Name: ___________________________

Block: ______


Unit 4- Acids and Bases Part 2

Lesson 1: Indicators

Finding Colours of Acid and Base forms of indicators experimentally

Looking at the equilibrium equation representing any indicator:


HInd            +        H2O         [image: image33.wmf]pH

volume (cm³)

Titration of weak acid (25 cm³) with strong base.
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        H3O+      +        Ind-

Adding any strong acid (eg. 1 M HCl) to an indicator (mixture of HInd and Ind-) will:

· Increase the [H3O+]

· Cause the equilibrium to shift to the LEFT

· Make [HInd] > [Ind-]

· Cause the solution to turn the colour of HInd.

Go over those last 4 points while looking at the equilibrium equation and make sure you understand them. (Remember Le Chatelier’s Principle!)

So when HCl is added to an indicator (mixture of HInd and Ind-), it increases [ H3O+] causing the equilibrium:
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HInd            +        H2O         [image: image2.wmf]        H3O+      +        Ind-
To shift LEFT so [HInd] > [Ind-] and the colour of HInd predominates
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In summary: If you add any strong acid (eg. HCl) to an indicator, it will turn the colour of the 
ACID FORM (HInd).

What about the Base Form (Ind-)?

Looking at the equilibrium equation representing any indicator:


HInd            +        H2O         [image: image3.wmf]        H3O+      +        Ind-

Adding any strong base (eg. 1 M NaOH) to an indicator (mixture of HInd and Ind-) will:
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     In summary: If you add any strong base (eg. NaOH) to an indicator, it will turn the color of the 
     BASE FORM (Ind-).

Question: When a drop of 0.1M HCl is added to the indicator bromcresol green, the colour is yellow. When a drop of 0.10M NaOH is added to the indicator, the colour is blue.

a. What colour is the acid form of bromcresol green (HInd)? _____________________________


b. What colour is the base form of bromcresol green (Ind-)?  _____________________________


c. What would the colour be if [HInd] = [Ind-] for bromcresol green? ______________________


Transition Point

Looking on the “Acid-Base Indicators” Table (on the back of your Acid Table):
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The two colours on the right side of the table for each indicator lists the colour of the ACID FORM first and then the colour of the BASE FORM.

So the Acid Form of methyl violet (HInd) is YELLOW and the Base Form of methyl violet (Ind-) is BLUE.

The colour at the TRANSITION POINT of 

Methyl violet would be __________________

The colour at the TRANSITION POINT of 

Bromcresol green would be ______________

The colour at the TRANSITION POINT of 

Indigo carmine would be ________________

Transition Point and Ka of Indicator

So now, we can summarize FOUR things we know to be true at the Transition Point:
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AT THE TRANSITION POINT
· [HInd] = [Ind-]


· Ka (indicator) = [H3O+]


· pKa = pH


· The colour is a 50/50 mixture of the acid and base colours
Transition Range and Transition Point

If you look at the Indicator Table on the back of the Acid Table, there is a column entitled “pH Range in which Colour Change Occurs”. 

 As the pH is gradually raised, the colour does not instantaneously change from acid colour to base colour. There is a gradual change over a range of pH’s. 

For example:

[image: image29.png]Thywmol blue 1228 et o yellow



It says that Methyl Violet gradually changes from yellow to blue in the pH range of  0.0 – 1.6.

This means when pH is at or below 0.0, the colour of methyl violet is yellow.

When pH is 1.6 or above, the colour of methyl violet is blue.  But what about between?

Between pH of 0.0 and 1.6, there is a mixture of the yellow and the blue form of methyl violet, so the colour is GREEN.  We can refine it even further by saying that between pH of  0.0 and  0.8, the colour is more of a yellow green and between pH 0.8 and 1.6, it is more of a blue green. At a pH of 0.8 (half way between 0.0 and 1.6), the colour would be simply Green!  See if you can fill these colours in the table.

	
	Indicator

	pH
	Thymol Blue
	Orange IV

	0.8
	
	

	2.0
	
	

	3.5
	
	


Finding the Ka of an Indicator

To find the pH at Transition Point:

1. Look on the Indicator table

2. Find the midpoint of the pH range by adding the two numbers and dividing by two.

Remember from the last page:

pKa = pH at the Transition Point.

Since pKa = -log Ka

Ka = antilog (-pKa)

Let’s do an example.  Find the Ka of  Phenol Red:
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The pH at the Transition Point is:    6.6 + 8.0  =                                                                                                            
                                                                2
Since pH at TP = pKa, then pKa = 
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Ka = antilog (             ) =  

Find the Ka of Alizarin Yellow:

Thymol Blue (A diprotic Indicator)

You’ll notice that Thymol Blue appears twice on the Indicator Table:



This is because Thymol Blue is a diprotic acid. Each time it loses a proton, it goes through a color change.

We can call Thymol Blue (Tb) a weak acid H2Tb
The equilibrium equation for the first ionization is:  H2Tb   +  H2O   (   H3O+   +   HTb-   

Using the table above, fill in the colours:                                  _________                                  __________

The equilibrium equation for the second ionization is:  HTb-   +  H2O   (   H3O+   +   Tb2-   

Using the table above, fill in the colours:                                   _________                                 __________


Looking at the pH ranges above,  try to fill in the following information:

	pH
	Form(s) which predominate(s)

(H2Tb, HTb- or Tb2-)
	Approximate Colour

	1.0
	
	

	2.0
	             &               are equal
	

	3.0
	
	

	7.0
	
	

	8.8
	             &               are equal
	

	10.0
	
	


Also, fill in the colours on the following diagram:

Colours of Thymol Blue:

      ___________   ___________ _______  _________  _________


pH           < 1.2  |                         | 2.8 -  8.0 |                    | >  9.6         

Find the pH’s and the colours of the given indicators in the following solutions (assume temp. = 25oC):

	Solution
	pH
	Colour in Thymol Blue
	Colour in Methyl Red
	Colour in Alizarin Yellow

	0.2 M HCl
	
	
	
	

	0.01 M HCl
	
	
	
	

	0.0005 M HCl
	
	
	
	

	Pure water
	
	
	
	

	0.0001 M NaOH
	
	
	
	

	0.2 M NaOH
	
	
	
	


A variety of indicators can also be used to narrow the known pH range for a solution and help identify the solution:

For example, a solution displays the following colours in the indicators shown.  See if you can narrow the pH down to a range:

	Indicator
	Colour of Solution
	Approximate pH Range

	Bromthymol blue
	Blue
	

	Thymol blue
	Yellow
	

	Phenolphthalein
	Colourless
	

	Approximate pH range of the solution using all information:
	


Let’s try another one:

For example, a solution displays the following colours in the indicators shown.  See if you can narrow the pH down to a range:

	Indicator
	Colour of Solution
	Approximate pH Range

	Orange IV
	Yellow
	

	Methyl red
	Red
	

	Methyl Orange
	Red
	

	Approximate pH range of the solution using all information:
	


For example, a solution displays the following colours in the indicators shown.  See if you can narrow the pH down to a range:

	Indicator
	Colour of Solution
	Approximate pH Range

	Methyl Orange
	Yellow
	

	Alizarin Yellow
	Yellow
	

	Thymol Blue
	Green
	

	Approximate pH range of the solution using all information:
	


Universal Indicators – Give a variety of colours over a larger pH range

Read p. 159 – 162 in SW.

Do Ex. 108 – 112  and 114 – 120 on p. 162 – 163 of SW

Using Indicators to Rank Weak Acids in Order of Strengths
To understand this section, recall that equilibrium always favours the side with the WEAKER acid (or weaker base)

Let’s say an indicator HInd  is Red in 0.1M HCl and Blue in 0.1M NaOH

Give the equilibrium equation for this indicator and write the colour of each form (HInd) and (Ind-) underneath it:

A few drops of this indicator (a mixture of HInd and Ind-) is added to a weak acid called HA1 and the colour is blue.
Which is the stronger acid, HA1 or HInd?

Now let’s look at another experiment involving the same indicator and a different weak acid HA2.

A few drops of this indicator (a mixture of HInd and Ind-) is added to a weak acid called HA2and the colour is red.

Which is the stronger acid, HA2 or HInd?

So, to summarize the results of both experiments:    Experiment 1: __________>  __________

                                                                                    Experiment 2: __________ > __________

So, in comparing strengths of HA1 and HA2, we can say that   _____________ > _____________

Do Worksheet 4 - 7—Indicators 
	TITRATIONS

	STANDARD
	SAMPLE

	Conc. & Volume (  moles
or Mass
	                moles (  Conc. or    
                                 Volume

	mol = M x L

or: grams x  1 mol = mol

                     MM g
	                M = mol/L  

         or    L = mol/M


Lesson 2: Review of Titrations


The “heart” of titrations is (moles in the middle):


     Moles of standard                                 Moles of sample
The moles of standard can be calculated by knowing the concentration of the standard and by measuring the volume used in the titration. Then the equation:  mol = M x L can then be used.


The coefficient ratio in the balanced equation can then be used to calculate the moles of sample in the flask.

Knowing the volume of the sample and using the moles from the last step, one can then calculate the concentration of the sample: M = mol/L
Equivalence Point (Stoichiometric Point)


The point at where the actual mole ratio of Sample/Standard is 
the same as the coefficient ratio in the balanced equation.

Eg.  Using the following reaction for a titration:

HCl   +  NaOH  (   H2O   +  NaCl

At equivalence point :  moles of  NaOH / moles of HCl  = 1/1  (or mol NaOH  =  mol HCl)

Using the following reaction for a titration:

2HCl   +  Ba(OH)2  (   2H2O   +  BaCl2

At equivalence point :  moles of  Ba(OH)2 / moles of HCl  = 1/2  (or mol HCl  =  2 x mol Ba(OH)2)

In the most common type of titration question, we calculate:  mol of standard ( mol of sample ( conc. of sample

Here’s an example:

A solution of HCl of unknown concentration was titrated with 0.150 M Ba(OH)2. The equivalence point is 
reached when 14.83 mL of Ba(OH)2 is added to 50.00 mL of the HCl solution. Find the [HCl] in the original 
sample.

(The standard solution is the one of known concentration( in this case the 0.150 M Ba(OH)2 .)

1.  Moles of Ba(OH)2  =  0.150 M  x  0.01483 L = 0.0022245 mol Ba(OH)2
2.  Moles of HCl:
                Using the balanced equation:    2HCl   +  Ba(OH)2  (   2H2O   +  BaCl2

      0.0022245 mol Ba(OH)2  x     2 mol HCl        =   0.004449  mol  HCl

                                                    1 mol Ba(OH)2

3. [HCl] =    0.004449  mol HCl   =  0.0890 M

                        0.05000 L HCl


Don’t forget, if a series of volume readings for different “Trials” are given, you may have to discard a reading 
that is more than 0.02 or so mL different from the rest of them. This ability to discard “far off” volume readings 
and then to calculate the “best average” volume will be tested!

Also markers always seem to use titration questions to test your ability to handle Significant Digits.  Remember, when subtracting (or adding) use decimal places and when multiplying or dividing, use # of SD’s!

Here’s a question for you to try:

0.200 M NaOH is used to titrated 3 separate 50.0 mL samples of a solution of H2SO4 of unknown concentration. 
The NaOH is in the burette.  Use the following data table to calculate the [H2SO4] in the original H2SO4 solution. Show all of your steps clearly, including the balanced formula equation for the reaction.

	
	Trial 1
	Trial 2
	Trial 3

	Initial Burette Reading (mL)
	0.00
	9.02
	17.95

	Final Burette Reading (mL)
	9.02
	17.95
	26.89


Lesson 3: Titration Curves Part 1
[image: image4.emf]
Stage 2—Base added but acid in excess

5.00 mL of 0.100 M NaOH is added to 25.00 mL of 0.100 M HCl.  Find the pH of the resulting solution.

Solution:   Balanced equation:      NaOH  +   HCl   (   H2O   +  NaCl

Initial moles of NaOH :  0.100 M  x  0.00500 L  =  0.000500 mol NaOH  
Initial moles HCl :          0.100 M  x  0.02500 L  =  0.00250 mol HCl  

Excess moles:                                              HCl  =  0.00200 mol  HCl 
Stage 3—Equivalence (Stoichiometric) Point
25.00 mL of 0.100 M NaOH is added to 25.00 mL of 0.100 M HCl.  Find the pH of the resulting solution.

Solution:   Balanced equation:      NaOH  +   HCl   (   H2O   +  NaCl

Initial moles of NaOH :  0.100 M  x  0.02500 L  =  0.00250 mol NaOH  
Initial moles HCl :          0.100 M  x  0.02500 L  =  0. 00250 mol HCl  

Excess moles:                                              Neither HCl nor NaOH  is in excess


However, 0.00250 moles of H2O and 0.00250 moles of NaCl have been produced:

                                       NaOH      +      HCl      (          H2O         +       NaCl

	Initial moles
	0.00250
	0.00250
	0
	0

	Change in moles
	-0.00250
	-0.00250
	+ 0.00250
	 + 0.00250

	Final moles
	0
	0
	0.00250
	0.00250


The NaOH and the HCl have completely neutralized each other. There is no SA or SB left!

The two substances which remain are H2O ( which is neutral and won’t affect pH.

                                         And the salt  NaCl(aq)  (  Na+(aq)   +    Cl- (aq)
THE SALT FORMED FROM A SA-SB TITRATION IS ALWAYS NEUTRAL
Since there is no SA, no SB and just H2O and a NEUTRAL salt, the pH of the solution formed will be 7.00

At the Equivalence (Stoichiometric)Point of a SA—SB Titration, the pH is always = 7.00

[image: image5.emf]
Sample Calculations:

pH vs. Volume of Base Added

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 

	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 
	 


Lesson 3 Part 2: Weak Acid—Strong Base Titration Curves

Again, this type of titration has the 4 stages:

1. Acid before any base is added

2. Base added but acid in excess

3. Equivalence (Stoichiometric) Point

4. Base in excess


When the acid in the beaker is WEAK, stages 1-3 are different than in a SA-SB titration.

Stage 1 – Only the Acid is present, but it is a WEAK acid, so the [H3O+] is NOT equal to [acid]

To find [H3O+] and pH, you have to use an ICE table.

Eg. Find the pH of 25.00 mL of 0.10 M CH3COOH before any base is added to it.

[image: image6.emf]
We see that for a WEAK Acid-Strong Base Titration, the pH before the base is added is higher (eg. 2.87)
than it was for a SA-SB Titration (where the pH before the base is added was 1.00)

For the same concentration, the weaker the acid, the HIGHER the pH will start out!

Stage 2—Base Present with Acid in Excess
Eg. 10.00 mL of 0.100 M NaOH is added to 25.00 mL of 0.10 M CH3COOH.

Solution:   Balanced equation:      NaOH  +   CH3COOH   (   H2O   +  NaCH3COO

Initial moles of NaOH :       0.100 M  x  0.01000 L  =  0.00100 mol NaOH  

Initial moles CH3COOH :   0.100 M  x  0.02500 L  =  0. 00250 mol CH3COOH


Excess moles:                                       CH3COOH  =  0.00150 mol  CH3COOH


But, this time we must consider the salt (NaCH3COO) that is produced ( because it is NOT neutral!
                                       NaOH      + CH3COOH  (       H2O         +     NaCH3COO
	Initial moles
	0.00100
	0.00250
	0
	0

	Change in moles
	-0.00100
	-0.00100
	+ 0.00100
	 + 0.00100

	Final moles
	0
	0.00150
	0.00100
	0.00100



What we are left with is a mixture of a Weak Acid (CH3COOH) and the Salt of It’s Conjugate Base (NaCH3COO)

A mixture of a Weak Acid and a Weak Base (the Salt of It’s Conjugate Base) is called a BUFFER SOLUTION.

As we will see later, a Buffer Solution is a solution which maintains the pH at a fairly Constant value. 

This causes the Titration Curve to decrease in slope during this stage.  The area on the curve is called the
“Buffer Region”.

How do we calculate the pH in a Buffer Solution?

Stage 3—Equivalence (Stoichiometric) Point
Eg. 25.00 mL of 0.100 M NaOH is added to 25.00 mL of 0.10 M CH3COOH.

Solution:   Balanced equation:      NaOH  +   CH3COOH   (   H2O   +  NaCH3COO

Initial moles of NaOH :       0.100 M  x  0.02500 L  =  0.00250 mol NaOH  

Initial moles CH3COOH :   0.100 M  x  0.02500 L  =  0. 00250 mol CH3COOH


Excess moles:                                       neither NaOH nor CH3COOH is in excess


But, this time we must consider the salt (NaCH3COO) that is produced ( because it is NOT neutral!
                                       NaOH      + CH3COOH  (       H2O         +     NaCH3COO
	Initial moles
	0.002500
	0.00250
	0
	0

	Change in moles
	-0.00250
	-0.00250
	+ 0.00250
	 + 0.00250

	Final moles
	0
	0
	0.00250
	0.00250



This salt that is produced (NaCH3COO) dissociates to form Na+ (spectator) and CH3COO- which undergoes
base hydrolysis in water.

For a WA/SB Titration, the pH at Equivalence Point is ALWAYS  >  7  
Stage 4 – Base in excess:  

  Looking at the Balanced equation:      NaOH  +   CH3COOH   (   H2O   +  NaCH3COO

Once NaOH is in Excess, you will have some STRONG BASE (NaOH) and some WEAK BASE (CH3COO-) in the resulting mixture. The OH-  contributed by the weak base ( CH3COO-)was significant when there was no other base present (EP), but once a strong base (NaOH) is present, the OH-  contributed by the weak base is insignificant  compared to that produced by the NaOH. So the titration curve past the EP for a WA/SB Titration is the same as it is for a SA/SB Titration (where NaOH is in excess)


[image: image7.wmf]Weak Acid - Strong Base Titration Curve
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Summary：
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Titration Assignment

Sample 1: A 25.00mL sample of HNO2 solution is titrated with 20.50mL of 0.250M NaOH solution to reach the equivalence point.
1. Complete the following for your sample.

	
	Sample 1

	Write the titration reaction

(NEUTRALIZATION)
	

	Calculate the concentration of the original sample.
	

	Calculate the pH of the initial sample before any standard is added.
	

	Write the hydrolysis reaction that would occur

(HINT: At Equivalence Point)
	

	Calculate the pH of the solution at the equivalence point
	

	Calculate the pH of the solution if 45.00mL of standard was added to the sample
	


2. Construct a titration curve for your sample.  Be sure to include the following:

· Title (0.5)

· Labeled axis (0.5)

· Smooth curve (0.5)

· Points plotted (0.5)
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Lesson 4:  Using Titration Curves in Questions and Calculations

Question: 

The following titration curve results from titrating 25.0 mL of a 0.10 M Weak Acid HA with a Strong Base KOH:


a.) Use this graph to estimate the Ka of the acid HA.

b.) Use this graph to calculate the [KOH].


More Practical Things about Titrations

Selecting Solutions for Acid-Base Titrations

If you are titrating an acid, make sure you use a base so that your titration reaction is a neutralization. It should have at least one STRONG reactant so it will go to completion. 

For example, if you are titrating the acid CH3COOH (WA), use a STRONG BASE like NaOH, KOH etc. You could not use another acid (like HCl etc.) .  Also, since CH3COOH is a WEAK acid, you cannot use a weak base (like NH3)

Also, the concentration of your standard should be relatively close to the concentration of the solution you are titrating so that the volumes used are comparable. (So you don’t need “buckets” or “a fraction of a drop” )

Here is an example of a multiple choice question:

In titrating 25.00 mL samples of NH3 which is approximately 0.1 M, which of the following solutions should be used to determine the [NH3]?

     a) 0.00100M HCl       b)  0.125 M HCl       c) 6.00 M HCl       d)  12.0 M HCl       e) 0.100M NaOH


Indicators for Titrations

Indicators can be used to tell you when you have reached the Equivalence (Stoichiometric) Point in a Titration.

However, different indicators must be used for different types of titrations.

Ideally, the pH at the Transition Point (pKa) of the Indicator will be the same as the pH at the Equivalence Point of the titration.  Or:


                                         pKa (indicator) = pH at EP of Titration

To choose the best indicator for a particular titration, have the titration curve and the indicator table handy:

For example, for a SA-SB Titration Curve:


The best indicators are the ones which have the pH at EP within their Transition Range. So the best indicators for the SA-SB Titration above would be Bromthymol Blue (Range 6.0 – 7.6) , Phenol Red (Range 6.6 – 8.0) or Neutral Red (Range 6.8 – 8.0) as these all have pH =7 within their transition ranges.

However, looking at the graph, there is an almost vertical line from pH 3 to pH 11 on the graph. This means that VERY LITTLE volume change of base would give a huge change in pH. It probably takes only a few drops to get the pH to change from 3.0 to 11.0! Any of the indicators Bromcresol Green to Thymolphthalein would change colour in that pH range, so they would all work for this one.  

Now for a SA – WB Titration Curve:




Lesson 5: BUFFERS
[image: image12.emf]
How do we know whether it is an acidic or a basic buffer?  What is their optimal pH?

Here are a few examples of buffer solutions:

	Some Acidic Buffers (WASCB)
	Some Basic Buffers (WBSCA)

	1.0 M HNO2    &    1.0 M KNO​2
	1.0 M NH3   &    1.0 M NH4Cl

	0.1 M NaH​2PO4    &    0.1 M Na2HPO4
	1.0 M NH3   &    1.0 M NH4NO3

	0.2 M H2C2O4     &    0.20 M NaHC2O4
	1.0 M N2H4   &    1.0 M N2H5Br


NOTE:  Buffers CANNOT be prepared using any STRONG ACIDS or STRONG BASES!!! Strong acids and bases are too reactive, and will not remain in an equilibrium mixture. They will react!

So mixtures like 1.0 M HCl and 1.0 M NaCl  or 1.0 M CH3COOH and 1.0 M NaOH CANNOT be Buffers!


[image: image13.emf]
[image: image14.png]Draw a graph of pH vs. Time when a small amount of HCI is added to the buffer above (Explain each part)

Using the same buffer sol

CHCOOH + H0 &2 HO + CHCOO
™ low M




Mathematically Representation:

[image: image15.png]Eg) A buffer solution is prepared using 1M NHy and 1M NH.Cl (WBSCA)

) Write the eq is buffer.

rium equation describing

b) When a small amount of NaOH (SB) is added, the [OH] quickly_____creases (the pH goes ___)

©) As aresul, the equil . and the [OH'] gradually ___ creases. (the pH
poesback )

d) So, as a result of adding NaOH, there was a small net ___crease in the [OH'] (a small net___ crease in pH )

) Draw a graph of [OH'] vs. Time to illustrate what happened in b > d. Label each part.

[oH|

Time

NaOH added

) Draw a graph of pH vs. Time to illustrate what happened in b > d.

Time

NaOH added

So, in summary, this buffer _ _ when a small
‘amount of acid or base is added to it!
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‘The purpose of a buffer system consisting of CH,COOH and CH,COONa is fo maintain a
relatively constant concentration of

Tonly.

Tand T only
10 and 11 only.
1, T and T

oW




[image: image17.emf]
Lesson 6: Applications of Buffers

Buffers in Titration Curves:

Stage 2  Between initial pH &  Equivalence point  


BUFFER REGION

· Strong base is added which neutralizes some weak acid, but there is still an excess of acid.

· E.g.)HC2H3O2(aq) + OH–(aq)   ( C2H3O2–(aq) + H2O(l)
· There is a mixture of weak acid and its conjugate base (i.e. a buffer)

· pH = pKa at half the volume needed to reach the equivalence point.  Why?

[image: image18.emf]


Titration Assignment with the BUFFER REGION

Sample 2: A 30.00mL sample of NaCN solution is titrated with 15.00mL of 0.250M HNO3 solution to reach the equivalence point.

Complete the following for your sample.

	
	Sample 2

	Write the titration reaction
	

	Calculate the concentration of the original sample.
	

	Calculate the pH of the initial sample before any standard is added.
Stage 1
	

	Calculate the pH of the solution at half the volume needed to reach equivalence point.

Stage 2
	

	Calculate the pH at the equivalence point.

Stage 3


	

	Calculate the pH of the solution if 45.00mL of standard was added to the sample.

Stage 4
	


3. Construct a titration curve for your sample.
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[image: image20.png]Limitations of Buffers

Say we have a buffer solution prepared using 1M CH:COOH and 1M NaCH:COO. The equilibrium describing this
buffer solution is:

CHCOOH + H0 &2 HO + CHCOO
™ low ™

Let's say we add 1.5 moles of HCl to 1 Litre of this solution. The [H;0°] will immediately go up to 1.5 M. Thi
‘more than the 1 M CH;COO" can handle (react with). There will still be an excess of H:O" large enough to bring the
pH down significantly.

In the above case we have overcome the I
more.

Buffers only maintain a relatively constant pH when SMALL amounts of acid or base are added to them!

tations of our buffer and it cannot hold the pH relatively constant any

Looking at the “buffer region” of the titration curve for a WA-SB titration illustrates how the buffer “loses control”
of the pH when the [base] overcomes the buffer:

Uses of Buffers P
‘Volum: of Base (mL)

Control of pH in industrial reactions
Used in maintaining water quality
Pools and hot tubs

‘Wine making

pH balanced shampoos and deodorants
Soil pH

Minimizing effects of acid rain

VYV VYV Y Y





Buffers in Biological Systems:

[image: image21.emf]
Lesson 7: Applied Acid/Base Chemistry: Anhydrides and Acid Rain

[image: image22.emf]
[image: image23.png]Acid Rain

« Because of dissolved COy, rain is normally slightly acidic with a pH of about 5.6
€O, +2H,0 = H;0™ +HCO5"

* Any precipitation with pH < 5.6 is called “Acid rain”

o Sources of acid rain...

= Sulphur containing substances...most fuels, including coal and oil. When fuels are burned,
sulphur is converted to sulphur dioxide, SO

» Sulphur dioxide reacts wit air to produce, SO+ 0) == 2 SOz

* When the gases SO2 and SO (non-metal oxides!!1) react with water vapour, acids are formed.
S02+H)0 =——_> H,S0s (sulphurous acid)
$03+H)0 —* H)SOs (sulphuric acid)

= Mixtures of SO) and SO; is often referred to as “S0,”

= Also, combustion reactions (i.e. automobiles) cause small amounts of Ny to react with air, NO
and NO; is produced.

N+ 0, —* 2NO
Ny+20; — % INO»
= NO» reacts with water.
NO; + Hy0 > HNO; + HNO3
* Mixtures of NO and NO are referred to as “NOy”

o Protection from acid rain...

= Lakes have a CO;/ HCO; buffer capacity, but if a large amount of acid rain goes into the lake,
the buffer capacity is exceeded and the ecosystem can be harmed.

= There s still hope, if the acid rain stops, the absorption of CO; from the atmosphere can
eventually reverse the effects of acid rain.

= Limestone (in some lakes) can neutralize the acidity of acid rain.
H)SO4aq+ CaC039 ——> CaSOup+ COxag+ H200
o Problems associated with acid rain..
= Fish and plant growth affected
= Leaches minerals out of the rocks and soils

* Limestone building damaged

***Do Hebden Questions #146 - 147, pg 188**=




Sample


Solution





Standard 


Solution





Burette





mole bridge





Coefficient ratio





Round to 3 SD’s according to the data.





From the 50.00 mL of the original HCl solution.











A Weak Acid





The salt of it’s Conjugate Base





We have produced 0.00250 moles of the salt NaCH3COO


(CH3COO-)





Negligible compared to water already present





pH at Equivalence Point is > 7





Shorter almost vertical region than in SA/SB





Buffer Region





Drop in slope when buffer kicks in





pH starts higher than SA/SB





Second ionization





First ionization





The anion from a SA (top 5 on right) is always NEUTRAL!





pH’s are only 1 decimal place which means 1 SD








Shifts Left





pH = 7 at EP





Any indicator with pKa in this range would be suitable.





pH at EP ≈ 5





Volume of KOH (mL)





You can’t titrate a WB with a SB. You need a SA.





Much too concentrated. You  would need too little volume





Too concentrated. You  would need too little volume





Right. HCl is a Strong Acid and conc. is close to 0.1 M





Too dilute. You  would need too much volume





Strong Base





Strong Acid





The cation from a SB (eg. any alkali ion) is always NEUTRAL!








PAGE  
33

_1069613332.xls
Chart1

		0

		5

		10

		15

		20

		22

		24

		24.5

		24.8

		24.9

		24.95

		24.99

		25

		25.01

		25.05

		25.1

		25.2

		25.5

		26

		28

		30

		40

		50



Volume of NaOH

pH

Weak Acid - Strong Base Titration Curve

2.87

4.14

4.57

4.92

5.35

5.61

6.12

6.43

6.84

7.14

7.44

8.14

8.87

9.3

10

10.3

10.6

11

11.29

11.75

11.96

12.36

12.7



Sheet1

		0		2.87

		5		4.14

		10		4.57

		15		4.92

		20		5.35

		22		5.61

		24		6.12

		24.5		6.43

		24.8		6.84

		24.9		7.14

		24.95		7.44

		24.99		8.14

		25		8.87

		25.01		9.3

		25.05		10

		25.1		10.3

		25.2		10.6

		25.5		11

		26		11.29

		28		11.75

		30		11.96

		40		12.36

		50		12.7





Sheet2

		





Sheet3

		






