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Chemistry 222   Name__________________________________________ 
Spring 2014               80 Points 
Exam 3: Chapters 8-10 
 
Complete five (5) of the following problems.  Each problem is worth 16 points.  CLEARLY mark 
the problems you do not want graded.  You must show your work to receive credit for problems 
requiring math.  Report your answers with the appropriate number of significant figures.  You do 
not need to account for activities in your calculations. 
 
1. Find the pH of a solution prepared by dissolving all of the following compounds in one 

beaker and diluting to a volume of 0.250  L: 0.100 mol benzoic acid (pKa = 4.20), 0.100 mol 
sodium benzoate, 0.020 mol H2SO4, and 0.050 mol NaOH.  Assume sulfuric acid dissociates 
completely (i.e. it is a strong acid).  

 
We need to recognize that the strong acid and strong base will react until one is consumed: 

 H2SO4 + 2 NaOH  Na2SO4 + 2 H2O 
Start mol 0.020  0.050  0  0 
End mol 0  0.010  0.020  0.040 

 
Now, the excess strong acid will react: 

 HA + OH-  A- + H2O  

Start mol 0.100  0.010  0.100  -- 
End mol 0.090  0  0.110  -- 

 
So, we now have a buffer with 0.090 mol benzoic acid and 0.110 moles benzoate: 

pH = pKa + log mol A- = 4.20 + log 0.110 mol = 4.29 
     mol HA     0.090 mol   

 
In the end, pH = 4.29 
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2. The titration curve below is the result of the titration of 20.00 mL of a 0.100 M solution of one 
of the acids below with 0.100 M KOH.  Identify the acid.  Clearly justify your decision by 
explaining how you ruled out each of the imposters and arrived at your conclusion. 

 

  

Acid pKa’s 

Acetic 4.75 

Phosphoric 2.17, 7.20, 12.15

Succinic 4.21, 5.64 

HCl strong 

Maleic 1.91, 6.33 

Pyruvic 2.55 

  

 
First, let’s look at the experimental conditions.  Since the concentration of the acid and base 
are the same, we’d expect to see an equivalence point at 20 mL if the acid is monoprotic, 20 
and 40 mL if the acid is diprotic (and the Ka’s are different enough), and at 20, 40, and 60 
mL if the acid is triprotic (and the Ka’s are different enough).  We see a single clear 
equivalence point at 40 mL, therefore the acid cannot be monoprotic, ruling out acetic, 
pyruvic, and HCl.  The remaining options are polyprotic acids.  What would we expect from 
each? 
 
Phospohoric Acid:  Since Ka1 and Ka2 differ by ~105, we’d expect to see a clear distinction 
between the two equivalence points (@ 20 and 40 mL).  Since we don’t observe this, the 
acid isn’t phospohoric. 
 
Maleic Acid:  The same argument holds in this case as well.  Because the Ka’s are quite 
different, we’d expect to see both equivalence points, since we do not, the acid can’t be 
maleic. 
 
Succinic Acid:  The Ka’s are quite similar; therefore we would not expect to see two distinct 
equivalence points.  Instead, we’d expect to see them merge at ~40 mL.  This is what we 
observe in the titration curve.  Therefore, the acid must be Succinic.  You could do 
additional calculations to verify this, but it is unnecessary. 
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3. Complete the following calculations: (8 points each) 
a. Determine the pH of an 8.18 x 10-8 F solution of sodium hydroxide.  

 
You must use charge (or mass) balance to solve this problem! 

 
H2O = H+ + OH-, Kw = [H+][OH-] 

 
Charge Balance:  [H+] + [Na+] = [OH-]  
 

[H+] + 8.18 x 10-8 M = Kw 
    [H+]

 
[H+]2 + 8.18 x 10-8 M [H+] = Kw 

 
0 = [H+]2 + 8.18 x 10-8 M [H+] - Kw   

 
Solve for [H+] using quadratic formula:  [H+] = 6.71 x 10-8  M, pH = 7.173. 

 
 
 
 
 
 
 
 
 
 
 

b. A 0.020 F solution of phthalic  acid (pKa1 = 2.95, pKa2 = 5.41) is buffered at pH 4.00.  
What fraction of the phthalic  acid is present as the amphiprotic form at this pH? 

 
 

HA
- = [H+]Ka1 

  [H+]2 +[H+]Ka1 + Ka1Ka2

 
With [H+] = 1.0 x 10-4 M, Ka1 = 10-2.95 = 1.12 x 10-3, and Ka2 = 10-5.41 = 3.89 x 10-6;  
HA

- = 0.88, or 88% is present as HA-. 
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4. You are asked to prepare 500. mL of a 0.300 M acetate buffer at pH 5.10 using only pure 
acetic acid (MW=60.05 g/mol, pKa=4.76), 3.00 M NaOH, and water.  What mass of acetic 
acid and volume of 3.00 M NaOH is required to make this buffer? 

First, determine the ratio of A-/HA needed for pH 5.10 by rearranging the Henderson 
Hasslebach equation: 
 

mol A- = 10pH-pKa = 105.10-4.76 = 2.1878

mol HA     
 
We also know that the total moles of HA and A- = 0.500 L x 0.300M = 0.1500 mol. 
So: 

mol A- + mol HA = 0.1500 and 
mol A- = 2.1878 mol HA 

 
Solving for each term, we find: mol HA = 0.04705 mol and mol A- = 0.10295 mol 
 
Quantities for each: 
 
We need a total of 0.1500 moles of acetic acid: 
 

0.1500 mol HA x 60.05 g HA = 9.01 g acetic acid 
  1 mol HA   

 
We need to convert 0.10295 moles of the acetic acid to acetate by adding NaOH 
 

0.10295 mol HA x 1 mol NaOH x 1000 mL = 34.3 mL 3.00 M NaOH
  1 mol HA  3 mol NaOH   
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5. A 20.0 mL sample of 0.150 F freakinacidic acid (H2A, pKa1 = 3.00, pKa2 = 7.00) is titrated 
with 0.100 F NaOH.  Calculate the pH at any three of the following volumes of NaOH 
added: 0.0 mL, 20.0 mL, 30.0 mL, 40.0 mL, 60.0 mL, 70.0 mL.  

 
We first need to determine where the equivalence points are.  Given that H2A is diprotic, we 
expect to see equivalence points at 30 and 60 mL.  At volumes between 0 and 30 mL, we 
have a buffer of H2A and HA-, between 30 and 60 mL, we have a buffer of HA-

 and A2-.  
Following the second equivalence point, we need to determine the amount of excess NaOH 
added to find the [OH-] that results. 

 
Volume (mL) Dominant Species Approach pH 

0 H2A Monoprotic Acid (ICE table with Ka1) 1.93 
20 H2A, HA- Buffer (ratio = 2/1) 3.30 
30 HA- Amphiprotic:  pH=(pKa1+pKa2)/2 5.00 
40 HA-, A2- Buffer (ratio = 1/2) 6.70 
60 A2- Monobasic Base (ICE table with Kb1) 9.79 
70 NaOH Excess [OH] 12.05

 
At 0 mL, we have a solution of 0.150 M H2A.  Since Ka2<<Ka1, we can treat this as a 
monoprotic weak acid and use an ICE table.  Doing so will lead to the quadratic:  
x2 + Ka1x – 0.150Ka1 = 0.  Solving for x gives x = [H+] = 0.0118, pH = 1.93 
 
For the 20 mL volume, 2.00 mmol of the original 3.00 mmol of H2A has been converted to 
HA-.  Inserting into the H-H equation: 
 

pH = pKa1 + log mol HA- = 3.00 + log 2.00 mmol = 3.30 
     mol H2A     1.00 mmol   

 
For the 30 mL volume, all of the original acid has been converted to the amphiprotic form, 
HA-.  We can estimate the pH of this solution by taking the average of pKa1 and pKa2.  So, 
pH = ½(3.00 + 7.00) = 5.00 
 
For the 40 mL volume, 1.00 mmol of the 3.00 mmol of HA- produced at the first equivalence 
point has been converted to A2-.  Inserting into the H-H equation: 
 

pH = pKa1 + log mol A2- = 7.00 + log 1.00 mmol = 6.70 
     mol HA-     2.00 mmol   

 
At 60 mL, we have a solution of 0.0375 M A2, which we can treat as a monobasic weak base 
with pKb1 = 14-pKa2 = 7.00 and use an ICE table.  Doing so will lead to the quadratic:  
x2 + Kb1x – 0.0375Kb1 = 0.  Solving for x gives x = [OH-] = 6.12x10-5M, pOH = 4.21 and 
pH = 9.79. 
 
For the 70 mL volume, 7.00 mmol of NaOH have been delivered, but 6.00 mmol have been 
consumed in order to reach the second equivalence point.  Therefore 1.00 mmol of NaOH 
remain.  Since the total solution volume is 70.0 + 20.0 = 90.0 mL, the concentration of 
NaOH is: 1.00mmol/90.0 mL = 0.0111 M, pOH = 1.95, pH = 12.05: 
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6. Your new employer has asked you to prepare 1.00 L of a pH 12.00 buffer with a total 
phosphate concentration of 0.0500 M.  You have at your disposal the following compounds  

Compound Ka Molar Mass (g/mol)
H3PO4 7.11 x 10-3 97.9950 

NaH2PO4 6.34 x 10-8 119.9769 
Na2HPO4 4.22 x 10-13 141.9588 
Na3PO4 -- 163.9407 

 

a. Which two compounds would you use to prepare a buffer of pH 12.00 and how many 
grams of each of the two selected compounds would you need? (12 points) 

When preparing a buffer, it is best to choose and acid/base pair whose pKa is as close to the 
target pH as possible.  This optimizes buffer capacity.  In the case of the items at our 
disposal, the Na2HPO4/ Na3PO4 combination seems best since the pKa for HPO4

2- is 12.37. 
 

First, determine the ratio of PO4
3-/HPO4

2- needed for pH 12.00 by rearranging the 
Henderson Hasslebach equation.: 

mol PO4
3- = 10pH-pKa = 1012-12.37 = 0.422

mol HPO4
2-     

We also know that the total moles of PO4
3- and HPO4

2- = 1L x 0.0500M = 0.0500 mol. 
So: 

mol PO4
3- + mol HPO4

2- = 0.0500 and 
mol PO4

3- = 0.422 mol HPO4
2- 

 
Solving for each term, we find: mol PO4

3- = 0.0148 mol and mol HPO4
2- = 0.0352 mol 

 
Masses for each salt: 

0.0148 mol Na3PO4 x 163.9407 g Na3PO4 = 2.43 g Na3PO4 
  1 mol Na3PO4   

 
0.0352mol Na2HPO4 x 141.9588 g Na2HPO4 = 4.99 g Na2HPO4 

  1 mol Na2HPO4   
 

 

 

 

 

b. If you did exactly what you calculated in part (a), you would not get a pH of exactly 
12.00.  Why?  Explain how you would really prepare this buffer in lab. (4 points) 

 
There are two considerations/assumptions we have made that will introduce some 
uncertainty in our result: (1) we have ignored the contribution of activities and (2) we have 
assumed that our initial concentrations of HA and A- are reasonable approximations of the 
equilibrium concentrations.  While these assumptions may be reasonable, they do introduce 
some error. 
 
In practice, we could prepare the buffer as above and add small amounts of strong acid or 
base to fine tune the pH. 
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7. Explain how we are able to use initial concentrations in the Henderson-Hasselbalch 
equation and still get reasonable estimates of the equilibrium pH of a solution?  Under what 
conditions would this not be the case? 

 
In the derivation of the H-H equation, we recognize that, if there is a significant amount of 
both the acid and conjugate base in solution, Le Chatelier’s Principle would suggest that 
there will be a significant resistance to movement of the equilibrium in either direction.  That 
is, the presence of HA would decrease the tendency to form more HA by consuming A- and 
vice versa.  As a result, the equilibrium concentrations for HA and A- should not vary much 
from the initial conditions. 
 
We begin to run into problems as the concentration of HA or A-, or both decrease.  At these 
low concentrations, the assumption we made above, may not be good. 
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Kw = 1.0 x 1014 = [H+][OH-] pH + pOH = 14.00 

 
 
 
 
 

 
 


