Suggested Problems

For quiz Th 7 Feb

First – check out last week’s suggested problems list, anything from the Common Ion section.  I will add a few more here.

16.4  Calculate the pH in a solution prepared by dissolving 0.10 mol of solid NH4Cl in 0.500 L of 0.40 M NH3.  Assume that there is no volume change.

16.7  Calculate the pH of 0.100 L of a buffer solution that is 0.25 M in HF and 0.50 M in NaF.  What is the change in pH on addition of the following?


a. 0.002 mol of HNO3

b. 0.004 mol of KOH

16.8  Calculate the change in pH when 0.002 mol of HNO3 is added to 0.100 L of a buffer solution that is 0.050 M in HF and 0.100 M in NaF.  Does this solution have more or less buffer capacity than the one in Problem 16.7?

16.57  Calculate the pH of 100 mL of 0.30 M NH3 before and after addition of 4.0 g of NH4NO3, and account for the change.  Assume that the volume remains constant.

16.60  Which of the following solutions has the greater buffer capacity:  a)  100 mL of 0.30 M HNO2-0.30 M NaNO2 or b) 100 mL of 0.10 M HNO2-0.10 M NaNO2?  Explain.

16.64  Calculate the pH of a buffer solution that is 0.20 M in HCN and 0.12 M in NaCN.  Will the pH change if the solution is diluted by a factor of 2?  Explain.

16.67  Calculate the pH of 0.300 L of a 0.500 M NaHSO3-0.300 M Na2SO3 buffer before and after addition of a) 5.0 mL of 0.20 M HCl and b) 5.0 mL of 0.10 M NaOH.

16.76  Consider the titration of 60.0 mL of 0.150 mL of 0.150 M HNO3 with 0.450 M NaOH.


a. How many millimoles of HNO3 are present at the start of the titration?


b. How many milliliters of NaOH are required to reach the equivalence point?

16.78  A 60.0 mL sample of a monoprotic acid is titrated with 0.150 M NaOH.  If 20.0 mL of base is required to reach the equivalence point, what is the concentration of the acid?

16.81  A 40.0 mL sample of 0.150 M Ba(OH)2 is titrated with 0.400 M HNO3.  Calculate the pH after addition of the following volumes of acid, and plot the pH vs. mL of HNO3 added.


a. 0.0 mL
b. 10.0 mL
c. 20.0 mL
d. 30.0 mL
e. 40.0 mL


**Barium hydroxide will fully dissociate, and HNO3 is a strong acid.

16.88  For each of the following compounds, write a balanced net ionic equation for dissolution of the compound in water, and write the equilibrium expression for Ksp.


a. Ag2CO3

c. Al(OH)3
16.124  How many milliliters of 3.0 M NH4Cl must be added to 250 mL of 0.20 M NH3 to obtain a buffer solution having pH = 9.40?  Kb of NH3 = 1.8 * 10-5
16.125  Consider a buffer solution that contains equal concentrations of H2PO4- and HPO42-.  Will the pH increase, decrease, or stay the same when each of the following substances is added?


a. Na2HPO4

b. HBr

c. KOH

16.4  Set up an ICE table…



NH3  +  H2O  ( (   NH4+  +       OH-

I(M)
     0.40


0.20
          0

C(M)
      -x



+x
         +x

E(M)
    0.40 –x


0.20 + x         x


Kb = 1.8 * 10-5 = [NH4+][OH-]/[NH3] = x(0.20 + x)/(0.40 – x)







= 0.20 (x)/0.40)



x = 3.6 * 10-5 M = [OH-]


Now, use this to solve for [H3O+] and then the pH.



[HeO+] = Kw/[OH-] = 1.0 * 10-14/3.6 * 10-5 = 2.8 * 10-10


pH = 9.55

16.7  Start by determining how much H3O+ is present:



HF   +   H2O    (  (  F-     +     H3O+
I(M)

0.25


0.50
     ~0

C(M)

-x


+x
      +x

E(M)

0.25 –x


0.50+x
        x


Ka = 3.5 * 10-4 = [F-][H3O+]/[HF] = x(0.50 + x)/(0.25 – x)



**Now…  I know in Ch 15, HF was an acid where we could not ignore x.  However, in all of the buffer problems in every single book I own, all of the calculations work out using the “x is small” assumption when you are dealing with HF.  I’m guessing this is due to the common ion effect – the addition of F- shifts the equilibrium to the left, and the acid is less dissociated.  So – we will assume that x is small, and set the above equal to…


= x(0.50)/(0.25) and solve for x.



x = 1.75 * 10-4 M = [H3O+] and pH = 3.76


Now, when we add the following…


a. 0.002 mol HNO3 – note that units are mol, not M


F-   +    H3O+      (  (       HF      +     H2O

I(mol)         0.050
0.002

       0.025

C(mol)
       -0.002
-0.002

      +0.002

E(mol)       0.048        0                             0.027

[H3O+] = Ka[HF]/[F-] = (3.5 * 10-4) (0.27/0.48) = 1.97 * 10-4 M


and pH = 3.71


b. 0.004 mol KOH



OH-      +     HF      (  (       F-       +       H2O

I(mol)
        0.004             0.025                   0.050

C(mol)
       -0.004
      -0.004
         +0.004

E(mol)        0                    0.021                  0.054

[H3O+] = Ka[HF]/[F-] = (3.5 * 10-4) (0.21/0.54) = 1.36 * 10-4 M 


pH = 3.87

16.8  

Initial pH should be the same…  it’s the same acid.  You can set up the ICE table to prove it to yourself…  You have less of the buffer components in this mixture, do take note!

I’ll show you what happens, though, when you add the strong acid.



F-   +   H3O+    ( (     HF   +     H2O


------------------------------------------------------------------------

I(mol)
        0.0100     0.002                0.0050

C(mol)        -0.002      -0.002               +0.002

E(mol)        0.008         0                      0.007

[H3O+] = Ka [HF]/[F-]  Assuming 0.01 L of solution (as noted in the problem)


= (3.5 * 10-4) (0.07/0.08) = 3 * 10-4 M


and the pH = 3.5


**This solution has a more drastic pH change when you add strong acid – we 
added the same amount of acid.  It doesn’t have so much buffering capacity as the 
solution in problem 16.7 because it contains less of the buffering components (HF 
and F-).

16.57  First, calculate the pH of the ammonia before anything gets added:



NH3  +    H2O  ( (  NH4+    +    OH-
I(M)

0.30


0

~0

C(M)

-x


+x

+x

E(M)

0.30 – x

x

x

Strategy:  solve for x to determine [OH-], determine [H3O+], then determine pH from that.


Kb = 1.8 * 10-5 = [NH4+][OH-]/[NH3]  =  x2/(0.30 – x)


assume x is small…  = x2/0.30    x = 2.3 * 10-3 M = [OH-]


(this is less than 1% of starting concentration – our assumption that x is small is 
valid)


Then use this to calculate [H3O+] = Kw/[OH-] = 





1.0 * 10-14/2.3 * 10-3 = 4.3 * 10-12 M



and pH = 11.37


Now, what happens when you add 4.0 g of NH4NO3?



determine, first, how many moles this equates to:  




4.0 g NH4NO3 (1 mol/80.04 g) = 0.050 mol  and in 0.100 L, this 



makes for 0.50 M NH4NO3.


Place this information into a new ICE table:



NH3   +    H2O     ( (        NH4+    +     OH-
I(M)

0.30



0.50

~0

C(M)

-x



+x

+x

E(M)

0.30 – x


0.50 + x
x



And do the same as before to calculate the pH.


Kb = x(0.50 + x)/(0.30 – x) = 1.8 * 10-5

We already know we can ignore x


1.8 * 10-5 = x(0.50)/0.30 

x = 1.1 * 10-5 M = [OH-]


[H3O+] = Kw/[OH-] = 9.1 * 10-10 M


and pH = 9.04

The addition of NH4+ shifts the reaction to the left/reactant side.  This decreases the amount of OH- present in the solution, and decreases the pH.

16.60  Solution a has the greater buffer capacity.  Both solutions are made with the same weak acid/conjugate base pair, and they have the same volume.  The difference is the concentration of buffer components.  Solution A has a higher concentration and thus has the capability of absorbing/reacting with more added strong base or strong acid molecules.

16.64  Use the Henderson-Hasselbalch equation:


pH = pKa + log ([base]/[acid])


in this case = pKa + log ([CN-]/[HCN])

         The Ka of HCN is 4.9 * 10-10 (value from book) so pKa = -log Ka = 9.31


pH = 9.31 + log (0.12/0.20) = 9.09


If you dilute your solution by a factor of 2, both the acid and the base components of your buffer will be diluted by the same factor.  In other words, the concentration of acid and base will change by the same amount – CN- will become 0.06 and HCN will become 0.10.  The ratio of concentrations will stay the same, and the pH is dependent on the ratio, not the concentrations themselves – so the pH will NOT change.

16.67  HSO3- :  Ka = 6.3 * 10-8 so pKa = 7.20


pH = pKa + log ([SO32-]/[HSO3-])


= 7.20 + log (0.300/0.500) = 6.98


a. When you add 0.0050 L of 0.20 mol/L HCl = 0.0010 mol HCl



You’re also adding (0.300 L)(0.500 mol/L) = 0.150 mol HSO3- and



(0.300 L)(0.300 mol/L) = 0.0900 mol SO32-



SO32-    +     H3O+  ( (    HSO3-     +      H2O

I(mol)

     0.0900
       0.0010

0.150

C(mol)

    -0.0010
      -0.0010                 +0.0010

E(mol)                 0.089                 0                            0.151

and pH = 7.20 + log (0.089/0.151) = 6.97


b. When you add 0.0050 L of 0.10 mol/L NaOH = 0.00050 mol OH-


       HSO3-           +       OH-      ( (      SO32-     +       H2O

I(mol)                0.150                   0.00050                  0.0900

C(mol)

-0.00050
      -0.00050
             +0.00050

E(mol)              0.1495
        0                             0.0905


and pH = 7.20 + log (0.0905/0.1495) = 6.98

16.76  


a. 60 mL (0.150 mmol/mL) = 9 mmol HNO3 present at the start of the titration


b. You need 9 mmol NaOH to reach the equivalence point…



9 mmol NaOH (1 mL/0.450 mmol) = 20 mL NaOH needed to reach the 


equivalence point.

16.78  Determine the number of mmol of base used in the titration:


20.0 mL (0.150 mmol/mL) = 3.00 mmol base used


Therefore, 3.00 mmol acid at the equivalence point.


3.00 mmol acid/60.0 mL = 0.0500 M = concentration of acid.

16.81  The reaction:


Ba(OH)2  +  2 HNO3  (  Ba2+  +  2 NO3-   +   2 H2O  **make sure your reaction 
is balanced!


a. When 0.0 mL of acid has been added, the [OH-] = 0.300 (since there are 2 OH- 
for each barium hydroxide)


[H3O+] = Kw/[OH-] = 1.0 * 10-14/0.300 M = 3.33 * 10-14 M


and the pH = 13.48


b. When 10.0 mL of acid has been added:



You are adding (10.0 mL)(0.400 mmol/mL) = 4.00 mmol HNO3


And the amount of base you started with:



40.0 mL(0.150 mmol/mL) = 6.00 mmol Ba(OH)2


but 12.0 mmol OH- (because there are 2 OH- in the formula unit)



The added acid neutralizes 4.00 mmol base, leaving you with 8.00 mmol 


base that has not yet been neutralized.



And the concentration:  8.00 mmol/(40.0 mL + 10.0 mL) = 0.160 M



[H3O+] = Kw/[OH-] = 1.0 * 10-14/0.160 = 6.25 * 10-14 M



pH = 13.20


c.  When 20.0 mL of acid has been added:



You are adding (20.0 mL)(0.400 mmol/mL) = 8.00 mmol acid




This neutralizes 8.00 mmol base, leaving you with 4.00 mmol base 



that has not yet been neutralized.




Concentration of base:  4.00 mmol/(40.0 mL  + 20.0 mL) = 




0.0667M




[H3O+] = 1.0 * 10-14/0.0667 = 1.50 * 10-13




pH = 12.82


d. When 30.0 mL of acid has been added:



You are adding (30.0 mL)(0.400 mmol/mL) = 12.00 mmol acid



This is the equivalence point of a strong acid/strong base titration.  The 


solution contains ions which are neither acidic nor basic, and the solution 


is at pH 7.


e. When 40.0 mL of acid has been added:



You are adding (40.0 mL)(0.400 mmol/mL) = 16.0 mmol acid



You have completely neutralized the base and have an excess of 4.00 


mmol acid.



[H3O+] = 4.00 mmol/(40.0 mL + 40.0 mL) = 0.0500 M




and pH = 1.30


I can’t sketch the titration curve here, but just be sure yours would start at a high 
pH and end at a low pH.

16.88  a. Ksp = [Ag]2[CO3]
Ag2CO3(s)  ((  2 Ag+(aq)  +  CO32-(aq)


c. Ksp = [Al][OH]3    Al(OH)3(s)  ((  Al3+(aq)  +  3 OH-(aq)

16.124  pH = pKa + log ([base]/[acid])


Since we’re given Kb, need to convert to Ka first.


Ka = Kw/Kb = 1.0 * 10-14/1.8 * 10-5 = 5.6 * 10-10

and pKa = 9.25


solve for log ([base]/[acid]) = pH – pKa = 9.40 – 9.25 = 0.15


[NH3]/[NH4+] = 100.15 = 1.41 = # moles NH3/# moles NH4+


They’ll be in the same volume, so the ratios are the same.


250 mL of 0.20 M NH3 contains…  0.050 mol NH3 (information given in problem)


So just solve for moles of NH4+


0.050 mol NH3/ mol NH4+ = 1.41



mol NH4+ = 0.035


We need 0.035 mol of NH4+ from a 3.0 M stock solution.  How many mL do we 
need?


mL NH4+ stock solution needed = (0.035 mol)(1 L/3.0 mol)



= 0.012 L = 12 mL


For a buffer solution with pH 9.40, you need to add 12 mL of 3.0 M NH4+ solution 
to 250 mL of 0.20 M NH3.

16.125  Consider the acid-base equilibrium formed from the buffer (it doesn’t matter which you put on each side – just writing out the reaction will help you figure out the direction the equilibrium is shifted)


H2PO4-    +   H2O  ( (  H3O+   +   HPO42-
     a. This is a source of HPO42- ions.  The equilibrium shifts to the left, [H3O+] decreases, and the pH increases.

     b. HBr is a strong acid.  Adding it to the solution will decrease the pH in general.  (No, you would not have to know that HBr is a strong acid, but just know that, of course, if you add enough of a strong acid to a buffer system, the pH will decrease, even if it is by just a small amount.)

   c. KOH is a source of OH-, which is a strong base.  (It’s just like NaOH – an ionic compound which will completely dissociate in water.)  This will increase the pH.
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