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Electrochemistry and Equivalent Mass

Objective

In this experiment you will determine the equivalent mass of a metal by electrochemistry. The principles of operation, especially the chemistry, for a electrolytic cell will be discussed. After completion of the experiment you should be able to calculate the equivalent mass of a species given the change in oxidation state of the species or experimental data. The redox reactions that are required to complete the circuit in the electrolytic cell should be familiar to you.

Introduction

Electrolytic Cells

In an electrolytic cell electrical energy from an external source is used to drive redox reactions that are nonspontaneous. Let us examine the operation of an electrolytic cell by constructing it from a voltaic cell. Consider the copper-hydrogen gas voltaic cell shown in figure 1. Under standard conditions (1 M Cu2+, 1 M H+ and 1 atm H2) the cell would operate producing a voltage of +0.34 V. The overall redox reaction would be:

Cu2+(aq) + H2(g) ( Cu(s) + 2H+(aq)  E˚ = +0.34 V
(1)




Figure 1

Under voltaic cell conditions the Cu2+ is reduced and the H2 is oxidized. What if we wanted the reverse reaction to occur? The reverse reaction is nonspontaneous, E˚rev = –0.34 V and will not occur unless electrical energy is supplied to “force” the reaction to go backwards.

Cu(s) + 2H+(aq) ( Cu2+(aq) + H2(g)  E˚ = –0.34 V
(2)

We must supply an electrical potential of at least 0.34 V to force the electrons to move from the copper to the hydrogen ions, oxidizing the copper and reducing the hydrogen ions.




Figure 2

To supply the energy we introduce a voltage source in the circuit as shown in figure 2. The electrical source can be a battery or any other DC (Direct Current) electrical power supply. Compared to the voltaic cell the species acting as anode and cathode have been reversed in the electrolytic cell. The copper in the electrolytic cell now acts as the anode and the hydrogen ions as the cathode. Oxidation still takes place at the anode and reduction still takes place at the cathode. In an electrolytic cell electrons are “pushed” by the external voltage source towards the cathode and “pulled” away from the anode. Notice the flow of ions in the salt bridge has been reversed.

Equivalent Mass

The number of electrons transferred from the copper electrode to the hydrogen ions as the electrolytic cell operates depends upon two factors: the mass of copper oxidized and the number of electrons transferred in the oxidation process. This ratio of mass oxidized to moles of electrons lost is called the equivalent mass of the metal. The equivalent mass of the metal is defined as “the mass of metal that needs to be oxidized in a given redox reaction to produce exactly 1 mole of electrons.” This number is very easy to calculate once the change in oxidation state is known for the metal. For any metal that is oxidized

M(s) ( Mn+ + n e–.
(3)

The equivalent mass is determined by dividing the molar mass of the metal by the moles of electrons appearing in the balanced oxidation reaction

equivalent mass of M = 

.
(4)

From equation (2) the oxidation half-reaction for Cu is

Cu(s) ( Cu2+(aq) + 2 e–.
(5)

The equivalent mass of copper would be



 = 31.78 g Cu/mol e–.
(6)

Notice the units of equivalent mass are g/mol e–. For Cu2+ only one-half mole of Cu is needed to deliver 1 mole of electrons since the change in oxidation state is +2. For the oxidation of aluminum to Al3+ the equivalent mass would be 26.98 g/3 mol e– = 8.993 g Al/mol e–.

Notice in the following reaction the equivalent mass of copper has changed because in the oxidation reaction the change in oxidation state is only +1.

Cu(s) ( Cu+ + e–  equivalent mass = 63.55 g/mol
(7)




Figure 3

A mole of electrons is a fundamental amount of charge, just like the mole is a fundamental amount of matter. A mole of electrons is called a Faraday, after Michael Faraday who discovered many of the basic laws of electrolysis. The amount of a species that will react with one mole of electrons (1 Faraday) in a redox reaction is the equivalent mass. Thus the idea of equivalent mass can be extended to any species that is reduced or oxidized. Consider equation 8 where hydrogen ions are reduced

2 H+(aq) + 2 e– ( H2(g)
(8)

The equivalent mass of the hydrogen ion is




(9)

Electrolytic Cell Chemistry

Figure 3 shows the construction of the electrolytic cell you will make in the laboratory. The metal anode will be an unknown. The general idea of the experiment is as follows: As the metal is oxidized at the anode the electrons will travel to the cathode to form hydrogen gas. The mass of the metal anode will decrease. The hydrogen gas formed will be collected and the volume will be measured. Using the ideal gas law the volume of hydrogen gas will be converted into moles of hydrogen gas. From equation 8 the moles of electrons transferred in the redox reaction can be determined. Dividing the mass of anode material lost by the moles of electrons transferred gives the equivalent mass of the metal anode. From the equivalent mass of the metal the identity of the metal can possibly be determined. Although simple in design the chemistry of the electrolytic cell is interesting. Let use examine how the electrons will move through the cell as the redox reaction takes place.

When the power supply is turned on and the voltage is increased the electrons feel a pull to leave the metal anode and move towards the (+) pole of the power supply. When the voltage is great enough (≈ 5 to 8 V) the formerly nonspontaneous redox reaction begins to take place. Electrons leave the metal anode as the metal is oxidized and metal ions move into solution. The electrons then travel through the power supply and emerge at the (–) pole of the power supply. These electrons then travel to the tip of the copper wire that is immersed in the 1 M H2SO4 solution. The electrons now “jump” from the surface of the copper metal and reduce hydrogen ions in solution. The bare copper does not participate in any redox reaction. It provides the conducting medium for the electrons to reach the H+ ions. Hydrogen gas is produced as in equation 8. The overall balanced redox equation between the two half-cells is

M(s) + n H+(aq) ( Mn+(aq) + 

 H2(g).
(10)

However this is not the end of the story! A complete circuit has not been made in the electrolytic cell. Electrons must still travel through the piece of nichrome wire that acts as a “salt bridge” for the circuit. This electron flow must take place or charge imbalance will occur in the anode and cathode half-cells. Consider the anode half-cell. Positive metal ions are going into solution as the metal is oxidized. The anode half-cell solution will become positively charged unless negative counter ions are also produced in solution. Conversely, at the cathode half-cell positive hydrogen ions are being removed from solution. The cathode half-cell will become negatively charged unless these positive ions are replaced in solution.

Let us first look at what happens at the tip of the nichrome wire that is immersed in the cathode half-cell. As the hydrogen ions are reduced at the copper metal surface an oxidation reaction must occur at the nichrome wire to produce positive ions. The nichrome wire is an alloy of primarily nickel and chromium. Since chromium has a lower reduction potential than nickel, we should expect chromium to be preferential oxidized at the tip of the wire. The chromium is oxidized into Cr3+ ions that move into solution as the hydrogen ions are reduced at the tip of the copper wire. Cr3+ ions appear yellow in acidic solutions.

Cr(s) ( Cr3+(aq) + 3 e–  (in cathode half-cell)
(11)

In the anode half-cell, as the metal anode is oxidized a reduction reaction must occur at the nichrome wire to produce negative ions in solution to balance the charge as the anode metal ions enter the solution. With K+(aq), NO3–(aq), and H2O all present in the anode half-cell solution, the easiest species to reduce is NO3– under acid conditions. However, that is not the case in our experiment since the solution is neutral. Observation shows bubbles form at the tip of the wire, indication a gas is formed in the reduction. We conclude that water is reduced to hydrogen gas and hydroxide ions.

2 H2O(l) + 2 e– ( H2(g) + 2 OH–(aq)  (in anode half-cell)
(12)

Since hydroxide ions are produced the solution becomes basic and a metal hydroxide precipitate may form in the anode half-cell.

Mn+(aq) + n OH–(aq) ( M(OH)n(s)  (in anode half-cell)
(13)

Procedure

Obtain a 100 ml gas buret from the stockroom. Obtain a metal sample from the sample box located within the laboratory. Assemble the apparatus as shown in figure 3. Sand the metal in any place that will come in contact with the 0.5 M KNO3 solution. Weigh the metal anode to the nearest milligram after sanding.

Fill the gas buret completely with 1 M H2SO4 solution. Fill the 250 ml beaker with another 50 ml of H2SO4. Wearing gloves, place a finger over the open end of the buret, carefully invert the buret and then lower the buret into the beaker. When the open end of the buret is below the surface of the H2SO4 you can release your finger. This should minimize the amount of trapped air in the buret.

Insert the bare coiled end of the heavy copper wire up into the end of the buret; all the bare copper must be within the buret and the rest of the wire in contact with the H2SO4 covered with insulation. The bare portion of the copper wire should be pushed at least 2 cm up into the open end of the buret. Attach the other end of the copper wire to the (–) pole of the power supply. See figure 4 to make sure your power supply terminals are grounded properly.




Figure 4

A second 250 ml beaker is filled with 100 ml of 0.5 M KNO3 solution. The anode in the beaker is made from your sample of unknown metal. Connect the metal to the (+) pole of the power supply using an alligator clip. Make sure the alligator clip does not contact the KNO3 solution.

The two half-cells are then connected by a piece of nichrome wire. Make sure the nichrome wire extends at least 1 cm into each solution.

Read and record the liquid level in the gas buret.

Set all the voltage and current dials on the power supply to the minimum value by rotating counterclockwise. Turn on the power supply. Turn the coarse current knob clockwise to the midpoint position. To begin electrolysis, slowly turn the coarse voltage knob clockwise. Hydrogen gas should begin to bubble from the bare copper cathode. About 5 to 8 volts is usually required. If no gas bubbles are produced at the cathode as the voltage is increased consult your instructor.

Set the voltage such that the production of hydrogen gas is moderate, no more than 2 ml/min. Look for the production of gas bubbles on the surface of your metal anode. If bubbles are present turn down the current until the production of bubbles has ceased. Record the voltage and current settings on your power supply.

Observe the chemical reactions at the tips of the nichrome wire as the electrolysis takes place. Collect at least 50 ml of hydrogen gas. At this point, stop the electrolysis by setting the current and voltage knobs to their minimum values. Turn off the power supply. Record the liquid level in the buret. Measure the difference in height between the solution in the beaker and the level of the solution in the buret. Record the temperature and barometric pressure in the laboratory.

Remove the metal anode from the electrolysis cell and rinse with 1 M acetic acid to remove any metal hydroxides that may have formed on the surface. Let the anode dry completely. Record the final mass of the metal electrode.

When finished, combine all of the solutions and dispose of them in the appropriate hazardous waste container.

Data and Calculations

Weight of metal anode 



Weight of anode after electrolysis 



Mass of anode lost during electrolysis 



Initial buret reading 



Final buret reading 



Volume of gas in buret 



Difference in height of solution levels 



Barometric pressure 



Laboratory temperature, T 



Vapor pressure of water a t (PH2O) 



Pressure exerted by the column of solution in the buret:

Psoln = height (mm)/13.6 



Pressure exerted by dry H2(g): PH2 = Pbar - PH2O - Psoln





Moles of H2 produced: Use ideal gas law.





Number of moles of electrons (Faraday’s) produced at anode





Equivalent mass of metal anode 


Identity of your metal anode





Questions

1. Given the following redox reaction, what is the equivalent mass of the oxidized species and the reduced species. Note: use the entire molar mass of the species, (not just the mass of the element undergoing oxidation.)
3MnO2 + 4H+ +2NO ( 3Mn2+ + 2H2O + 2NO3–













2. What is the equivalent mass of Zn metal?












3. The equivalent mass of metal X was found to be 18.6 g/mol. What might be the identity of metal X?








4. The equivalent mass of metal Y was found to be 27.9 g/mol. What might be the identity of metal Y?









5. In the electrolysis experiment, explain why it is possible to relate the effect at the anode (loss of metal mass) with a corresponding effect at the cathode (the production of hydrogen).























6. In this experiment you may have observed the production of bubbles on the surface of your metal anode. This side reaction is the oxidation of water instead of your metal anode.

a) Write a balanced half-reaction for the oxidation of water below:




b) If this reaction does occur along with the oxidation of your metal anode, what effect will this have on your final result, the equivalent mass of your metal?  Explain how you came to your conclusion.















Foothill College Chemistry 1C-Larson/Daley
4
Last Modified 9/19/11
Foothill College Chemistry 1C-Larson/Daley
3
Last Modified 9/19/11

_950779270.doc
����������������������������



Cathode (+)







Anode (–)







Reduction:�Cu2+ + 2e– ( Cu







Oxidation:�H2 ( 2H+ + 2e–







electron flow







Salt�bridge�(Na2SO4)







Na+







SO42-







H2(g)







1 M H+







Cu







1 M Cu2+
















_950928515.doc
�������������������������������



Power Supply







SO42-







Na+







Anode (+)







(–)      (+)







Cathode (–)







electron flow







Oxidation:�Cu( Cu2+ + 2e–







Reduction:�2H+ + 2e– ( H2







Salt�bridge�(Na2SO4)







H2(g)







1 M H+







Cu







1 M Cu2+
















_957238783.doc
�



�
















_950272909.unknown

_950275042.unknown

_950455679.doc
������



The (–) and ground terminals must be connected together with a wire.
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