ELECTROCHEMISTRY

Introduction: 
Oxidation-reduction reactions are the fundamental basis of the field called 

electrochemistry. It should be easy to see why the name electrochemistry fits these 

reactions so well, as they always involve the transfer of electrons from one chemical 

solution to another. 

Before you start the experiment, read Chapter 20, sections 20.1 – 20.4 of “Chemistry, The Central Science” to review the concepts of oxidation-reduction reactions.

One important consequence of electrochemical reactions occurs if you 

separate the oxidizing agent from the reducing agent, connecting them only with 

electrodes, a wire, and salt bridge you create an electrochemical cell. Doing so forces the 

electrons to travel through the wire from the reducing agent to the oxidizing agent and so 

creates an electrical current (the units of current are Amperes, or Coulombs/second). If a 

particular redox reaction is thermodynamically spontaneous, then the electrons will 

transfer spontaneously and a current will be produced. An electrochemical cell that

generates a current is called a voltaic or galvanic cell. If the reaction is not spontaneous, 

then an electrical current (i.e., electrons) are required to make the reaction proceed. An 

electrochemical cell that uses a current is called an electrolytic cell. 

Let’s look at the structure of an electrochemical cell a little more closely. The redox 

reaction we will use as an example is the reaction:

Cu (s) + 2 Ag+(aq)  ( Cu+2(aq)+2 Ag(s)

In a short time solid silver plated out onto the copper and the solution turned light blue. Clearly, copper is being oxidized (and is therefore the reducing agent): 

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

and silver ions are being reduced: 

e- + Ag+(aq) ( 2 Ag(s)

If we were to construct an electrochemical cell using this reaction, we would need to 

separate the copper from the silver ions. We would first make a Cu|Cu2+ half-cell (the 

line indicates the copper and copper ions are in different phases) by placing a copper 

electrode (which is just metallic copper) in a solution of copper ions. We also need to

construct an Ag+|Ag half-cell.

Once a wire is in place to connect the copper electrode to the silver electrode we only need a salt bridge to complete the circuit. Once the cell is fully connected, the copper electrode will be oxidized, electrons will spontaneously flow from the copper electrode to the silver electrode, and silver ions will be reduced to solid silver, which will be observed as solid silver plating out on the silver electrode. We call the electrode at which oxidation takes place (copper in this case) the anode and the electrode at which reduction takes place the cathode. Hence electrons in a galvanic cell always flow from the anode to the cathode. 

Since the anode is the “source” of electrons, it is conventionally given a negative sign 

while the cathode, being where the electrons are going to, is given a positive sign. Since 

electrons flow to the cathode, the cathode’s half-cell will gain an overall negative charge 

from the excess of electrons (this is not to be confused with the conventional designation 

of the anode as “negative”). To balance this charge, negative ions in the cathode’s half-

cell will flow via the salt bridge into the anode’s half-cell and positive ions in the anode’s 

half-cell will flow into the cathode’s half-cell–in this way the entire circuit is completed.

You will be provided with six 0.5 M solutions (aluminum nitrate, cupric sulfate, lead nitrate, ferric nitrate, zinc sulfate, magnesium nitrate), and six corresponding plates of metals to be used as electrodes (aluminum, copper, iron, zinc, etc.).

The  potential difference between the 2 electrodes of a voltaic cell provides the driving force that pushes electrons through the external circuit.  This potential difference (voltage) depends on the specific reactions that occur at the cathode and the anode and the concentrations. We will, first, tabulate the cell potentials for all possible cathode/anode combinations (copper/iron, copper/zinc, iron/zinc and so on).

1) Pour the solutions (about ¾ full) into short test tubes or vials arranged as a circle, around the vial used as a bridge.  Clean your electrodes with steel wood or sand paper to remove any oxide coating that may have build up.

2) Measure the potential difference (V) for all combinations and create a table with all these values (a matrix of 6 rows x 6 columns).  For the cell notations, the anode half-cell is described first, the cathode half-cell follows.  Within a given half-cell, the reactants are specified first and products last.  As you read from left to right, you read a description of the oxidation reaction first and the reduction reaction last (the direction of electron flow).

A single vertical line indicates that species are in different phases (e.g. solid electrode/ liquid with electrolyte), but in physical contact with each other.  A double vertical line indicates a salt bridge or porous membrane separating the individual half cells.

For example:

Zn(s)/Zn+2(aq)//Cu+2(aq)/Cu(s)

3) Select the combination that gives you the higher potential difference. This is the combination you will use to build your battery.

4) The half-cells are constructed by pouring the solutions into two beakers or test tubes.  Cut strips of the 2 metals to be used as electrodes (approx. 1 cm wide). 

Use a salt bridge to connect the two test tubes.

5) Clip the metal electrodes in the alligator clips for the voltmeter.  For our lab, the salt bridge will consist of a thin strip of absorbent paper soaked in an electrolytic solution (sodium nitrate).

6) Record the voltage (V) after the reading has stabilized.

One volt is the potential difference required to impart 1 J of energy to a charge of 1 C.  Another important concept in electromagnetism is the current.  A battery continually “pumps” charge around the circuit.  This flow of charge is called current.  The current is measured in Coulombs per second, also known as amperes.

7) Record the current (in amperes).

8) Now that you have a working battery, it is time to start making some changes and improvements to it.  Some of the questions you can try to answer and include in your discussion and results are:

How can I increase the voltage of my battery? Current?

What does it mean if the potential difference I am reading is negative? If it is zero?

9) Try three different combinations:

-Change the surface area of your electrodes.  Cut metal strips 0.5 and 2.0 cm wide, to compare with the 1.0 cm strip, or attach 2, 3 and 4 metal strips to the anode and cathode.  Record voltage and current.

-Change the surface area of your salt bridge.  Record voltage and current.

-Change the concentration. Repeat procedure with 0.5, 0.25 and 0.12 M solutions.  Record voltage and current. 

10) After collecting all the data, you can graph and analyze all the information. Include the graphs of concentration vs. voltage and current, area of electrode vs. voltage and current, area of salt bridge vs. voltage and current.

11) When you are sure you have collected all the data, place all waste in collection bottles in the hood.  Wash hands thoroughly before leaving lab.

