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Topic 21 – Electrochemistry

BACKGROUND FOR ELECTROCHEMISTRY

A. An oxidation-reduction reaction (also called a “redox” reaction) is a 

    reaction in which electrons are transferred between species causing 

    the oxidation number of one or more elements to change.


B. Oxidation number





1. A positive or negative whole number assigned to an element or 

    ion on the basis of a set of formal rules 

2. It is essentially a “bookkeeping” procedure to keep track of 

    electrons in a reaction.

C. Half-reaction





One of two parts of an oxidation-reduction reaction, showing either the reduction or the oxidation of a species


D. Oxidation and reduction



1. Oxidation 




A process in which an element loses one or more electrons, 

causing its oxidation number to increase

2. Reduction

A process in which an element gains one or more electrons, causing its oxidation number to decrease



3. Remember: “LEO the lion says ‘GER’ ”




Loss of Electrons is Oxidation

and 

Gain of Electrons is Reduction

4. Oxidizing agents and reducing agents

a. Oxidizing agent





An oxidizing agent causes oxidation, so it must 

accept electrons from the species it oxidizes, and therefore, is reduced.

b. Reducing agent





A reducing agent causes reduction, so it must 

donate electrons to the species it reduces, and 

therefore, is oxidized.

E. Example of an oxidation-reduction reaction

Zn (s) + CuSO4 (aq) ( ZnSO4 (aq) + Cu (s) 

Oxidation:   Zn (s) ( Zn2+ (aq) + 2 e( 

Reduction:  Cu2+ (aq) + 2 e( ( Cu (s)
Note that back in Topic 4 we determined that this reaction would take place as written based on the activity series of metals: zinc was higher than copper in the activity series so the proposed single replacement reaction would take place as written.

Later in this Topic we will use specific values of standard electrode potentials.


F. Review of balancing redox reactions



1. See the handout “Rules For Balancing Redox Reactions” 

     in Topic 4’s handouts.



2. For our purposes in this topic, we will need to determine the 

    number of electrons transferred (“n”) in the redox reaction.

3. Example


Balance the following reaction that takes place in an acidic 

medium to determine the number of electrons transferred:


Cr2O72( (aq) + I( (aq) ( Cr3+ (aq)  + I2 (s)

	Oxidation
	Reduction

	   I( ( I2

2 I( ( I2

2 I( ( I2 + 2 e(
	 Cr2O72( ( Cr3+

Cr2O72( ( 2 Cr3+

Cr2O72( ( 2 Cr3+ + 7 H2O

Cr2O72( + 14 H+ ( 2 Cr3+ + 7 H2O

Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O


       2 I( ( I2 + 2 e(
                        Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O

       6 I( ( 3 I2 + 6 e(
                        Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O

                          Cr2O72( + 14 H+ + 6 I(  + 6 e( ( 2 Cr3+ + 3 I2 + 7 H2O + 6 e(



Thus, six electrons will be transferred in this reaction 

and n = 6.

VOLTAIC CELLS

A. Definitions


1. Electrochemical cell

An electrochemical cell is a system consisting of electrodes that dip into an electrolyte and in which a chemical reaction either uses or generates an electric current.



2. Voltaic cell, also called a galvanic cell

A voltaic cell is an electrochemical cell in which a spontaneous reaction generates an electric current.



3. Electrolytic cell

An electrolytic cell is an electrochemical cell in which an electric current drives an otherwise nonspontaneous reaction

B. Construction of voltaic cells


1. A voltaic cell consists of two half-cells that are electrically 

                connected.



a. Definition of half-cell

An electrochemical cell in which a half-reaction takes place



b. Description of a simple half-cell

A metal strip that dips into a solution of its metal ion, i.e.,

zinc metal in a solution of zinc ion

copper metal in a solution of copper ion

2. The two half-cells must be connected externally by an external 

    electrical circuit so that current can flow from one half-cell to 

    the other.



3. The two half cells must be connected internally by a bridge so 

    that ions can flow from one half-cell to the other.

a. A salt bridge is a tube filled with an electrolyte in a gel

     that is connected to both halves of a voltaic cell.

b. The salt bridge allows the flow of ions while preventing 

    the mixing of the two solutions that would allow direct 

    contact of the cell contents and “short circuit” the flow 

    of electrons externally.

(1) The salt in the salt bridge contains the ion of a 

      metal that has a very negative standard electrode 

      potential (usually sodium ion) and the anion 

      found in the electrolyte solution.

(2) The gel allows ions the metal ions being formed 

      by oxidation to flow into the salt bridge, but not 

      through the salt bridge.

They are replaced by the sodium to maintain the conservation of charge. 
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C. Anodes and cathodes



1. Anode




The electrode at which oxidation takes place




2. Cathode




The electrode at which reduction takes place



3. Comparison of the anode and the cathode

	Anode
	Cathode

	Is where oxidation occurs
	Is where reduction occurs

	Is where electrons are produced
	Is where electrons are consumed

	Is what anions migrate toward
	Is what cations migrate toward

	Has a negative sign
	Has a positive sign

	Is where the external current flows away from
	Is where the external current flows toward


4. Remember: 

Anode begins with a vowel.

           

Cathode begins with a consonant.




Anode…oxidation…anion…away




Cathode…reduction…cation…toward




Cathode has a “+” in its name: Ca+hode



5. Cell reaction




The net reaction that takes place in the voltaic cell

The sum of the two half-reactions: oxidation at the anode and reduction at the cathode


D. Drawing and labeling a voltaic cell



1. Procedure




a. Draw a sketch of a voltaic cell.




b. Identify one of the half-reactions – this will be given 

    in the problem.




c. Label the electrode for the given half-reaction.

(1) Anode or cathode – whichever fits

(2) Its charge – “+” or “–” 

(3) Show the direction of cation migration.

(4) Write the half-reaction underneath it.




d. Label the other electrode.

(1) Anode or cathode – whichever fits

(2) Its charge – “+” or “–” 

(3) Show the direction of cation migration.

(4) Write the half-reaction underneath it.




e. Indicate the direction of electron flow in the external

   circuit.



2. Example

A voltaic cell is constructed from a half-cell in which a copper strip dips into a solution of copper (II) nitrate, and another half-cell in which a zinc strip dips into a solution of zinc nitrate.  The two half-cells are connected by a salt-bridge.  Copper (II) ion is reduced while the voltaic cell is in operation.  Draw

and label this voltaic cell.

Label the electrode for the given half-reaction.





Copper (II) ion and copper metal





Reduction = cathode





Cathode = “+”

Cations migrate toward 

Write the half-reaction underneath it.
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Label the other electrode.





Zinc ion and zinc metal





Opposite of reduction

Oxidation =anode





Anode = “(” 

Cations migrate away 

Write the half-reaction underneath it. 
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Indicate the direction of electron flow in the 

external circuit.

Anode…away…Cathode…toward
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E. Using cell notation for voltaic cells



1. Procedure




a. Identify the oxidation half-reaction and the reduction

    half-reaction.




b. The notation for the anode (oxidation) is written before 

    the notation for the cathode (reduction).




c. Use a single vertical line to separate the two phases in 

    each half-cell.




d. Within a half-cell, write the reactants first and then the 

    products.




e. If requested, the concentrations of the aqueous solutions 

    are written in parentheses after the symbol for the ion or 

    molecule.




f. Use a double vertical line to separate one half-cell from

   the other.

This will be the salt bridge or the porous glass plate, depending on the construction the voltaic cell.



2. Summary

	Zn
	Zn2+
	
	
	
	Cu2+
	Cu

	Anode
	Anode Electrolyte
	Salt Bridge
	Cathode

Electrolyte
	Cathode

	Anode (–)
	
	Cathode (+)

	Oxidation
	
	Reduction

	More active metal
	
	Less active metal




3. Example




Give the cell notation for the following pair of 

half-reactions:





2 Ag+ (aq) + 2 e– ( 2 Ag (s)




Cu (s) ( Cu2+ (aq) + 2 e–




The oxidation half-reaction (anode) is 





Cu (s) ( Cu2+ (aq) + 2 e–




and the reduction half-reaction (cathode) is





2 Ag+ (aq) + 2 e– ( 2 Ag (s)




The cell notation would be:





Cu (s)|Cu2+(aq)|| Ag+(aq)| Ag (s)

F. Electromotive force



1. Potential difference




Potential difference is the difference in electric potential 

between two points.


2. Electromotive force

a. Definition

The maximum potential difference between the electrodes of a voltaic cell

b. Description

(1) The potential difference between two half-cells

(2) Related to the tendency of an ion, an element, 

     or a compound to gain or lose electrons

3. Standard electrode potential – E( 

a. The standard electrode potential is the voltage produced 

    when one half-cell is connected to the reference half-cell 

    and both are at standard conditions.



b. The reference half-cell is a platinum electrode immersed 

    in 1 M H+ and 1 atm H2.



c. Standard conditions are a temperature of 25 (C, 

    a pressure of 1 atm, and a concentration of 1 M.

Note: The superscript degree sign (() signifies 

           standard conditions.



d. The standard electrode potential of the standard 

    hydrogen electrode (SHE) is defined to be exactly zero.



e. Standard electrode potentials are measured in relation 

    to the SHE.




(1) If voltage is positive in relation to SHE…





The substance is more easily reduced 

compared to hydrogen.





Hydrogen must undergo oxidation in the 

other half-cell compartment.




(2) If voltage is negative in relation to SHE…

The substance is less easily reduced compared to hydrogen.

Hydrogen ion must undergo reduction in the other half-cell compartment.




f. Reduction potentials and oxidation potentials

(1) A reduction potential is a measure of the 

     tendency for a species to gain electrons in 

     the reduction half-reaction.

(2) An oxidation potential is a measure of the 

      tendency for a species to lose electrons in 

      the oxidation half-reaction.

(3) The oxidation potential is simply the negative 

      of the reduction potential.

g. Standard reduction potentials

The convention is to give electrode potentials as reduction processes.

Therefore, standard electrode potentials are given as standard reduction potentials.

When we need the standard oxidation potential we reverse the reduction half-reaction and reverse the sign on the value.



4. Tables of Standard Reduction Potentials




a. A table of standard reduction potentials lists the standard 

    reduction potentials for a number of half-cell reactions.




b. These half-cell reactions are written as reduction.




c. The E( values apply to the half-cell reactions as written.




d. The half-cell reactions are reversible.

Depending on the conditions an electrode can act as either an anode or cathode.

When the half-cell reaction is reversed to an oxidation reaction the sign of E( is reversed.




e. The order of the half-reactions varies.

The AP exam, and some college textbooks place the largest reduction potential at the top – usually the reduction of fluorine.

However, some textbooks place the smallest reduction potential at the top – usually the reduction of lithium.

The comments that follow are based on tables that have the largest reduction potential at the top – fluorine.

G. Determining the strengths of oxidizing and reducing agents

1. Background



a. Standard electrode potentials can be used to determine 

    the strengths of oxidizing and reducing agents under 

    standard state conditions.

b. You will need to refer to a table of standard electrode 

    potentials – see handout “Table of Standard Electrode 

    Potentials”



c. The strongest oxidizing agents are those with the largest 

    (most positive) E( values.

The strongest oxidizing agents will be on the top (towards fluorine).

The reduction half-reaction takes the form:

	oxidized species
	+ ne(
	(
	reduced species


Remember that the oxidized species is reduced so it acts as the oxidizing agent.

d. The strongest reducing agents are those with the smallest 

    (most negative) E( values.

The strongest reducing agents will be on the bottom (away from fluorine).

The oxidation half-reaction takes the form:

	reduced species
	(
	oxidized species
	+ ne(


Remember that the reduced species is oxidized so it acts as the reducing agent.

e. Two rules of thumb to avoid confusion:

(1) Strong reducing agents are able to lose electrons 

     easily.

They have small electronegativities.

Such as metals

(2) Strong oxidizing agents are able to gain 

      electrons easily.

They have large electronegativities.

Such as F2

or high oxidation numbers 


Such as MnO4(

     Mn is +7

2. Pattern

	
	Cathode (Reduction)

Half-Reaction
	Standard Potential

E( (V)
	

	Increasing Strength

as Oxidizing Agent (
	F2 (g) + 2 e(( 2 F( (aq)
	+2.87
	Increasing Strength

as Reducing Agent(

	
	Cl2 (g) + 2 e( ( 2 Cl( (aq)
	+1.36
	

	
	I2 (aq) + 2 e( ( 2 I( (aq)
	+0.54
	

	
	2 H+ (aq) + e( ( H2 (g)
	  0.00
	

	
	Cr3+ (aq) + 3e( ( Cr (s)
	–0.74
	

	
	Mg2+ (aq) + 2 e( ( Mg (s)
	–2.37
	

	
	Li+ (aq) + e( ( Li (s)
	–3.04
	


3. Procedure




a. To put a list of species in order of increasing strength 

    as an oxidizing agent:





(1) Determine the values for each species from the 

      table of standard electrode potentials.

(2) Put the list of species in order from the smallest 

      value to the largest value, and don’t forget that

      – 2 is smaller than – 1.

(3) Helpful hint:

Fluorine is the most electronegative element, 

so it most wants to gain electrons – which is reduction.

This makes it the strongest oxidizing AGENT – taking electrons from other elements.

Whatever is closest to fluorine will be the strongest oxidizing agent.

…farthest UP

…towards the POSITIVE

b. To put a list of species in order of increasing strength as 

    a reducing agent

(1) Determine the values for each species from the 

     table of standard electrode potentials.





(2) Put the list of species in order from the largest 

     value to the smallest value, and don’t forget that 

     – 1 is larger than – 2.

…farthest DOWN

…towards the NEGATIVE

4. Examples

Put the following in order of increasing strength as an oxidizing agent:


Ag+ (aq), Bi3+ (aq), and H2O2 (aq)
	Ag+ (aq)
	+0.7996 V

	Bi3+ (aq)
	+0.286 V

	H2O2 (aq)
	+1.763 V


Bi3+ (aq) then Ag+ (aq) then H2O2 (aq)
Put the following in order of increasing strength as an reducing agent:


Ti2+ (aq), Cu+ (aq), and Fe3+ (aq)

	
	Ti2+ (aq)
	–1.63 V

	
	Cu+ (aq)
	+0.5180 V

	
	Fe3+ (aq)
	–0.036 V


Cu+ (aq) then Fe3+ (aq) then Ti2+ (aq)

H. Predicting the direction of spontaneity from standard electrode

    potentials



1. Background

a. The stronger oxidizing agent will be on the reactant side 

    when the equation is written as a spontaneous reaction.

b. The oxidizing agent is on the left side of the half-reaction 

    in the table of standard reduction potentials.

c. The stronger oxidizing agent is the one with the larger 

    standard reduction potential – closer to fluorine.

2. Procedure

a. Identify the oxidizing agents in the equation.

b. Locate them on the table of standard reduction 

    potentials.

c. If the oxidizing agent (the one with the larger value) 

    is on the reactant side, then the equation is spontaneous 

    as written.

3. Examples




Is the following reaction spontaneous as written?

Cu2+ (aq) + Zn (s) ( Cu (s) + Zn2+ (aq)

The oxidizing agents are:



Cu2+ (aq)
Zn2+ (aq)




Their standard reduction potentials are:







Cu2+ (aq)
E( = +0.3402 V






Zn2+ (aq)
E( = –0.7621 V

The oxidizing agent with the larger standard reduction potential (towards the top) is on the reactant side so the reaction IS spontaneous as written.




Is the following reaction spontaneous as written?

Fe2+ (aq) + Ni (s) ( Fe (s) + Ni2+ (aq)
The oxidizing agents are:



Fe2+ (aq)
Ni2+ (aq)





Their standard reduction potentials are:







Fe2+ (aq)
E( = –0.4089 V






Ni2+ (aq)
E( = –0.25 V

The oxidizing agent with the larger standard reduction potential (towards the top) is on the PRODUCT side so the reaction is NOT spontaneous as written.

I. Writing reactions in the direction of spontaneity using the 

    “Left-Right-Below Diagonal Rule”


1. Background


This is an application of predicting the direction of 

spontaneity from standard electrode potentials.

BE CAREFUL: This only works if the table of standard electrode potentials is arranged from most negative at the top to most positive at the bottom – as it does on the AP test.

2. The Left-Right-Below Diagonal Rule

Any substance appearing on the LEFT in a half-cell equation will react spontaneously with any substance appearing on the RIGHT and located BELOW it in a half-cell reaction. 



3. Examples




a. Using the Left-Right-Below Diagonal Rule to write 

    reactions in the direction of spontaneity

Using the Table of Standard Electrode Potentials write the reaction between zinc/zinc ion and chromium/chromium (III) ion.


The chromium reduction half-reaction is 

on top:

	Cr3+
	(
	Cr0

	
	
	

	Zn2+
	(
	Zn0


The reaction that fits the Left-Right-Below Diagonal Rule, and so is spontaneous is:

Cr3+ + Zn0 ( Cr0 + Zn2+

2 Cr3+ + 3 Zn0 ( 2 Cr0 + 3 Zn2+
Using the Table of Standard Electrode Potentials write the reaction between copper/copper (II) ion and cadmium/cadmium ion.


The copper reduction half-reaction is 

on top:

	Cu2+
	(
	Cu0

	
	
	

	Cd2+
	(
	Cd0


The reaction that fits the Left-Right-Below Diagonal Rule, and so is spontaneous is:

Cu2+ + Cd0 ( Cu0 + Cd2+

b. Using the Left-Right-Below Diagonal Rule to determine 

    spontaneity for reactions already given

Using the Table of Standard Electrode Potentials determine whether the following reaction is spontaneous as written:

2 HCl (aq) + H2O2 (aq) ( Cl2 (g) + 2 H2O (l)
Net ionic equation:

2 Cl( (aq) + 2 H+ (aq) + H2O2 (aq) 

( Cl2 (g) + 2 H2O (l)
higher: 
H2O2 (aq) + 2 H+ (aq) + 2 e(( 2 H2O (l)

lower: 
Cl2 (g) + 2 e( ( 2 Cl( (aq)
	H2O2
	(
	H2O

	 
	
	

	Cl2
	(
	Cl(


The diagonal runs the correct direction so it is spontaneous as written.

Using the Table of Standard Electrode Potentials determine whether the following reaction is spontaneous as written:

Au (s) + 4 HNO3 (aq) ( Au(NO3)3 (aq) 

+ NO (g) + 2 H2O (l)
Net ionic equation:

Au (s) + NO3( + 4 H+ ( Au3+ (aq) 

+ NO (g) + 2 H2O (l)

higher:
Au3+ (aq) + 3 e(( Au (s)

lower:
NO3( (aq ) + 4 H+ (aq) + 3 e(( NO (g) + 2 H2O (l)

	Au3+
	(
	Au

	
	
	

	NO3(
	(
	NO



The diagonal runs the wrong direction so it is NOT spontaneous as written.

J. Standard cell emf ’s (E(cell) 

1. Equation

	E(cell
	=
	oxidation potential
	+
	reduction

potential


2. Combining half-reactions to determine standard cell 

    emf ’s (E(cell)

a. Procedure from an electrochemical point of view



(1) Identify the reduction half-reactions.



(2) Determine which reduction half-reaction to 

                             reverse to obtain the oxidation half-reaction.

(a) Determine the stronger reducing agent 

     (the one with the smaller or more 

      negative value).

(b) The stronger reducing agent is oxidized 

      in the reaction.

(3) Find the oxidation potential by reversing the 

     half-reaction of the stronger reducing agent 

     and by reversing the sign of the E° of that 

     half-reaction.     

(4) The reduction potential is E° for the half-

      reaction with of the weaker reducing agent.

(5) Add the reduction potential to the oxidation 

     potential.

b. Procedure using the Left-Right-Below Diagonal Rule


(1) Write the two half-reactions placing the one 

                  with the largest (or least negative) standard 

                  reduction potential on top.

(2) Draw the Left-Right-Below Diagonal 

      connecting the species on the left in the top 

      half-reaction with the species on the right in 

      the bottom half-reaction. 


(3) The half-reaction with the species on the left in 

                  the reduction half-reaction will be the reduction 

                  potential.


(4) The half-reaction with the species on the right 

                  in the reduction half-reaction will need to be 

                  reversed.


(5) This reversed half-reaction will become the 

                  oxidation half-reaction.


(6) The sign of E° for that reaction will need to be 

                  reversed, and it will become the oxidation 

                  potential.

(7) Add the reduction potential to the oxidation 

      potential.

c. Examples





Find the cell emf for the following voltaic cell 

at standard conditions.





Al (s)|Al3+ (aq)||Fe2+ (aq)|Fe (s)



The reduction half-reactions are:



Al3+ (aq) + 3 e(( Al (s) 
E( = –1.676 V



Fe2+ (aq) + 2 e( ( Fe (s)     
E( =  –0.4089 V




The stronger reducing agent is Al.

The stronger reducing agent is in the half-reaction with the smaller value of E(.

The stronger reducing agent will also be found on the right-hand side of that half-reaction.

Therefore the Al3+ half-reaction will need to be reversed to become the oxidation half-reaction, and the E( value for the Al3+ half-reaction will need to have its sign reversed.

OR




Rewriting the reduction half-reactions with the 

largest E( on top:

Fe2+ (aq) + 2 e( ( Fe (s)     
E( =  –0.4089 V



Al3+ (aq) + 3 e(( Al (s) 
E( = –1.676 V

Drawing the Left-Right-Below Diagonal:

	Fe2+
	(
	Fe0

	
	
	

	Al3+
	(
	Al0


Reversing the half-reaction with the species on the right gives:

Al (s) ( Al3+ (aq) + 3 e(
     E( = +1.676 V




The reduction potential… 

the UNreversed half-reaction… 

is –0.4089 V.




The oxidation potential… 

the reversed half-reaction…

is +1.676 V.




Adding the oxidation potential to the 
reduction 

potential:




(+1.676 V) + (–0.4089 V) = +1.2671 V

                                                        E(cell= +1.267 V

3. Rule of thumb for spontaneity




If the cell emf (E(cell) is positive, then the reaction is 

spontaneous as written.

K. Writing cell reactions



1. Procedure



a. Identify the reduction half-reactions.


b. Balance electrons by multiplying each half-reaction by 

    the necessary factor so that the number of electrons is 

    the same in each half-reaction.

Note: This does NOT change the value for the E(s.

         E( is an intrinsic property NOT dependent on 

        the amount of substance present.
    


c. Determine the stronger reducing agent (the one with 

                the smaller or more negative value). 


d. Reverse that half-reaction so that the reducing agent

                is on the reactant side.


e. Add the balanced half-reactions together.

2. Examples




Write the cell reaction for the following half-cells:





Ag in AgNO3 and Cd in Cd(NO3)2
Writing the reduction half-reactions with the largest E( on top:




Ag+ (aq) + e( ( Ag (s)         E( = +0.7991 V



Cd2+ (aq) + 2 e( ( Cd (s)     E( = –0.4026 V


Balancing electrons:

(Note that this does NOT change the value for E()



    2 Ag+ (aq) + 2 e( ( 2 Ag (s)    E( = +0.7991 V


    Cd2+ (aq) + 2 e( ( Cd (s)         E( = –0.4026 V

Drawing the Left-Right-Below Diagonal:

	Ag2+
	(
	Ag0

	
	
	

	Cd2+
	(
	Cd0


Reversing the half-reaction with the species on the 

right gives:
Cd (s) ( Cd2+ (aq) + 2 e(




Adding the balanced half-reactions:



                  Cd (s) ( Cd2+ (aq) + 2 e(

             2 Ag+ (aq) + 2 e( ( 2 Ag (s)           .      
                  
                     Cd (s) + 2 Ag+ (aq) ( Cd2+ (aq) + 2 Ag (s)
FREE ENERGY AND ELECTROCHEMISTRY


A. Free energy change and work

(G represents the maximum amount of useful work that can be obtained from a reaction:




(G = wmax

B. Electrical energy and work



1. From physics




a. Energy, volts, and coulombs

	E
	=
	V
	x
	C

	electrical energy
	
	volts
	
	coulombs


A volt is the SI unit of potential difference, the electromotive force, and is analogous to electrical pressure.

A coulomb is the SI unit of electrical charge, and is analogous to the quantity of electricity.

In terms of units:

1 volt x 1 coulomb = 1 joule

b. Energy, work, and charge





1 V = J/C

	emf
	=
	work (J)

	
	
	charge (C)


	emf
	=
	w

	
	
	q


2. From chemistry




a. Cell potential and electrical work





emf = E(cell
	emf
	=
	(w
	(
	work

	
	
	q
	(
	charge


Work is negative because, by convention, work done by the system is negative, and the electrical energy released in the cell does work on the surroundings, heating them if nothing else.

	E(cell
	=
	(w

	
	
	q


Assuming that the maximum amount of work possible is done, then:

	E(cell
	=
	(wmax

	
	
	q


   (wmax = qE(cell
     wmax = (qE(cell
b. Faraday’s constant and charge

	q
	=
	n
	x
	F

	total

charge
	
	# of electrons transferred
	
	Faraday’s

constant


“ F ” is Faraday’s constant, which is the electrical charge contained in 1 mole of electrons.

For chemistry purposes, we will treat “n” as a dimensionless number, and Faraday’s constant as per mole of reaction as written.

“ F ” is approximately equal to 96,487 coulombs.

Expressing “F” in terms of moles of reaction it would be:

1 F = 96,487 C/mol = 96,487 J/V(mol
3. Combining all of the above




wmax = (qE(cell
                           
q = nF




wmax = (nFE(cell
(G = wmax

for standard conditions, then:

(G( = wmax
(G( = (nFE(cell
This is the free-energy-Faraday equation

C. Calculating free-energy changes from emf ’s



1. Procedure


a. Identify the half-reactions.


b. Balance electrons by multiplying each half-reaction 

                by the necessary factor so that the number of electrons 

                is the same in each half-reaction.


c. If the reaction, as written, calls for one of the reactions

               to be reversed, then reverse the sign of E°.


d. Calculate E(cell

e. Use the free-energy-Faraday equation.

2. Example





What is (G( for the following reaction:





2 I( (aq) + Cl2 (g) ( I2 (g) + 2 Cl( (aq)




The half-reactions are:




Cl2 (g) + 2 e( ( 2 Cl( (aq)  
E( = +1.3583 V




I2 (s) + 2 e( ( 2 I( (aq) 
E( = +0.5345 V




Electrons are balanced.




Reverse the iodine half-reaction.




2 I( (aq) ( I2 (s) + 2 e(         E( = (0.5345 V



Calculate E(cell




2 I( (aq) ( I2 (s) + 2 e( E( = (0.5345 V

                                        Cl2 (g) + 2 e( ( 2 Cl( (aq)   E( = +1.3583 V

                                 2 I( (aq) + Cl2 (g) ( I2 (s) + 2 Cl( (aq)
                                                                                   E(cell = +0.8238 V

Note: E(cell is positive so the reaction is spontaneous 

         in the direction written.

Use the free-energy-Faraday equation.

(G( = (nFE(cell
     n = 2

     F = 96,487 J/V(mol

Note: Since we are finding (G(, the Faraday 

          constant will be expressed in terms of 

          moles of reaction.



(G( = ((2)(96,487 J/V(mol)(0.8238 V)
        = ( 1.58972 x 105 J/mol

        = ( 1.590 x 105 J/mol

       = ( 1.590 x 103 kJ/mol

D. Calculating emf’s from free-energy changes


1. Procedure



a. Balance the equation.




(1) If needed





(a) By inspection





(b) By applying the rules for balancing 

      redox reactions




(2) Take note of “n” (the number of electrons 

      transferred) for use later.



b. Calculate (G(.



c. Convert (G( to J.



c. Calculate E(cell.


2. Example 



Calculate the standard cell emf using free energies of 

formation for the following reaction:



Mg (s) + Cu2+ (aq) ( Mg2+ (aq) + Cu (s)



Balancing:




Mg (s) ( Mg2+ (aq) + 2 e(



Cu2+ (aq) + 2 e( ( Cu (s)




The equation is balanced and n = 2

(G(rxn = [c(G(f(C) + d(G(f(D)] ( [a(G(f(A) + b(G(f(B)]


=  [1 mol((456.01 kJ/mol) + 1 mol(0 kJ/mol)] 

              ( [1 mol(0)] + 1 mol(+64.98 kJ/mol)]


= [(456.01 kJ] – [+64.98 kJ]

= (520.99 kJ/mol

= (520.99 kJ/mol

= (5.2099 x 105 J/mol

    (G( = (nFE(cell
	E(cell =
	((G(

	
	nF


	E(cell =
	(((5.2099 x 105 J/mol)

	
	(2)( 96,487 J/V(mol)




     E(cell = 2.6998 V

E. Calculating the equilibrium constant from emf ’s



1. Deriving the relationship between cell emf ’s and the 

                           equilibrium constant.

The equilibrium constant, K, is related to the free energy, (G(.


(G( = (RT ln K
Since (G( = (nFE(cell
then  (nFE(cell = (RT ln K
          nFE(cell = RT ln K
Since ln = 2.303 log

       nFE(cell = 2.303 RT log K

	E(cell=
	2.303 RT log K

	
	nF


R = 8.314472 J/K(mol

At standard conditions:





T = 25.00 + 273.15 = 298.15 K

F = 96,487 J/V(mol



Plugging in gives

	E(cell =
	2.303(8.314472 J/K(mol)(298.15 K) 
	log K

	
	n(96,487 J/V(mol)
	


	E(cell =
	0.05917 V
	log K

	
	n
	


This is the cell emf-equilibrium constant equation.

Note: n has no dimensions – it is simply the number

          of moles of electrons.

2. Procedure for calculating K from E(cell



a. Obtain the reaction from what is given or from the cell 

    notation.




b. Calculate the standard cell emf.

Remember that you will need to reverse one of the reduction half-reactions to make it conform to the reaction. 




c. Substitute into the cell emf-equilibrium constant 

    equation.

3. Example  

Calculate Kc at standard conditions for the following reaction:

Zn (s) + Cu2+ (aq) ( Zn2+ (aq) + Cu (s)
Zn2+ (aq) + 2 e( ( Zn (s)     
E( = –0.7621 V

Cu2+ (aq) + 2 e( ( Cu+ (aq) 
E( = +0.3402 V

Do not forget to reverse the zinc reduction half-reaction (and the sign of E() to make it conform to the reaction.

Zn (s) ( Zn2+ (aq) + 2 e(      E( = +0.7621 V

                                Cu2+ (aq) + 2 e( ( Cu+ (aq)                E( = +0.3402 V

                  Zn (s) + Cu2+ (aq) + 2 e( ( Zn2+ (aq) + Cu (s) + 2 e(
E(cell = +1.1023 V
	E(cell=
	0.05917 V
	log K

	
	n
	








n = 2

	+1.1023 V =
	0.05917 V
	log K

	
	2
	


37.259 = log K

K = 1037.259
K = 1.8155156628 x 1037

K = 1.8 x 1037

F. Summary notes

If any one of the three quantities

(G(, K, or E(cell 

is known, then the others can be calculated 

using the following equations:




(G( = (RT ln K

(G( = (nFE(cell

E(cell = 
[image: image2.wmf]0

05917 V

.

n

 log K

	(G(, K, E(cell and Spontaneity

	(G(
	K
	E(cell
	Reactants or Products Favored?

(standard conditions)

	Negative
	> 1
	Positive
	Forward reaction spontaneous

Formation of products favored

	0
	= 1
	0
	Neither products

nor reactants favored

	Positive
	< 1
	Negative
	Reverse reaction spontaneous

Reactants favored


CONCENTRATION AND ELECTROCHEMISTRY

A. Nernst equation


1. Reaction quotient

Remember that the reaction quotient “Q” has the same form as an equilibrium-constant expression, but the values are not necessarily those at equilibrium.



2. Relationship among free-energy change, standard free-energy 

    change, and the reaction quotient

(G( = (RT ln K
Since Q is not necessarily at equilibrium or standard state the value of the free-energy will differ from that at equilibrium and standard state, so:

(G = (G( + RT ln Q
3. Deriving the Nernst equation




For standard conditions:

(G( = (nFE(cell



And for non-standard conditions:





(G = (nFEcell 

For non-standard conditions:

(G = (G( + RT ln Q
Substituting into the free-energy equation for non-standard conditions:

(nFEcell = (nFE(cell + RT ln Q

Ecell = E(cell ( 
[image: image3.wmf]RT

nF

 ln Q
Remember that T is 298.13 K and replacing “ln” with “log”:




Thus the Nernst equation is:

	Ecell 
	=
	E(cell
	(
	0.05917 V
	log Q

	
	
	
	
	n
	


B. The Nernst equation, spontaneity, and equilibrium



1. The relationship between Ecell and reaction progress  

For a reaction:

aA + bB ( cC + dD

Q = 
[image: image4.wmf]C

D

A

B

c

d

a

b


As the reaction proceeds, the concentration of the products increases and the concentration of the reactants decreases, 

so the value of Q increases.

As the value of Q increases, the value of log Q increases.

As log Q increases, the value of 
[image: image5.wmf]0
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n

 log Q increases.

As the value of 
[image: image6.wmf]0
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n

 log Q

increases, E(cell ( 
[image: image7.wmf]0
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n

 log Q decreases.

Eventually, at equilibrium Q = K.

Ecell = E(cell ( 
[image: image8.wmf]0
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 log K




Since:





E(cell = 
[image: image9.wmf]0
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Then Ecell = 0, and there is no net transfer of electrons.

2. The relationship between Ecell, spontaneity, and equilibrium




a. If Ecell < 0

The reaction, as written, is not spontaneous.

b. If Ecell= 0

The reaction can be assumed to have reached equilibrium.

c. If Ecell > 0

The reaction is spontaneous and has not yet reached equilibrium.


C. Calculating Ecell under nonstandard conditions



1. Procedure




a. Balance the reaction and determine the number of 

    electrons transferred.

b. Calculate E(cell.

c. Calculate Q.

d. Use the Nernst equation.



2. Example




Given the following reaction in an acidic medium:

Cr2O72( (aq) + I( (aq) ( Cr3+ (aq)  + I2 (s)
calculate the emf (Ecell) at the following concentrations:


[Cr2O72(] = 2.0 M


[H+] = 1.0 M


[I(] = 1.0 M


[Cr3+] = 1.0 x 10(5 M

Balancing the reaction and determining the number of electrons transferred:
	Oxidation
	Reduction

	   I( ( I2

2 I( ( I2

2 I( ( I2 + 2 e(
	 Cr2O72( ( Cr3+

Cr2O72( ( 2 Cr3+

Cr2O72( ( 2 Cr3+ + 7 H2O

Cr2O72( + 14 H+ ( 2 Cr3+ + 7 H2O

Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O


       2 I( ( I2 + 2 e(
         Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O

       6 I( ( 3 I2 + 6 e(
                        Cr2O72( + 14 H+ + 6 e( ( 2 Cr3+ + 7 H2O

                         Cr2O72( + 14 H+ + 6 I(  + 6 e( ( 2 Cr3+ + 3 I2 + 7 H2O + 6 e(
  Cr2O72( (aq) + 14 H+ (aq) + 6 I( (aq) ( 2 Cr3+ (aq)  + 3 I2 (s) + 7 H2O (l)





Thus, six electrons will be transferred in this 

reaction and n = 6.

Calculating E(cell.


Remember that when calculating E(, one does not 

balance the electrons.

Identify the reduction half-reactions:

Cr2O72( ( Cr3+ 
E( = +1.232

I2 ( 2 I(   

E( = +0.5355

Reverse the second equation, and its sign, to make it conform to the reaction:

Cr2O72( ( Cr3+ 
E( = +1.232 V

2 I( ( I2

E( = (0.5355 V



Calculating E(cell:

E(cell = (+1.232 V) + ((0.5355 V)

         = +0.696 V




Calculating Q:

	Q =
	[Cr3+]2

	
	[Cr2O72(][H+]14[I(]6


	=
	(1.0 x 10(5)

	
	(2.0)(1.0)14(1.0)6


  = 5.0 x 10(11

Using the Nernst equation:
      Ecell = E(cell ( 
[image: image10.wmf]0
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 log Q

              = (+0.696 V) ( 
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 log (5.0 x 10(11)

              = (+0.696 V) ( 
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 ((10.30)

              = (+0.696 V) ( ((0.1016 V)




             = 0.798 V

ELECTROLYTIC CELLS


A. Background



1. Electrolysis

The process of producing a chemical change in an electrolytic cell



2. Electrolytic cell

An electrochemical cell in which an electric current drives an otherwise nonspontaneous reaction



3. Commercial importance of electrolysis

Used in the production of important substances, for example, sodium, magnesium, aluminum, and chlorine

Used to purify some metals, such as copper

Used to electroplate one metal on another, such as gold onto cheaper metals, and zinc onto steel

 


B. Electrolysis of various substances



1. Background for electrolytic cells




a. Cathode





(1) Reduction takes place.

(2) If there are two or more possible cathodic 


     reactions, the one with the larger reduction 

     potential will predominate.

Remember that the reduction potential is the value (E() found in the table.

The species whose reduction half-reaction has the larger (less negative or closer to the top) reduction potential is more easily reduced.




b. Anode





(1) Oxidation takes place.





(2) If there are two or more possible anodic 

     reactions, the one with the larger oxidation 

     potential will predominate.

Remember that the oxidation potential is the negative of the reduction potential ((E() found in the table.

Remember, too, that the reduction potential 

is the value (E() found in the table.

The species whose oxidation half-reaction has the smaller (more negative or closer to 

the bottom) reduction potential is more easily oxidized.

The species whose oxidation half-reaction has the larger (less negative) oxidation potential is more easily oxidized.

Do not forget to reverse the sign when reversing the reaction from reduction to oxidation.

2. Electrolysis of molten salts


a. Requires that the salts be molten


b. First commercial production of sodium by 

    Humphrey Davy



(1) Electrolyzed molten sodium hydroxide




Has a relatively low (318 (C) melting point.



(2) Cathodic reaction




Na+ (l) ( Na (l)


(3) Anodic reaction




4 OH( (l) ( O2 (g) + 2 H2O (g) + 4 e(



c. Today’s commercial production of sodium involves 

    sodium chloride.





(1) Electrolyzed molten sodium chloride






CaCl2 is added to reduce the melting point 

from 801 (C to about 580 (C for the 

mixture.





(2) Cathodic reaction






Na+ (l) ( Na (l)




(3) Anodic reaction





Cl( (l) ( ½ Cl2 (g) + e(


3. Aqueous electrolysis




a. Electrolysis of water





(1) An electrolyte must be added otherwise the 

     water will not conduct electricity.






Sodium sulfate is a commonly used

electrolyte.





(2) Cathodic reaction

Two possible reduction half-reactions are possible:

     Na+ (aq) + e( ( Na (s) 

          
 E(  = –2.7144 V
     2 H2O (l) + 2 e(( H2 (g) + 2 OH–  (aq)  
E(  = –0.8277 V

If there are two or more possible cathodic reactions, the one with the larger reduction potential will predominate.

Thus, water will be reduced in preference over sodium.





(3) Anodic reaction

Two possible oxidation half-reactions are possible:


2 SO42– (aq) ( S2O82– (aq) + 2 e(
– E(  = –2.010 


2 H2O (l) ( O2 (g) + 4 H+ (aq) + 4 e( – E(  = –1.2288

Note: These are the negative of E( 

           because they are oxidation 

           





           half-reactions.
If there are two or more possible anodic reactions, the one with the larger oxidation potential (the smaller reduction potential) will predominate.

Thus water will be oxidized in preference to sulfate.





(4) Cell reaction

4 H2O (l) + 4 e(( 2 H2 (g) + 4 OH–  (aq)
(cathode)

         2 H2O (l) ( O2 (g) + 4 H+ (aq) + 4 e( 
(anode)

         6 H2O (l) ( 2 H2 (g) + O2 (g) + 4 H2O (l)
        2 H2O (l) ( 2 H2 (g) + O2 (g) 



b. Electrolysis of sodium chloride solutions





(1) Cathodic reaction

Two possible reduction half-reactions are possible:

     Na+ (aq) + e( ( Na (s) 


E(  = –2.7144
     2 H2O (l) + 2 e(( H2 (g) + 2 OH–  (aq)    E(  = –0.8277

If there are two or more possible cathodic reactions, the one with the larger reduction potential will predominate.

Thus, water will be reduced in preference over sodium.
(2) Anodic reaction 

Two possible oxidation half-reactions are possible:

     2 Cl( (aq) ( Cl2 (g) + 2 e(
  
– E(  = –1.35827

     2 H2O (l) ( O2 (g) + 4 H+ (aq) + 4 e(   
– E(  = –1.2288
Note: These are the negative of E( 

           because they are oxidation 

           half-reactions.
However, these values of – E( are close enough that the concentration factor in the Nernst equation predominates at most reasonable concentrations.


    Ecell = E(cell ( 
[image: image13.wmf]0
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Since we are dealing with a half-reaction:

E = E( ( 
[image: image14.wmf]0
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And, since we are dealing with oxidation potentials:

(E = (E( + 
[image: image15.wmf]0
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Thus, as the initial concentrations of chloride ion are made larger, the value of Q becomes larger, and the value of (E becomes less negative, and thus larger.

When (E for the reduction of chloride becomes larger than (E for water, then chloride ion is oxidized in preference to water. 






(3) Cell reaction

2 H2O (l) + 2 e((  H2 (g) + 2 OH–  (aq)

(cathode)

         2 Cl( (aq) ( Cl2 (g) + 2 e(                    
(anode)

         2 H2O (l) + 2 Cl( (aq) ( H2 (g) + Cl2 (g) + 2 OH–  (aq)
Remember that the chloride came from sodium chloride, so the non-gaseous product of this reaction is sodium hydroxide.

This reaction is the major commercial source of sodium hydroxide and chlorine gas.



4. Electroplating of metals




a. Description of electroplating





Also called “electrodeposition”





Electrodeposition is the process of producing a

coating, usually metallic, on a surface by the action of electric current. 





The object to be electroplated is immersed in a 

solution containing the salt of the metal to be deposited.





The object is connected to a source of direct current 

so that it becomes negative.

The metal ions are reduced at the object by gaining electrons and thus forming a thin metallic layer of the desired metal on the object.




b. Uses of electroplating





(1) Inexpensive jewelry






Silver or gold plated onto cheap metal, 

like copper





(2) Corrosion resistance






Chrome plating on steel






Tin plated onto iron – a “tin can”






Zinc plated onto iron – “galvanized”


C. Stoichiometry of electrolysis



1. The mass of product formed, or the mass of reactant consumed 

    at an electrode is proportional to both the amount of electricity 

    transferred at the electrode and the molar mass of the product 

    or reactant.



2. Procedure




(a) Calculate the charge in coulombs.





Use the product of current and time.




(b) Convert coulombs to moles of electrons.





Use Faraday’s constant.




(c) Convert moles of electrons to moles of the substance 

     reduced or oxidized.






Use the half-reaction.




(d) Convert the moles to mass.






Use the molar mass.




(e) Summary

	# C
	1 mol e(
	mol substance
	MM

	
	96,487 C
	mol e(
	




3. Example




How many grams of oxygen will be produced from the 

hydrolysis of water if 56.5 mA of current are passed through the water for a time of 3.083 minutes?




2 H2O (l) ( O2 (g) + 4 H+ (aq) + 4 e( 




Calculating charge





#C = A x t

	56.5 mA
	1 A
	3.083 min
	60 s
	1 C

	
	1,000 mA
	
	1 min
	1 A(s






#C = 10.45 C




Calculating mass

	10.45 C
	1 mol e(
	1 mol O2
	31.9988 g O2

	
	96,487 C
	4 mol e(
	mol O2






= 8.6640547 x 10(4 g O2 





= 8.66 x 10(4 g O2

REDOX TITRATIONS

A. Similarities between acid-base titrations and redox titrations

1. Just as acid-base reactions transfer protons, redox reactions 

    transfer electrons.

2. Just as an acid can be titrated with a base (or vice versa), 

     a reducing agent can be titrated by an oxidizing agent 

     (or vice versa).

3. Just as an acid-base titration has an endpoint, when 

    stoichiometrically equal portions have been mixed, a redox 

    titration has an endpoint, when stoichiometrically equal portions 

    have been mixed.

4. Just as an acid-base titration requires an indicator that makes an 

    easily observed color change very close to the equivalence point, 

    a redox titration requires an indicator that makes an easily 

   observed color change very close to the equivalence point.


B. Key points to redox titrations



1. Some redox titrations use an external indicator, another 

                            substance, as an indicator.

In college analytical chemistry redox titrations may be performed using the iodometric titration method.

It is a way of titrating with iodine indirectly since molecular iodine is too toxic to use directly in a buret.

Instead it is generated in the reaction:

IO3( + 5 I( + 6 H+ ( 3 I2 + 6 K+ + 3 H2O 

An excess of potassium iodide and a strong acid, along with soluble starch, are added to the unknown reducing agent in the flask and a solution of potassium iodate is used to titrate it.

The iodine, the oxidizing agent, reacts with the unknown, the reducing agent, until all of the unknown is consumed.

At that point, the additional iodate reacts with the remaining iodide to produce excess iodine, which remains unreacted and binds with a starch indicator.

The I2/starch complex turns dark blue indicating the end point.

2. Other redox titrations use an internal indicator, the color of the 

    titrant, the oxidizing agent, to serve as an indicator.


	Oxidizing Agent
	
	Reduced

Form

	MnO4(
	(
	Mn2+

	purple
	
	light

pink

	
	
	

	Cr2O72(
	(
	Cr3+

	orange-yellow
	
	green




3. Some redox titrations need to be performed with the mixture 

    warmer than room temperature to speed up the rate of reaction 

    to avoid adding too much titrant while the aliquots already 

    added are still reacting.

The common titrant permanganate is notorious for this.

4. Some redox titrations require the very slow addition of the

    titrant, even well before the endpoint, to avoid a localized 

    excess and a false, early, endpoint due to the poor reversibility

    of most redox reactions.

The common titrant permanganate is notorious for this.


C. Redox titration calculations



1. Background




a. These calculations are very similar to those of acid-base 

    titrations.

b. The concept of equivalents must be used.

(1) For redox reactions, one equivalent is the

     amount of substance that will gain or lose 

     one mole of electrons.




(2) The ratio of equivalents per mole is needed.

(3) The ratio of equivalents per mole ( “a”) can be 

      determined from the change in oxidation 

      number for the oxidizing or reducing agent in 

      the half-reaction.




(4) Examples:

MnO4(( Mn2+

                                                                                              7+                 2+






MnO4(( Mn2+






a for MnO4( is 5 
[image: image16.wmf]eq

mol


Cr2O72(( Cr3+

              6+                   3+

Cr2O72(( Cr3+

a for Cr2O72( is 3 
[image: image17.wmf]eq

mol

.
c. The titration equation from acid-base must be expanded 

    to include equivalents.

(Vox ag)(Mox ag)(aox ag) = (Vred ag)(Mred ag)(ared ag)



2. Procedure




a. Use the Handout “Common Oxidizing Agents and 

    Common Reducing Agents” from Topic 4 to write 

    the unbalanced half-reactions.




b. Determine “a” for each reactant.




c. Use the expanded titration equation.



3. Example



An acidic solution of 25.00 mL of a FeSO4 solution is titrated to an endpoint with 16.42 mL of a 0.1327 M KMnO4 solution.  What is the molarity of the iron (II) sulfate solution?

The oxidizing agent is MnO4(
MnO4(( Mn2+

                                                                                            7+                  2+


MnO4(( Mn2+



 a = 5 
[image: image18.wmf]eq
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The reducing agent is Fe2+
Fe2+ ( Fe3+
  2+             3+

Fe2+ ( Fe3+





a = 1 
[image: image19.wmf]eq

mol


(Vox ag)(Mox ag)(aox ag) = (Vred ag)(Mred ag)(ared ag)

(16.42 mL)(0.1327 M)(5 eq/mol) = (25.00 mL)(Mred ag)(1 eq/mol)

	Mred ag = 
	(16.42 mL)(0.1327 M)(5 eq/mol)

	
	(25.00 mL)(1 eq/mol)


                          Mred ag = 0.4358 M
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