Revised 1/08, RJE
Ionic Compounds #2
Precipitation
The goal of this experiment is to help students understand precipitation reactions involving ionic compounds.
OBJECTIVES

1. Predict if a precipitate will form when two ionic solutions are mixed.

2. Write total and net ionic equations for precipitation reactions. 

3. Explain what is happening (including chemical reactions) during a conductimetric precipitation titration.

I.  PRECIPITATION REACTIONS
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An ionic precipitation reaction occurs when two ionic solutions are mixed and one of the combinations of ions in the new solution creates an insoluble compound, which forms a solid in the solution.  A solution in which a precipitation reaction occurs looks cloudy, may be white or colored, and if left still, the precipitate typically settles to the bottom.

You can predict if a precipitate will form when two ionic solutions are mixed by looking at all the new, possible combinations of cations and anions and identifying if any produce insoluble compounds.  If you mix NaCl and AgNO3, the new possible combinations are NaNO3 and AgCl.  NaNO3 is soluble, but AgCl is insoluble, so you would predict that AgCl would precipitate.

In this section you will be asked to find two pairs of ionic solutions the WILL form a precipitate when mixed and two pairs of ionic solutions that WILL NOT form a precipitate when mixed.  You will then confirm or refute your predictions by mixing the solutions and observing what happens.

PROCEDURE
1.
Select two pairs of solutions that you think WILL form a precipitate and two pairs that WILL NOT form a precipitate when mixed. Use your Empirical Solubility Table from Ionic #1 and a list of Lab Reagents. Avoid solutions of hydroxides, which tend to produce unexpected results.  

WILL Precipitate

	Solution #1


	Solution #2


	Formula of Precipitate
	Observations

	
	
	
	

	
	
	
	


WILL NOT Precipitate

	Solution #1


	Solution #2


	Observations

	
	
	

	
	
	


2.
Obtain 3 mL of each solution in each of the tables.  Mix the pairs of solutions one at a time in a test tube and record your observations in the tables above.

II.  IONIC REACTIONS AND IONIC EQUATIONS

Equations for chemical reactions involving ionic compounds are sometimes written with compound or molecular formulas, called a molecular equation:



NaCl(aq) +  AgNO3 (aq)(  AgCl(s) +   NaNO3 (aq)


Your study of the chemical behavior of ionic compounds, as well as the data on electrical conductivity indicated that the aqueous solutions consist of individual ions.  We may write equations for such reactions in terms of the principal species (ions or compounds) actually present before and after the reaction, a total ionic equation, as follows:



Na+(aq) + Cl-(aq) + Ag+(aq) + NO3-(aq)  ( AgCl(s) + Na+(aq) + NO3-(aq)


In this equation neither the Na+ nor the NO3- ions have reacted; both are present as separate particles before as well as after the reaction.  They may, therefore, be omitted, and the equation becomes a net ionic equation:



Cl-(aq) + Ag+(aq)  ( AgCl(s)


A net ionic equation completely describes the net changes that have occurred as a result of reaction of the two solutions.


The following rules can serve to guide you in correctly writing the total and net ionic equations for a reaction.


1.
All soluble salts, except those few soluble salts which are incompletely ionized, are written as ions.  (To determine if a salt is soluble, you may refer to the Empirical Solubility Table from the Ionic #1 experiment.)


2.
All insoluble or slightly soluble salts are represented by their formulas with (s) for solid, for example, AgCl(s).


3.
Ions appearing on both sides of the total ionic equation should not be included in the net ionic equation.  If no compounds or ions remain after cancelling those ions appearing on both sides of the total ionic equation, then no reaction has occurred.  A reaction has occurred only if at least one of the products is insoluble, non-ionized or only weakly ionized.


4.
We will work with strong acids and bases in the next experiment, Ionic Compounds #3.  The rules for them are as follows: All strong acids and bases are written as ions.  All weak acids and bases are written as compounds (you should memorize which common acids and bases are strong and which are weak).

Using the Empirical Solubility Table from Ionic #1 and the instructions on page 3, complete the equations below.  Make sure the equations are balanced.
(The first two are provided as examples)

Molecular
   BaCl2  +  Na2SO4  (  BaSO4(s)  +  2 NaCl 

Total Ionic
   Ba2+ + 2 Cl– + 2 Na+ + SO42– ( BaSO4(s) + 2 Na+ + 2 Cl–
Net Ionic 
   Ba2+(aq)  +  SO42–(aq) ( BaSO4(s) 

Molecular
   Na2CO3  +  CaCl2 (CaCO3(s)  +  2NaCl
Total Ionic
  2 Na+ + CO32-  +  Ca2+  +  2 Cl– (  CaCO3(s)    +  2 Na+ +  2 Cl–
Net Ionic 
  CO32-  +  Ca2+ ( CaCO3(s)  

Molecular
    AgNO3(aq)  +  CaCl2(aq)   (   AgCl(   )  +  Ca(NO3)2(   )
Total Ionic
    __________________________________ ( ___________________________

Net Ionic 
   __________________________________ ( ___________________________

Molecular
    NaOH(  )    +    CaCl2(  )  
(
Total Ionic
    __________________________________ ( ___________________________

Net Ionic 
   __________________________________ (____________________________

Molecular
    NH4NO3(  )   +    KCl(  )   
( 
Total Ionic
    __________________________________ ( ___________________________

Net Ionic 
   __________________________________ (____________________________

Molecular
   Mg(NO3)2(  )   +   Na2CO3(  )   (
Total Ionic
    __________________________________ ( ___________________________

Net Ionic 
   __________________________________ (____________________________

Molecular
    H2SO4(  )    +   Pb(NO3)2(  )   (
Total Ionic
    __________________________________ ( ___________________________

Net Ionic 
   __________________________________ (____________________________

For each of the five anions in the Empirical Solubility Table from Ionic #1 (Cl-, CO32-, NO3-, OH-and SO42-), write the net ionic equation for a reaction that would produce a precipitate:

1. Cl-
2. CO32-
3. NO3-
4. OH-
5. SO42-
III. A STEP-BY STEP PRECIPITATION REACTION

In this section you will run a precipitation titration with conductimetric detection.  Basically, you will put one solution in a beaker and add the second solution drop by drop, all the while measuring and recording the conductivity of the solution.  A plot of conductivity vs. volume of solution added will be made and used to interpret what ions and how much of each ion is in the solution at each point in the reaction.  

Write total and net ionic equation for the reaction between Pb(NO3)2(aq) and K2SO4(aq).
Total Ionic Equation:












Net Ionic Equation:











Atomic level pictures of the titration

1.
In this experiment, you will be reacting Pb(NO3)2 in the beaker with K2SO4 from the buret.  The sketches below represent your system before the titration has started. 

(a) Draw an atomic level sketch of the beaker that contains the Pb(NO3)2. Use 4 formula units of Pb(NO3)2 (in other words, 4 Pb(NO3)2’s.) 

(b) Draw an atomic level sketch of the buret that contains the K2SO4. Use 8 formula units of K2SO4.

2.
In this experiment, you will slowly add the K2SO4 from the buret to the beaker containing Pb(NO3)2. 

(a) Sketch a beaker where 2 formula units of K2SO4 were added to the original 4 formula units of Pb(NO3)2. Clearly differentiate between ions dissolved in solution and ions in the solid precipitate. This represents an early portion of the step-by step reaction.

(b) Sketch a beaker where 4 formula units of K2SO4 were added to the original 4 formula units of Pb(NO3)2. Clearly differentiate between ions dissolved in solution and ions in the solid precipitate. This represents a middle portion of the step-by step reaction.

(c) Sketch a beaker where 6 formula units of K2SO4 were added to the original 4 formula units of Pb(NO3)2. Clearly differentiate between ions dissolved in solution and ions in the solid precipitate. This represents a late portion of the step-by step reaction.
(d) Sketch a beaker where 8 formula units of K2SO4 were added to the original 4 formula units of Pb(NO3)2. Clearly differentiate between ions dissolved in solution and ions in the solid precipitate. This represents a late portion of the step-by step reaction.
3. Complete this table for the addition of potassium sulfate solution to lead nitrate solution

	Composition of solution
	4 Pb(NO3)2
	4 Pb(NO3)2   and 

2 K2SO4
	4 Pb(NO3)2 and 

4 K2SO4
	4 Pb(NO3)2 and 

6 K2SO4
	4 Pb(NO3)2 and 

8 K2SO4

	number of K2SO4 formula units added
	
	
	
	
	

	number of K+ ions
	
	
	
	
	

	number of SO42- ions
	
	
	
	
	

	number of NO3- ions
	
	
	
	
	

	number of Pb2+ ions
	
	
	
	
	

	number of formula units of PbSO4
	
	
	
	
	

	total number of ions in solution
	
	
	
	
	


4. Open an untitled file in LoggerPro. Enter the “units of K2SO4 added” in the x column and the corresponding “total number of ions” in the y column. Observe the plot. If the plot is hard to see, click on the graph area and select “point protectors” as an option. Hit the “Autoscale” button on the toolbar.

5. Explain why the graph contains two different linear regions. 

6. Print your graph from step 4 (previous page) or accurately sketch it below.

MATERIALS

	computer
	50 mL graduated cylinder

	Vernier computer interface
	magnetic stir bar and stir plate

	Logger Pro
	50 mL buret

	Vernier Conductivity Probe
	250 mL beaker

	ring stand
	600 mL waste beaker

	1 utility clamp and 1 buret clamp
	0.1 M Pb(NO3)2  solution

	wash bottle with distilled water
	0.2 M KNO3 solution

	10 mL graduated cylinder
	0.1 M K2SO4 solution 


Procedure

1.
To prepare the titration solution, add 10 mL of 0.1 M Pb(NO3)2, 10 ml of 0.2 M KNO3 and 50 mL of deionized water to a 250-mL beaker (the KNO3 is added to improve the conductivity measurements).  Add the magnetic stir bar to the beaker.

2.
Set up the titration apparatus as follows:

a.
Connect the conductivity probe to Channel 1 of the interface. Set the selector switch on the Conductivity Probe to the 0-20000 range. Connect the interface to the computer with the proper cable and plug the interface into an electrical outlet.

b. Support the conductivity probe using a utility clamp. Immerse the probe in the 250-mL beaker containing the titration solution.  Place a magnetic stir plate beneath the beaker and center the beaker in the middle of the plate.  The probe tip needs to be completely submerged in the titration solution, but it must not touch the magnetic stir bar.

c. Start the Logger Pro program on your computer.  The screen will automatically open a data table and a graph with conductivity and time axes. Extend the time scale (x-axis) to 500 seconds by clicking “Experiment” in the upper tool bar. Click “Data Collection.”  Adjust the “Length” to 500 seconds.  Click “Done.”

3.
Support the buret using a buret clamp or a utility clamp.  Close the stopcock (horizontal position).  Add about 50 mL of 0.1 M K2SO4 solution to the buret.  Place a waste beaker under the buret.  Open the stopcock (vertical position) to fill the buret tip with liquid.  Close the bottom stopcock.  Adjust the buret position so that it will add K2SO4 dropwise directly into the 250-mL beaker on the stir plate.

4. 
Conduct the titration.

a. Turn on the stir motor and adjust the setting to maintain gentle mixing.
b. Simultaneously click [image: image1.png]


 and adjust the stopcock so that K2SO4 is added dropwise (about one drop per second).  As the K2SO4 is added dropwise, the computer will begin collecting and plotting conductivity data versus time.  Observe the solution in the 250-mL beaker as the drops are added and record your observations.

c. Observe your graph.  The conductivity should vary linearly (or nearly so), then change slope and vary linearly again. You may need to adjust the x- and y-axis displays to see these slope changes. After collecting data for 500 seconds, click [image: image2.png]


 on the computer.  Turn the valve of the buret to a closed (horizontal) position.

d. Print out a copy of the conductivity versus time plot.

5.
WASTE:  DISPOSE OF LIQUID AND SOLID WASTE IN THE WASTE BOTTLE LABELED “LEAD SALTS.”
6.  On the conductivity versus time plot, record the following:

a.
Write both the total and net ionic chemical equations for the precipitation reaction.

b.
On the plot, identify which ions are in the solution (causing the conductivity) at four points:

i.   Before any K2SO4 is added.

ii.  After the start, but before the break point in the plot.

iii. At the break point.

iv. After the break point.

c.
On the plot, label two regions; the region where the precipitation reaction is proceeding and the region where the precipitation reaction is complete.

7.
How does your actual data compare to your prediction.  Explain any differences.

Post-Lab for Ionic #2

NAME: 










Section: 



1. Write a net ionic equation for the reaction that occurs between silver sulfate and barium chloride.
2.  Consider the stepwise addition of barium chloride to a solution containing 6 units of silver sulfate. You may find a series of beaker pictures quite helpful. 

	
	0 units BaCl2(aq) added
	1 units BaCl2(aq) added
	3 units

BaCl2(aq) added
	5 units BaCl2(aq) added
	7 units BaCl2(aq) added
	9 units BaCl2(aq) added
	10 units

BaCl2(aq) added

	Ag+ (aq)
	
	
	
	
	
	
	

	SO42- (aq)
	
	
	
	
	
	
	

	Ba2+ (aq)
	
	
	
	
	
	
	

	Cl– (aq)
	
	
	
	
	
	
	

	BaSO4 (s)
	
	
	
	
	
	
	

	AgCl (s)
	
	
	
	
	
	
	

	total ions in solution
	
	
	
	
	
	
	


3. Sketch the titration curve (a graph of conductivity versus amount of solution added) 

LAB PRACTICAL QUESTIONS


1.  Are any of the chemicals used today listed as possible unknowns on the LAB PRACTICAL assignment sheet?  If not, skip questions 2-4 this week.  If yes, proceed to question 2.

2.  Which chemicals used this week are possible unknowns?

3.  Do these chemicals have any unique characteristics that could be used to distinguish them


(a)  from chemicals in other groups?  Explain how.


(b) from other chemicals in the same group?  Explain how.
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