 Fe   +  3 O2  ------------   2 Fe2O3          

Oxidation



2 Fe2O3  +  3 C   -------  4 Fe  +   3 CO2

Reduction


B. Today the terms have a broader meaning.



1. Oxidation is the process by which a substance loses one or more electrons.      OIL



2. Reduction is the process by which a substance gains one or more electrons.      RIG


C. Oxidation and reduction always occur together.  If electrons are lost by one substance they must be gained by another substance.  Reactions in which electrons are transferred are called redox reactions.


D. The oxidation number is the number of electrons an atom is likely to gain, lose, or share.


E. Determine the oxidation numbers for each element in the following compounds.



K2Cr2O7


Al(NO3)3


F. The oxidizing agent causes the oxidation of another substance by accepting electrons from that substance.  The oxidizing agent contains the substance that is reduced.


G. The reducing agent causes reduction by providing electrons to another substance.  The reducing agent contains the substance being oxidized.


H.  Which element is being oxidized and which element is being reduced in the following reaction?  What is the oxidizing agent?  The reducing agent?



Cu   +   2 AgNO3  ------------   Cu(NO3)2     +   2 Ag


Cu increases from 0  to +2, Cu is oxidized.  Elements that are oxidized increase in oxidation number.


Ag decreases from +1 to 0, Ag is reduced.  Elements that decrease in oxidation number are reduced.


AgNO3 is the oxidizing agent, Cu is the reducing agent.

I. Identify the oxidizing agent and the reducing agent in the following equation.


3 H2S    +    2 HNO3    -------------  3 S   +  2 NO  +  4 H2O



Nitric acid is the oxidizing agent, hydrogen sulfide is the reducing agent.

II. Reaction Types and Redox Reactions


A. Synthesis




S   +  O2  --------  SO2 


S is oxidized, O is reduced.


B. Decomposition



2 HgO  --------  2 Hg   +   O2

O is oxidized, Hg is reduced.


C. Single Replacement


Cu    +  2 AgNO3  ------- Cu (NO3)2     +  2 Ag
Cu is oxidized, Ag is reduced.

III. Applications of Redox Reactions


A. Preventing Corrosion - Corrosion is the oxidation of a metal.  One method to prevent corrosion is to cover the metal with paint or grease so oxygen can not get to it .  Another method is to attach a metal that is more readily oxidized than the metal you want to protect.  The attached metal will oxidize before the metal you are protecting oxidizes.


B. Bleaching - Bleaches are oxidizing agents.  Unwanted color is caused by electrons moving between the different energy levels of the atoms that make up the material.  Bleaches grab those electrons (and many more if you use too much) and return the material to its original whiteness.

C. Fuels and Explosives - Fuels are compounds that release energy when they are oxidized.  The fuel is ignited to provide activation energy, and once that is accomplished they are readily oxidized by the oxygen in the air.


Explosives contain both oxidizing and reducing agents.  An example is nitroglycerin C3H5(NO3)3 .  The carbon and hydrogen atoms are oxidized to form carbon dioxide gas and hydrogen gas.  The nitrogen atoms are reduced to form nitrogen gas.  When an explosive compound is provided with activation energy a highly exothermic reaction occurs in which large amounts of gaseous products are formed.  The expansion of gases creates shock waves that cause the destruction. 

* Read in Prentice Hall Chemistry pages 630 through 643.

IV. Balancing Redox Equations


A. The number of electrons lost in the oxidation process (increase in oxidation number) must equal the number of electrons gained in the reduction process (decrease in oxidation number).


B. Steps for balancing redox reactions.



1. Assign oxidation numbers to all the atoms in the equation, the oxidation number you write is per atom.



S    +     HNO3  ---------  SO2    +     NO   +     H2O



2. Identify the element oxidized and the element reduced, then determine the change in oxidation number of each.




Sulfur - oxidized

0  to  +4

(+4 change)




Nitrogen - reduced

+5  to  +2

(-3 change)



3. Connect the atoms that change oxidation number from the left to the right side with a bracket.  Write the change in oxidation number at the midpoint of each bracket.



S      +     HNO3  -----------  SO2      +      NO      +     H2O



4. Choose coefficients that make the total increase in oxidation number equal to the total decrease in oxidation number.



S     +       HNO3   ----------  SO2     +        NO      +      H2O



5. Balance the remaining elements by inspection.  The coefficients for SO2    and NO will be 3 and 4 respectively to balance the S and N.



3 S    +    4 HNO3  ------------  3 SO2     +      4 NO     +   2 H2O



6. Sometimes reactions that occur in aquatic acid solutions need to have H+   added to one side and H2O to the other to balance them.



ClO4-    +   
 I-   -------  Cl-   +     I2



ClO4-      +       I-   ---------  Cl-      +    I2



ClO4-      +      8 I-  --------  Cl-        +    4 I2



ClO4-       +      8 I-      +   8 H+  -------------  Cl-     +    4 I2      +     4 H2O

* Read in Prentice Hall Chemistry pages 645 through 649.

V. Redox Reactions and Electricity


A. Electrons are always transferred in a redox reaction; lost in oxidation, picked up in reduction.


B. If you do not allow the oxidizing and reducing agent to touch each other, but instead connect the two by a wire you can set up an electric current.  Electricity is a flow of electrons, moving electrons can do work for you.


C. Many redox reactions between two different metals occur spontaneously as soon as the metals are placed together.  To determine which metals are oxidized (will replace other metals in a compound), you can refer to the activity series.  The activity series ranks metals based on their chemical activity, metals can only replace metals lower in the series.  The metal higher on the chart will be oxidized, the lower metal will be reduced.
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C. A voltaic cell (battery) is a container in which chemical reactions produce electricity.


D. Voltaic Cell Example



Zn   +   CuSO4   --------------  Cu   +   ZnSO4

E. Types of voltaic cells (batteries).

1) Dry Cell

2) Alkaline Dry Cell

3) Lead Storage

4) Nickel-Cadmium

5) Fuel Cell

F. The cell potential is the difference in electrical potential between the two electrodes.  Cell potential is measured in volts.  The bigger the difference, the more “push” behind the electrons.  The higher the voltage, the more work that can be done.  Analogous to water pressure in pipes.


G. The standard cell potential is used to compare the electrical work that can be done by a particular voltaic cell.  The standard cell potential is measured at standard conditions: 1 M. of electrolyte solution, partial pressure of gases is 1 atm., and the temperature is 25 oC.  


H. To measure cell potential of a particular reaction you add the cell potential of the oxidative and reductive half reactions.



Ecell  =  Eoxid  +  Ered



The oxidative and reductive half reactions can not be measured directly.  They must be compared to a standard.  The reaction of hydrogen is used as the standard.  A table of standard reduction potentials for a variety of substances is located on page 674 of Prentice Hall Chemistry.


I. To calculate the potential of a voltaic cell, first find the reduction half reaction.  Next, find the half reaction of the oxidation half reaction and change its sign.  Add the two half reactions together and the sum is the potential of the cell.


Example - Determine the cell potential for a battery that has a silver and aluminum electrode.



Reduction 
 Ag+     +  e-     -------  Ag


+ .80 volts



Oxidation
Al+3
+     3 e-   -----------   Al

- 1.66 volts




. 80 v.      +     1.66 v.    =     2.46 v.


J. Electroplating

1) Applying a thin coat of an expensive metal over another metal.

2) Used to make jewelry, chrome car parts, and computer boards.

3) Diagram.


* Read in Prentice Hall Chemistry pages 663 through 677.

