

T-10
Experiment T: The Nernst Equation and its Applications
Objectives
The Voltaic Cells experiment dealt with half-cells at standard conditions. In this experiment, 
· cell voltages of a series of cells under non-standard conditions will be measured and compared to the Nernst equation, 
· the function of the reaction quotient in the Nernst equation will also be examined, 
· a method for obtaining an equilibrium constant for a redox reaction will be studied, and
· cell voltage measurements and the Nernst equation will be used to determine metal ion concentrations for test solutions. These concentrations will then be used to calculate the solubility product of a salt.
Theory
I. The Nernst Equation
In the Voltaic Cells experiment, the measured half-cell potentials were used to produce a displacement series. Many standard electrode potentials (half-cell potentials), E°, written as reduction processes have been tabulated in the Chemistry Data Sheet. These values are for standard cells (concentrations of the dissolved entities are 1.00 mol/L and the pressures of gases are 1 bar). The potential across any standard cell which is constructed from two half-cells can be calculated from the tabulated values of E° for the half-cells.
E°cell = E°red (cathode) – E°red (anode)			(1)
When the concentration of dissolved entities is not 1.00 mol/L and the pressures of gases differ from 1 bar, the cells are called nonstandard. The potentials of the half-cells vary with the concentrations and pressures of entities involved as described by the Nernst equation, which at 25.0 °C has the form:						

        							(2)
When equation (2) is applied to a full cell, Q is the reaction quotient, n represents the number of moles of electrons exchanged in the balanced redox reaction, and E° is the difference between the two standard half-cell potentials as given in equation (1). For a general equation:
aA(aq) + bB(aq) ⇌ cC(aq) + dD(aq)							(3)


the reaction quotient, Q, is defined as:

										(4)
where a, b, c and d are stoichiometric coefficients in the balanced equation. If the concentrations are all 1.00 mol/L, then Q = 1, log Q = 0, and E = E°. 

II. Calculations Using the Nernst Equation
A. Spontaneous Cell Reactions
For the reaction to occur spontaneously under standard conditions, E°cell must be positive. A spontaneous reaction will always result when the oxidation half-cell has a more negative reduction potential than the reduction half-cell. The standard cell potential is given by
E°cell = E°red (cathode) – E°red (anode)						(1)
B. Cell Notation
Half-cells are sometimes written as: Ag(s)|Ag+(aq, 0.10 mol/L). This describes a half-cell consisting of a silver electrode placed in a 0.10 mol/L silver nitrate solution. The symbol | separates the different phases (solid, liquid, and gas). 
When this notation is used to describe a complete cell, the cell notation is written in the direction of electron flow through the external circuit. For example, in the electrochemical cell constructed from two half-cells: Zn(s)|Zn2+(aq, 1.00 mol/L) and Cu(s)|Cu2+(aq, 1.00 mol/L), the reduction potential of the copper half-cell is more positive and this half-cell will be the cathode. The zinc half-cell will be the anode where electrons are produced (Zn(s) → Zn2+(aq) + 2 e–) so the electron flow in the external circuit is from zinc to copper. The symbol || is used to represent a salt bridge.
The cell will thus be written as:
Zn(s)|Zn2+(aq, 1.00 mol/L)||Cu2+(aq, 1.00 mol/L)|Cu(s)
C. Calculation of the Cell Potential at Nonstandard Conditions
The reduction of an extremely strong oxidizing agent, the permanganate anion, is shown.
MnO4-(aq) + 8 H+(aq) + 5 e– → Mn2+(aq) + 4 H2O(l)					(5)
The following zinc half-cell will be used as the oxidation reaction.
Zn(s) → Zn2+(aq) + 2 e–			(6)
To write a balanced chemical equation for the overall cell reaction, we must first balance the number of electrons gained in the reduction process with the number of electrons lost in the oxidation process. Thus, in this example we must multiply equation (5) by 2 and equation (6) by 5. The overall cell reaction is obtained by adding the equation for the oxidation of Zn(s) to the equation for the reduction of MnO4- (aq).
2 MnO4-(aq) + 5 Zn(s) + 16 H+(aq) → 2 Mn2+(aq) + 5 Zn2+(aq) + 8 H2O(l)		(7)
The reaction quotient for the overall reaction is

									(8)
Recall that solids and liquids are not included in the reaction quotient.
The general Nernst equation for a balanced redox reaction is:	

				       				(9)
Applying equation (8) and (9) gives the Nernst equation for reaction (7) as:                                    

   	(10)
Note that E° for a half-cell reaction is not changed even if the half-cell is multiplied by an integer. Electrode potentials and cell potentials are intensive quantities like density. Density is mass per unit volume, so values of density are independent of the volume of the sample. A volt is 1 Joule of work per unit of charge transferred so values of E° are independent of the number of charges or electrons transferred.
D. Reference and Test Solutions to determine Solubility Products and Formation Constants
An alternate use of the Nernst equation is to use a measured cell potential along with equation (5) to determine unknown concentrations of a metal ion. Assume that you want to determine the concentration of the metal ion in a test solution. First, you must determine which half-cell is the anode and which is the cathode. The way to do this is discussed in the next section under Experimental Method. In this experiment, dipping a metal electrode into a 1.00 mol/L solution of its own metal cations will form the reference half-cell.
Solubility product constants, Ksp, and formation constants, Kf, are equilibrium constants for specific kinds of reactions. The only difference is whether the complex formed is charged (remaining in solution) or neutral (precipitating from solution).
	Mn+ + nL– ⇌ MLn			Kf
	Mn+ + nL– ⇌ MLn			1/Ksp
	MLn ⇌ Mn+ + nL–			Ksp
In this experiment, you will measure the potential of a test cell containing a saturated solution of a metal salt. You will calculate the respective metal ion concentration in these cells and subsequently the values of Ksp.
Experimental Method
Determination of Anode and Cathode
The cell potentials are measured as in the previous experiment using a voltmeter. Before you start the experiment, you will determine which of the leads is connected to the more positive terminal. To do this, recall that the cathode always has the more positive reduction potential when compared to the anode in a voltaic cell. Set up your half-cells as shown in Figure 2 of the Voltaic Cells experiment. Then connect the voltmeter to the electrodes so that you get a positive reading on the voltmeter (if your first connection gives a negative reading, reverse the leads to the meter). This procedure allows you to identify which electrode is the cathode, since it will be the one connected to the positive red lead. The other electrode is the anode.
Part I: Effect of Concentration on Electrode Potentials
You will prepare a series of Ag/Ag+ half-cells using silver nitrate (AgNO3) solutions of different concentrations. A strip of silver metal will be put into each solution, in turn, to form the test half-cells. You will compare the potentials of these half-cells to a reference half-cell containing 1.00 mol/L AgNO3 A 1.00 mol/L AgNO3 solution compared to a reference 1.00 mol/L AgNO3 solution has a potential of 0.000 V, E°cell = 0.0. The slope of a plot of the cell potential (Ecell) versus log Qcell is related to the Nernst equation constant.
Since both half-reactions involve Ag+(aq)|Ag(s), the only driving force for reaction is the difference in silver ion concentrations. The cell is moving towards equilibrium where the two concentrations are equal. To achieve equilibrium, the larger concentration must be decreased which occurs at the cathode (silver ions are reduced to solid silver). Similarly, the smaller concentration must be increased by production of more silver ions which occurs at the anode.
Cathode: Ag+ (aq, 1.00 mol/L) + e- → Ag(s)	                                           	(11)
Anode: Ag(s) → Ag+ (aq, x mol/L) + e-	                                            	(12)
Overall equation: Ag+ (aq, 1.00 mol/L) → Ag+ (aq, x mol/L)                            	(13)
Qcell = [Ag+]anode /[Ag+]cathode = [Ag+]anode /1.00 mol/L                                      	(14)
Part II: Determination of an Equilibrium Constant
At equilibrium, Ecell (nonstandard cell potential) is equal to zero (no driving force for reaction in either direction) and the reaction quotient, Q, is equal to the thermodynamic equilibrium constant, Keq. Substituting these values into equation (9) gives the following equation at equilibrium.

								(15)
The theoretical value for Keq is calculated using the standard cell potential in the above equation.
The following reaction will be studied in this experiment:
2 Ag+(aq) + Cu(s) → 2 Ag(s) + Cu2+(aq)						(16)
The reference half-cell is Cu2+(aq)|Cu(s) which is maintained at standard conditions (1.00 mol/L) and the test half-cell is Ag+(aq)|Ag(s). The silver ion concentration in the test solution is varied and the cell potential is measured.
A plot of Ecell versus log Qcell is plotted where Qcell = [Cu2+(aq)]/[Ag+(aq)]2. When the cell potential equals zero, the reaction is at equilibrium and Qcell equals Keq. The graph is extrapolated to the point when Ecell equals zero to find the value of Keq for reaction (16). It is compared to the theoretical value of the equilibrium constant obtained from equation (15).
Part III: Determination of a Solubility Product
In Part III you will prepare a saturated solution of silver carbonate (Ag2CO3) and determine the solubility product constant of Ag2CO3.
Ag2CO3(s) ⇌ 2 Ag+(aq) + CO32-(aq)		(17)
In making the solution, 1.0 mL of 0.10 mol/L AgNO3 will be added to specified volumes of 1.00 mol/L Na2CO3. The limiting reagent in this reaction will be the silver ions. Use of an excess amount of anion allows for a relatively simple calculation of the anion concentration after reaction using the stoichiometry of the reaction and the amounts of reagents mixed together.
Assuming that most of the silver nitrate reacts, the concentration of silver ions after reaction is very small (≈ 0). Using Ag+(1.00 mol/L)|Ag(s) as the reference half-cell, the cell potential is measured.
The equilibrium [Ag+] in the silver carbonate solution is calculated using the Nernst equation and an ICE table used to determine the equilibrium concentrations. The error in the determined value for the silver ion concentration will depend on the error in measuring Ecell, which will be much larger than the error in measuring the volume of Na2CO3. The measurement of Ecell will therefore determine the error in the calculated value of Ksp.
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Figure 1: Experimental Setup
Advance Study Assignment
1.	A voltaic cell was set up as follows: Ag(s)|Ag+(aq, 0.10 mol/L)||Ag+(aq, 1.00 mol/L)|Ag(s). Which half-cell is the anode? Which is the cathode? Use the Nernst equation to determine the cell potential. Answer: anode is 0.10 mol/L half-cell; Ecell = 0.059 V
2.	For the following reaction: 2 Ag+(aq) + Cu(s) → 2 Ag(s) + Cu2+(aq)
a)	what is the standard potential (E°cell) of the cell? Answer: 0.458 V
b)	what is the potential of the cell (Ecell) at equilibrium? Answer: 0.000 V
3.	The measured potential of the following cell is 0.0600 V:
	Cu(s)|Cu2+(aq, unknown concentration)||Cu2+(aq, 1.00 mol/L)|Cu(s).
	The Cu2+(aq, 1.00 mol/L)|Cu(s) reference half-cell was determined to be the cathode. Assuming the standard half-cell potential is 0.342 V, calculate the concentration of Cu2+ at the anode. Answer: 9.40·10-3 mol/L
4.	When 1.0 mL of 0.10 mol/L AgNO3 was added to 4.0 mL of 2.0 mol/L Na2CO3, the product formed in the reaction was Ag2CO3(s). From the measured potential of the cell, the calculated concentration of the silver ion in solution was determined to be less than 10-7 mol/L. Calculate the concentration of the CO32- remaining in the solution after reaction? Answer: 1.6 mol/L
5.	In order to study the complex ion equilibrium: M3+(aq) + 2 Cl-(aq) ⇌ [MCl2]+(aq), 5.0 mL of 0.010 mol/L M3+ was added to 5.0 mL of 1.0 mol/L NaCl. From the measured cell potential, the calculated [M3+] was determined to be less than 10-7 mol/L. What is the concentration of [MCl2]+(aq) at equilibrium? Answer: 5.0·10-3 mol/L.
Reagents and Equipment
	· 1.00 mol/L KNO3 
	· 1.00·10-1 mol/L AgNO3

	· 1.00 mol/L Na2CO3 
	· 1.00·10-2 mol/L AgNO3

	· 1.00 mol/L AgNO3 
	· 1.00·10-3 mol/L AgNO3

	· 1.00 mol/L Cu(NO3)2 
	· 1.00·10-4 mol/L AgNO3

	· 24-well polystyrene plate
	· LabQuest 2 Unit with voltage sensor

	· Ag, Cu wires or strips
	· filter paper






Procedure
Use the emery cloth to burnish the electrodes to a shiny state. This removes any oxidation from the electrodes that could impede the electrochemistry and affect the measured potentials. Before each use, ensure the electrodes are shiny.
Part I: Effect of Concentration on Electrode Potentials
Instructions are given below for preparing a reference half-cell and five test solutions, all containing AgNO3. Do not spill AgNO3 on your hands or clothes as it produces black stains which do not wash off. Be sure to record the location of each solution in the well plate. The test solutions contain AgNO3 (1.00·10-1 mol/L, 1.00·10-2 mol/L, 1.00·10-3 mol/L, 1.00·10-4 mol/L) respectively. The dilute solutions have had KNO3 added to them to keep the ionic strength constant. This way the Ag+ activity is kept nearly constant.
You will use a 24-well plate as you did in the previous experiment. Make sure that the wells are clean and dry before beginning the experiment. Using the dropper on the reagent bottle, add 1.00 mol/L KNO3 to a center well so that the well is about 2/3 full. Using Figure 1, carefully fill five wells surrounding the 1.00 mol/L KNO3 cell with the following AgNO3 solutions: 1.00 mol/L, 1.00·10-1 mol/L, 1.00·10-2 mol/L, 1.00·10-3 mol/L, 1.00·10-4 mol/L. Fill the wells approximately 2/3 full. Be careful not to contaminate solutions with one another.
Using a piece of filter paper, cut 5 strips of filter paper approximately this size ([image: ]) to extend from the KNO3 solution to each of the AgNO3 solutions. Obtain two pieces of silver foil and bend them so there is a hook on one end. Using one alligator clip, attach one electrode to the probe of the black lead from the voltmeter and put in the 1.00·10-4 mol/L solution of AgNO3. Put the other electrode in the reference 1.00 mol/L AgNO3 solution. To measure the voltage, press the metal probe from the red lead firmly against the Ag electrode in the 1.00 mol/L reference cell. Be careful not to allow the alligator clip or the metal probe touch the solutions. The cell potential will decrease as reaction proceeds and moves towards equilibrium. Record the first stable voltage reading obtained.
Keeping the silver electrode clipped to the black lead, remove it from the 1.00·10-4 mol/L solution, dry it on paper towel and place it into the 1.00·10-3 mol/L solution. Repeat the above procedure to measure the voltage of this half-cell against the 1.00 mol/L reference solution and record the value. Repeat this procedure using the other two test solutions, remembering that we will assume a value of 0.000 V for a 1.00 mol/L AgNO3 test solution. Save the test solutions for use in Part II. The potential between two 1.00 mol/L AgNO3 solutions is expected and assumed to be zero.
Part II: Determination of an Equilibrium Constant
In the same circle around the KNO3 used in Part I, fill another well approximately 2/3 full with 1.00 mol/L Cu2+ solution and connect it with a piece of filter paper to the KNO3 solution. Place a copper electrode into this solution. Then, using this half-cell as the reference, determine the cell potentials using each of the Ag+ solutions from Part I as test half-cells. Again, begin with the most dilute silver solution. Record your results in the table for Part II on the Observation Sheet.


Part III: Determination of a Solubility Product
Your instructor will assign to you a volume of 1.00 mol/L Na2CO3 to be combined with 1.00 mL of 0.100 mol/L AgNO3 in a 50 or 100 mL beaker. Record the concentration and the volume of the Na2CO3 reacted on your Observation Sheet. Mix the reaction solution thoroughly then transfer part of this reaction solution with a small amount of precipitate into a well in the 24-well plate close to the reference 1.00 mol/L AgNO3 half-cell (as shown in the diagram). Place a strip of Ag(s) in this test solution to serve as the electrode. Use a filter paper strip as before to form a salt bridge from this solution to the KNO3. Measure the cell potential and record the value on your Observation Sheet.
Before leaving the laboratory, check that all your equipment is clean and returned to your drawer. All communal equipment must be clean and returned to the designated location in the laboratory.
Remember to have your Observation Sheet(s) signed and turn in the original copy to your laboratory instructor before leaving.


[bookmark: _Hlk514406201]Assessment and report: 
Experiments S and T will be assessed together (20 points total) as follows:
Written report and observation sheets (10 points): The data gathered as part of Experiments S and T (S-13 and T-9) must be submitted. As well, a written report (T-11 through T-14) will be submitted at the start of Experiment U. Note that the submitted report will focus on Experiment T, and will require you to submit two graphs prepared using spreadsheet software.
Online Quiz (10 points): The material covered in Experiment S will be subject to a quiz at the start of Experiment U. The quiz will be administered online via BlackBoard, so you are strongly encouraged to bring your laptop, tablet, or other device to complete the quiz. The quiz focuses on Experiment S, and to prepare for the quiz, you should be prepared to:
Correctly perform calculations and answer questions similar to the practice questions provided on pages S-9 through S-11.
Answer questions similar to those posed in the advanced study assignment for Experiment S (S-5).

Observation Sheet: The Nernst Equation and Its ApplicationsAssessment
Experiments S & T
Report		______ /10
Quiz (Online)	______ /10
Total		______ /20

Note: Record all cell potentials to 3 decimal places.


Part I: Effect of Concentration on Electrode Potentials
	
	[Ag+] (mol/L)
	Ecell (V)
	Cathode

	1
	1.00 × 10-4 
	0.234
	Ag(s) in 1.00 mol/L sol’n

	2
	1.00 × 10-3 
	0.173
	Ag(s) in 1.00 mol/L sol’n 

	3
	1.00 × 10-2 
	0.119
	Ag(s) in 1.00 mol/L sol’n

	4
	1.00 × 10-1 
	0.058
	Ag(s) in 1.00 mol/L sol’n

	5
	1.00 
	0.000 (assumed)
	Ag(s) in 1.00 mol/L sol’n


Part II: Determination of an Equilibrium Constant
	
	[Ag+] (mol/L)
	[Cu2+] (mol/L)
	Ecell (V)
	Cathode

	1
	1.00 × 10-4 
	1.00 
	0.253
	Ag(s) in 1.00 x 10^-4mol/L sol’n

	2
	1.00 × 10-3 
	1.00 
	0.324
	Ag(s) in 1.00 x 10^-4mol/L sol’n

	3
	1.00 × 10-2 
	1.00 
	0.352
	Ag(s) in 1.00 x 10^-4mol/L sol’n 

	4
	1.00 × 10-1 
	1.00 
	0.400
	Ag(s) in 1.00 x 10^-4mol/L sol’n

	5
	1.00 
	1.00 
	0.044
	Ag(s) in 1.00 x 10^-4mol/L sol’n


Part III: Determination of a Solubility Product (Ksp)
[Na2CO3]:	___1.00 mol/L______________		volume of Na2CO3 used:	__4.00mL_______________
[AgNO3]:	_0.100 mol/L________________		volume of AgNO3 used:	__1.00 mL_______________
Ecell:		___0.266V______________		Cathode:			__Ag(s) in 1.00 mol/L sol’n_______________
Student: (name)___________________________	 (signature)______________________________________________
Instructor: (signature)_____________________	 Bench # _______	Laboratory Section: ______
	CHEM 102: Nernst Equation Sign-out Checklist


	Equipment Cleaned and returned to Common Glassware Drawer
	Initials

	50mL Beaker
	

	

	Equipment Cleaned and Returned to Special Issue Drawer
	Initials

	24 Well Plate
	

	

	Equipment Returned to Bench
	Initials

	LabQuest
	

	Differential Voltage System
	

	Glass Rod (or tweezers)
	

	Sand Paper
	

	Vial of Electrodes (2 silver and 1 copper)
	

	

	Other Cleaning and/or Upkeep
	Initials

	Bench wiped with a damp paper towel
	

	Sinks clear of broken/dirty glassware
	

	Water bottles returned to end of bench
	

	Benches clear of paper towel debris
	











Student: (name)___________________________	(signature)_______________________________________________
Instructor: (signature)____________________	Bench # ______	Laboratory Section: ______
Report: Experiment S (Voltaic Cells) & Assessment
Experiments S & T
Report		______ /10
Quiz (Online)	______ /10
Total		______ /20

Experiment T (The Nernst Equation)

Name: ____________________________ Bench #______
Section: ___________ Date: ________________________
Laboratory Instructor: __________________________
Exp. S: Voltaic Cells
The material from Experiment S will be primarily assessed by means of an online quiz administered at the start of Experiment U.
Exp. T Part I: Effect of Concentration on Electrode Potentials
1. Complete the following Table: (0.4)

	
	[Ag+] (mol/L)
	Qcell
	log Qcell
	Measured potential (V)

	1
	1.00 × 10-4 
	
	8
	

	2
	1.00 × 10-3 
	
	6
	

	3
	1.00 × 10-2 
	
	4
	

	4
	1.00 × 10-1 
	
	2
	

	5
	1.00 
	
	0
	



2. Based on your results from the measured cell potentials in the above Table, prepare a graph of Ecell versus log Qcell for Part I. You should use spreadsheet software and attach a hardcopy of the graph with this report. The graph should include a calculated best-fit line. (1.0)


[image: ]


a. What is the slope of the best fit line for the graph, including units? (0.2)

The equation of the best fit line is 

The slope of the best fit line=

b. What is the value of the y-intercept of the best-fit line for the graph, including units? 
(0.2)
y-intercept

3. In the previous question, you reported the measured (experimental) value for the slope and y-intercept of the best-fit line.

a. Theoretically, based on the Nernst equation, what should be the value of the slope of this best-fit line. Explain your answer. (0.4)

Experimental value of the slope is . This is from the Nernst equation

Comparing with the equation of a line,
                                                                         
                                                                        
                                                                           
                                                                           
This implies that the  slope = at equilibrium 
 
 

b. Theoretically, based on the Nernst equation, what should be the value of the y-intercept of this best-fit line. Explain your answer. (0.4)


The experimental value of y-intercept=
Exp. T Part II: Determination of an Equilibrium Constant: 
2 Ag+(aq) + Cu(s) ⇌ Cu2+(aq) + 2 Ag(s)
4. Complete the following Table: (0.4)
	
	[Ag+] (mol/L)
	Qcell
	log Qcell
	Measured potential (V)

	1
	1.00 × 10-4
	100,000,000
	8
	0.253

	2
	1.00 × 10-3
	1,000,000
	6
	0.324

	3
	1.00 × 10-2
	10,000
	4
	0.352

	4
	1.00 × 10-1
	100
	2
	0.400

	5
	1.00
	0
	0
	0.044


[bookmark: _30j0zll]
5. The equilibrium constant for the reaction:    2 Ag+(aq) + Cu(s) ⇌ Cu2+(aq) + 2 Ag(s) 
can be found experimentally by finding the Ecell values for a series of cells in which the [Cu2+] is kept constant and the concentration of Ag+(aq) varies. By plotting a graph of Ecell versus log Qcell, the value of Qcell when Ecell = 0.000 V can be determined from the x-axis intercept. When Ecell = 0.000 V then the system is at equilibrium and Qcell equals Keq. 
Prepare a graph of Ecell versus log Qcell for Exp T. You should use spreadsheet software and attach a hardcopy of the graph with this report. The graph should include a calculated best-fit line. (1.0)
[image: ]


a. What is the slope of the best fit line for the graph, including units? (0.2)

The equation of the best fit line is 
 

b. What is the value of the y-intercept of the best-fit line for the graph, including units? (0.2)


 

c. Using the linear equation for the best-fit line, calculate the value of the x-intercept, which is the value of x when y = 0. (0.5)
 
But ,
 
                                 
                               




d. What is the experimental value for log Qcell when Ecell = 0.000V? Hint: consider your answer from part c. (above) and how it relates to the Nernst equation. What is the experimental value of Keq for this reaction? (0.5)
The experimental value of the x-intercept=.This is from the Nernst equation


Comparing with the equation of a line,
                                                                         
                                                                        
                                                                           
                                                                           
This implies that the x-intercept (
 
 
 
 
 


e. Calculate the theoretical Keq for the above reaction by using the appropriate standard reduction potentials from the Chemistry Data Sheet. (Note: At equilibrium, Ecell = 0.000 V.) (0.5)


                                                                     

                                                                  

                                                                   

6. A student performed a similar experiment using Au(s) instead of Ag(s) and Au+ instead of Ag+. If the student were to prepare a plot of Ecell versus log Qcell for his/her experimental data, what should be the values of the slope and y-intercept for the best-fit line? (0.8)

If the students uses  instead of   the only  thing that changes is 
 
 

 
Slope=-0.0592
y-intercept=2.02





Part III: Determination of a Solubility Product
7. Using the measured cell potential and the Nernst equation, calculate the [Ag+] in the test solution. (1.4)
The required equation =






 

 
 
0.266
 
 
 
 
 
 

 Answer: [Ag+]] =







 ____________
8. Calculate the equilibrium [CO32-] in solution after the reaction to form Ag2CO3 has established equilibrium. An ICE table may help with this calculation. (1.4)



                             
Initial                                             0                0
Change                                         +2x             x
Equilibrium                                   2x             x
               
             

          
        

Hence at equilibrium  concentration = Mol/L



										
Answer: [CO32-] = ____________
9. Using this [CO32-], and the [Ag+] that you obtained above, calculate the solubility product of Ag2CO3 (0.5)
                
                                            2x           x
              
               But x=5
               =
[bookmark: _GoBack]


 

Answer: Ksp of Ag2CO3 =5 ____________


End of Report						
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