CLASS COPY—DO NOT TAKE


Voltaic Cells and Lemons
Recently we have learned how voltaic cells utilize spontaneous redox reactions to convert chemical energy into electrical energy.  In this lab, you will explore this process yourself by designing your own voltaic cell using a lemon.
YOUR OBJECTIVE

Using your lemon in place of a salt bridge, design your own voltaic cell with materials supplied in the class (or from home).  The lab group producing the greatest single-cell potential, as measured by the teacher’s multimeter, will receive bonus points (this potential must be observed by your teacher).  Student groups are also to determine a means of lighting a provided light bulb using their voltaic cell(s).

GROUND RULES & SUGGESTIONS

· You are free to use any material you wish as your anode and cathode.

· DO NOT THROW AWAY ANY ELECTRODE MATERIAL (METAL) YOU OBTAIN FROM CLASS.  It can be reused if cleaned lightly with sandpaper and/or steel wool.

· Given the preceding statement, be sure to clean your electrodes before using them in your lemons.

· Your electrodes should be a couple of centimeters from each other within the lemon.  However, place your electrodes so that you might reuse your lemon piece for multiple trials.

· Lemons will be provided.  Students are welcome to bring other fruit from home to try.

· DO NOT EAT THE LEMONS!!  Once used, they are full of metal ions.  (Why is this?)

· All multimeter leads should be thoroughly cleaned when you finish the lab.

WHAT MUST BE TURNED IN (AKA WRITE-UP)
1. Do the following for the cell producing your highest electrical potential and for three of your other designs that utilized at least one different electrode metal:
a) Write out each half reaction.  Identify which represents the reduction, and which the oxidation.  State how you know which is which.
b) Write out the complete redox equation.

c) Draw a simple picture showing electrons moving from one electrode to the other.  Label each electrode with the appropriate metal, indicate which is the anode and which the cathode, and indicate the direction of flow of electrons.

d) Indicate a theoretical cell potential.
e) Indicate the cell potential you measure with your multimeter.

f) Suggest at least three thoughtful reasons why your theoretical and measured cell potentials differed.

2. Describe ALL of the things you tried to do to maximize the electric potential in your best voltaic cell.

3. Describe completely what you needed to do to get your light bulb lit.

MISC NOTES

· Depending upon time, one might want to demonstrate the creation of a cell first.  To do this,

· Make two slits (if the lemon isn’t sliced) that are a couple of centimeters long into the lemon that are a few centimeters apart.

· Polish a piece of penny or copper metal with steel wool.  Insert the copper into one of the slits so that half of it is still sticking out.  This is an electrode of copper.

· Polish a zinc strip with some steel wool.  Insert the zinc strip into the other slit so that half of it is still sticking out.  This is your zinc electrode.

· Measure the voltage with the red lead connected to the copper electrode and the black lead connected to the zinc electrode.  (Here, since copper has a greater reduction potential (+.34V) than zinc (--.76V), we anticipate that the copper will be reduced.  As a result, the copper should “consume” electrons.  The zinc electrode on the other hand is oxidized and “produces” electrons.  The multimeter will display a positive potential when the black lead is connected to the source of electrons (the negative electrode, or anode, Zn) and the red lead is connected to the consumer of electrons (the positive electrode, or the cathode, Cu).  Another way to remember to hook up the leads properly – the red lead should be connected to the electrode of the half cell having the greater reduction potential.

· When the multimeter displays positive voltages, electrons (which are negatively charged) are flowing from the black wire to the red wire.  Positive charge (which really doesn’t move but is equivalent to negative charge moving in the opposite direction) would be thought to be moving from the red to the black lead.  If you think this is confusing, you’re not alone.  Professional electricians and engineers, when they refer to current, still talk in terms of the flow of positive charge even though it is always the negatively charged electrons within a circuit that are actually doing the moving!  Thank you Benjamin Franklin!!

· In the battery described above, we know that zinc metal was present – we placed it there.  But where do the Cu2+ ions required for the redox reaction come from?  [Zn(s)  + Cu2+(aq)  +  2e-  →  Cu(s)  +  Zn2+ (aq)  +  2e- ]  It turns out that part of the reason that a lemon is effective when creating voltaic cells is due to the citric acid which at least partially dissolves the metal electrodes, creating the necessary ions, in aqueous solutions, required for the redox reaction.

· Why don’t the electrons just go through the lemon and short circuit the cell?  The lemon is an electronic insulator.  It is very difficult for electrons to pass through the lemon.

· That being said, how is it then that electrons flow at all?  Isn’t a complete circuit necessary?  Yes, a complete circuit is necessary . . . and present.  Lemons contain salts which are made up of positive and negative ions.  These ions flow to complete the movement of charge around the circuit.

Standard Reduction Potentials at 25oC*
	Half Reaction
	E° (V)

	F2(g) + 2 e- → F-(aq)
	+2.87

	O3(g) + 2 H+(aq) + 2 e- → O2(g) + H2O
	+2.07

	Co3+(aq) + e- → Co2+(aq)
	+1.82

	H2O2(aq) + 2 H+(aq) + 2 e- → 2 H2O
	+1.77

	Ce4+(aq) + e- → Ce3+(aq)
	+1.61

	MnO4-(aq) + 8 H+(aq) + 5 e- → Mn2+(aq) + 4 H2O
	+1.51

	Au3+(aq) + 3 e- → Au(s)
	+1.50

	Cl2(g) + 2 e- → 2 Cl-(aq)
	+1.36

	O2(g) + 4 H+(aq) + 4 e- → 2 H2O
	+1.23

	Br2(l) + 2 e- → 2 Br-(aq)
	+1.07

	Hg22+(aq) + 2 e- → 2 Hg(l)
	+0.85

	Ag+(aq) + e- → Ag(s)
	+0.80

	Fe3+(aq) + e- → Fe2+(aq)
	+0.77

	O2(g) + 2 H+(aq) + 2 e- → H2O2(aq)
	+0.68

	MnO4-(aq) + 2 H2O + 3 e- → MnO2(s) + 4 OH-(aq)
	+0.59

	I2(s) + 2 e- → 2 I-(aq)
	+0.53

	Cu2+(aq) + 2 e- → Cu(s)
	+0.34

	SO42-(aq) + 4 H+(aq) + 2 e- → SO2(g) + 2 H2O
	+0.20

	Cu2+(aq) + e- → Cu+(aq)
	+0.13

	Sn4+(aq) + 2 e- → Sn2+(aq)
	+0.13

	2 H+(aq) + 2 e- → H2(g)
	0.00

	Pb2+(aq) + 2 e- → Pb(s)
	-0.13

	Sn2+(aq) + 2 e- → Sn(s)
	-0.14

	Ni2+(aq) + 2 e- → Ni(s)
	-0.25

	Co2+(aq) + 2 e- → Co(s)
	-0.28

	Cd2+(aq) + 2 e- → Cd(s)
	-0.40

	Fe2+(aq) + 2 e- → Fe(s)
	-0.44

	Cr3+(aq) + 3 e- → Cr(s)
	-0.74

	Zn2+(aq) + 2 e- → Zn(s)
	-0.76

	2 H2O + 2 e- → H2(g) + 2 OH-(aq)
	-0.83

	Mn2+(aq) + 2 e- → Mn(s)
	-1.18

	Al3+(aq) + 3 e- → Al(s)
	-1.66

	Be2+(aq) + 2 e- → Be(s)
	-1.85

	Mg2+(aq) + 2 e- → Mg(s)
	-2.37

	Na+(aq) + e- → Na(s)
	-2.71

	Ca2+(aq) + 2 e- → Ca(s)
	-2.87

	Sr2+(aq) + 2 e- → Sr(s)
	-2.89

	Ba2+(aq) + 2 e- → Ba(s)
	-2.90

	K+(aq) + e- → K(s)
	-2.93

	Li+(aq) + e- → Li(s)
	-3.05


*For all half-reactions the concentration is 1M for dissolved species and the pressure is 1 atm for gases. These are standard state values.






