SOLUBILITY UNIT
***********************************************************

Section I – Ionic and Molecular Solutions
You might have noticed that this unit is called "Solubility of Ionic
Substances". While this unit doesn't deal with molecular (or covalent)

substances, you still have to know which are which by looking at formulas

for the substances.

You must have your Periodic Table and Table of Common Ions. 
First, a little Chemistry 11:
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Remember the "staircase" which separates metals from non-metals?

The following rules will help you decide whether a compound forms an Ionic or Molecular Solution in water:

Rules for Ionic and Molecular Solutions:

1.
Compounds made up of a metal (left side of staircase) and a non-metal (right side of staircase) form Ionic Solutions.

Here are a couple of examples:

NaCl forms an ionic solution.  We show this by writing a dissociation 

equation:         NaCl(s)  (   ______________________


AlCl3 forms an ionic solution:


                                              AlCl3(s)  (   ___________________
Both of these substances are made up of a metal and a non-metal. When 
they are dissolved in water, they break up into free ions.

2.
Compounds containing polyatomic ions form Ionic solutions.

Remember you can find polyatomic ions on the "Table of Common Ions".     Some examples are:  CO32- (carbonate), and  NO3- (nitrate).

Here's another example of a compound which forms an ionic solution:

KMnO4  (is made up of K+ ions and MnO4- ions). When it is added to 

water, it dissociates as follows: 


KMnO4(s) (   _____________________


MnO4- is a polyatomic ion called "permanganate" and is found on the Ion Table.
3.
Covalent Compounds (made up of a Non-metal and a Non-metal)

generally form Molecular solutions.

These include compounds in which both elements are found on the right
side of the stair-case.

An example is:  SCl2. (both S and Cl are on the right side of the staircase)

Another example is the element iodine (formula is I2). When iodine

dissolves in water it does NOT break up into ions. It simply stays as neutral

molecules and disperses itself in the water. The equation for it dissolving in

water would be:







I2(s)  (  I2(aq)

Notice, there are no ions in the product, just I2 molecules.
4.
Most organic substances (those with  C's, H's and O's in the same

formula) form molecular solutions with the exception of organic acids.
Common table sugar, for example is C12H22O11 . It forms a molecular

solution when dissolved in water.


C12H22O11(s)   (   C12H22O11(aq)

5.
Organic Acids (compounds with C's, and H's and a group called

COOH) consist of neutral molecules as a pure substance. When they

dissolve in water, they dissociate partially to form some ions, thus they

become Ionic Solutions.

Here are a couple of examples:  CH3COOH  (acetic acid) is molecular as a pure liquid (and doesn't conduct) BUT, when it is dissolved in water, some of the molecules break apart and form ions. This is called "ionization". Only a small fraction of the molecules will do that, so you get a limited number of free ions. This is what makes the solution a "Weak" conductor or Weak Electrolyte.
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CH3COOH(l)               H+(aq)   +    CH3COO-(aq)

The subscript (l) stands for a liquid. Notice that the arrow is double but the longer one pointing left tells us that the reactants are favoured. In other words, not many H+ and  CH3COO- ions are formed, but it is still called an ionic solution.

 Another example is   HCOOH(l). This partially ionizes. (the H comes off of 

the "COOH")
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HCOOH(l)               H+(aq)  +   HCOO-(aq)

An important note here:  Only compounds ending in the entire group,

"COOH" are organic acids!

Compounds with C's, H's and ending in "OH" are still regular organic compounds and you can think of them as molecular.

 eg.) CH3CH2COOH when dissolved in water forms an ionic solution. (It ends in "COOH", so it is an organic acid.)

eg.) CH3CH2OH forms a molecular solution in water. Compounds with C's and H's and ending in "OH" are called alcohols. These are all molecular.

One more little note:  Although "OH" is a polyatomic ion in ionic compounds, when you see it with organic compounds (containing C's, & H's mostly), it does NOT act as an ion.

CH3OH is molecular. The letters "OH" at the end of a compound with C's

and H's indicate an alcohol, which is molecular.

We can show the equation for this substance dissolving in water as follows:



CH3OH(l)  (  CH3OH(aq)

Notice that the substance does NOT produce ions. It stays together as

CH3OH molecules. During dissolving, these molecules fit into spaces

between water molecules.

As you can see, the way we show this is by changing the (l) subscript

(meaning pure liquid) to an (aq) subscript. (meaning a mixture of water

and whatever substance has the subscript.)

What Causes Conductivity?

If a liquid conducts an electrical current, it means the liquid must have
IONS in it.

(The only exception to this is liquid mercury, which is a metal.)

Even though a solid ionic compound is made up of ions, they are all "stuck

together" or "immobile" in the solid form. Therefore ionic compounds do

not conduct in the solid form.

When they are dissolved in water, the ions are removed from the solid and 
move independently anywhere in the solution.
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The "+" and "-" ions are now free to move around. The "+" ions would be 
attracted to a negative electrode and the "-" ions would be attracted to 
a positive electrode. In this way, the ionic solution conducts a current.

**********************************************************

What happens with a molecular solid dissolving in water is shown on the 
diagram.
A molecular solid (I2) dissolving:
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So, in summary, you can tell whether a solid is going to form an ionic or
molecular solution by what it is made up of:


1.



2.



3.



4.


5.  

Now you can do the Self-Test. Make sure you have your ion table with 
you!

Self-Test
1.
Decide whether each of the following compounds will form an Ionic (I) solution or a Molecular (M) solution in water. Assume that all substances dissolve at least partially.


a)
NiCl2   ................................................
________________________________


b)
CH3OH ..............................................
________________________________


c)
CH3CH2COOH .................................
________________________________


d)
Fe(NO3)3 ...........................................
________________________________


e)
K2Cr2O7 ............................................
________________________________


f)
C6H12O6 ............................................
________________________________


g)
PCl3 ....................................................
________________________________


h)
CsBr ..................................................
________________________________


i)
HNO3 ................................................
________________________________


j)
HCOOH ............................................
________________________________

2.
Write an equation showing what happens when each of the following are dissolved in water:   ("a" and "b" are done as an examples)


a)
Na2SO4(s) ; (ionic)          Na2SO4(s) (  2Na+(aq)   +    SO42-(aq)


b)
CH3OH(l) ;  (molecular)   CH3OH(l)     (     CH3OH(aq)


c)
KCl(s) .......................
_______________________________________________________


d)
NH4NO3(s)..............
_______________________________________________________

e)
Ca3(PO4)2(s) ............
_______________________________________________________

f)
CH3CH2CH2OH(l) ....
_______________________________________________________

g)
CH3CH2CH2COOH(l) 
_______________________________________________________

3.
When ionic solutions are formed, the material dissolving breaks up into _________. These are free to move around and therefore will conduct a ___________________

4.      When molecular solutions are formed, the material dissolving does 
         what? ______________________________________________________
***********************************************************

Section II – Solubility


1.
What is meant by the term "solubility".


2.
What conditions are necessary to form a saturated solution.


3.
What is happening at equilibrium in a saturated aqueous solution.


4.
How to write the net ionic equation which represents a saturated solution.

*****************************************************
Try to imagine what happens to the ions of a soluble solid ionic substance

as soon as you put it in water.

The following diagram might help you:
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At first, only the forward reaction is taking place:


Ionic Solid  (  Aqueous Solution
As you may imagine, however, this situation does not continue very long.

As dissolving continues, more and more free ions are found in solution. The

chances that a free ion will collide with the crystal and stick onto it

(precipitation or crystallization) get greater and greater.

What happens now is that the reverse reaction rate (which was initially

zero), gradually increases:                                                                              
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Now there are more free 

ions in solution. because 

the crystal has dissolved 

for awhile.

Some of these free ions     

(eg. this one) will 

wander close to the 

crystal and stick onto 

it..  This process is 

called 

precipitation

.


As you have probably guessed by now, as more free ions are found in the 
solution, the rate of precipitation will continue to increase. 

Also, because the solution is getting "full" of ions (saturated with them), the 
rate of dissolving will decrease.

Sooner or later, the rate of the precipitation become equal to the rate of 
dissolving.

This is the situation we call  Solubility Equilibrium



Solubility Equilibrium exists when


The solution that forms when some solid is still present and solubility equilibrium exists is called a saturated solution:

The equilibrium could be described by an equation with a double arrow:


Ionic Solid   [image: image3.wmf]   Aqueous Solution

A real example might be:


CaCO3(s)  [image: image4.wmf]  Ca2+(aq)  +    CO32-(aq)

Now, there's a term which describes how much of the solid dissolves at a

given temperature. See if you can guess the term before you read the

next line! 

Well, the term that describes how much solid dissolves at a certain

temperature is called the Solubility. (like the "ability" to dissolve.)

Another way of saying this is that the solubility is the amount that has 
dissolved at a given temperature. 

Remember that once equilibrium is established, dissolving will continue,

but so will precipitation (at the same rate). So the concentration of the

solution will stay constant as long as equilibrium is maintained. This

concentration is called the equilibrium concentration.

A definition of solubility is:

Net Ionic Equations for Solubility Equilibrium

As was mentioned earlier, when a dissolving substance is at equilibrium:


The rate of dissolving = The rate of precipitation

We show this is at equilibrium by writing a double arrow. Chemists have 
chosen to show the solid on the left and the dissolved ions on the right. 
(Even though we know both the forward and reverse reaction are

happening.)

The Net-Ionic Equation which represents the equilibrium reached when 
MgSO4(s) is dissolving is as follows:


MgSO4(s)   [image: image5.wmf]    Mg2+(aq)   +   SO42-(aq)

This of course means that the MgSO4(s) is dissolving and the  Mg2+(aq)  and   
SO42-(aq)are precipitating to form MgSO4(s) at the same rate.

Since a saturated solution exists at equilibrium, this can also be referred to 
as the equation which represents what is going on in a saturated solution 
of MgSO4 or an equation describing the equilibrium present in saturated

MgSO4.  

Notice that the "4" subscript in the SO42-(aq) ion does NOT change. You 
cannot change the subscripts in a polyatomic ion!

Here's another example:  Write the Net-Ionic Equation for a saturated 
solution of AlCl3.

Answer:    AlCl3(s)  [image: image6.wmf]     Al3+(aq)  +    3Cl-(aq)

Notice that the "3" subscript after the "Cl" in AlCl3 comes up in front of the 
Cl- ion in the products.  This is because there is no such ion as Cl3. Check 
the ion sheet for this. There is only Cl-.  


Ions in your Net-Ionic Equation must have the same formulas and charges as the ones shown on the Table of Common Ions!

Assignment

1.
Define the solubility of a substance (use the word equilibrium in your definition.)



________________________________________________________________________



________________________________________________________________________



________________________________________________________________________

2.
What two conditions are necessary to have a saturated solution of a substance?


1.
______________________________________________________________________


2.
______________________________________________________________________

3.
When a substance is first mixed with water, the rate of dissolving is 


(fast/slow)______________ and the rate of precipitation (or crystallization) is (fast/slow/zero)_________________________


As time goes on, the rate of precipitation gets ____________ and the rate of dissolving gets ______________. When the rate of dissolving  =  the rate of precipitation,  ____________________________________  has been reached.

4.
Give the Net-Ionic Equation which represents a saturated solution of each of the following ionic substances in water:(Hint: These are just like dissociation equations but they have a double arrow, indicating equilibrium.)


a)
Ag2SO4(s)
__________________________________________________________


b)
FeS(s)
__________________________________________________________


c)
Mg(OH)2(s)
__________________________________________________________



d)
Ca3(PO4)2(s)
___________________________________________________________________



e)
BaSO3(s)
__________________________________________________________



f)
(NH4)2CrO4(s)
__________________________________________________________



g)
Fe(OH)3(s)
__________________________________________________________



h)
Al2(SO4)3(s)
__________________________________________________________

Section III - Solubility of Ionic Substances

Here’s what you need to learn today!

1.
How to use the Solubility Table to develop a scheme for identification of an unknown ion in a solution.

2.
How to use the Solubility Table to outline a procedure to separate two ions from a solution through precipitation.

**********************************************************

NOTE: 
While doing this Tutorial, make sure you have a copy of the Table

called: "SOLUBILITY OF COMMON COMPOUNDS IN WATER" (called the 
Solubility Table from now on.)


You will be referred to different parts of it as we're going through this, so

have it right by your side!

Qualitative Analysis

The term Qualitative Analysis means the use of experimental procedures 
to determine what elements or ions are present in a solution or substance.

In this unit, we will see how differences in solubility can help determine 
what an unknown ion is.

It's best to see how this is done using an example:

First, remember that on the Table:



"Low Solubility"  means that a precipitate will form.



"Soluble" means that a precipitate won't form.

Let's say we have a solution which we know contains either Ag+ or  Ba2+, 
but we're not sure which. Now Ba2+ is known to be more poisonous, so we 
could get someone to drink it and see how fast they die. This, however is 
not advisable!

Another method would be to consult the Solubility Table and find 
something (a negative ion) which will form a precipitate with one of these 
Ag+ or  Ba2+) but not the other.

Let's locate both of these ions on the Table. The Positive Ions are all in the 
center column.

As you can see, both of these ions appear in several places

If both Ag+ &  Ba2+ appear in the same group on the Table, that is not a 
good choice to use!
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For example, look at the part of the Table with Sulphate (SO42-) on the left:
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You can see that both Ag+ and Ba2+ form a precipitate with sulphate. So 
putting sulphate (SO42-) in the solution would not show anything! You 
would get a precipitate no matter which ion (Ag+ or  Ba2+) was in there!

What you must look for is something which forms a precipitate with one of 
them (Ag+ or  Ba2+) but NOT with the other one! 

Now look in the box above sulphate:
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You can see, that in this case, chloride, bromide or iodide ions would form 
a precipitate with Ag+ but NOT with Ba2+. The Ba2+ is not in the bottom 
group, so therefore it must be one of "All others" It is soluble with Cl-.

So that means if you add some chloride (Cl-) ions to the solution and a 
precipitate forms, this tells you that the unknown ion is Ag+ and not Ba2+. 
(NOTE: Remember we were told at the beginning that the ion is either Ag+ or Ba2+ and 
not something else! Analyzing a solution when you have no idea what ions are in it is a 
long complicated procedure involving many steps!)

Notice that chloride, bromide and iodide all act the same with these 
positive ions, so we could have added either chloride, bromide or iodide 
to get the same results.

Well, there is more than one way! See if you can do this question?

1.
A solution is known to contain either Ag+ or  Ba2+ ions. (One but not the other).  Look 
on the Solubility Table in the box with "Sulphide" (S2-) on the left. 
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S2- ions are added to this solution and a precipitate DOES NOT FORM. 
Which ion, (Ag+ or  Ba2+) is present in the solution?




Answer __________________
Often we are given more than just two possible ions in solution and have 
to come up with a procedure to identify them. Here's another example to 
follow through carefully, consulting your Solubility Table as you go along!

You are given three solutions in separate beakers. You are told that one 
solution contains Pb2+ ions, one contains Ca2+ ions and one contains 
Mg2+ ions. Your job is to identify which is which using precipitation 
reactions.
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(COMMENT: There is often more than one method to solve these 
problems. You may think of another combination of things to add which 
might work just as well. I am just showing you one method that will work.)

The first job will be to find something which forms a precipitate (has "Low 
Solubility" with) only one of the three ions. 

Have a look at the "Chloride" box on the Solubility Table:

(see the next page….)
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Notice that for our three ions (Pb2+, Ca2+, and Mg2+), only Pb2+ forms a 
precipitate with chloride. 

So what we could do is take a small sample from each solution (in little 
test tubes) and add chloride (Cl-) ions to each sample.  Since Pb2+ is the 
only one of the ions which forms a precipitate with Cl-, the sample with 
the precipitate (the one which turns cloudy) must be the one with the 
Pb2+ ions!

What we do at this point is set this solution aside (we have now identified it 
as the one with Pb2+).

Now, we look at the other two solutions. (one containing Ca2+ and one 
containing Mg2+)

We look at our Solubility Table and try to find a negative ion which will 
form a precipitate with only one of these. (Ca2+ or Mg2+)

Look at the "Sulphate" box:


We see that only Ca2+(not Mg2+) forms a precipitate with sulphate. (Low 
Solubility)

So we take small samples of the remaining two solutions and add some 
sulphate (SO42-) ions to both.

The sample which forms the precipitate with sulphate must have the Ca2+ 
ions in it!

Now, by process of elimination, the remaining solution (the one which 
didn't precipitate with chloride or sulphate), must be the one with the 
Mg2+ ions. 

So now we have identified which solution has Pb2+, which has Ca2+, and 
which has Mg2+.

Note that it was best to take small samples of each one to do the

experiments on. Once a precipitate forms in a beaker, it's hard to use the 
solution again for tests.

*********************************************************

A further complication:

In the example you just went through, it talked about "adding Cl- 
(chloride) ions or adding SO42- (sulphate) ions".

In reality, you can't just add those ions because they don't exist by 
themselves in a solution.

Since all solutions are neutral, for every negative charge, there must be a 
positive charge.

So in order to "add Cl- ions", you must add a solution which contains Cl
ions.

It is important that you always chose a soluble compound of the ion 
hich you want to add in this type of activity.

For example, if you wanted to add Cl- ions to a solution, you must choose 
 soluble compound of Cl-.

Furthermore, the positive ion should not form any unpredicted precipitates 
with anything already in the solution! (This would greatly complicate 
things. You don't need this. These are complicated enough as it is!)

In order to make sure the positive ion in the Cl- solution doesn't do 
anything nasty, make sure it is an ion which is soluble with everything! Then 
you don't have to worry about it forming any unwanted precipitates.

Now, look on your Solubility Table. (That means you!)



Positive ions which are soluble with everything include the Alkali Ions (Li+, Na+, K+, Rb+, Cs+, Fr+), Hydrogen (H+) and Ammonium (NH4+).

So the bottom line is, if a person wanted to add Cl- ions to a solution,  

she/he could add an aqueous solution of NaCl, KCl, NH4Cl etc. In these 
cases the Na+, K+,NH4+ etc. would act as spectators and wouldn't interfere with anything.

Sodium compounds are usually quite common and easy to obtain. Also, 
you're probably used to using these. So, as a general rule:

If you need to use a negative ion, choose the sodium compound of it. 
Make sure the formula is correct. I promise you, you will lose marks for 
incorrect formulas!! (Use ion table!)
Let's say you wanted to add SO42- (sulphate) ions to a solution. You could 
add an aqueous solution of sodium sulphate (Na2SO4). This would supply 
the SO42- ions and the Na+ ions present wouldn't interfere with anything. 
(They are spectators!)

In many questions, you are asked specifically what compound you would 
add - not just what ion! Make sure you always answer the question you 
are asked! 

Let's say you need to add a positive ion to a solution in order to form a 
precipitate and test for something. Here's an example:

A solution is known to contain either Cl- (chloride) ions or SO42- (sulphate) 
ions. Name a compound which you could add to tell you which ion was 
present.

(Notice they said "compound" here, not just "ion"! Read the question 
again!)

Let's look at the Chloride and the Sulphate section on your Solubility Table: 




Notice that Ag+ and Pb2+ ions form precipitates with both Cl- and SO42-!

So it wouldn't do any good to add Ag+ or Pb2+ ions!

But as you can see, calcium ions will form a precipitate with sulphate but
not with chloride. So you could add calcium ions. (Strontium or barium 
would also work, but since calcium is more common, I'm choosing it. It 
doesn't really matter).

BUT, we can't just say to add calcium ions. The question asks us specifically 
for a compound. So we can add a compound of calcium.

But, guess what, it must be a compound in which the negative ion is 
soluble with everything.

Look at the Solubility Table. Negative ions which are soluble with 
everything are nitrate (NO3-). So:

If you need to use a positive ion, choose the nitrate compound of it. Make 
sure the formula is correct! (Use ion table!)
In our example, we need to add calcium (Ca2+) ions, so the compound 
we could add is calcium nitrate (Ca(NO3)2) (Make sure the formula is 
correct if you prefer full marks!)

This will supply the needed Ca2+ ions and the nitrate (NO3-) ions are 
spectators and will not interfere with anything.

********************************************************

Here's a little problem for you:

2.  A solution is known to contain either Ba2+ or Mg2+ ions. 

Suggest a method by which these solutions could be analyzed to find out 
which ion is present.

Be specific about any compounds that are added.

********************************************************
Let's try another variation of this type of question now. Using the solubility 
table, you should be able to come up with the answer for the following. 

3.
A solution is known to contain one of these ions: Mg2+, Ca2+, Sr2+, or 
Be2+. Mixing 
samples of the solution with various reagents gives the following data:

	Reagent
	Na2S
	Na2SO4
	NaOH

	Result
	no ppt.
	ppt.
	no ppt.


From these data, which one of the four ions is present?

Using Solubility to Separate Ions from Solutions

The second part of this Tutorial deals with separating ions from solutions 
which contain mixtures of ions using the Solubility Table. 

One thing you have to realize in this type of problem is that once you form 
a precipitate, you can separate it from the rest of the solution by filtration:

The precipitate will be trapped in the filter paper and any soluble 
substances will still be dissolved in water and will go through the filter 
paper as the filtrate. 

If there are more ions to precipitate, substances could be added to the 
filtrate and again precipitates could be filtered out.

Let's do an example.

You are given a solution containing silver ions (Ag+), strontium ions (Sr2+), 
and magnesium ions (Mg2+). You must separate them, one at a time from 
the solution using precipitation reactions. Show how you would do this. 
Write the Net-Ionic Equation for each precipitate formed.

First of all, we must look at our Solubility Table and find something which 
precipitates only one of these three ions (Ag+), (Sr2+), or (Mg2+). Looking 
at the "Chloride Box"... 



We see that Chloride ions (Cl-) will precipitate only Ag+, not Sr2+ or Mg2+.

A good compound of Chloride to use would be sodium chloride (NaCl). A 
1 M solution is usually about the right concentration to use to get a 
precipitate, so here goes the first direction:

1.
Add some 1 M NaCl solution (source of Cl-) to the container until no more 
precipitate forms. (The Cl- will precipitate the Ag+ from the solution.)


The Net-Ionic equation would be:       Ag+(aq)   +    Cl-(aq)    (   AgCl(s) 

Filtration will keep the AgCl in the filter paper and the filtrate will not have 
any Ag+ ions left in it. (The Cl- ions have bonded with all the Ag+ ions to 
form the precipitate, AgCl(s).)  So the next direction is:

2.
Filter the solution. AgCl(s) will remain in the filter paper.

The filtrate still has Sr2+ and Mg2+ ions in it, so now you have to find 
something which will precipitate just one of these. There are a couple of 
choices here. One choice is sulphate (SO42-):


The sulphate (SO42-) ions will precipitate the Sr2+ions, but not the Mg2+ 
ions. (These are one of "All others" which would be soluble with sulphate.)

A good compound of Sulphate to use would be sodium sulphate 
(Na2SO4). Remember to use the ion table to determine the correct 
formula!

So the next direction would read:

3.
To the filtrate, add 1 M Na2SO4 solution until a precipitate stops forming.

The SO42- from the Na2SO4 will precipitate the Strontium (Sr2+) and form 
strontium sulphate. (SrSO4) - Check formula on green sheet!
The Net-Ionic equation would be:       Sr2+(aq)  +   SO42-(aq)    (    SrSO4(s)

Filtration will remove the precipitate SrSO4(s) )from the solution:

So the next direction is:

4.
Filter the solution. SrSO4(s) will remain in the filter paper.

The filtrate from this precipitation has only Mg2+ ions in it. (The other two 
have now been removed.)

To remove the Mg2+ ions, find something which forms a precipitate with 
Mg2+. 

(NOTE: Even if this ion forms a precipitate with Ag+ and/or Sr2+, it doesn't 
matter because those two are now gone.) It's still better to choose 
something which forms a precipitate with Mg2+ ions only if that's possible.

Look at the "Hydroxide" box:


Hydroxide (OH-) forms a precipitate with Mg2+, so by adding, let's say, 
sodium hydroxide, 
the OH- will precipitate the Mg2+ and remove it from solution.

NOTE: You may notice that the OH- also forms a precipitate with Ag+ ions. 
That doesn't matter in this case because all the Ag+ ions have already

been removed at this point.

One thing you can see from this is that the order of adding things is 
important, so you really have to think it through! 

So the next direction is:

5.
To the filtrate, add 1 M sodium hydroxide (NaOH) until the precipitate 
stops forming.

The OH- will precipitate the Mg2+. We can now filter this to separate the 
Magnesium ions from the solution.

The Net-Ionic Equation is:    Mg2+(aq)   +  2OH-(aq)    (   Mg(OH)2 (s)
6.
Filter the solution to remove the Mg(OH)2(s) precipitate.

The original mixture, now has all three positive ions (Ag+), (Sr2+), & (Mg2+) 
removed by precipitation reactions.

Assignment
1.
You have 3 unlabelled test tubes containing I-, Cu2+, and Ca2+. What procedures could you use to test these and find out which is which?

2.
A solution contains both SO42- and OH-. Outline an experimental procedure to remove each ion individually from the solution and identify the reagents (compounds) used in this procedure. Include net-ionic equations for any precipitates formed. (Re-read the example on pages 8-10!)
Section IV – Ksp

Ksp Calculations

Welcome back to the world of calculations.


1.
What is meant by Ksp .


2.
How to write a "Ksp expression" from a net ionic equation.


3.
How to calculate the solubility of an ionic substance in moles/L or in grams/L, given the value of Ksp .


4.
How to calculate the value of Ksp , given the solubility of an ionic substance.

*********************************************************

What is Ksp ?

Ksp is really nothing new. It's simply the equilibrium constant (Keq) for an ionic substance dissolving in water.
For example, for the substance, CaCO3(s), when it dissolves in water, forms the ions Ca2+ and CO32-.

The equilibrium net-ionic equation for this is:   


CaCO3(s)   [image: image7.wmf]   Ca2+(aq)  +  CO32-(aq).

The equilibrium constant (Keq ) expression for this reaction is:


Keq =    [Ca2+] [CO32-]      

(Remember that the [CaCO3] is not included in the expression because it is a solid.)
Remember that the solubility was defined as the equilibrium 

concentration of a substance in water. 

But when ionic compounds dissolve in water, you always get at least 2  
ions formed. (In this case the Ca2+ and the  CO32-.)

Multiplying the concentrations of the two ions (multiplication gives a

"product"), as you can see, gives the Keq expression:

                

                                                Keq =    [Ca2+]   [CO32-]

Keq can be thought of as the "product of the solubility’s of the two ions".

So for ionic compounds dissolving in water, the Keq is given a special 
name:

It is called "solubility product constant", or Ksp .

Writing the Ksp expression from the Net-Ionic Equation.

There's really nothing new to this. Just remember to leave out the solid. 
(Include the aqueous ions only) and to change coefficients in the balanced 
equation to exponents in the Ksp expression.

Here are a couple of examples:

The net-ionic equation for lead (II) chloride dissolving is:


PbCl2(s)  [image: image8.wmf]  Pb2+(aq)  +  2Cl-(aq)

The Ksp expression for this is:


Ksp  =  [Pb2+] [Cl-]2   (Notice that the "2" in front of the Cl- in the equation becomes an exponent  in the Ksp expression. It does NOT go in front of the Cl- in the Ksp expression!)
The net-ionic equation for silver sulphate dissolving is:


Ag2SO4(s)  [image: image9.wmf]  2Ag+(aq)  +  SO42-(aq)

The Ksp expression would be:


Ksp = [Ag+]2 [SO42-]

I don't think you should have any more trouble with these as long as you 
follow the simple rules:


 1.
leave out the solid. (Include the aqueous ions only) 


2.
change coefficients in the balanced equation to exponents in the Ksp expression.
**********************************************************

Calculating Solubility given Ksp .
The first type of calculation we will look at is how to calculate the solubility

of a substance in moles per litre (M),  given the value of Ksp .

NOTE:  We only consider the Ksp and the solubility of substances which 
have "Low Solubility" on the Solubility Table. These are also called "Slightly 
Soluble Salts"
For these calculations, we can define molar solubility as the moles of the 
substance which will dissolve in one litre of solution to form a saturated 
solution.

Next, you will be shown how to calculate the molar solubility of AgCl from 
the Ksp.

First we obtain a sheet entitled “Solubility Product Constants at 25 ºC” This has Ksp’s for many of the “Low Solubility Compounds” listed. Always have this table with you on a test!

So, we find that the Ksp for AgCl = 1.8 x 10-10 

The net-ionic equation for the substance, AgCl dissolving in water is:


                                          -s


                                 AgCl(s)  [image: image10.wmf]  Ag+(aq)  +  Cl-(aq)
The number of moles of AgCl which dissolve in one litre can be defined as 
"s". (This is the molar solubility.)

Notice, that this is written as "-s" above AgCl in the equation. This is 
because when you dissolve AgCl in water, the amount of solid will go  
down by "s" because that much dissolves.  The “-s” is the same thing as

“[C]” or “change in concentration” in an ICE table.

Now by mole ratios, you can see, that in this case [Ag+] will increase by "s" 
as the AgCl dissolves. Also, the [Cl-] will also increase by "s". (The coefficients

of Ag+ and Cl- are both "1".)

                                                             1/1


                                             -s    ------>  +s


                                 AgCl(s)  [image: image11.wmf]   Ag+(aq)  +   Cl-(aq)
                                                                      1/1


and                                     -s    ------------------->  +s


                                 AgCl(s)  [image: image12.wmf] Ag+(aq)  +    Cl-(aq)

so we have:


                                          -s                +s               +s


                                 AgCl(s)  [image: image13.wmf] Ag+(aq)  +    Cl-(aq)



where "s" is the moles/L of




AgCl which dissolve.

The Ksp expression for this process is:



Ksp = [Ag+] [Cl-]

What we do now is "plug in" the values of [Ag+] and [Cl-] in terms of "s". 
These are the expressions written on top of the net-ionic equation:


[Ag+] = s  and  


[Cl-]  =  s  (we don't need to write the "+" signs)


Since:  Ksp = [Ag+] [Cl-]


Ksp =  (s) (s)


or        Ksp  =  s2

Now we can solve for s. Remember we found from the Ksp table that the 
value for 
Ksp = 1.8 x 10-10

         So  s2 = 1.8 x 10-10  or  s =                                      
      = 1.34164 x 10-5   M

                                                                     

Since "s" was defined as the molar solubility of AgCl:


                                          -s                 +s              +s


                                 AgCl(s)  [image: image14.wmf]  Ag+(aq)   +   Cl-(aq)



where "s" is the moles/L of




AgCl which dissolve.

We can say, the molar solubility of AgCl  is 1.34164 x 10-5 moles/L or 
1.3 x 10-5 M (2 sig. digs.) (The Ksp given on the table has 2 SD’s)
NOTE: It looks awful tempting at this point to just say that the solubility is the 
square root of the Ksp . It is in this case, but not in all cases. 

Make sure when you do these problems that you always write: 

1.  The net-ionic equilibrium equation (with the "s"s on top according to

the coefficients), 

2.  The Ksp expression, and 

3.  The concentrations plugged into the Ksp expression to solve for "s". 

DON'T TAKE SHORT CUTS! They could lead to trouble in the next type of 
problem!

************************************************************

The next problem, you should try on your own, keeping the last three

points in mind. Don't worry too much if you get it wrong the first time.

1.
Calculate the solubility of SrF2 in moles/Litre in water.




Answer ______________________

Now, let's say you're given the Ksp table and asked to find the solubility of 
a substance in grams/L.

What you would do is determine the solubility in moles/L (or M) first, then 
convert to grams/L using the following:


   
            moles                     MM  grams                    grams


                ________       x         ____________   =                _________          



             Litre                        1  mole                           Litre

Where "MM" stands for the Molar Mass.

Try this example:

2.
Calculate the solubility of Ag2CO3 in grams/Litre.




Answer ______________________________

**********************************************************

Calculating Ksp , Given Solubility

The first example we will do is to calculate the Ksp of a substance given it's 
molar solubility.
In this type of problem we don't use "s"s. The molar solubility is known, so 
we find the concentration of each ion using mole ratios (record them on top of the equation). Next we write out the expression for Ksp , then "plug in" the concentrations to obtain the value for Ksp.

Let's do an example:

The solubility of Ag2CrO4 in water is 1.31 x 10-4 moles/L. Calculate the 
value of Ksp .

The first thing we do is write out the net-ionic equation for a saturated 
solution of Ag2CrO4:



          Ag2CrO4 (s)      [image: image15.wmf]     2Ag+(aq)   +    CrO42-(aq)  

The solubility given is 1.31 x 10-4 moles/L, so we write that right on top of 
the Ag2CrO4(s)

(I usually write it as a negative (-) because it is going down (the solid is 
dissolving))


         -1.31 x 10-4 moles/L



          Ag2CrO4 (s)      [image: image16.wmf]     2Ag+(aq)   +   CrO42-(aq)
Using mole ratios, the [Ag+] will go up by (2 x 1.31 x 10-4 moles/L) 
= 2.62 x 10-4  moles/L. 

                                                      x 2/1


         -1.31 x 10-4 moles/L ----------->     + 2.62 x 10-4 moles/L



   Ag2CrO4 (s)              [image: image17.wmf]                       2Ag+(aq)            +       CrO42-(aq)

[CrO42-] will go up by 1.31 x 10-4 moles/L:

                                                                            x 1/1


        -1.31 x 10-4 moles/L ------------------------------------------> + 1.31 x 10-4 M.


          Ag2CrO4 (s)          [image: image18.wmf]               2Ag+(aq)       +                      CrO42-(aq)


So once the solution is saturated (reaches equilibrium):



[Ag+] =   2.62 x 10-4 moles/L



[CrO42-] = 1.31 x 10-4  moles/L


The Ksp expression is:



Ksp  =  [Ag+]2 [CrO42-]


Plugging in the concentrations directly we get:




Ksp =  (2.62 x 10-4)2 (1.31 x 10-4)



Ksp    =    8.99 x 10-12
**********************************************************************

Now, here’s a question for you to try:

3.
At a certain temperature, the solubility of SrCO3 is 7.5 x 10-5 M.  Calculate the Ksp for SrCO3.




Answer __________________

***********************************************************

The next type of problem involves calculating the value of Ksp given the 
solubility in grams per Litre.

For this, you simply change grams/L to moles/L using the following:


   
            grams                     1  mole                         moles
    
                ________       x       ____________    =         _____________          



             Litre                   MM  grams                       Litre


where "MM" stands for the Molar Mass.

Then write out the Net-Ionic equation for the equilibrium, and the Ksp 
expression.

Determine the concentrations of the ions and plug them into the Ksp 
expression to solve for Ksp .

Here's an example:


6.60 grams of MnF2 will dissolve in one Litre of solution at 25°C. Calculate the value of Ksp for MnF2 at 25°C.


Step 1- Change solubility in grams/L to moles/L using Molar Mass:



The molar mass of MnF2 =  54.9 + 2(19.0) = 92.9 grams/mole


   
     6.60   grams                       1  mole                  0.071044  moles


                ________       x         ____________    =       _____________          



             Litre                      92.9  grams                       Litre

So, from step 1, the molar solubility of MnF2 is  0.071044 moles/Litre.

Step 2- Write out the Net-Ionic Equation:


MnF2(s)    [image: image19.wmf]    Mn2+(aq)   +     2F-(aq)

Step 3 - Write the molar solubility above the MnF2(s) and determine the 
[Mn2+] and [F-] using  mole ratios:

                                                         x 1/1
                      -0.071044 moles/L ------------> +0.071044 moles/L

                   1 MnF2(s)            [image: image20.wmf]                1 Mn2+(aq)          +    2F-(aq)

                                                                            x 2/1
           -0.071044 moles/L --------------------------------------------> + 0.14209 moles/L

            1 MnF2(s)             [image: image21.wmf]                1 Mn2+(aq)           +                2F-(aq)

It is important that you understand here that [F-] is 0.14209, not the [2F-]! 
      

([F-] happens to be 2 times  the solubility of MnF2  just because of the mole ratio in the balanced equation.)


So  [Mn2+]  =  0.071044 M    and     [F-]    =   0.14209 M

Step 4 - Write out the Ksp expression:


   Ksp    =     [Mn2+]  [F-]2          (not [2F-]2)

Step 5 - "Plug-in" the values for [Mn2+] and  [F-] and solve for the value of 
Ksp .


  
         [Mn2+]  =  0.071044 M    and     [F-]    =   0.14209 M




         Ksp    =       [Mn2+]    x      [F-]2

                          =  ( 0.071044 )   ( 0.14209 )2


               Ksp     =      1.43 x 10-3

***********************************************************

In summary, we have covered the following:

1.
What is meant by Ksp .

2.
How to write a "Ksp expression" from a net ionic equation.

3.
How to calculate the solubility of an ionic substance in moles/L or in grams/L, given Ksp .

4.
How to calculate the value of Ksp , given the solubility of an ionic substance.


Questions

1.
The Ksp is just a   __________ for an ionic substance dissolving in water.

2.
Give the Net-Ionic Equation and the Ksp expression for each of the following dissolving in water. (The first one is done as an example.)

       Substance                           Net-Ionic Equation                           Ksp Expression


	Ag2SO4(s)


	Ag2SO4(s)   [image: image22.wmf]   2Ag+(aq)   +    SO42-(aq)
	Ksp = [Ag+]2 [SO42-]

	CaCO3(s)

	
	

	Ca3(PO4)2(s)

	
	

	AgClO3(s)

	
	


3.
a)  Calculate the molar solubility (solubility in moles/Litre) of Fe(OH)2 in water.




Answer ______________________


b)  What is the [OH-] in a saturated solution of Fe(OH)2 ?




Answer _____________________

4.
Calculate the solubility of BaCO3 in grams per Litre.




Answer _____________________

5.
The solubility of PbI2  at a certain temperature is 0.70 grams per Litre.

a)  Calculate the solubility in moles/Litre




Answer _____________________

b)  Calculate the value of Ksp for PbI2 at this temperature




Answer _____________________

6.
It is found that 0.043 grams of MgCO3 is all that can dissolve in 100.0 mL of solution at a certain temperature. From this information, calculate the Ksp for MgCO3 at this  temperature.




Answer _____________________

7.
Two separate experiments were done with combinations of Cu2+ and  IO3-  ions. Use the information given to fill in the missing value.


The Net-Ionic Equation for equilibrium is:   



Cu(IO3)2(s)  [image: image23.wmf]  Cu2+(aq)   +    2IO3-(aq)


               Experiment #                    [Cu2+]                                      [IO3-]

	1


	0.00327 M
	 0.00654 M

	2


	0.00240 M
	?


***************************************************************

Section V – Precipitation

In this section you will be shown:


1.
How to tell if a precipitate will form when two solutions of known concentration are mixed.


2.
How to tell if a precipitate will form when a given mass of a solid is added to a solution.


3.
How to calculate the maximum possible concentration of an ion in solution, given the concentration of another ion and the Ksp .

***************************************************************

Predicting Precipitates When Two Solutions Are Mixed

Your solubility table tells you when precipitates form, right? NOT ALWAYS!  
It tells you which combinations of ions have a solubility of > 0.1 mol/Litre! 
(See bottom of the solubility table.)

That is, if the table, for example predicts a precipitate between Ca2+ ions 
and SO42- ions, if we mix Ca2+ ions and SO42- ions in low enough 
concentrations, a precipitate might not form.

The quantity which determines the concentrations of ions allowed before a precipitate will form is the good old Ksp !

Let's look at an example:

The Ksp for CaCO3 is 5.0 x 10-9 . The expression for Ksp  of CaCO3 is:


                                 Ksp = [Ca2+] [CO32-]

This means, that in a saturated solution (just on the verge of precipitating), 
that

                                     5.0 x 10-9 = [Ca2+] [CO32-]

The 5.0 x 10-9 is the most the product of the concentrations of these two 
ions can be. If we put any more Ca2+ or CO32- in at this point, the solution 
can't hold any more, and a precipitate will form.

In this Tutorial, we will be looking at adding the two ions, Ca2+ and CO32- 
from different sources.

In other words, we will mix one solution containing Ca2+ with another 
solution containing CO32-.

There's nothing that says the [Ca2+] has to equal the [CO32-]! 

All we know is that if the product, [Ca2+] [CO32-], becomes > 5.0 x 10-9 , a 
precipitate will form.

Example: 

We mix solutions of Ca2+ and CO32-, so that [Ca2+] = 2.3 x 10-4 M and 
the[CO32-] = 8.8 x 10-2 M. The Ksp  for CaCO3 is 5.0x 10-9. Will a precipitate 
form?

What we calculate at this time is called a "trial ion product (TIP)" or "trial 
Ksp". We substitute the values of [Ca2+] and [CO32-] into the Ksp 
expression:



                                 Ksp = [Ca2+] [CO32-]



                                  Trial Ksp  =   [Ca2+]     [CO32-]



                                  Trial Ksp  = (2.3 x 10-4)  (8.8 x 10-2)

                                                Trial Ksp =  2.024 x 10-5



Now we compare the Trial Ksp with the real value for Ksp :
                                      Trial Ksp =  2.024 x 10-5

                                      The real Ksp  = 5.0 x 10-9



Since 10-5 is greater than 10-9,  the Trial Ksp > Ksp 

Now, the Ksp (5.0 x 10-9) told us the maximum the product could be 
without precipitating.

In this case the product of the ion concentrations (2.024 x 10-5) would be 
much greater than the    Ksp (5.0 x 10-9)

The solution can't hold this many ions, so the excess ones will precipitate.

So, to summarize:

Now, when two solutions are mixed together the following things happen:

1.
In the mixture you have 4 different ions immediately after the solutions mix.  Some of these ions might form a compound with low solubility. That is, they might form a precipitate.

2.
Both solutions become diluted in each other. The volume of the mixture is the sum of the volumes of the two separate solutions.


Let's do an example to show you how all this can be worked out:


50.0 mL of 0.0035 M  Ca(NO3)2 solution is mixed with 150 mL of  2.0 x 10-5 M Na2CO3 solution. Will a precipitate form? 
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The first thing to do here is to consider the four ions which will be in the 
mixture immediately after mixing. Don't forget to look these up on the ion 
chart to make sure you have the correct formulas and charges! In this 
case, the ions appear in the bottom beaker on the diagram above.

Now, consider the possible new combinations of these ions:


 EMBED Word.Picture.8  


The new combinations could give CaCO3 or NaNO3. Looking on the 
Solubility Table, we find that NaNO3 is soluble, so it will not form a 
precipitate.


 EMBED Word.Picture.8  


According to the Solubility Table, the other compound CaCO3 has Low 
Solubility.

This means that it might form a precipitate if the [Ca2+] and the [CO32-] 
are high enough.

The net-ionic equation for dissolving of CaCO3(s) is:


CaCO3(s)  [image: image25.wmf] Ca2+(aq)  +   CO32-(aq)

This means that the Ksp expression for CaCO3  is the following:


Ksp = [Ca2+]  [CO32-]

Look up the Ksp for CaCO3 on the Ksp table. The Ksp tells us that the 
product of the [Ca2+] and the [CO32-] cannot be greater than 5.0 x 10-9. 

If that product is greater than 5.0  x 10-9 the moment the solutions are 
mixed, the Ca2+ ions and the CO32- ions will very quickly react with each 
other to form the precipitate CaCO3(s) .  In other words, a precipitate will 
form.  This will continue to happen until the product of [Ca2+] and [CO32-] 
is again equal to 5.0 x 10-9.

If the product of [Ca2+] and [CO32-] is less than  5.0  x 10-9 the moment 
the solutions are mixed, they will not react with each other and a 
precipitate will NOT form.


The product of [Ca2+] and [CO32-] the moment the solutions are mixed, is called the Trial Ksp (or the Trial  Ion Product (TIP))
The Trial Ksp would have the same expression as the real Ksp , only we 
would use the [Ca2+] and the [CO32-] that were in the beaker right after 
mixing:

Trial Ksp =   [Ca2+] [CO32-]

                        (Right after mixing)
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Now, if we look at the diagram again, we find that the original [Ca2+] in 
the beaker on the top left is 0.0035 M. When this solution is poured into the 
lower beaker it is diluted.  Remember the Dilution Formula?  If you don’t, 
here it is!


FC  x   FV   =   IC   x   IV      (where F=final, I=initial, C=concentration and V=volume)


or    FC =  IC  x   IV  

                                     FV

Since 50.0 mL of the Ca(NO3)2 solution is being mixed with 150.0 mL of the other solution, the total final volume in the lower beaker will be  50.0  +  150.0  =  200.0 mL.

So to find the [Ca2+] right after mixing, we use:



             FC  =      IC     x     IV  

                                                         FV



            FC  =   0.0035  x   50.0        =  8.75  x  10-4  M
                                                       200.0



so right after mixing, the  [Ca2+]  =  8.75  x  10-4  M

Now, looking at the diagram again, you can see that the original [CO32-] 
in the beaker on the top right is 2.0 x 10-5 M. (The [CO32-] is the same as the 
[Na2CO3] because each Na2CO3 produces one CO32-).

The initial volume of this solution is 150.0 mL, and when it is mixed, the total 
volume (FV) is 200.0 mL. (bottom beaker)

So to find the [CO32-] right after mixing, we use:



             FC  =      IC         x       IV  

                                                               FV



            FC  =   2.0 x 10-5 M  x   150.0        =  1.50  x  10-5  M
                                                                200.0



so right after mixing, the  [CO32-]  =  1.50  x  10-5  M

Now, since we have the [Ca2+] and the [CO32-] right after mixing, we can 
calculate the


Trial Ksp!  Wow!  We’re almost there!

          
Trial Ksp =   [Ca2+] [CO32-]

                                      (Right after mixing)
                                                                                                                                                                Trial Ksp  =   (8.75  x  10-4)  (1.50  x  10-5 ) 

                                      Trial Ksp  =  1.3  x  10-8  

Looking way back at the beginning of the problem on page 3, we see that:

                              The real  Ksp for CaCO3 is 5.0 x 10-9

                              Since 1.3  x  10-8 >  5.0 x 10-9

                                        Trial Ksp    >     Ksp




So YES, a precipitate will form!
That seems like an awful lot of work just to get a yes or no answer!  On a 
test question of this type, you never get full marks for just the answer (after 
all you have a 50% chance just by guessing!).  You must show all your 
work.  Even on a multiple choice question, you will have to know the Trial 
Ksp and the yes/no answer

Now it’s time for you to try a problem like this on your own!  Do this 
problem:

1.
250.0 mL of 3.0 x 10-4 M  Ba(NO3)2 is mixed with 350.0 mL of 0.0020 M Na2SO4 solution. 


a)
Determine which product could possibly be a precipitate.

        b)
Write the equilibrium dissociation equation for the possible 

precipitate in (a).
____________________________________________________________


c)
Calculate the [Ba2+] right after mixing





Answer __________________________


d)
Calculate the [SO42-] right after mixing





Answer __________________________


e)
Calculate the trial Ksp . 





Answer __________________________


f)
Which is greater, the trial Ksp or the real Ksp?





Answer __________________________


g)
Would a precipitate form in this case?
Answer __________________________

***********************************************************

You will get more examples of this type of question on worksheets and 
tests, so don’t worry, you will have more practice!

The next type of question we will look at is predicting a precipitate when a 
small amount of a solid is added to a solution:

Predicting Precipitates When a Solid is Added to a Solution

Let’s do this with an example.  Follow through this very carefully and make 
sure you understand all the points as you go along.

Will a precipitate form if 2.6 grams of K2CO3 is added to 200.0 mL of a 2.0 x 
10-3 M solution of Mg(NO3)2?

SOLUTION:  

Use a quick little ion box to decide what your products will be and which 
one (or ones) have low solubility.  

                                             
 EMBED Word.Picture.8  


The two possible products are KNO3 and  MgCO3. KNO3 is soluble so that 
will not form a precipitate.  

The only possible precipitate is MgCO3 (which has low solubility.) 

So, like in the previous type of question, we would find the Trial Ksp for 
MgCO3 and compare it to the real Ksp. To do this, we must find the [Mg2+] 
and [CO32-] immediately after mixing. The initial [Mg(NO3)2] is 2.0 x 10-3 M 
and the volume of the solution is 200.0 mL. 

           

[image: image27.wmf]200 mL of 2.0 x 10   M 

Mg(NO   )

-3

3

2


Now, here’s an important point! Adding a small amount of a solid to a large volume (eg. 200 mL) of a liquid solution will not significantly affect the total volume or the initial concentration of the solution until a reaction occurs.

2.6 grams of solid K2CO3 is only about a spoonful and we can assume that

the 200.0 mL volume of the solution will not change enough to worry 
about. (See the diagram)

We can also assume that the [Mg2+] (which is equal to the [Mg(NO3)2] ) 
does not change.

 
So the [Mg2+] after mixing is 2.0 x 10-3 M.
This is the same as it was before mixing because there was no liquid 
added to the original solution, only a small amount of a solid, which would 
not affect the volume or the original amount of Mg2+.
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So now we know that the [Mg2+] after mixing is 2.0 x 10-3 M.  What we need to find now is the [CO32-]  immediately after mixing.  We can then put these into the Ksp expression and calculate the Trial Ksp.

So far, all we know about the CO32- is that we have added 2.6 grams of 
solid K2CO3 to  200.0 mL of the Mg(NO3)2 solution and that this little bit of

solid does not significantly affect the volume of the solution. (Nothing like

repetition to drive a point home!)

So, basically, we have the grams of K2CO3 and we have to find [CO32-].

Remembering some Chemistry 11, we can use the following flow chart:
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Remember the fun you used to have finding Molar Mass (MM) while 
socializing with the rest of the Chemistry 11 class.  This should bring back 
some memories.  You need your Periodic Table with atomic masses. 
(Unless, of course you have memorized them all since last year!)
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MM = 2(39.1)   +     12.0    +   3(16.0) = 138.2 

g/mol

 


We can now do the first step of the process and change from grams to 
moles:


2.6 grams  x   1 mol       =  0.0188  moles

138.2 g

The next step will be to use the equation :  M = mol/L  to find the Molar 
Concentration of K2CO3.  

Remember, the volume of the solution we are putting the little bit of solid into is 200.0 mL and we can assume the volume does not change when the solid is added:
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=  0.0188  moles

 


Again, with our solid basis in Chemistry 11, we remember that 200.0 mL = 
0.2000 L

(NOTE: We don’t worry that the liquid is a solution of Mg(NO3)2 instead of 
pure water.  This doesn’t matter until the reaction actually occurs (if it 
does).)

So we can now calculate the [K2CO3]


M = mol  = 0.0188 mol  =  0.0940 M

                        L          0.2000 L                                             
Now, because each mole of K2CO3 gives 1 mole of CO32-


( K2CO3(s) (   2K+(aq)   +  CO32-(aq) ) 


we know that


[CO32-] = [K2CO3]  =  0.0940 M

We can now plug the [Mg2+] and the [CO32-]  after mixing into the Ksp 
expression and obtain the Trial Ksp. (Remember on the top of page 9, we found 
that the [Mg2+] was 2.0 x 10-3M.)


Trial Ksp  =  [Mg2+]    [CO32-] 

                                                          =  (2.0 x 10-3)  ( 0.0940)



                                          Trial Ksp  =       1.9 x 10-4

Now, we compare the Trial Ksp (1.9 x 10-4) with the real Ksp (6.8 x 10-6):


(The Ksp for MgCO3 is 6.8 x 10-6. This was on the Ksp Table!)


Trial Ksp >  Ksp  ,  therefore a precipitate DOES form!
Now, let’s try one of these on your own! 

2.
Will a precipitate form if 3.8 grams of Ca(NO3)2 is added to 250.0 mL of 0.0050 M Na2SO4 solution?  Calculate the Trial Ksp first.


(It would be good at this point to use the last example as a guide in doing this question.)



Trial Ksp = ______________________________



Is there a precipitate? ____________________

Calculating the Maximum Possible Concentration 
of an Ion in Solution

This section of this tutorial deals with finding out how much of one ion can 
be present in solution if there is a certain amount of another one.

This probably doesn’t make too much sense until we look at an example:

Imagine a saturated solution of AgCl. 
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A Saturated Solution of AgCl

You can see by the diagram that in a saturated solution, for every Ag+ or 
Cl- which leaves the solid, another one goes back to the solid.

The equation which represents this equilibrium is:


AgCl(s)  [image: image32.wmf]  Ag+(aq)   +    Cl-(aq)
Once the solution is saturated (at equilibrium), there is a limited number of 
Ag+ and Cl- ions which can exist dissolved in the solution.

What do you think tells us this limit?

You may have guessed it;  the Ksp !


The Ksp for AgCl is 1.8 x 10-10.


The Ksp expression is:


Ksp = [Ag+]  [Cl-] 

      What this tells us is that:


The maximum product of the concentrations : [Ag+] x [Cl-] cannot exceed 1.8 x 10-10.
So what do you think might happen if we tried to test this “rule” by adding 
more Ag+ or Cl- ions to the solution?

Would it blow up and kill us all (that would teach us a lesson!) or what?

Well, if we added some Ag+ or Cl- ions, the product [Ag+] x [Cl-] would be 
higher than 1.8 x 10-10 for a very short time. (At this point it would not be at 
equilibrium any more!)

But what would happen then is the excess Ag+ or Cl- ions in solution would 
precipitate onto the crystal (solid), until the product [Ag+] x [Cl-] in the 
solution was again equal to 1.8 x 10-10, and equilibrium was again 
established.

Now, here’s something to ponder:

You know that if you just put some solid AgCl in water at 25 °C, that some 
of it will dissociate until the product [Ag+] x [Cl-] is equal to Ksp (1.8 x 10-10).


AgCl(s)  [image: image33.wmf]  Ag+(aq)   +    Cl-(aq)
From the equation above, you can see that for every Ag+ ion, you get one Cl- ion.


So in this particular case,  [Ag+]   =   [Cl-]

But, let’s say that to some water at 25 °C, we add some Ag+ ions and 
some Cl- ions from different sources!

Let’s say, for example that we add some AgNO3 . This is soluble, so it forms 
Ag+ and NO3- ions.  Now let’s say, we add some NaCl.  This is also soluble, 
so it forms Na+ and Cl- ions.  In this case the Na+ and the NO3- ions are 
spectators, so we’ll forget about them and concentrate on the others: 
Ag+ and Cl- .
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Now, here’s an extremely important point:


When they are coming from different sources, there’s nothing that says that the[Ag+] and the [Cl-] have to be equal.

For example, you might have a little bit of AgNO3 solution and a lot of the 
NaCl solution or vise versa.

What does matter is: 


Once the product of the concentrations [Ag+] x [Cl-] exceeds the Ksp (1.8 x 10-10), a precipitate of AgCl(s) will form until the product is again equal to 1.8 x 10-10. (This is equilibrium.)

So, hopefully you can see that it is the PRODUCT of their concentrations 
that matters.  If [Ag+] is relatively high, then [Cl-] would have to be low 
enough so that their product did not exceed Ksp.  If you tried to put any 
more in, it would just precipitate and form more solid AgCl.

So in this way, the maximum possible concentration of one ion (eg. Cl-) 
depends on the concentration of the other ion (eg. Ag+).

There are several types of problems which can be solved with an 
understanding of the concepts that you just read about.  Let’s do some 
examples:

Example:

Calculate the maximum possible [I-] in a solution in which [Ag+] is 1.0 x 10-5 M.

Solution:

The solution to this problem is incredibly easy!  First, write the equilibrium 
equation and the Ksp expression:


AgI(s)    [image: image35.wmf]  Ag+(aq)   +    I-(aq)

Ksp  =   [Ag+]  [I-]

Next, realize that when [I-] is at it’s maximum, you will be at equilibrium.  So the product [Ag+] x [I-] will just be equal to the Ksp. 

You know what Ksp  is and you know what [Ag+] is, so just substitute these 
in to the Ksp expression and solve for [I-].

Look up the Ksp for AgI on the Ksp table.  It is 8.5 x 10-17
                                      Ksp       =      [Ag+]   [I-]

                                                   8.5x 10-17    =   (1.0 x 10-5 )  x  [I-]


So:                                                     [I-]  =  8.5 x 10-17 

                                                                               1.0 x 10-5


                                            [I-]  =  8.5 x 10-12 M 

Now, looking at the results of this problem, you know that:

 -
if [I-] in this solution is less than 8.5 x 10-12 M, the solution will be 

         unsaturated.  

-
if the [I-] is just equal to 8.5 x 10-12 M, the solution will be saturated.

-
if more I-  is added, if will react with some Ag+ and some AgI(s) 


precipitate will form.

Notice, that in this case [Ag+] is 1.0 x 10-5 M and [I-] is 8.5 x 10-12 M.  They 
are NOT equal.  That is because they came from different sources.  They 
didn’t just come from solid AgI dissolving.

Yes, I’ve STILL got more to say about this problem!

Notice, this was NOT a problem where you had to use “s” and find the 
solubility like you did in a previous type of problem.  Some students get 
these two types of problems confused.  Don’t you!


**********************************************************************

Here’s one for you to try.  (Be careful with the Ksp expression and the 
algebra!)

3.
Calculate the maximum possible [Cl-] in a solution in which [Pb2+] is 1.0 x 10-3 M.





Answer _____________________________

The same type of problem can be worded in different ways.  Here’s another example for you to try:

4.
Calculate the [Pb2+] necessary to just start the precipitation of PbBr2 

from a solution in which the [Br-] is 0.0030 M.  (If you are adding Pb2+ ions to a solution containing Br - ions, precipitation will start immediately after the Ksp has been reached.  So just calculate the [Pb2+]necessary to form a saturated solution. A drop more will result in a precipitate starting. (Don’t worry about the drop.))





Answer _____________________

******************************************************************

Sometimes precipitation reactions are used to remove certain ions from

solutions. This may be done as a form of pollution control.  We can use Ksp
to find out how much of a certain ion might still be left in solution.  Read

through the next example:

Example:

A waste solution from a certain industrial process contains 0.050 M 
Cu2+ions.  In order to collect the Cu2+ from the solution for recycling, some 
OH- ions are added to produce a precipitate of Cu(OH)2.  OH- ions are 
added until the excess [OH-] is 2.0 x 10-3 M.  Calculate the [Cu2+] 
remaining in the solution. The Ksp for Cu(OH)2  is 1.6 x 10-19.

Solution:

Don’t be concerned about the word “excess”.  It just means that the   [OH- ]at the end of the procedure was 2.0 x 10-3 M.

You might think that ALL the Cu2+ions will be used up if an excess of OH- is 
added to precipitate them.  But remember that ANY precipitate has 
some solubility, even if it is very low.

The first thing we do is write the equilibrium equation for the dissolving of 
Cu(OH)2.  This seems strange as the Cu(OH)2 is actually being formed 
rather than dissolved. But the Ksp is always based on the equation written 
as dissolving (ie. the ions are on the right side of the equation!)


Cu(OH)2 (s)   [image: image36.wmf]   Cu2+(aq)   +    2OH-(aq)
Next, we write out the Ksp expression. (Of course, being careful to make the 
coefficient “2”, an exponent!)


Ksp  =  [Cu2+]  [OH-]2

The original concentration of the Cu2+ (which is 0.050 M ) is interesting but 
it is not really needed to answer this problem.

You have the [OH-] at the end and you have the Ksp.  That’s all you need

to calculate the [Cu2+] at the end.  Just substitute the [OH-] and the Ksp 
into the Ksp expression and solve for the [Cu2+] :

                                      Ksp      =    [Cu2+]  [OH-]2


                             1.6 x 10-19  =    [Cu2+]  x  (2.0 x 10-3)2

Solving for [Cu2+]:

                                         [Cu2+]    =    1.6 x 10-19

                                                              (2.0 x 10-3)2

                                  [Cu2+]  =    1.6 x 10-19

                                                                  4.0 x 10-6


                                  [Cu2+]  =  4.0 x 10-14 M

This shows that the amount of Cu2+ ions left in the solution after this procedure is indeed very small.  This would be a lot less harmful to the environment than the original [Cu2+] which was 0.050 M.  The precipitate of Cu(OH)2 which was formed in this process would undergo some process to recover the copper.

****************************************************************************

Sometimes problems are given which require a couple more steps.  Here’s 
an example:

Example:


5.0 Litres of tap water has a [Ca2+] of 0.0060 M.  Calculate the maximum mass of sodium carbonate (Na2CO3) which can be added without forming a precipitate of CaCO3. 


Solution:


The Ca2+ ions are going to precipitate with the CO32- ions in the sodium carbonate which is added.  The Na+ ions are spectators.


Even though there is a precipitation here, we write the equilibrium equation for the dissolving of CaCO3 (Remember the Ksp refers to the dissolving equilibrium.:




CaCO3(s)  [image: image37.wmf]  Ca2+(aq)   +   CO32-(aq)

Then, as you might guess, we write out the Ksp expression:


Ksp =  [Ca2+]  [CO32-]

We look up and substitute in the Ksp  and the [Ca2+]:


5.0 x 10-9 =  (0.0060 )  [CO32-]

Then we solve for [CO32-] :



                                          [CO32-]  =  5.0 x 10-9 

                                                                             (0.0060 )



                                          [CO32-]  =  8.33  x  10-7  M

 We now have the Molar Concentration of CO32- ions and we need to 
find the mass  of  Na2CO3.  Remember the volume of the sample is 5.0 
Litres.

First, we convert Molar Concentration (M) of CO32- into moles, using the 
equation: 


       moles    =   M   x    Litres


                                               moles   =   8.33  x  10-7  moles/L  x   5.0 L

                                               moles  =  4.167 x 10-6 moles of CO32-
Since one Na2CO3 forms one CO32-,  the moles of Na2CO3 will be the 
same as the moles of CO32- ions.

         moles of Na2CO3 = 4.167 x 10-6 moles

In order to convert moles to grams (mass), we must first calculate the 
Molar Mass of Na2CO3:


[image: image38.wmf] 

Na   CO

 

2(23.0)  +  12.0  +  3(16.0)  =  106.0 g/mol

 

2

 

3

 

Molar Mass = 

 


Now, we can calculate the grams (mass) of Na2CO3 :


Mass =  4.167 x 10-6 moles  x  106.0  grams
                                                                                        1      mole


                                                    Mass  =  4.417 x 10-4  grams

So the maximum mass of Na2CO3  which can be added without causing a 
precipitate would be  4.4 x 10-4 grams. (Rounded to 2 SD’s)

Time for you to try one like this:

5.
Calculate the mass of NaI which must be added to 500.0 mL of a 2.0 x 10-4 M solution of Pb(NO3)2 in order to form a saturated solution of PbI2 . 

Finding Which Precipitate Will Form First

Sometimes a solution is added to another solution with a mixture of ions.  
You may be asked to determine which precipitate will form first.  

Again, that extremely useful Ksp will help you with this.

Let’s look at an example first:

0.010 M NaI is added dropwise to a solution containing 1.0 M Ag+ and 1.0 
M  Cu+.Which precipitate will form first? 

Solution:

First recognize that the Na+ ions in the NaI does not form any precipitates 
(it is soluble in everything.) and it is a spectator ion.  The I- ion forms a 
precipitate with Ag+ and with Cu+.  Look up the Ksp’s of AgI and CuI.

Short-Cut Method for Multiple Choice Only!


Although we don’t encourage short-cuts, one is possible here if you understand Ksp and what it means.


This method only works if both ions in the dissociation equation have the same coefficient. (ie. They are both the same type of compound (Both “AB” or both “AB2”)


eg.
AgI(s) [image: image39.wmf] Ag+(aq)  +  I-(aq)    (Both Ag+  and  I-  have a coefficient of “1”)




CuI(s) [image: image40.wmf] Cu+(aq)  +  I-(aq)    (Both Cu+  and  I-  have a coefficient of “1”)


We look up the Ksp’s on the Ksp table:


AgI  
Ksp =  8.5 x 10-17 

CuI
     Ksp  = 1.3 x 10-12


Since the AgI has a lower Ksp, you can reason that it must also have a lower solubility.


So this means that if you add I- ions to a solution containing both Ag+ and Cu+ ions, the one with LOWER solubility will precipitate first.


This is because it’s Ksp will be reached first because it is lower.


So the precipitate AgI will be formed first.

A Better Method!

This method is better because it is easier to understand and it can be used 
for any two precipitates, whatever the coefficients in their dissociation 
equations are! This would be the only method if one precipitate is an “AB” 
compound and the other is an “ AB2” compound.  It is also the required 
method for written response type questions or problems.

First, have a look at this diagram to help you understand what’s going on.  
Only the ions involved in forming precipitates are shown.  The spectators 
are left out to make it simpler:
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Here is the question again:


0.010 M NaI is added dropwise to a solution containing 1.0 M Ag+ and 1.0 M  Cu+.


Which precipitate will form first? 


Look up Ksp’s:  (AgI ( Ksp =  8.5 x 10-17    CuI ( Ksp  = 1.3 x 10-12)


Knowing the Ksp’s we can calculate the [I-] needed to just start the formation of the precipitate AgI.  We do it like the following:


AgI(s) [image: image42.wmf] Ag+(aq)  +  I-(aq) 


Ksp =  [Ag+]  [I-]

                                         8.5 x 10-17  =  (1.0)  x  [I-] ( [Ag+] was given in the problem.) 
                                                          [I-]  =  8.5 x 10-17   =  8.5 x 10-17   M

                                                                           1.0

So the [I-] needed to just start precipitation with Ag+ is  8.5 x 10-17 M.

In a similar way, we can calculate the [I-] needed to start precipitation of 
CuI:


CuI(s) [image: image43.wmf] Cu+(aq)  +  I-(aq) 


Ksp =  [Cu+]  [I-]

                                         1.3 x 10-12  =  (1.0)  x  [I-] ([Cu+] was given in the problem.) 
                                                        1.3 x 10-12  =  (1.0)  x  [I-] 

                                                 [I-]  =  1.3 x 10-12 =  1.3 x 10-12  M

                                                                  1.0

So the [I-] needed to just start precipitation with Cu+ is 1.3 x 10-12  M.

As the I- ions are slowly added dropwise, their concentration in the beaker 
starts out as “0” and gradually increases.

The value 8.5 x 10-17 needed for formation of AgI is less than 1.3 x 10-12
which is needed for the formation of CuI.

The smaller value, 8.5 x 10-17, will be reached first, (as it starts out as “0” and 
gradually increases.) Therefore:  

The precipitate AgI will form first:

Ag+(aq)   +   I-(aq)(  AgI (s)
When the Ag+ is all used up by the I-, the [I-] can start building up again.

Once the [I-] reaches the higher value of 1.3 x 10-12, the precipitate CuI 
will start forming:


Cu+ (aq)  +   I-(aq)  ( CuI(s)

Here’s a question for you to try.  This one cannot be done with the short-
cut method.

6.
If 0.1 M KCl is added dropwise to a beaker containing 0.10 M Ag+ and 0.10 M Pb2+,which precipitate would form first?  Show all equations and calculations.


****************************************************************************

Questions

1.
500.0 mL of 2.0 x 10-4 M Pb(NO3)2 solution is mixed with 800.0 mL of 


3.0 x 10-3 M NaI solution.  Do the necessary calculations to see if a precipitate will form or not. 

2.
If 5.5 grams of AgNO3 solid is added to 50.0 mL of 2.0 x 10-3 M KIO3 solution, will a precipitate of AgIO3 form? 

3.
Find the maximum possible [IO3-] in a solution in which [Pb2+] = 3.0 x 10-4 M.

4.
If 0.20 M Na2CO3 solution is added slowly to a mixture of 0.010 M Ba(NO3)2 and 0.010 M AgNO3, which precipitate would form first. Show all calculations in a logical way.                    

Section VI - Titrations

First of all, let’s look at some of the terminology used in talking about 
titrations.

A good one to start with might be the definition of “titration” itself.

Titration - The process of adding a measured amount of a standard solution to a specified amount of sample solution in order to find the concentration of a certain ion in the sample solution. (Don’t try to memorize this or even fully understand it yet.  It will be quite clear later on.)

Standard Solution - A solution of known concentration used in a titration.

Sample Solution - A solution of unknown concentration.  The 
concentration of this solution will be found using the process of titration.

Indicator - A substance which will change colour or do something else to

show that the titration is complete.

An Example of a Titration
The best way to understand what is taking place during a titration is to go 
through an example and have every miniscule (tiny) point explained.  
Make sure you ask someone if you come to something you don’t 
understand. Start on the next page...

O.K. Let’s say you had a solution that contains chloride (Cl-) ions and you 
really want to know the molar concentration of chloride ions ( [Cl-] ) in the 
solution.  By the way, this solution will now be called the “sample solution”.


[image: image44.wmf] 


What we could do is find something that forms a precipitate with Cl- ions.

Looking at the old faithful solubility table, a good ion is silver (Ag+).

The net-ionic equation for the precipitation reaction would be:

You’ll notice that the coefficient on Ag+ is the same as the coefficient on Cl-  (1).

This means that when the reaction is just complete:


moles of Ag+  =  moles of Cl- 

This will become important when we do the calculations.

The concentration of [Ag+] in the solution that we add must be known 
very precisely. This solution is called the standard solution.

Now, we all know that it’s impossible to have a solution of JUST Ag+ .  
There must be a negative ion present also. In order to keep things as 
simple as possible, it’s best if the negative in doesn’t form precipitates with 
anything. A good choice would be the nitrate ion (NO3-).

If you look this up on the solubility chart, you’ll see that it doesn’t form precipitates with any positive ion.

So our standard solution could be silver nitrate (AgNO3 (aq)).  As we said 
before, the concentration of this solution should be known precisely.  Let’s 
go to the stockroom and find some 0.100 M AgNO3 solution.  Notice, the 
concentration is known to the nearest 0.001 M , so this is very precise.

Basically, in a titration, we have to find out what volume of the 0.100 M 
AgNO3 is needed to just precipitate all the Cl- ions in the sample solution.

We must also put a precisely measured volume of the sample solution into 
the flask.

Here is the main “game plan” in a titration of this kind.  The details of how 
we do each step will be looked at later.

1.
_____________________ (ie. 0.100 M AgNO3) is added to the sample 

solution until all the Cl- ions are precipitated.

2.
The volume of this standard solution needed to do this is ____________.
3.
Now the moles of the Ag+ ions used can be calculated.  Since we 

know the concentration of the Ag+ (0.100 M) (Remember that each AgNO3 gives one Ag+.), and we now know the volume (Litres) of the Ag+ solution, we can use the equation:     _________________________
4.
Once we know the moles of Ag+ used, we can use the coefficients in


the balanced equation to find the moles of Cl- that were present in the sample.


The balanced equation is:    Ag+(aq)  +  Cl-(aq)   (   AgCl(s)

In this case the coefficients on Ag+ and Cl- are the same so



moles of Ag+  =  moles of Cl- 

(Note: The coefficients are equal here but don’t assume they will be equal with every titration!)
5.
Now we know the moles of Cl- that were present in the sample. Since we measured the volume of the sample solution precisely, we can now calculate the concentration of Cl- ([Cl-]).  We can use the formula:

Read these 5 steps over a couple of times. Remember that the volume of

the standard solution (what we add) and the volume of the sample 
solution (what is in the flask) are two different things, so don’t get them 
confused.

Before we can carry out the actual titration, a couple more points have to 
be understood: (Will this never end, you ask?)

a) 
A device called a burette is used to add the standard solution (0.100 M AgNO3)

    
This device tells us what volume of AgNO3 solution has been added. (see diagram…) 



A Burette

                                       
 EMBED Word.Picture.8  


b)
We need something to tell us when all the Cl- ions are used up. 
Imagine adding the Ag+ ions to the Cl- ions to form a precipitate.  The 
solution would gradually get cloudier as the precipitate formed.  But it 
would be really hard to know precisely when     it stopped getting cloudier

(all the Cl- is used up) without actually going past that point.

But there is a way!  And as usual, to understand how it works takes a little

bit of explanation. (But that’s why you like Chemistry, isn’t it?) You really

have to be able to visualize what is going on in the flask.  It will take some

concentration. 

What we can do is put a few drops of an indicator called Na2CrO4 
solution. It is the CrO42- ion that does the job here.



The precipitate AgCl is white.



The precipitate Ag2CrO4 is a brick red colour.

It is known that AgCl is less soluble than Ag2CrO4.  What this means is that

if Ag+ ions are added to a solution containing BOTH Cl- ions and CrO42- 
ions, the added Ag+ ions will have a greater attraction for the Cl- ions, so 
the precipitate of AgCl will form first.  
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The Ag+  ions will keep bonding with the Cl- ions forming the white

precipitate AgCl  as long as there are Cl- ions present.  
As soon as all the Cl- ions are used up, the Ag+ will then start precipitating

with the CrO42- ions, forming the precipitate Ag2CrO4. But recall that the

colour of Ag2CrO4 is brick red.  

Thus, as you can see, as soon as all the Cl- ions are used up, the next drop

of Ag+ solution will turn the solution red.
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So, as soon as all the Cl- is consumed, and a small amount of Ag2CrO4
forms, a faint brick red colour will be noticed.  At this point, we would STOP

the titration.

This is the point where we have added the exact amount of Ag+ ions necessary to precipitate all the Cl- ions in solution. (Don’t worry about the extra drop or two, titrations always have a certain margin of error.) This point is called the equivalence point or stoichiometric point.

******************************************************************

So, let’s look at an actual titration:

We have 25.0 mL of a solution containing Cl- ions of unknown 
concentration.  We want to titrate it and determine it’s concentration.  

Here’s what we would do:

1. Add exactly 25.00 mL of the Cl- solution to an erlenmeyer flask. This is the sample solution.


2.
Add a few drops of 0.1 M Na2CrO4 (aq) to the flask as an indicator. 



(The exact concentration is not critical.)


3.
Fill the burette to the “0.00” mark with 0.100 M AgNO3 solution.  This is the standard solution.


[image: image47.wmf] 



4.
Open the stopcock on the burette to slowly add the AgNO3 solution to the flask. The white precipitate AgCl starts to form making the solution in the flask a cloudy white.


5. 
Keep swirling the flask and adding AgNO3 until there is a permanent, very pale reddish colour.  Close the stopcock. This is called the endpoint or the transition point of the titration. If the red colour is too dark, it means you’ve gone too far!
6. Note the reading on the burette at this point. In this example, let’s pretend the final reading is 18.25 mL.


[image: image48.wmf] 


7. 
Repeat this procedure two or three times, each time starting with a new sample of the Cl- solution with indicator.  The burette doesn’t have to be refilled each time, as long as the difference in the readings before and after the titration is calculated.  This would give the volume of AgNO3 solution used for each titration.  


Let’s pretend the following readings were obtained in four titrations:

	Titration Trial
	Volume of AgNO3  used  (mL)

	Trial 1
	18.25

	Trial 2
	17.86

	Trial 3
	17.91

	Trial 4
	17.88


Calculations
The following are typical calculation steps which would use the data

obtained to determine the [Cl-] in the sample solution.

1.
Calculate the best average value for the volume of AgNO3 used.

You’ll notice that the volume in Trial 1 is significantly higher than in the 
Other 3 trials.  This can often happen in a titration on the first trial because

The experimenter doesn’t know where the endpoint is going to be.  He o

she may add a little too much standard solution before he or she notices

that the pink colour is permanent.  The first trial in any titration is really just

to get a rough idea of where the endpoint is going to be.  

You have to use your judgment a bit with this, but in this case it would be

better to leave the first volume (18.25 mL) out when calculating the average sinceit is probably not as accurate as the other three.



The best average then is:    17.86  +  17.91  +  17.88   =    17.88 mL 
        
                                                                 3 

2. 
Calculate the moles of AgNO3 ( or Ag+) (standard solution) used in 
the titration using the best average volume from the data.



The best average volume in this case is 17.88 mL = 0.01788 L.

(Don’t round off at any point during the calculations, just on the last 
calculation of the series.)

If you will glance at “Step 3” on page 6, you will see that the Molar Concentration of AgNO3 [AgNO3] =  0.100 M.


Hopefully, you will also recall from your vast Chemistry experience that:



moles = M x Litres



This equation can be used to find the moles of AgNO3 used: 



moles = M x Litres



moles = 0.100 M x  0.01788 L = 0.001788 moles AgNO3 (Ag+)

3. 
Write the balanced net ionic equation for the reaction taking place in the titration.  In this case it is just the Ag+ from the AgNO3 that is reacting with the Cl- in the sample solution. The NO3- is a spectator ion so it is left out in the net ionic equation.



Ag+(aq)   +   Cl-(aq)  (  AgCl(s)
4.     Use the balanced net ionic equation to find the moles of Cl- in the   

        sample.

Looking at the net ionic equation, you can see that the coefficients on

Ag+ and Cl-are equal. (They are both “1”).  At the equivalence point of

the titration you can generally assume that the moles of reactants

present will be in the same ratio as their coefficients in the balanced

equation. (In this case 1:1) so:


moles of Cl-  =  moles of Ag+ 



so moles of Cl- = 0.001788 moles

5.
Calculate the [Cl-] in the sample solution.


Glancing at “Step 1” on page 6, you will notice that we used 25.00 mL of the sample solution (with unknown [Cl-]). So the volume of the Cl- solution is


25.00 mL  or 0.02500 Litres.



We know the moles of Cl- from calculation 4 are 0.001788 moles



Again, from Chemistry 11, to find Molar Concentration we use:



M   =   moles
                               L



So



[Cl-] = 0.001788 moles  =  0.07152 M  

                               0.02500 L

Now is the time to look at significant digits.  In the original data given on pages 6, 7 and 8, you will see that the lowest number of significant digits is 3. (The concentration of Na​2CrO4 is not used in any of the calculations so it’s significant digits are not counted.)  The final answer, then should be rounded off to 3 significant digits.  (Remember “0”s at the beginning of a number are not significant!)


The final answer would be:



[Cl-]  =  0.0715  M or if you wish,  7.15 x 10-2 M
Warning!  The most common mistake with titration calculations is getting

volumes and concentrations mixed up.  Always ask yourself, “This is the

volume of what?” or “This is the concentration of what?” etc.  For

example in the last step, since you are calculating the [Cl-], make sure

you have the moles of Cl- and the volume of Cl-, not something else.  It’s

worth double checking! 

Titrating for Ag+ Ion Concentration


A common method of titrating a solution with unknown [Ag+] is shown by the following:

1.
The burette is filled with a solution of potassium thiocyanate (KSCN) of a known concentration (eg. 0.100 M).  This is the standard solution. The thiocyanate ion (SCN-) is the active ion here.  The K+ ion is a spectator.

2.
A known volume of the silver (Ag+) solution is added to an erlenmeyer flask.


This is the sample solution.

3.
This time the indicator added to the flask is a solution containing the Fe3+ ion. (eg. Fe(NO3)3 (aq)) .

4.
The main reaction for the titration is a precipitation of Ag+ and SCN- ions to form a precipitate of AgSCN (s):



    Ag+(aq)   +    SCN-(aq)   (  AgSCN(s)
                 colourless             colourless               white precipitate

5.
Once just enough SCN- solution has been added to react with all the Ag+ ions, (the stoichiometric point), any excess SCN- ions added will react with the indicator, Fe3+ ions and form a complex ion (a larger ion made up of smaller ones) called FeSCN2+.  This ion, called the ferrothiocyanate ion, is NOT a precipitate, BUT  IS a very intense red colour. You may recall seeing it when you did Experiment 19-A on equilibrium.  The reaction is:



   Fe3+(aq)   +    SCN-(aq)  (  FeSCN2+(aq) 

                pale rust                colourless                  dark red

A slight permanent red would appear at the endpoint of the titration.  This would indicate that the stoichiometric point (the point where there is just enough SCN- to react with all the Ag+ in the sample) has been reached.

NOTE: At this point you may be confused between the two terms, 
stoichiometric point and endpoint.

Stoichiometric Point - 

The point in a titration where there is precisely enough of the standard

solution to react with all of the sample solution.  The ratio of moles of the 
two reactants are the same as the ratio of coefficients in the balanced

equation. (eg. in  Ag+(aq) +  SCN-(aq) ( AgSCN(s), that ratio is 1:1.)

Endpoint-

The point in a titration where the indicator changes colour.

Ideally, the endpoint would occur at the same time as the stoichiometric
point, so they would basically mean almost the same thing. In Unit 4, we

will visit these two terms again.

6.
By measuring the volume of SCN- solution used (standard solution), knowing its concentration, and by knowing the volume of Ag+ solution (sample solution) used,the [Ag+] can be determined using the same series of calculations shown in the 


previous example.

***********************************************************************
Self-Test 
1.
In order to find the concentration of chloride ion in a sample of pool water, a 50.0 mL  sample of the pool water was titrated with 0.500 M AgNO3 solution, using sodium chromate solution (Na2CrO4 (aq)) as an indicator.  At the stoichiometric point, it was found

 
that 53.4 mL of AgNO3 solution had been added.

a)
Calculate the moles of Ag+ used.

b)
Write the balanced net-ionic equation for the titration.

c)
Determine the moles of Cl- ions in the sample.

d)
Calculate the [Cl-] in the sample of pool water.

***********************************************************************

2.
A solution containing silver ions (Ag+) is titrated with 0.200 M KSCN solution to find the [Ag+] in the sample.  The indicator Fe(NO3)3 (aq) is used to signal when the stoichiometric point is reached.  It is found that 15.6  mL of 0.200 M KSCN is needed to titrate a 25.0 mL sample of Ag+ solution. Determine the [Ag+] in the sample. Show all steps in a clear concise manner. (Use question 1 as a guide.)

3.
Explain how the indicator Na2CrO4 works in titrations for chloride (Cl-) ion concentration using Ag+ as a standard solution.

4.
Explain how the indicator Fe(NO3)3 works in titrations for silver (Ag+) ion concentration using SCN- as a standard solution.
Section VII – The Common Ion Effect

Today you will learn:

1.
What the Common Ion Effect is and how it can be used.

2.
How we can increase or decrease the solubility of a compound by adding other materials.

The Common Ion Effect

To understand the Common Ion Effect, you must first review LeChatelier’s 
Principle.

Remember, it goes something like this:


Le Chatelier’s Principle:


When a stress is applied to a system at equilibrium, the equilibrium will shift so as to partially counteract the imposed stress.

Let’s see how this might apply to solubility. 

We can start by looking at the equilibrium equation for a compound of 
low solubility, eg. CaCO3(s) :


CaCO3(s)   [image: image49.wmf]    Ca2+(aq)  +   CO32-(aq)
Let’s say we have a saturated solution of calcium carbonate (CaCO3).  
What this means is that we would have some solid CaCO3 sitting on the 
bottom of the solution and there would be some Ca2+ ions and some 
CO32- ions dissolved in the solution. 


 EMBED Word.Picture.8  


Since this solution is at equilibrium, the concentration of dissolved Ca2+ 
and CO32- ions in solution will stay constant. (Even though ions are 
dissolving and precipitating all the time--at rates which just balance each 
other.)  This situation would remain constant through eternity unless we do 
something.

Let’s say we add a small amount of Calcium Chloride (CaCl2) to the 
beaker.  Calcium chloride is considered soluble, so we can assume that it 
all dissociates into Ca2+ and Cl- ions: (Notice the single arrow!)


CaCl2(s)     (     Ca2+(aq)  +   2Cl-(aq)

So what we would be doing is adding some Ca2+ ions and some Cl- ions 
to the solution in the beaker. 

But remember, the solution in the beaker was already saturated with Ca2+ 
and CO32- ions from the CaCO3! So what in the world will happen now?


 EMBED Word.Picture.8  


Since there were no Cl- ions in the solid or in the solution before, they will 
not affect anything.  They can be regarded as spectator ions in this case.

But you can see by the diagram that we are adding Ca2+ ions to a 
saturated solution of CaCO3 .

Looking at the equilibrium equation for CaCO3(s) dissolving:


CaCO3(s)   [image: image50.wmf]   Ca2+(aq)  +   CO32-(aq)

What we are actually doing is increasing the [Ca2+] in this equilibrium.  
This, of course is imposing a stress on the system at equilibrium. 

By LeChatelier’s Principle, increasing the [Ca2+] can be counteracted by 
the equilibrium shifting to the LEFT:


CaCO3(s)  
 EMBED Word.Picture.8  

    Ca2+(aq)  +   CO32-(aq)

What this will do is increase the amount of CaCO3(s) and decrease the 
concentration of CO32-.


CaCO3(s)  
 EMBED Word.Picture.8  

    Ca2+(aq)  +   CO32-(aq)
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Since this results in more solid CaCO3 in the beaker, we can say that:

Adding Ca2+ ions to the solution decreases the solubility of CaCO3.
Now, hopefully you can see where the name “Common Ion Effect” fits in.

The ion Ca2+ that was added to the saturated CaCO3 solution is the same 
as (common to) one of the ions in the original solution.

We can now generalize a little bit:


A compound of low solubility forms two ions in a saturated solution.  The addition of either of these two ions (from a compound or solution with an ion in common) will decrease the solubility of the compound with low solubility.

Using this concept, we can see that many compounds could decrease 
the solubility of CaCO3.

Now, it’s time for you to make some predictions:

1.
Predict which compounds would decrease the solubility of CaCO3(s) if added to a saturated solution.  For each compound that does, state why it does.


CaCO3(s)   [image: image52.wmf]    Ca2+(aq)  +   CO32-(aq)

	Added compound
	Ions
	Effect on Solubility of CaCO3(s)
	Reason for effect

	Ca(NO3)2

	
	
	
	

	KNO3

	
	
	
	

	K2CO3

	
	
	
	

	CaCO3

	
	
	
	


***********************************************************************

Increasing Solubility

We can use LeChatelier’s Principle for increasing the solubility of a 
compound as well as for decreasing it (as we did with the Common Ion 
Effect).

Let’s look at this equilibrium again:


CaCO3(s)   [image: image53.wmf]    Ca2+(aq)  +   CO32-(aq)

If we could somehow decrease either [Ca2+] or [CO32-], then this 
equilibrium would shift to the right and the amount of solid would 
decrease. (ie. the solubility would increase.)

But, how do we decrease the concentration of an ion?  We can’t just 
reach in and pull ions out of a solution!  But, there IS a way.

The carbonate (CO32-) ion happens to be easy to decrease.  All we 
have to do is add some acid to the container.  The following sequence of 
reactions will (hopefully) help you understand how this works.  Just 
remember, what we are trying to do is decrease the [CO32-] in this 
equilibrium:


CaCO3(s)   [image: image54.wmf]    Ca2+(aq)  +   CO32-(aq)
Now, focus your attention just on the carbonate:


CO32-(aq)
As you might know, when you put an acid into water, hydrogen ions (H+)

are formed.(eg.  HCl(g) (  H+(aq)  +  Cl-(aq))

Well, when these hydrogen ions collide with carbonate, they temporarily 
form a compound called carbonic acid.  Let’s see:


2H+(aq)   +   CO32-(aq) (   H2CO3 (aq)



 EMBED Word.Picture.8  


   hydrogen ions                       carbonate ion                            carbonic acid

     (from acid) 

Now, it so happens that carbonic acid (H2CO3) is unstable in water 
solution.  Carbonic acid is actually what is present in carbonated 
beverages (like pop).

In water solution, carbonic acid (H2CO3) decomposes to form carbon 
dioxide gas (CO2(g)) and liquid water : 


H2CO3 (aq)   (      H2O (l)   +    CO2 (g) 


See the diagram on the next page...........

 EMBED Word.Picture.8  


What happens now is the carbon dioxide gas escapes (in the form of 
bubbles) from the solution.  Because the CO2 escapes, this reaction keeps 
proceeding to the right.

In other words, as soon as some carbonic acid (H2CO3) is formed, it 
decomposes into CO2(g) and water, and then the CO2(g) escapes into 
the air.  Because the CO2 escapes, the reverse reaction does not have a 
chance to take place.

Now, recall the equilibrium:


CaCO3(s)   [image: image55.wmf]    Ca2+(aq)  +   CO32-(aq)

As was said there, something that would decrease the [CO32-] would shift

This equilibrium to the right and dissolve more solid CaCO3 (increase it’s 
solubility).

Then we learned that by adding an acid (contributing H+ ions), that the 
CO32- is used up to make carbonic acid (H2CO3(aq)) which then 
decomposes to H2O and CO2(g), which escapes into the air.  

This can all be summarized by the following:

CaCO3(s)   [image: image56.wmf]    Ca2+(aq)  +   CO32-(aq) 


                                                                                                                      H+ (from acid)      

                                                                                               H2CO3(aq)



                                                                                                                           decomposes      

                                                                                          H2O(l)  +  CO2(g)

So we have represented three reactions here.  The ones going down the 
right side result in a decrease in [CO32-] in the first equilibrium (which is the 
one to really focus on here.)


Since the [CO32-] is decreased, the equilibrium will shift to the right, increasing the 
solubility of CaCO3(s).


CaCO3(s)   
 EMBED Word.Picture.8  

   Ca2+(aq)  +   CO32-(aq)
As a result, more CaCO3(s) dissolves and the [Ca2+] and [CO32-] goes up 
(to compensate for the decrease in [CO32-] caused by adding the acid.)


CaCO3(s)   
 EMBED Word.Picture.8  

   Ca2+(aq)  +   CO32-(aq)
As long as more acid is added, this process will continue until all the solid 
CaCO3 has been dissolved.

It is important to realize here that this reaction is specific to compounds

with the carbonate ion.  Adding an acid may work with a few other ions 

like sulphite (SO32-), but not all of them ! In Chem. 12, it is important to remember that:


Adding an acid to a low solubility compound with carbonate, will decrease the [CO32-] and increase the solubility of the compound.

Now, here’s a question:

2. 
Some buildings and statues are made of marble, which is mainly calcium carbonate (CaCO3). Using the concepts in this tutorial, explain how acid rain can damage these structures.

*************************************************************************

Increasing Solubility by Forming Another Precipitate


Remember, if we decrease the concentration of an ion in a solubility 
equilibrium, the equilibrium will shift right and increase the solubility of the 
solid:

For example, if in the following equilibrium, [Ag+] is decreased, the 
equilibrium will shift right and some of the solid AgCl will dissolve:


AgCl(s)  
 EMBED Word.Picture.8  

  Ag+(aq)  +   Cl-(aq)
Well, now we will show you another way to decrease the concentration of 
a specific ion (like Ag+).

What you can do is add something that will form a precipitate with Ag+.  
This will decrease the [Ag+] in the solution.

So what you are really doing is forming one precipitate to dissolve another 
one.

Firstly, it would be a mistake to add chloride ions (Cl-), as this would just 
make this equilibrium shift left and decrease the solubility of AgCl.  We are 
trying to do the opposite!

It is found that if you add sulphide (S2-) ions to this solution, that the S2- will 
form a precipitate with the silver (Ag+) ions.  This process can be 
represented by the following:


AgCl(s)  
 EMBED Word.Picture.8  

  Ag+(aq)  +   Cl-(aq)

                                                                              +  

                                                                                      S2-    (S2- is added)

                                                                                      
 EMBED Word.Picture.8  

    


                                                                          Ag2S(s)
So basically, the Ag+ ions are being “pulled” from the AgCl equilibrium to 
form the precipitate Ag2S(s). 

Of course, you can’t just add sulphide (S2-) ions by themselves.  You would 
have to add a solution containing a soluble compound of sulphide.  A 
soluble compound of sulphide is sodium sulphide (Na2S(aq)).

You could consult your “Solubility Table” to find an ion (other than Ag+) 
that would form a precipitate with Cl-. Our table says that Pb2+ ions 
precipitate Cl- ions.

So you could add a solution of a compound containing Pb2+ (eg. 
Pb(NO3)2(aq)) to the container with the AgCl.


AgCl(s)  
 EMBED Word.Picture.8  

 Ag+(aq)  +   Cl-(aq)

                                                                                                    +  

                                                                                               Pb2+   (Pb2+ is added)

                                                                                                            
 EMBED Word.Picture.8  

    


                                                                                                PbCl2(s)

Now the Pb2+ ions react with the Cl- ions from the AgCl equilibrium, 
forming a new precipitate (PbCl2(s)) and decreasing the [Cl-] in the 
solution.  Doing this causes the AgCl equilibrium to shift to the right, thus 
dissolving the AgCl(s).

You can always use your solubility table to find a compound that will

precipitate a certain ion from solution.  Remember, the table gives you 
just ions.  

For any positive ion that is needed, putting the negative ion nitrate (NO3-) 
with it is always a safe bet as NO3- will not form any unwanted precipitates 
and compound with NO3- are all soluble, so they will be readily break up 
to supply the ions you want.

For any negative ion that you need, it is safe to use the sodium (Na+) or 
potassium (K+)salt of the ion, since these would always be soluble and 
Na+ or K+ will not form any unwanted precipitates.

Okay, get out your solubility table and try the following question:

3.
Suggest two different compounds which could be added to a saturated solution of calcium hydroxide (Ca(OH)2(s)) in order to increase it’s solubility.  Show with equilibrium equations how each one works.

***************************************************************************
To quickly summarize what we have shown in this tutorial.
1.
The solubility of a compound is decreased when an ion which is the same as one of the ions in the compound (common ion) is present or added.

2.
The solubility of compounds containing the carbonate (CO32-) ion can be increased by adding an acid.  The H+ ions from the acid react with the carbonate (CO32-) forming carbonic acid (H2CO3(aq)) which decomposes into water and CO2(g).  In this way the
[CO32-] is decreased in the solubility equilibrium for the original compound, the equilibrium shifts toward the side with the ions, and the solid dissolves more.

3.
The solubility of a compound can be increased by adding a solution that will form a precipitate with one of the ions in the compound.  This will decrease the concentration of that ion, causing the equilibrium to shift to the ion side and dissolve the solid.

Read through this tutorial again, and you should be ready for the Self-Test.

Make sure you have your periodic table and solubility table with you!

**********************************************************************

Questions

1.The following table shows some compounds with low solubility in the left column.  In  column 2,  a solution (reagent) is added.  In column 3, indicate whether the solubility of the compound on the left will be increased, decreased or not affected. In column 4 give a brief explanation for your answer.  You don’t need to include equilibrium equations in your explanations in this case.

	Low Solubility Compound
	Added Reagent
	Effect on Solubility of Compound in 

Column 1
	Explanation for Effect

	SrSO4

	Ba(NO3)2(aq)
	
	

	Ag2S


	AgNO3(aq)
	
	

	SrCO3

	HNO3(aq)

(nitric acid)
	
	

	AgBr


	Pb(NO3)2(aq)
	
	

	PbCl2

	KCl(aq)
	
	

	Be(OH)2

	NaCl(aq)
	
	

	PbCO3

	HCl(aq)
	
	

	CuI


	CaI2(aq)
	
	

	Ag2CO3

	Na2S(aq)
	
	

	Ca3(PO4)2

	K2SO4(aq)
	
	


2.
Given that natural rainwater is slightly acidic, explain why rain will slowly dissolve limestone (CaCO3(s)) over a period of time.  Give a full explanation including relevant equilibrium equations.

3.
Silver sulphate is a white precipitate with low solubility.  When a solution of ammonium sulphide ((NH4)2S(aq)) is added, the white precipitate slowly dissolves and a black precipitate forms on the bottom.  Using equilibrium equations and clear explanations, indicate what happened here.

4.
Name two compounds (not just ions) that can decrease the solubility of BaSO4(s) and explain why each one of them works

5.
Name a substance (not just an ion) which could increase the solubility of BeCO3(s). Explain why this substance works.

6.
Briefly explain what is meant by the common ion effect.
Ba2+ is in the “All others” group.





Mg2+ is one of “All others”





1.8 x 10-10





[Ag+] =   2.62 x 10-4 moles/L


[CrO42-] = 1.31 x 10-4  moles/L











Our answer has 3 SD’s because that was the lowest # of SD’s given in the data. We did not use a Ksp table.





The lowest # of SD’s in the data was �3 SD’s. As we were working out the problem, we kept more SD’s than this. Then, in the very last step, we rounded the answer to 3 SD’s.





2.6 g of K2CO3





2.6 g of K2CO3





These are both “AB” compounds





Dropper with I-  solution





The [I- ] in the beaker starts out as “0” and gradually increases as the solution is added dropwise.





When the [I- ] becomes high enough so that the product [Cu+][I- ] is greater than the Ksp for CuI, that precipitate will start to form.





When the [I- ] becomes high enough so that the product [Ag+][I- ] is greater than the Ksp for AgI, that precipitate will start to form.





Sample Solution: 


Solution with unknown  [Cl-] 





CrO42-





The Ag+ has a greater attraction for the Cl-, so it will precipitate with that first





Now, all of the Cl- is gone, so the Ag+ will start precipitating the CrO42-, forming the red precipitate  Ag2CrO�4 .





CrO42-





The “0.00” point on the burette





0.100 M AgNO3 solution.


(Standard Solution)





The “50.00 mL” point on the burette





A few drops of Na2CrO4 as an indicator





25.0 mL of Sample Solution with Cl- of unknown concentration





The sample solution is now a slight permanent red colour, indicating that all of the Cl- has been used up and the Ag+ is just starting to precipitate with the CrO42-








The “0.00” mark on the burette.





This tells us that 18.25 mL of 0.100M AgNO3 is required to titrate the sample.





The “18.25 mL” mark on the burette.
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