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Pre-Lab Exercise 					          Name:______________________

1. Explain the role of each of the following components of a Galvanic electrochemical cell.

a)  Metal anode:
It is the negative electrode where electrons are lost through the process of oxidation.

b)  Cathodic solution:
It carries the charge in the liquid phase and closes the circuit to maintain the charge flux.

c)  The salt bridge:
It connects the anode and cathode half cells in the Galvanic cell.



2. A student in CHEM 1212 constructs an electrochemical cell consisting of a silver electrode in a 0.10 M solution of AgNO3 connected through a salt bridge to a zinc electrode in a 0.10 M solution of Zn(NO3)2. The potential across the electrochemical cell was measured as 1.52 V.

a. Write the half reactions for the cathode and the anode.

	Cathode:
Ag+ (aq) + e- = Ag(s)
	

	Anode:
Zn(s) = Zn2+ (aq) + 2e-

	

	Overall Reaction:
Zn(s) + 2Ag+ (aq) = Zn2+(aq) + 2Ag(s)
	



b. Using the Nernst equation, calculate the ε for the electrochemical cell.

                          Ecell = E0cell - (RT/nF) ln Q

                          Ecell = E0cell - (0.0591 V/n) log Q

                          Q = [Zn2+]/[Ag+]2

                          Q = [0.1]/[0.1]2

                          Q = 10
                              
                         Ecell = Eo cell – (0.0591/2) log 10

                         1.52 = E0cell – 0.02955‬
 
                         E0cell = 1.54955 V

c. Assuming the standard reduction for silver is 0.80 V; calculate the standard reduction potential for zinc. Compare the calculated value with the one reported in your textbook. 

The silver half cell will undergo reduction because it’s standard reduction potential is            higher.            

              E0cell = E0red + E0oxid
                  
              1.52 = 0.8 + E0oxid

              E0oxid = 0.8 + (-1.52)

              Standard potential for Zinc = - 0.72 V

The calculated value (-0.72 V) is less than the text book value (-0.76 V).
                     


d. Use standard notation to represent this electrochemical cell.

                      Zn (s) | Zn2+ (aq, 0.10 M) || Ag+ (aq, 0.10 M) | Ag (s)



Introduction

Electrochemical cells are devices that interconvert chemical and electrical energy. In voltaic cells (or galvanic cells), a spontaneous chemical reaction converts chemical energy into electrical energy.  The batteries used to power electronic devices such as flashlights, watches or iPods, are examples of voltaic cells.
A typical electrochemical cell consists of two half-cells linked by a wire and a salt bridge.  Each half-cell consists of a metal electrode in contact with a solution containing a salt of the metal cation. 



            Figure 1.  Galvanic Cell

One half of the reaction is the oxidation; this takes place at the anode,

The other half of the reaction is the reduction; this occurs at the cathode, 

Electrons flow from the anode to the cathode through the wire (because the wire is the easiest path for them to travel through).  The salt bridge ‘completes the circuit’ because it allows migration of ions to prevent an imbalance of charge in the solutions. The voltmeter measures the potential difference between the half-cell reactions, ε.  Standard reduction potentials (ε) are based on 1.0 M solutions of the ions involved in the reduction and oxidation at 25 °C and 1.0 atm of pressure if gases are involved.   Tables of standard reduction potentials can be found in your textbook and reference books.  These tables were created by arbitrarily assigning a potential of 0.00 V to the reduction reaction for the standard hydrogen ions and measuring other standard half-cell reactions against the standard hydrogen electrode.


When two half-cells are coupled together, the one with the less positive standard reduction potential will actually be the site of oxidation (anode).  The value of ε for the cell can be then calculated using equation 1.  
ε cell  =  ε ox.  +  ε red.                  Eqn. 1
For example, when aluminum and tin half-cell reactions are coupled together, the aluminum half-cell reacts as the anode.  Therefore, the aluminum will actually be oxidized, and not reduced, so the half reaction for aluminum must be turned around to represent oxidation; when the reduction reaction is turned around, you change the sign of the cell potential for that reaction.  

If the number of electrons in the oxidation and reduction half reactions are not the same, then each half reaction should be multiplied by a number until the number of electrons are the same.  Since cell potentials are intrinsic properties, and are measured as volts per electron, the half reaction voltages remain constant even when you multiply the half reaction by a number other than one.

The standard cell potential for this cell and its balanced chemical reaction is obtained by adding the two half reactions as well as their potentials together.  


	
	Reduction Reactions
	εred

	
	Sn+2 + 2e-  Sn
	-0.14 V

	
	Al+3 + 3e-  Al
	-1.66  V

	
	
	


	Cathode:
	3 • (Sn+2 + 2e-  Sn) 
	ε  =  -0.14 V

	Anode:
	2 • (Al  Al+3 + 3e-)
	ε  =  -(-1.66) V

	Cell Reaction:
	3Sn+2 + 2Al  3Sn + 2Al+3
	ε = -0.14 V + 1.66 ε  = 1.52 V



The actual cell potentials, ε, for the electrochemical cells in this experiment cells can be calculated using the standard cell potentials and Nernst Equation, 

Where “n” is the number of moles of electrons transferred in the balanced cell reaction, “Q” is the reaction quotient and “0.0591” is a constant that includes Faraday’s constant, 298 K as the temperature and the conversion factor between base e and base ten log scales.  For the aluminum and tin electrochemical cell, the Nernst Equation can be written as, 

If [Al+3] = 0.1 M and [Sn+2] = 0.1 M, 



Standard notation for electrochemical cells consists of the anode components listed on the left and the cathode components on the right, separated by double vertical lines (indicating the salt bridge).  A single line represents indicates a phase boundary (solid electrode and the solution).  The concentration of all solutions and pressure of any gases present is also indicated.  The aluminum and tin cell described above is written as follows,

Al(s)Al+3(aq)(0.1 M) Sn+2(aq)(0.1 M) Sn(s)

Procedure
Part I
1. Obtain a laptop computer, MicroLab device and electrical leads. Connect the MicroLab device to the computer and start the computer.  From the Window’s Start icon, select All Files and scroll down to Vernier; open the LoggerPro program and select the appropriate experimental setup (Experiment 28).
2.  Place a few mL of 0.1 M KNO3 solution in the center well.  This well has an ion-permeable wall and is, therefore a salt bridge connecting the outer wells.  
3. Place a few mL of 0.1 M AgNO3, 0.1 M Cu(NO3)2, 0.1 M Pb(NO3)2, 0.1 M Zn(NO3)2, and 0.1 M Sn(NO3)2 in separate outer wells.  Add enough solution to partially fill the horizontal channel to make contact with the wall of the central salt bridge.  (Record which solution is in which well using the well numbers.)  
[image: ][image: ]
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Figure 2.  Multiple half-cell apparatus

4. Using forceps, obtain Ag, Cu, Pb, Zn and Sn strips which will serve as electrodes.  Do not handle the metal strips with your fingers at any time.  If any rust or corrosion is visible, use a piece of sandpaper to restore the electrode. 
5. Place one end of each electrode into the solution containing the same metal cation, bend the electrode into an inverted “L” shape.
6. Connect one electrical lead (alligator clip) to the silver electrode and the other to the zinc electrode to make your first measurement of cell potential (press firmly to ensure a good electrical connection).  Wait a few seconds until the potential stabilizes before recording the voltage in your data table. 
7. If the voltage reading is negative, you should reverse the alligator clips.  It is important that you note which metal is connected to the BLACK alligator clip when you measure the positive voltage.  This electrode will be your ANODE, while the red alligator clip will be the CATHODE.  
8. Proceed to the next electrode until you have measured the cell potentials for all the electrochemical cells in the data table.
9. Rinse and wipe the metal strips dry and return them to the containers.
10. Dispose of all heavy metal solutions in the “Heavy Metal Waste” container in the fume hood. 

Part II
Examine the electrolysis of water which is set up on the instructor’s bench.
Sketch the apparatus.
Record all observations!
The half-cell reduction reactions are:
		O2(g)  +  4 H+  4 e-                            2 H2O(l)  			ε = +1.23V
		4 H2O (l)  +  4 e-                                 2 H2(g)  +  4 HO-  		ε = -0.83V
Based upon your observations, correctly combine the half reactions above to give the overall balanced reaction for the electrolysis of water.
Identify the Anode and the Cathode and label your sketch accordingly.
The acid/base color indicator used in this experiment is Methyl Red.  Methyl Red appears reddish-pink at pH < 5 but changes to yellow at pH > 6.  Discuss the connection between the color of the solution and the electrolysis reaction in the postlab questions.


Data
A. Determination of Standard Reduction Potentials.  
Record the color of the wire or sign (+/-) attached to each metal electrode and record the voltage generated by the reaction. 
Table 1.
	Rxn
	Electrode 1
	Anode - or Cathode +
	Electrode 2
	Anode - or Cathode +
	εcell (V)

	1
	Ag
	Cathode +
	Zn
	Anode -
	1.48

	2
	Ag
	Cathode +
	Cu
	Anode -
	0.453

	3
	Ag
	Cathode +
	Sn
	Anode -
	0.740

	4
	Ag
	Cathode +
	Pb
	Anode -
	0.910




















B. Calculation of Half-cell Reduction Potentials
Follow the example provided (pg. 3 and 4) with Tin and Aluminum to develop the correct equation for each of the reactions in Table 1.  Use the literature value for the standard reduction potential of Silver to calculate the experimental standard reduction potentials of other metals from the data.  Do not look up any values until after you have calculated your experimental values!  Remember, if silver is being reduced, you are calculating ε ox and the ε red is equal but opposite in sign.
Table 2
	Half-cell Reduction Reaction
	Experimental Value
of ε
	Literature Value
of ε

	
	0.800 V
	0.800 V

	
	0.347 V
	0.340 V

	
	1.710 V
	1.690 V

	
	- 0.060 V
	-0.140 V

	
	-0.680 V
	-0.760 V



Show one example of the calculation above used to determine the experimental value of ε:  

                 Using Copper: 
                 E0cell = E0red + E0oxid
                 0.453 = +0.800 - E0oxid
                 E0oxid = 0.800 – 0.453
 
                Therefore, E0oxid = + 0.347 V



Part II
Sketch and label:
Cathode
Anode

	
[image: ]


Beaker

	


Methyl Red
+   9 V Battery    -  




Record observations:
Twice as much bubbles evolved at the cathode than at the anode. The Methyl Red indicator turns pink around the cathode metal rod and yellow around the anode metal rod.


Combine the half reactions to give the overall balanced reaction for the electrolysis of water.:

	6 H2O(l) + 4e-   6H2(g) + 3O2(g) + 4e-




Post-Lab Questions
1. Compare and discuss the experimental reduction potentials for the metals to their literature values from our textbook.  
The values obtained from the experiment slightly varied from the literature values in the textbook. Some of the experimental reduction potentials were higher than the literature values while some were less. The variation results from errors incurred during the experiment such as contamination of the solutions, of impure metals and the fluctuation of the voltmeter readings.





2. Discuss two sources of error that contribute to discrepancies between the experimental values for ε and the values reported in the literature as Standard Reduction Potentials.

i. Concentration contaminations might have occurred impacting the cell reaction because different amounts of electrons would have been transferred through the salt bridge thus creating a difference in voltage.
ii. The voltmeter showed constantly fluctuating reading thus the measurement reading in each cell varied depending on when each reading was recorded.



3. Explain how the acid/base indicator assisted in the identification of the chemistry at each electrode. 
The Methyl Red indicator formed a pink color around the cathode. This indicates that the pH is less than 5 thus hydrogen ions are being released by the cathode. It also turns yellow around the anode indicating the release of hydroxide ions.

4. When added together using equation 1, what is the sign (positive or negative) of the cell potential for the electrolysis of water?  
E0cell = E0red + E0oxid
E0cell = 1.23 + (-0.83)
E0cell = + 0.40 V
The sign is POSITIVE


5. Calculate the change in Free Energy using  ΔG = -nFε with the potential (ε) calculated in question #3.  Discuss the spontaneity (favorability) of the simultaneous oxidation and reduction of water.

ΔG = -nFε
n = 2
F = 96485.33 C/mol
E = 0.4 V
ΔG = - 2 * 96485.33 * 0.4
ΔG = - 77.188 kJ/mol

Spontaneity of a redox reaction requires that there is no addition or removal of energy. Reactions are spontaneous if ΔG is negative, meaning that E cell must be positive for the reaction to be spontaneous. In the water redox reaction, we found our ΔG to be negative and the E cell calculated from the difference in the oxidation and reduction was + 0.40 V. Therefore, the simultaneous oxidation and reduction of water was spontaneous (favorable).
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