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Chem 121      Name______________________________ 
Exam 3                       April 3, 2009 
100 Points 
 

Please follow the instructions for each section of the exam. Show your work on all mathematical 
problems. Provide answers with the correct units and significant figures. Be concise in your 
answers to discussion questions.   
 

Complete all of problems 1-4. 
1. Of the following, the amphiprotic ion is: (4 points) 

 
a. HCO3

- 
b. NH4

+ 
c. CO3

2- 
d. ClO4

- 
 
Answer __a___ 

 
2. The effect of adding 0.001 mol KOH to 1.00 L of a solution that is 0.10M NH3 and 0.10M 

NH4
+ is to: (4 points) 

 
a. Raise the pH by several units 
b. Raise the pH very slightly 

c. Lower the pH very slightly 
d. Lower the pH by several units 

 
Answer __b___ 

 
3. The reaction 2CO2 (g)  2CO (g) + O2 (g) has Kc = 2.0 x 10-6.  Based on this, the reaction 

must be (4 points) 
 

a. Product-favored and fast 
b. Reactant-favored and fast  

c. Reactant-favored and slow  
d. None of the above. 

 
Answer __d___ 

 
4. A buffer solution is prepared by dissolving 0.200 moles of picolinic acid (a monoprotic acid 

with Ka = 4.10 x 10-6) and 0.200 moles of sodium picolinate (its conjugate base) in 1.00 L of 
solution. (15 points). 
a. What is the pH of this buffer? 
b. What will be the new pH after 5 mL of 2.087 M NaOH is added to 100.0 mL of this buffer 

solution? 
 

a. To calculate the pH of a buffer solution, we can use the Hendersen-Hasslebach equation 
(or set up an ICE table). 

pH = pKa + log [A-] = 5.39 + log 0.200 M = 5.39 
     [HA]     0.200 M   

 
b. mol HA = 100 mL x 0.200M = 20.0 mmol = mol A- 

 mol OH- = 5 mL x 2.087M = 10.44 mmol 
 

 OH- + HT → T- + H2O 
Start 10.44 mmol  20.00mmol  20.00  0 
End 0  9.56 mmol  30.44 mmol  10.44 mmol 

 
We now have a new solution of A- and HA and can determine its pH.  We could set up 
an ICE table or use Henderson Hasslebach equation, either way we get the same result: 

 
pH = pKa + log [A-] = 5.39 + log 30.44 mmol = 5.89 

     [HA]     9.56 mmol   
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Answer three (3) of problems 5-8. Clearly mark the problem you do not want graded. 15 
points each. 
 
5. A solution contains 25.00 mL of 0.0500M NaOH, 15.00 mL of 0.100M HCl, 10.00 mL of 

0.100M KOH, 5.00 mL of 0.200M HNO3, and 10.0 mL of 0.100M NaCl.  What is the pH of 
the solution?  
With the exception of NaCl, which will not contribute to pH, all of these are strong acids and 
bases.  Therefore, the pH will be determined by the amount of H+ remaining after 
neutralization: 
 
mmol OH- present:  (25.00 mL x 0.0500M) + (10.00 mL x 0.100M) = 2.25 mmol OH- present 
mmol H+ present:  (15.00 mL x 0.100M) + (5.00 mL x 0.200M) = 2.50 mmol H+ present 
 
So, 2.50 – 2.25 = 0.25 mmol of H+ will be present in the 65.00 mL of solution, giving an H+ 
concentration of (0.25 mmol)/(65 mL) = 3.85 x 10-3 M or a pH = 2.41 

 
 
 
 
 
 
 
 
 
6. Explain whether the following statement is true or false: “The exothermic reaction below will 

be spontaneous at all temperatures.” 
2 H2(g) + O2(g) → 2 H2O(g) 

 
For a reaction to be spontaneous, the free energy change (∆G) for the reaction must be 
negative.  The ∆G, however, depends on enthalpy and entropy of the reaction by the 
equation below: 
 
So, for ∆G to be negative at all temperatures ∆H for the reaction must be negative and ∆S 
for the reaction must be positive.  From the statement, we are told that the reaction is 
exothermic, corresponding to a negative ∆H.  Looking at the reaction, we see that three 
moles of gaseous reactants are being converted to two moles of gaseous products.  This 
corresponds to s decrease in entropy, or a negative ∆S.  Since this does not fit the criteria 
for spontaneity at all temperatures, the statement is false. 
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7. Will the precipitation of MgF2 occur if a 22.5 mg sample of MgCl2•6H2O (molar mass = 
203.29 g/mol) is added to 325 mL of 0.0035M KF?  Ksp for MgF2 = 3.7 x 10-8 
 
Precipitation will occur if Q>Ksp for the equilibrium.  The equilibrium in question is that for the 
dissolution of MgF2: 

MgF2(s)  Mg2+ + 2F-     Ksp = [Mg2+][F-]2 

 
So, we need to determine the [Mg2+] and [F-] in the solution to see if Ksp is exceeded. 
 

22.5 mg MgCl2•6H2O x 1 mol MgCl2 x 1 mol Mg2+ =1.107 x 10-4 mol Mg2+ = 3.406 x 10-4 M
  203.29g MgCl2 1 mol MgCl2 0.325 L   

 
Then Q = [Mg2+][F-]2 = (3.406 x 10-4 M)(0.0035M)2 = 4.17 x 10-9 
 
Since 4.17 x 10-9 is less than 3.7 x 10-8, no precipitate will form (Q<Ksp). 

 
 
 
 
 
 
 
 
 
8. The curve below corresponds to one of the three titrations listed.  Which titration is 

represented by the titration curve?  Explain how you chose the correct answer and ruled out 
the other two. 
 
a.  The titration of 20 mL of 0.100 M ammonia  

(pKb = 4.75) with 0.100 M HCl. 
 
b.  The titration of 20 mL of 0.100 M propionic acid 

(pKa = 4.89) with 0.100 M NaOH  
 
c.  The titration of 20 mL of 0.100 M oxalic acid  

(pKa1 = 1.27, pKa2 = 4.28) with 0.100 M NaOH. 
0
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From the titration curve, the titration starts out acidic, has an equivalence point pH of ~pH 9 
at 20 mL and reaches a maximum pH of ~12.5 or so.  Which titration conditions does this 
match.  Let’s consider each possibility. 
 
• Since choice (a) is a titration of a weak base with a strong acid, we’d expect the pH to 

start out basic and get more acidic, which it does not, ruling our (a). 
• Choice (b) is the titration of a weak acid with a strong base, which should start our acidic 

and have a slightly basic pH at the equivalence point, matching the given data.  Plus, 
we’d expect the pH at 10 mL to be equal to the pKa (4.89), which appears to be the case. 

• Choice (c) should present two equivalence points, one at 20 mL and a second at 40 mL, 
since these are not evident in the data, we can rule out (c).   

 
Therefore, it appears that the data corresponds to the titration described in (b). 
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In the space below, answer either problem 9 or problem 10.  15 points. 
 
9. An aqueous solution that is 2.00M in AgNO3 is slowly added from a buret to an aqueous 

solution of 0.0100M Cl- and 0.250M I-.  Which ion, I- or Cl- will precipitate first?  Justify your 
answer with a calculation.  Ksp for AgCl = 1.8 x 10-10, Ksp for AgI = 8.5 x 10-17. 
 
To deal with this problem, calculate the [Ag+] required to cause precipitate formation for 
each salt.  First, let’s do AgCl: 
 
 AgCl(s)  Ag+ + Cl- At equilibrium: Ksp = (x)(0.0100+x)
I --  0  0.0100 M  Assume x << 0.0100  = 0.0100x 
C --  +x  +x   x = Ksp/0.0100 
E --  x  0.0100 +x   x = 1.8 x 10-8M 

 
Repeat the calculation for AgI: 
 
 AgI(s)  Ag+ + I- At equilibrium: Ksp = (x)(0.25+x) 
I --  0  0.25 M  Assume x << 0.25  = 0.25x 
C --  +x  +x   x = Ksp/0.25 
E --  x  0.25 +x   x = 3.4 x 10-16M 

 
In both cases, our assumptions were reasonable.  Since we defined x as [Ag+], our 
calculations tell us that AgI will precipitate once [Ag+] exceeds 3.4 x 10-16M, but AgCl won’t 
precipitate until [Ag+] exceed 1.8 x 10-8M.  Therefore iodide ion, as AgI, will precipitate 
first. 

 
10. Consider a solution prepared by dissolving 0.10 mol of malonic acid and 0.20 mol of 

propionic acid in 1.00 L of solution.  Malonic acid is a weak diprotic acid with Ka1 = 1.5 x 10-3 
and Ka2 = 2.0 x 10-6, while propionic acid is a weak monoprotic acid with Ka = 1.3 x 10-5.  
Write enough valid equations to solve for the pH of this solution.  You do not need to arrive 
at a numerical answer; you just need enough equations to solve for all of the unknowns. 

 
Begin by writing all equilibria, with their associated equilibrium constant expressions.  We’ll 
abbreviate malonic acid as H2A and propionic acid as HP. 
 

H2A  H+ + HA-   Ka1 = [HA-][H+] 
     [H2A] 

HA-  H+ + A2-   Ka2 = [A2-][H+] 
     [HA-] 

HP  H+ + P-   Ka = [P-][H+] 
     [HP] 

H2O  H+ + OH-   Kw = [H+][OH-]
 
Seven unknowns (in bold), need seven equations.  K expressions give us four, we need 
three more. 
 
Charge balance: [H+] = [HA-] + 2[A2-] + [P-] + [OH-] 
 
Mass balance for malonic acid: 0.10 M = [H2A] + [HA-] + [A2-] 
 
Mass balance for propionic acid: 0.20 M = [HP] + [P-] 
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In the space below, answer either problem 11 or problem 12.  15 points. 
 
11. I’ve given you the task of preparing a pH 4.75 buffer.  You’ve sought the help of a few of 

your classmates and have narrowed your choices down to the following list.  Each of these 
combinations should produce a buffer with pH=4.75.  Which student’s suggestion would 
provide the best choice to make the highest capacity buffer? Justify your reasoning 

 
Student Buffer Composition Ka of weak acid 

Annie Yun 0.200M salicylic acid and 0.0032 M sodium salicylate 1.1 x 10-3 

Ty Trate 0.010 M acetic acid and 0.010 M sodium acetate 1.8 x 10-5 
Chris Talls 0.200 M acetic acid and 0.200 M sodium acetate 1.8 x 10-5 

 
For a buffer to have the best capacity, we would like the pKa for the weak acid to be as close 
to the desired pH as possible, and we’d like a large concentration of both the weak acid and 
conjugate base to be present in the solution. The higher the concentration, the more strong 
acid or base can be absorbed without changing pH. 
 
From the list above, Chris Talls recipe fits both requirements.  Annie Yun suggests a 
combination which results in very dilute weak base because the pKa is too far from the pH.  
Ty Trate has the ideal ratio of acid and conjugate base, but the dilute concentrations lead to 
poorer capacity that Chris’ suggestion. 

 
12. Your lab has synthesized a new weak, diprotic acid, that you have named acidic acid 

(creative!).  The pKa1 for this acid is 4.26, while pKa2 is 11.08.  What is the pH of a 0.100 M 
solution of acidic acid? 
Looking at the Ka’s, Ka1 = 5.50 x 10-5 and Ka2= 8.32 x 10-12, indicating that the HA- is a much 
weaker acid than H2A, therefore it will not appreciably contribute to the pH of the solution.  
So, we can treat this as a weak monoprotic acid. 

 
H2A  H+ + A- 

Now we do the ICE thing: 
 

 H2A H+ + HA-

I 0.100 M  0  0 
C -x  +x  +x 
E 0.100-x  x  x 

 
Inserting into the Ka1 expression, we get: 
 

Ka1 = [H+][HA-] = x2 
  [H2A]  0.100 -x

 
After some algebra, 0 = x2 + Ka1x – 0.100Ka1 
Solving for x, we get x = [H+] = [HA-] = 0.002317 M, pH = 2.64.   
 
We need to verify that ignoring Ka2 was OK, or that [A2-] << [HA-] 
[A2-] = Ka2 x [HA-]/[H+] = (8.32x10-12)(0.00231M)/(0.00231M) = 8.32 x 10-12 M, which is much 
less than 0.00231 M, so ignoring Ka2 is OK. 
(NOTE, since Ka1 isn’t extremely small, assuming x<< 0.100 is probably a bad idea.) 
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Possibly Useful Information 
 

R = 8.31441 J mol-1 K-1 oC = K – 273.15 

∆G  = ∆H - T∆S ∆G  = ∆Go - RTlnQ 

pH + pOH = 14 KaKb = Kw 
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