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Introduction:

Suppose you had a truck with a transport tank made of nickel.  Would you transport a solution of Fe(SO4)3 in it?

A chemist would think twice about doing so since iron (Fe3+) ions react spontaneously with nickel metal, and would cause the tank to disintegrate!
Not all spontaneous chemical reactions are a problem, however.  Spontaneous chemical reactions led to the manufacture of many of the types of batteries we use today to operate our watches, cell phones, ipods, hearing aids, calculators, garage door openers, etc.  And, we may have to give credit to the muscle twitch of a frog that led to the discovery of the battery in the first place.

History of Battery Development:

Back in the late 1700’s, Luigi Galvani observed that the electrochemical behavior of two dissimilar metals [(zinc (Z) and copper (Cu)] in a bimetallic arch, in contact with the electrolytes of tissue, produces an electric stimulating current that elicits muscular contraction.  Galvani coined the term animal electricity to describe whatever it was that activated the muscles of his specimens.

Batteries were around long before this discovery of animal electricity.  A pre-historic battery is shown below:
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 Prehistoric batteries
Clay jar with iron rod surrounded by copper cylinder. When filled with vinegar + an electrolytic, solution produces 1.1 volts DC (circa. 250 BC to 640 AD).
It is believed that the Parthians who ruled Baghdad (circa 250 BC) used batteries to electroplate silver. 
The Egyptians are said to have electroplated antimony onto copper over 4300 years ago.
But, Alessandro Volta invented the first modern electric battery based on the spontaneous chemical reaction: 
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 Volta and his battery.
In 1800, Alessandro Volta invented the first modern electric battery. 
Volta demonstrated that an electrical current is generated when metals and chemicals come into contact.
All batteries at this time were primary cells, meaning that they could not be recharged. In 1859, the French physicist Gaston Planté invented the first rechargeable battery. This secondary battery was based on lead acid, a chemistry that is still used today.
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Background Information:

The field of Electrochemistry describes the interaction between electrical energy and chemical processes. 
There are two types of cells:

The Electrochemical (Galvanic/Voltaic) Cell:  A device that uses a spontaneous chemical reaction to produce an electric current.    Example:  A battery.

The Electrolytic Cell:  A device that uses an electric current to produce a chemical reaction that would otherwise be non-spontaneous.    Example:  Electrolysis of H2O.
In this investigation, only the electrochemical cell will be studied.

Galvanic (or Voltaic) Cells are electrochemical cells in which a spontaneous reaction generates an electric current.  Galvanic cells have two half-cells connected, so that electrons flow from one metal electrode to another through an external circuit and the ions flow through an internal cell connection (or salt bridge). The half-cell in which a half-reaction occurs with a loss of electrons (oxidation) is the anode. The second half-cell in which a half-reaction occurs with a gain of electrons (reduction), is the cathode.

Oxidation-reduction reactions occur when electrons are given up by the substance being oxidized (the reducing agent) and simultaneously gained by the substance being reduced (the oxidizing agent). Consider the following redox reaction to help explain the electron transfer process:
Cu2+ + Zn ( Zn2+ + Cu
	In the diagram below, each beaker represents one of the two half cells for the above reaction. But, because there is no way for electrons to move from one beaker to the other, a redox reaction cannot yet occur.
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If Zn and Cu electrodes were connected as in shown in the following diagram, an oxidation-reduction reaction would occur since electrons could flow through the external wire. 
A Galvanic/Voltaic Cell (using zinc and copper electrodes) prior to reaction:
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	In the diagram above, the two half-cells are connected by a salt bridge, which prevents free mixing of both electrolyte solutions but permits the proper movement of ions to maintain electrical neutrality.  The proper cell notation for the above cell is:  Zn / Zn(NO3)2 // Cu / Cu(NO3)2, where / represents the boundary between the solution and the electrode and // represents the salt bridge separating the two compartments.

For example, when Zn is oxidized some anions must enter (or cations must leave) the Zn half-cell to compensate for the added positive charge of the Zn2+ produced. Also when Cu2+ is reduced, cations must enter (or anions must leave) the Cu half-cell.  

If oxidation-reduction reactions are split into half-reactions, it is possible to arbitrarily assign to each a voltage (the reduction potential) that indicates the relative tendency of that half-reaction to occur. The complete cell voltage (the only voltage that can be measured) is the difference between the two reduction potentials and is a measure of the ability of a cell reaction to push and pull electrons through a circuit.  In lab situations, the voltage is measured using a device called a voltmeter.

Referring to the diagram above, note that the anode half-reaction contains the better reducing agent (greater tendency to be oxidized) and therefore has the lower reduction potential. The anode is also the negative terminal in a galvanic (voltaic) cell. The anode is to be connected to the negative wire (black) from the voltmeter and electrons will always flow from anode to cathode.  When all wires are connected properly, the ion and electron movement will be as follows:


A Galvanic/Voltaic Cell (using zinc and copper electrodes) during reaction:
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Calculation of the Net Cell Voltage or Net Cell Potential:

Step 1:  Write out the two half reactions for the reaction:
Anode reaction:
Zn   (  Zn2+  +  2e- 

(oxidation) 
Cathode reaction:  
Cu2+  +  2e-  (  Cu 

(reduction) 

Step 2:  Write the reduction potential value (Eo) for each reaction.

Anode reaction:  
Zn   (  Zn2+  +  2e-        - 0.76 V
Cathode reaction:  
Cu2+  +  2e-  (  Cu        + 0.34 V

Step 3:  The net cell potential is ∆E = Ecathode –Eanode
      =   0.34 – (-0.76)

     =     +1.10 V

A positive Eo value indicates a spontaneous reaction (which you would need to make a battery).  A negative Eo value indicates a non-spontaneous reaction (i.e. the reaction does not occur).

If you calculated a positive Eo value, the anode and cathode reactions are correct.

What the Cell Potential (Voltage) means:
Basically, electrons from solution are pushed onto the anode, around the external circuit and onto the cathode where they are pulled out into the solution.  The electrons pushed around the external circuit can do work (run a motor, illuminate a light bulb, etc). The amount of work possible is a function of both the voltage (potential) and of the current (number of electrons) in the circuit.  Pushing one Coulomb of charge around a circuit at a potential of 1 Volt does One Joule of work. Or, mathematically, 
1J = 1V × 1C.

The cell potential (voltage of the cell) depends on the chemicals used. For example, the chemicals in dry-cells (batteries) are such that the potential is always about 1.5 V. This has become a standard and is now a limiting factor in deciding which chemicals can be used to create battery.
Objectives: 

In Part One of this experiment, you will construct an electrochemical cell with iron and lead electrodes and measure the net cell potential or voltage of the cell.  You will also perform a manipulative of the same experiment, using a paper electrochemical call and small paper pieces to represent the metals and ions involved in the cell.   

In Part Two of this experiment you will construct various electrochemical cells using several different metals and solutions to see which combination produces the highest voltage.  
Pre-Lab Questions: 

1. Define the following terms: Electrode, Electrolyte, Anode, Cathode, Oxidation and Reduction. 

2. Consider a Voltaic/Galvanic cell consisting of a zinc electrode in Zn(NO3)2(aq) and a copper electrode in Cu(NO3)2(aq), each in separate beakers. 

(a) Indicate all ions present in each half-cell. 

(b) Both Zn atoms and Cu atoms have a tendency to oxidize.  Which of the two metals will have the greater tendency? Why? This electrode, then, is the anode. It will wear away as positive metal ions are formed. 

(c) Write the anode (oxidation) half reaction for this cell. 
(d) At which electrode do the electrons originate?  Where do they travel to? 
(e) Write the cathode (reduction) half reaction.  
(f) If a salt bridge (KNO3) is added to connect the two half-cells, the reaction continues for some time. Draw the set up of this Voltaic/Galvanic cell including a salt bridge, voltmeter, electrodes and connecting wires, the metal ions and the ions from the salt bridge. Show the movement of electrons and ions within the system. 

Part One:  Constructing a Voltaic/Galvanic Cell

Materials:

2-250 mL beakers
1“ x 5” Iron electrode

1” x 5” Lead electrode

Steel wool

Voltmeter (or potentiometer for greater accuracy since it has less resistance)

2 Alligator clips and wires

1.0 mol/L solution of lead(II)nitrate

1.0 mol/L solution of iron(II)nitrate 

U-tube (or lab sponge cut into the shape of a u-tube (see diagram ())
2 Cotton ball plugs (if using a U-tube)

Strips of filter paper

1.0 mol/L KNO3 solution (to saturate the sponge or filter paper with or fill the U-tube with)

Procedure: 
1.  Draw a diagram below of 2-250 mL beakers connected by a salt bridge and containing an electrode in each compartment connected to a voltmeter.
2.  Into a 250 mL beaker, pour approximately 125 mL of 1.0 mol/L lead(II)nitrate, Pb(NO3)2 solution.  On your diagram in (1), show the ions present in the beaker.   
3.  With steel wool, clean the lead electrode (Why is this necessary?). Place the strip of cleaned lead in the beaker with the Pb(NO3)2 solution.  Label this electrode on your diagram in (1).
4.  To another 250 mL beaker add approximately 125 mL of 1.0 mol/L iron(II)nitrate, Fe(NO3)2 solution.  On your diagram in (1), show the ions present in the beaker.   
5.  Using steel wool clean the iron electrode  (Again, why is this necessary?).  Place the strip of cleaned iron into the beaker containing Fe(NO3)2 solution.  Label this electrode on your diagram in (1). 
6.  Prepare the salt bridge by either soaking filter paper strips or a cut lab sponge in KNO3 solution and placing separate ends of the sponge in each beaker/compartment; or filling a U-tube with KNO3 solution and plugging the ends with cotton and placing separate ends of the U-tube in each beaker/compartment.  Show the ions present in the slat bridge in your diagram in (1).
7. What happens when you remove the salt bridge from one of the solutions? Can you explain why this makes a difference?  Explain the purpose of the salt bridge.

8.     Connect the lead electrode to the positive (red) terminal of the voltmeter. 
9.  Connect the iron electrode to the negative (black) terminal on the voltmeter.
10.   Record the voltage on the voltmeter. 
(Predict what would happen if you reversed the wires.  Try this)

11.   Show electron and ion movement on your diagram in (1).  Be sure to include ion movement from the salt   bridge as well.  
Do electrons flow through the external wires or the solution?

Do ions from the salt bridge flow through the external wires or the solution?

12.  Predict what would eventually happen to the mass of the iron and lead electrodes.  Explain why a change in mass will occur at each electrode. 
13.  Write the anode and cathode reactions and the overall cell reaction.  Calculate the net cell potential (voltage) of the cell using the Standard Reduction Potential Table provided at the end of this document.  Explain why you might find differences in the experimental and calculated values.

14.   Explain what would happen if you connected two identical half-cells, for example, 
Fe / Fe(NO3)2 // Fe / Fe(NO3)2.

Could you measure a difference in potential? Can you explain why there would be no difference? 
15.  Using the large paper version of the Voltaic/Galvanic cell and the small cut-up paper pieces of ions and metals provided at the end of this document, perform the same experiment as above, but on paper.  Label the anode and cathode electrodes, direction of electron flow, and ion movement in solution by pasting the appropriate paper pieces and drawing arrows to show direction of movement.  (Be sure to include both the metal ions and ions from the salt bridge). Use this manipulative to explain:
A) What is happening in words at the electrode where electrons are being lost?

B) Explain this now as a chemical equation.

C) What is happening in words at the electrode where electrons are being lost?

D) Explain this now as an equation.

E) Combine the two chemical equations (B&D) to write an overall equation

F) Describe in words what is occurring in the salt bridge to assure the system remains electrically neutral.

Part Two:  Experimenting with the Voltaic/Galvanic Cell

Again, in this part of the experiment you will construct various electrochemical cells using several different metals and solutions to see which combination produces the highest voltage.  

Introduction:
In electrochemical cells, the electrons are transferred from one metal to the other by a wire rather than by contact of the metal with the metal ion as would be done when developing an activity series. The oxidation half-reaction occurs at the anode in one half-cell, and reduction occurs at the cathode in the other half-cell. When the two half-cells are connected with a salt-bridge, a cell is produced whose voltage is a quantitative measure of the tendency of the chemical reaction to take place.
One question you may have had when we set up our iron and lead cell in Part One was, “Why was iron oxidized and lead reduced, and not the other way around?”  In fact, for any redox reaction what determines which element is oxidized and which is reduced?
Metals, because they only have a few valence electrons, like to lose electrons. In other words they tend to be easily oxidized.  But metals differ in how easily they lose electrons. A list of metals arranged in order of how easily the metal is oxidized is known as an activity series. 
An activity series is often useful is helping to predict whether certain reactions will occur. An activity series lists metals and various other elements in order of their reactivity.   In the Standard Reduction Potential Table located at the end of this document, the most reactive elements are listed at the bottom and the least reactive of the series at the top. For any two metals, the metal listed lower in the table is the most readily oxidized.  (Note:  Some tables have the most reactive metal listed at the top instead).
The fact that different substances are oxidized more readily than others is the driving force behind electrochemical cells, and it is this force that forces electrons through the external circuit from the anode (site of oxidation) to the cathode (site of reduction). This force is known as the potential difference or electromotive force (emf or E).  Potential difference is measured in volts (V), and is also referred to as the voltage of the cell. Voltage is a measure of the tendency of electrons to flow.  The higher the voltage, the greater the tendency for electrons to flow from the anode to the cathode.
Tables of Standard Reduction Potentials for half-reactions allow us to determine the voltage of electrochemical cells.  These tables compare the ability of different half-reactions to compete for electrons (become reduced). Since half-reactions cannot occur on their own, all values in the table are determined by comparing a half-reaction with a hydrogen half-cell:

2H+(aq) + 2e- → H2 (g)    E° = 0.00 V

Where the o symbol, (in E°) indicates standard conditions:
temperature = 25°C; pressure = 100 kPa;
concentration of aqueous solutions = 1 mol·L-1
Materials:

0.25” x 1” pieces of the following metals:  Al, Cu, Fe, Mg, Pb, Sn, Zn, Ni

1.0 mol/L Solutions:  Al(NO3)3, Cu(NO3)2, Fe(NO3)2, Mg(NO3)2, Pb(NO3)2, Sn(NO3)2, Zn(NO3)2, Ni(NO3)2.
Steel wool

1.0 mol/L KNO3 solution

small pieces of filter paper (0.25” x 0.5”) to serve as the salt bridge.

12-well spot plate

Alligator clips and wires

Voltmeter (or potentiometer) 
Procedure:
1. Given the metals and solutions in the Materials section, and, using your Table of Standard Reduction Potentials, predict which combination of metals (in a 1.0 mol/L solution of their ions) will produce the highest voltage. That is, which of the metal combinations available have the greatest potential difference? List at least three combinations.
2. Calculate, using the Table of Standard Reduction Potentials, what the actual voltage of each of the three combinations of metals should be.
3. Place about 2 mL of solutions Al(NO3)3, Cu(NO3)2, Fe(NO3)2, Mg(NO3)2, Pb(NO3)2, Sn(NO3)2, Zn(NO3)2, Ni(NO3)2  into the wells of your well plate.
4. Clean the aluminum, copper, iron, magnesium, lead, tin, zinc and nickel electrodes using steel wool. Place each metal electrode in its corresponding ionic solution.

5. Obtain small strips of filter paper, to be used as salt bridges. Soak each strip with 1.0 mol/L KNO3. (Hint: Make sure the strip is entirely wet. Any dry patches will inhibit the flow of ions through the bridge.)
6. Begin the experiment will be with aluminum and copper electrodes.  Insert one end of the salt bridge into the aluminum compartment and the other end into the copper compartment. 

7.  Attach the alligator clip from the negative terminal of the voltmeter to one of the metal electrodes and attach the second clip from the positive terminal to a different metal electrode. If the voltmeter has a negative voltage, reverse the hook-up so that each clip is now attached to the other metal in the pair.
8. Record the voltage of the Voltaic/Galvanic cell for the reaction occurring at each electrode.
9. Repeat for the remaining cells.
10. Determine which of the combinations has produced the highest overall voltage.  Compare with the prediction you made in #1.
11. Compare the voltages obtained for each of the combinations of metals tested with the values calculated in #2.

Data:  Part Two - Voltage Measurements:
	
	Al(NO3)3
	Cu(NO3)2
	Fe(NO3)2
	Mg(NO3)2
	Pb(NO3)2
	Sn(NO3)2
	Zn(NO3)2
	Ni(NO3)2

	Al(NO3)3
	X

	
	
	
	
	
	
	

	Cu(NO3)2
	
	X
	
	
	
	
	
	

	Fe(NO3)2
	
	
	X
	
	
	
	
	

	Mg(NO3)2
	
	
	
	X
	
	
	
	

	Pb(NO3)2
	
	
	
	
	X
	
	
	

	Sn(NO3)2
	
	
	
	
	
	X
	
	

	Zn(NO3)2
	
	
	
	
	
	
	X
	

	Ni(NO3)2
	
	
	
	
	
	
	
	X


Analysis:
1.  Which combination produced the highest overall voltage?

2. Is this what you predicted?

3.  Write the anode and cathode and net cell reactions for each of the combinations.
4. Account for the differences you find between the experimental and calculated values for the net cell potentials. 
5. Which of the metals is the best oxidizing agent? Again, what does this term mean?
6. Which of the metals is the most effective reducing agent? Again, what does this term mean?
7. What purpose does the moist filter paper/sponge/plugged/u-tube serve?
8. What are some practical uses of a Voltaic/Galvanic cell?
Optional Activities:

1. Determine the effects of concentration and temperature on electrochemical cells.  
2. The following site has everything you ever wanted to know about batteries and more.  Visit the site and discuss, for example, the pros and cons of rechargeable vs. non-rechargeable batteries.  Or, simply, review the information as a class to increase your knowledge about batteries.  
http://www.batteryuniversity.com/
Summary:
Voltaic (Galvanic) cells (i.e. electrochemical cells), or batteries, are a classic example of putting chemical reactions to use in the everyday world. We have learned that many chemical reactions can be used to generate heat, (combustion of hydrocarbons for example).  Whereas, in an electrochemical cell, the reactions are used to directly produce electricity. Many of the devices that you use every day, like your cell phones, watches, laptops, etc., are powered completely or in part by electrochemical reactions.  In this lab you constructed a Voltaic (Galvanic) cell and, explored many different combinations of metals that can be used to make a Voltaic (Galvanic) cell and determined which combination produced the highest voltage.
Any spontaneous reaction can be harnessed to produce electrical energy under the right conditions.  The problem with simply dropping a piece of zinc metal into a solution of Cu(II) ions is that the electrons provided by the zinc move directly to the aqueous Cu(II) ions without doing any work.  This reaction is shown below:
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In order to create a useful battery, the two half reactions must be physically separated so that the electrons will flow through an external circuit as shown:
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A number of great animations and simulations regarding electrochemical cells exist.  See below and show all or choose the ones that are most appropriate.  A brief description of each one is given.


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�� 


Zn/Cu transfer:  This animation shows the molecular level reaction of zinc metal in a solution of copper(II)nitrate. 


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


The following website has a virtual chemistry laboratory that allows you to set up and test a variety of galvanic cells and take “data”.  It even varies the data for each user, and normally does not give “perfect” results, but data that would be expected from a lab that is set up with care using the proper materials and equipment.  


� HYPERLINK "http://web.mst.edu/~gbert/Electro/Electrochem.html" �http://web.mst.edu/~gbert/Electro/Electrochem.html�
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