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Curious Chemistry Students Want to Know...
· A copper-zinc electrochemical cell has a standard electrode potential of +1.10 volts.

What does this mean? 
· Only one of the following reactions is spontaneous.    Which one?


Br2(g)  +  Hg(l)  (  2Br-(aq)  +  Hg2+(aq)





or



2Br-(aq)  +  Hg2+(aq)  (  Br2(g)  +  Hg(l)

· A copper penny cannot be placed in a solution of silver chloride or it will disintegrate.  Why? 
· What is electromotive force (EMF) anyway?

· What does the Standard Electrode Potential Table tell us?
The topic of Standard Electrode Potentials and Spontaneity can be very difficult for students to understand.  Hopefully the activities included here will sort out some of the confusion surrounding this topic in electrochemistry. 
First, an introduction to the Standard Electrode Potential Table is provided.  A typical Standard Electrode Potential Table is shown on the following page.  The Standard Electrode Potentials are the values (in volts) shown to the right of the half-reactions.
Try to make sense of this table yourself by considering the following questions.

1. What element is at the top?

2. What do you know about this element in terms of electronic structure and reactivity?

3. Why do you think it has been assigned such a high ‘reduction potential’?

4. What elements are near the bottom of the table?

5. What is their nature, and why have they been assigned such low ‘reduction potentials’?
[image: image3.png]F, gas Pt for
10 atm conducting
dlectron

H 10M

Standard Hydrogen Electrode SHE)




What does the Standard Electrode Potential (Eo) mean?
Metal
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Solution of metal ions

When a metal is placed in a solution of its ions, an equilibrium is established between the tendency of the metal to lose electrons and pass into solution as ions, and the opposing tendency for the ions in solution to gain electrons and be deposited on the metal.

M(s)     ↔       Mn+(aq)  + ne-
The metal acquires a negative electrical charge and a potential difference is set up between the metal and the solution called the electrode potential of the metal.

 

The magnitude of this electrode potential will depend on the position of this equilibrium, which, in turn, depends on the metal, the concentration of the metal ion in solution and the temperature.  The temperature and concentration are therefore standardized at 298K (25oC) and 1 mol/L, respectively.  Under these conditions the electrode potential is known as the standard electrode potential, Eo, and is measured in volts.  (Note that for a gas/gas ion equilibrium the gas pressure is also standardized and is at 1 atmosphere).
Now, if you were to compare two metals from the Table of Standard Electrode Potentials, say, magnesium and copper, there would be a difference in where their equilibrium lies, because of their difference in position in the table.  That is, there is a difference in the tendency for each metal to lose electrons.
The half-reactions are:

Cu2+(aq) +  2e- ↔  Cu(s) 
Mg2+(aq)  +  2e-  ↔  Mg(s)

Magnesium is more reactive than copper since its reaction is below that of copper on the Table of Standard Electrode Potentials.  That means that magnesium loses electrons (and thus forms ions) more readily than copper (i.e., the reverse of the above reaction occurs readily).  That means that the equilibrium is more in favor of ions in the case of magnesium as compared to copper.  A beaker containing each metal in a solution of its ions might look like this:
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So, in the case of magnesium, there is a lot of difference between the negativeness of the metal and the positiveness of the solution.  In the copper case, the difference is much less.  
The larger the potential difference between the positiveness and negativeness the larger the voltage will be.  But, since the absolute voltage between the metal and the solution can’t be measured for each metal individually, each substance has to be measured against a standard. 
The standard electrode potential of a standard half cell is determined by measuring it against a standard hydrogen electrode (SHE), which is arbitrarily given a standard electrode potential of 0.00 volts.

Some other important things to note about the Standard Electrode Potential Table:

· By convention standard electrode potentials are written as:
oxidized state  +  ne-  ↔  reduced state

i.e. as reduction potentials.  The voltage produced is for the reaction as written, left to right.  
· F2 is the strongest oxidizing agent (most easily reduced); and Li(s) is the strongest reducing agent (most easily oxidized/most reactive). Can you explain why?
 

· A Table of Standard Electrode Potentials can be used to predict the spontaneity of a chemical reaction.
· Positive Eo values indicate systems that have a tendency to gain electrons (i.e. oxidizing agents).  
· Negative Eo values indicate systems with a tendency to lose electrons (i.e. reducing agents).

 

· The larger the positive value of Eo the more powerful the oxidizing agent.





        Eo
F2 (g) + 2e-
↔      2F- (aq) 
     +2.87 V 

Cl2 (g) + 2e- 
  ↔    2Cl- (aq) 
     +1.36 V

 

Therefore fluorine will oxidize chloride ions to chlorine

 

F2 + 2Cl-   →   2F- + Cl2


· The larger the negative Eo value the more powerful the reducing agent.

 


Mg2+ (aq) + 2e-
→   Mg (s)              - 2.38 V


Zn2+ (aq) + 2e-  
→   Zn (s)               - 0.76 V

 

Therefore magnesium will reduce zinc ions to zinc

    
Mg + Zn2+   →
Mg2+  +   Zn

 

· Prediction of spontaneity can also be done by calculation: 
 Calculation of the Net Cell Potential, Eo:

Example:  
Determine whether the following reaction is spontaneous as written:  
Zn  +  Cu2+  (  Zn2+  +  Cu
Solution:
Step 1:  The substance whose oxidation number is increasing (loss of electrons) is oxidation and the one whose oxidation number is decreasing (gain of electrons) is reduction:  

Helpful mnemonic:
OIL RIG   (Oxidation Is Loss; Reduction Is Gain)
Therefore:


   
Zno    (  Zn2+  (oxidation)



Cu2+  (  Cuo   (reduction)
Step 2:  Using the table of standard electrode potentials, write out the two half reactions for the reaction and the corresponding reduction potential value (Eo) for each reaction.  (Reverse the oxidation reaction since the redox table lists the reactions as reductions). 
Oxidation reaction:  

Zn   (  Zn2+  +  2e-        - 0.76 V

Reduction reaction:  

Cu2+  +  2e-  (  Cu        + 0.34 V
Step 3:  Add the two half-reactions to make sure the half-reactions are written correctly and the overall equation matches the one given:
Oxidation reaction:  

Zn   (  Zn2+  +  2e-        - 0.76 V

Reduction reaction:  

Cu2+  +  2e-  (  Cu        + 0.34̷ V





 Zn  +  Cu2+  (  Zn2+  +  Cu

(Note:  In this case the electrons are balanced.  If they don’t balance, make electron loss equal to electron gain by multiplying the each equation by appropriate coefficients (but do not change the Eo value))
Step 4:  The net cell potential is ∆E = Ecathode – Eanode
      =   0.34 – (-0.76)

     =     +1.10 V

A positive Eo value indicates a spontaneous reaction as written (i.e. the reaction produces electrical energy from chemical energy and can therefore function as a battery). 
A negative Eo value indicates a non-spontaneous reaction (i.e. the reaction as written does not occur but the reverse reaction occurs spontaneously)).

Note:  The emf or potential of the cell (+1.10 V) is the potential difference between the electrodes of an electrochemical cell, which is the difference between the abilities of the half-cells to attract electrons.
Students may need a review of the operation of an electrochemical cell before beginning the activities that follow.  Below are some great animations they could view beforehand. 


Lab Activities:
1.  Based on your previous knowledge and experience setting up electrochemical cells, set up a copper-zinc electrochemical cell as described in the introduction.  Your teacher will provide you with various materials and solutions that may or may not be required for your set up.  Remember that electrochemical cells must be set up so that a spontaneous reaction occurs if they are to produce energy and act as a battery.  Thus, you will need to make sure that the proper oxidation reaction is occurring at the anode and the proper reduction reaction is occurring at the cathode.  Set up the cell and observe the voltage and compare to the voltage calculated in the example.  Is it exactly + 1.10 V?  If not, then what are some reasons for the discrepancy?  On the picture below explain the electronic processes occurring within this cell. Show how electrons, ions and atoms are moving and the half-reactions occurring in each half-cell.
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2. Determine whether the following reactions are spontaneous or not by calculating the net cell potential (Eo ) for the reactions as written.  Recall that a positive Eo value indicates a spontaneous reaction, while a negative Eo value indicates a non-spontaneous reaction.  Be sure to show each half-reaction and show that the sum of two half reactions produce the overall net reaction.  Balance all reactions by making electron loss equal to electron gain in each half-reaction.
 

(a) Fe(s)  +  Zn2+ (aq) 
(
Fe2+ (aq)  + Zn(s)

Fe2+  +  2e-  (  Fe(s) 
Eo =  -0.44V

Zn2+  +  2e-  (  Zn(s)  
Eo = -0.76 V

(b) Fe(s)  +  Sn2+ (aq) 
(
Sn(s)  +  Fe2+ (aq)

Sn2+  +  2e-  (  Sn(s) 
Eo = -0.14 V

Fe2+  +  2e-  (  Fe(s) 
Eo =  -0.44V
 

(c)  Sn4+ (aq) +  2I-
(
Sn2+ (aq)  +  I2 (s)

 

I2(s)  +  2e-  (  2I-  
Eo = 0.53 V
Sn4+  +  2e-  (  Sn2+  
Eo = 0.15 V

(d)  Zn(s) + Mg2+ (aq)
(
Mg (s)  +  Zn2+ (aq)

 

Zn2+  +  2e-  (  Zn(s)  
Eo = -0.76 V

Mg2+  +  2e-  (  Mg(s)  
Eo = -2.37 V

(e)  Zn(s)  +  Sn2+ (aq) 
    (  
  Zn2+ (aq)  +  Sn(s)

 

Sn2+  +  2e-  (  Sn(s) 
Eo = -0.14 V

Zn2+  +  2e-  (  Zn(s)  
Eo = -0.76 V

(f)  Sn4+ (aq)  +  2Fe2+ (aq)    (
    Sn2+ (aq)  +  Fe3+ (aq)

 

Sn4+  +  2e-  (  Sn2+  
Eo = 0.15 V
Fe2+  +  2e-  (  Fe(s) 
Eo =  -0.44V

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

Ag+  +  e-  (  Ag(s)  
Eo = 0.80 V

Cu2+  +  2e-  (  Cu(s)  
Eo = 0.34 V

(h)  Au3+ (aq) + 2Br - (aq)    (
 Au (s) + Br2 (l)
 Au3+  +  3e-  (  Au(s)  
Eo = 1.50 V

Br2(l)  +  2e-  (  2Br-  
Eo = 1.07 V
3. Once calculated list  the Eo     potentials below in the chart and then test your predictions.
	Metal-Pair
	Predicted Potential
	Actual Potential
	Spontaneous?
	Account for Difference
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4.  Determine, by calculating Eo values, whether the following reactions will occur spontaneously.  Include the oxidation and reduction half-reactions as well as the overall reaction.
(a) Will lead displace cobalt from a solution of cobalt(II)nitrate?
Pb2+  +  2e-  (  Pb(s) 
Eo =  -0.13V
Co2+  +  2e-  (  Co(s) 
Eo = -0.28 V

(b) Will chlorine gas oxidize iron(II) to iron(III)?  


                              


   Cl2(g)  +  2e-  (  2Cl- 

Eo = 1.36 V




   Fe3+  +  e-  (  Fe2+  

Eo = 0.77 V

(c) Will nickel displace copper from a solution of copper(II)nitrate?
Cu2+  +  2e-  (  Cu(s)  
Eo = 0.34 V
  Ni2+  +  2e-  (  Ni(s)  
Eo = -0.25 V

(d) Will iron react with a solution containing aluminum ions?
Fe2+  +  2e-  (  Fe(s) 
Eo =  -0.44V
Al3+  +  3e-  (  Al(s)  
Eo = -1.66 V

(e) Will copper reduce iron(II) ions?

Cu2+  +  2e-  (  Cu(s)  
Eo = 0.34 V
Fe2+  +  2e-  (  Fe(s) 
Eo =  -0.44V

(f) Will magnesium displace zinc from a solution of zinc nitrate?

Zn2+  +  2e-  (  Zn(s)  
Eo = -0.76 V

Mg2+  +  2e-  (  Mg(s)  
Eo = -2.3
5.  For one of the electrochemical cells in #4 above, draw a complete diagram of the set up.  Include anode and cathode electrodes, the salt bridge, a voltmeter, connecting wires, ion movement in solution and electron movement through the wires.
Summary/Applications:
Eo values give you a way of comparing the positions of equilibrium when certain elements lose electrons to form ions in solution.

The more negative the Eo value, the further the equilibrium lies to the left (i.e. the more readily the element loses electrons and forms ions).  The more positive the Eo value, the further the equilibrium lies to the right (i.e. the less readily the element loses electrons and forms ions).

In an electrochemical cell, an electric potential is created between two dissimilar metals.  The potential voltage of a chemical cell is dependent upon the difference between the two metals' electronegativities. Therefore, gold and magnesium strips would make a high-voltage cell; iron and zinc less so. 

Some important points to note regarding the determination of electrode potentials:
1. The electrode potential cannot be determined in isolation, but in a reaction with some other electrode (usually the SHE, Standard Hydrogen Electrode, which is assigned a voltage of 0.0 volts). 
2. The electrode potential depends upon the concentrations of the substances, the temperature, (and the pressure in the case of a gas electrode).
 Since the values are given in their ability to be reduced, the larger the standard reduction potentials, the easier they are to be reduced, in other words, they are simply better oxidizing agents. For example, F2 has 2.87 V and Li+ has -3.05 V.  F2 reduces easily and is therefore a good oxidizing agent. In contrast, Li+ would rather undergo oxidation (it is hence a good reducing agent). Thus Zn2+ whose standard reduction potential is -0.76 V can be oxidized by any other electrode whose standard reduction potential is greater than -0.76 V (example, Cu2+(0.16 V) and can be reduced by any electrode with standard reduction potential less than -0.76 V (example, Na+(-2.71 V).

In an overall reaction, a positive Eo value indicates a spontaneous reaction as written (i.e. the reaction produces electrical energy from chemical energy and can therefore function as a battery), and a negative Eo value indicates a non-spontaneous reaction (i.e. the reaction as written does not occur but the reverse reaction occurs spontaneously).
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Copper/Zinc Electrochemical Cell:  Awesome animation with commentary; the molecular level is emphasized and very detailed, including details about the molecular movement in the salt bridge.


� HYPERLINK "http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/galvan5.swf" �http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/galvan5.swf�


Voltaic Cell Simulation: Includes molecular level reactions, E values to calculate electrode potential, shows electron flow, and the metals Ag, Cu, Zn and their corresponding solutions (with choice of concentration) are included.


(Scroll down to Electrochemical Cells until you reach the Voltaic Cell.)


� HYPERLINK "http://www.chem.fsu.edu/chemlab/chm1046lmanual/electrochem/background.html" �http://www.chem.fsu.edu/chemlab/chm1046lmanual/electrochem/background.html�


Voltaic Cell Simulation:  A similar simulation to the one above but with hydrogen as well as Ag, Cu and Zn.


� HYPERLINK "http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/flashfiles/electroChem/voltaicCell20.html" �http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/flashfiles/electroChem/voltaicCell20.html�


Tom Greenbowe Animation:  Shows a copper/zinc electrochemical cell with detailed molecular view of each compartment.


  � HYPERLINK "http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/animations/CuZncell.html" �http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/animations/CuZncell.html�


Another animation:  Shows the molecular components at each electrode for a Cu/Zn cell.


� HYPERLINK "http://www.chembio.uoguelph.ca/educmat/chm19105/galvanic/galvanic1.htm" �http://www.chembio.uoguelph.ca/educmat/chm19105/galvanic/galvanic1.htm�� 











