
Fact:  Many barium compounds are extremely poisonous, yet barium sulfate is routinely swallowed by patients in order to get clearer x-ray pictures of their lower intestines.  Why doesn’t barium sulfate poison these patients?

Fact:  It is possible to saturate a swimming pool with silver bromide and kill off all the nasty little micro-organisms such as algae and bacteria, so that the pool water remains clean and sparkling, yet the water is as pure as drinking water and harmless to people.  Since silver ion is a heavy metal ion and hence dangerous to our health in large doses, how is it possible that water saturated with silver bromide doesn’t harm us?
The answers to the puzzling questions posed above lies in the low solubility of many salt compounds.  

Introduction:

When ionic solids dissolve, they dissociate into their positive and negative ions that make up the solids.  These ions become hydrates and have the same relative proportions when in solution and when solid.  The more the solid dissolves, the more the ion concentration increases.  This increase in ion concentration allows for the reverse reaction (crystallization) to occur.  Eventually the rate of dissolving will equal the rate of crystallization.  This state of saturation is called equilibrium.  This state can be recognized by a constant color or constant mass.

Consider the solubility equilibrium of a saturated solution of AgCl:
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In the above diagram, the rate at which the AgCl(s) dissolves is equal to the rate at which the dissolved ions of Ag+ and Cl- are crystallizing (precipitating out of solution to become part of the solid phase).
Solubility Equilibrium:  
AgCl(s)  ↔  Ag+(aq)  +  Cl-(aq)

 
The solubility product constant, Ksp of the above process is given below:
 Ksp for AgCl is:

Ksp = [Ag+][Cl-]

This value (determined by multiplying the concentration of the silver ion with that of the chloride ion) gives the relationship between the ions in the saturated solution. At this point this is the maximum concentration possible without creating precipitation.  
All low solubility salts will exhibit similar mathematical relationships.  The position of the equilibrium is dependent upon the type of solid and the temperature.  One such salt, PbI2, will be investigated in this lab.  Its solubility equilibrium and Ksp expression are given below:

Solubility Equilibrium:  
PbI2(s)   ↔   Pb2+(aq)  +  2I-(aq)
Ksp for PbI2 is:


Ksp = [Pb2+][I-]2
The solubility product constant (Ksp) of a substance numerically represents the position of the equilibrium at saturation, as the substance dissolves at a certain temperature. Note that in the equation the concentration of the iodide ion is squared and then multiplied by the concentration of the lead ion to get the solubility product value. Explain why this calculation needs to be carried out this way.

As one expect, low values represent low solubility, high values represent low solubility.


Prior to performing this experiment, it may be helpful to view the following animations to observe the dissolving of a salt and the formation of a precipitate.  This will aid in drawing molecular diagrams as you proceed through the experiment.


Purpose:  
To determine the concentrations of Pb2+ (aq) and I-(aq) in the equilibrium system:  
Pb2+(aq)  +  2I-(aq) ↔  PbI2(s)  
and use this information to calculate the solubility product constant, Ksp, for lead(II) iodide.
Materials:

2-250 mL beaker

1-10 mL graduated cylinder

1 eyedropper

2 scoopulas

Solid Pb(NO3)2
Solid KI

2 glass stirring rods

2-100 mL volumetric flasks
Electronic scale

2 Weigh boats

Distilled water

Pre-Lab exercise:

1.  Calculate the mass of Pb(NO3)2 required to make 100 mL of a 0.100 mol/L solution
2. Calculate the mass of KI required to make 100.0 mL of a 0.100 mol/L solution.

3.  Write the chemical equation that describes the equilibrium between lead(II)iodide and its ions at saturation.
Procedure:

1. Use an electronic balance to obtain the masses of Pb(NO3)2 and KI determined in the pre-lab exercise.  The Pb(NO3)2 and KI should be massed in weigh boats and each added to separate 100 mL volumetric flasks.

2.  Add about 50 mL of water to each volumetric flask and swirl to completely dissolve each salt.  Once each salt is dissolved, continue to add distilled water until close to the 100 mL mark on the volumetric flask.   Then, continue to add distilled water with an eyedropper until the 100 mL mark is reached.  Why is it important not to overshoot this mark?  Empty the contents of both volumetric flasks into separate 250 mL beakers.
3. Draw a diagram of the components (i.e. ions and molecules) of each of the 250 mL beakers prepared in step 2.  Circle the ions that will form a precipitate when mixed together.

4.  Calibrate an eyedropper by counting the number of drops of KI solution required to fill a 10 mL graduated cylinder to the 10 mL mark.  Be sure to hold the eyedropper completely vertical.  (Why?)  Divide the number of drops obtained by 10 to give the number of drops per mL.  Record this information in the data table below.  

5. Fill the eyedropper with KI solution.  Hold the eyedropper completely vertical above the Pb(NO3)2 solution and add the KI solution one drop at a time, stirring after each addition.  Keep an accurate record of the number of drops of KI solution added.

6. Draw a diagram of the ionic/molecular components of the reaction beaker containing Pb(NO3)2 solution and added KI. 

7. Continue this drop-by-drop addition of KI, with stirring, until the faintest yellow color of the PbI2 formed persists, even after stirring.  It may be useful to use a white piece of paper as a background so that the color can be seen more clearly.  This is the saturation or equilibrium point of PbI2.  
8. Record the total number of drops of KI added to reach the equilibrium point in the data table provided.

Data:

#drops / 10.0 mL from eyedropper = __________ drops

#drops / mL from eyedropper = __________ drops

# drops of 0.100 mol/L KI added to reach the desired point = __________ drops 


Calculations:
1.  Calculate the volume of KI added in step 8 of the procedure to reach the equilibrium point.  Use your drop data.

2.  Calculate the initial number of moles of Pb2+ in the 100 mL volumetric flask.  Then calculate the number of moles of I- ions added in step 8 of the procedure.

3. Calculate the total volume of the equilibrium solution in litres.

4. Calculate the equilibrium concentrations in mol/L of both the Pb2+ and the I- ions using your results from calculations in #2 and #3 above.

5. Write the Ksp expression for this reaction and determine the numerical value of this constant from your calculations in # 4 above.  Why is the iodide ion concentration squared in the Ksp expression?
6. If the actual Ksp for PbI2 at 25oC is 8.5x10-9, what is the percentage error for this lab?

%error = experimental Ksp – Actual Ksp   X   100  =  

                                


            Actual Ksp  
7. Was this experiment actually done at 25oC?  If it was done at less than 25oC, how would your results (i.e Ksp value) be affected?  What if the temperature was warmer than 25oC?  What happens to the ion concentrations of Pb2+ and I- when the temperature is raised?  What would happen to the value of the Ksp as a result of the temperature increase?
8. Explain why, with reference to the bonds in solid PbI2, the PbI2 is more soluble as the temperature of a saturated PbI2 solution increases.
9. One of the major errors in this experiment is the fact that the Pb2+ and I- concentrations are being measured in solutions of Pb(NO3)2 and KI rather that in pure water.  Due to the Common Ion Effect, PbI2 is less soluble in these solutions that in pure water.  If the Ksp of PbI2 was being measured in a pure water solution, would the Ksp value you obtained be expected to be smaller or larger than the one actually obtained?

10. Distinguish between the expressions, ‘dilute’, ‘concentrated’ and ‘saturated’.  Which of these terms could be used at a condition of equilibrium?

11. If additional solid PbI2 were added to a saturated solution of PbI2, what would be the effect on the ion concentrations?

Optional Activity:

A more accurate way of calculating the Ksp of PbI2 would be to follow the procedure as listed in this experiment but with varying concentrations of Pb(NO3)2.  Try adding the same 0.1 mol/L KI solution to separate 0.25 mol/L, 0.10 mol/L, 0.05 mol/L, 0.02 mol/L and 0.01 mol/L solutions of Pb(NO3)2.  The value of Ksp obtained will be closer to the actual value at infinite dilution.  Calculate the ion concentrations and the Ksp of each trial and then plot log Ksp as a function of [Pb2+] and extrapolate the plot to [Pb2+] =0.  
Summary:

The following statements were posed in the introduction to this experiment:

Fact:  Many barium compounds are extremely poisonous, yet barium sulfate is routinely swallowed by patients in order to get clearer x-ray pictures of their lower intestines.  Why doesn’t barium sulfate poison these patients?

Fact:  It is possible to saturate a swimming pool with silver bromide and kill off all the nasty little micro-organisms such as algae and bacteria, so that the pool water remains clean and sparkling, yet the water is as pure as drinking water and harmless to people.  Since silver ion is a heavy metal ion and hence dangerous to our health in large doses, how is it possible that water saturated with silver bromide doesn’t harm us?
The answers to the above questions lie in the low solubility of these ionic compounds.  
Ksp AgBr = 7.7 x 10-13 at 25oC

Ksp BaSO4 = 1.08 x 10-10 at 25oC

Both barium sulfate and silver bromide are compounds of low solubility and thus don’t dissociate into many ions.  It is the actual ions that are harmful, and not the molecular compound.  If few ions are produced upon dissociation, then few ions are present to cause harm.  These low solubility salts, and many others, have become very useful – particularly in the medical field. 

The following is another example of precipitate formation, forming PbCl2 from Pb(NO3)2 and NaCl.  In this case a white precipitate of PbCl2 forms.  Notice the regular arrangement of the solid PbCl2 molecules and the random ions in solution.
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The following website shows a molecular view of the salt NaCl dissolving into water:





�HYPERLINK "http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/molvie1.swf"�http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/molvie1.swf�








The following website will show a molecular view of the precipitation reaction between any of the following compounds:  NaCl, AgNO3, KOH 





�HYPERLINK "http://www.mhhe.com/physsci/chemistry/animations/chang_7e_esp/crm3s2_3.swf"�http://www.mhhe.com/physsci/chemistry/animations/chang_7e_esp/crm3s2_3.swf�




















