Chapter 17 Worksheet 2012
PS: #34, 38, 42, 50, 3, 6, 9, 18, 25, 28, 29, 32, 40, 52, 67

Ksp Problems

Calculating Ksp given Molar Solubility
1. Copper (I) Bromide has a measured solubility of 2.0 x 10-4 mol/L at 25(C. Calculate its Ksp value. (level 1)   4.0 x 10-8
2. Calculate the Ksp value for bismuth sulfide, (Bi2S3), which has a solubility of 1.0 x 10-15 mol/L at 25(C. (level 1)    1.1 x 10-73
3. The Ksp value for Copper(II) iodate, Cu(IO3)2, is 1.4 x 10-7 at 25(C. Calculate its solubility at 25(C.

(level 1) 3.3 x 10-3 mol/L

4. The concentration of Pb2+ in a solution saturated with PbBr2(s) is 2.14 x 10-2 M. Calculate Ksp for PbBr2. (level 2)  3.92 X 10-5
Calculating Molar Solubility Given Ksp

1. Calculate the solubility of solid CaF2 (Ksp = 4.0 x 10-11) in a 0.025 M NaF solution.(level 1) 6.4 X 10-8
2. Calculate the molar solubility of Co(OH)3, Ksp = 8.9 x 10-12 (level 1)  7.5 x 10-4 mol/L
Finding if a Precipitate will form

1. A solution is prepared by adding 750.0 mL of 4.00 x 10-3 M Ce(NO3)3 to 300.0 mL of 2.00 X 10-2 M KIO3. Will Ce(IO3)3 (Ksp = 1.9 x 10-10) precipitate from this solution? (level 2) 

Ce(IO3)3 will precipitate from the mixed solution as Q is greater than Ksp.
2. A solution is prepared by mixing 150.0 mL of 1.00 x 10-2 M Mg(NO3)2 and 250.0 mL of 1.00 x 10-1 M NaF. Calculate the concentrations of Mg2+ and F- at equilibrium with solid MgF2 (Ksp = 6.4 x 10-9). (level 2)

[Mg2+] = 2.1 x 10-6 M
[F-] = 5.50 x 10-2 M
Mixed Ksp Problems from AP Tests
1.At 25ºC the solubility product constant, Ksp, for strontium sulfate, SrSO4, is 7.6×10-7. The solubility product constant for strontium fluoride, SrF2, is 7.9x10-10. (level 3)
(a) What is the molar solubility of SrSO4 in pure water at 25ºC?

(b) What is the molar solubility of SrF2 in pure water at 25ºC?

      (c)
An aqueous solution of Sr(NO3)2 is added slowly to 1.0 litre of a well-stirred solution containing 0.020 mole F- and 0.10 mole SO42- at 25ºC. (You may assume that the added Sr(NO3)2 solution does not materially affect the total volume of the system.)


i. Which salt precipitates first?

ii. What is the concentration of strontium ion, Sr2+, in the solution when the first precipitate begins to form?

Ans(a)
SrSO4(s) ( Sr2+(aq) + SO42-(aq)

At equilibrium: [Sr2+] = X M = [SO42-]


X2 = Ksp = 7.610-7

X = 8.710-4 mol/L, solubility of SrSO4
(b)
SrF2(s) ( Sr2+(aq) + 2 F-(aq)

At equilibrium: [Sr2+] = X M = [F-] = 2X M


KSP = [Sr2+][F-]2 = (X)(2X)2 = 7.910-10

X = 5.810-4 mol/L, solubility of SrF2
(c)
Solve for [Sr2+] required for precipitation of each salt.


Ksp = [Sr2+][F-]2 = 7.910-10 = X 
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Ksp = [Sr2+][SO42-] = 7.610-7 = Y 
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; y = 7.610-6 M



Since 2.010-6 M < 7.610-6 M, SrF2 must precipitate first.


When SrF2 precipitates, [Sr2+] = 2.010-6 M
2. MgF2(s) ( Mg2+(aq) + 2 F-(aq)
In a saturated solution of MgF2 at 18ºC, the concentration of Mg2+ is 1.21x10-3 molar. The equilibrium is represented by the equation above. (level 3)
(a) Write the expression for the solubility-product constant, Ksp, and calculate its value at 18ºC.

(b) Calculate the equilibrium concentration of Mg2+ in 1.000 liter of saturated MgF2 solution at 18ºC to which 0.100 mole of solid KF has been added. The KF dissolves completely. Assume the volume change is negligible.

(c) Predict whether a precipitate of MgF2 will form when 100.0 milliliters of a 3.0010-3-molar Mg(NO3)2 solution is mixed with 200.0 milliliters of a 2.00l0-3-molar NaF solution at 18ºC. Calculations to support your prediction must be shown.

(d) At 27ºC the concentration of Mg2+ in a saturated solution of MgF2 is 1.1710-3 molar. Is the dissolving of MgF2 in water an endothermic or an exothermic process? Give an explanation to support your conclusion.
Ans: (a)
Ksp = [Mg2+][F-]2 = (1.21X10-3)(2.42X10-3)2

= 7.09X10-9
(b)
X = concentration loss by Mg2+ ion


2X = concentration loss by F- ion


[Mg2+] = (1.21X10-3  - X) M


[F-] = (0.100 + 2.42X10-3  - 2X) M


since X is a small number then (0.100 + 2.42X10-3  - 2X) ( 0.100


Ksp = 7.09X10-9 = (1.21X10-3  - X)(0.100)2 


X = 1.2092914X10-3

[Mg2+]= 1.21X10-3-1.20929X10-3 = 7.09X10-7M

(c)
[Mg2+] = 3.00X10-3M X 100.0 mL/300.0 mL = 1.00X10-3M


[F-] = 2.00X10-3 M X 200.0 mL/300.0 mL = 1.33X10-3 M


trial Ksp = (1.00X10-3)(1.33X10-3)2 = 1.78X10-9

trial Ksp < = 7.09X10-9, ( no ppt.

(d)
@ 18ºC, 1.21X10-3 M MgF2 dissolves 


@ 27ºC, 1.17X10-3 M MgF2 dissolves


MgF2 ( Mg2+ + 2 F- + heat


dissolving is exothermic; if heat is increased it forces the equilibrium to shift left (according to LeChatelier’s Principle) and less MgF2 will dissolve.
Buffers
1. The equilibrium concentration of H+ in a 1.0M HF solution is 2.7X10-2 M, and the percent dissociation of HF is 2.7%. Calculate [H+] and the percent dissociation of HF in a solution containing 1.0 M HF (Ka = 7.2X10-4) and 1.0M NaF. (level1)
Answer: 0.072%

2. A buffered solution contains 0.50M acetic acid (HC2H3O2, Ka = 1.8X10-5) and 0.50 M sodium acetate (NaC2H3O2). Calculate the pH of this solution. (level1)
Answer: pH = 4.74

3. Calculate the change in pH that occurs when 0.010 mol solid NaOH is added to 1.0L of the buffered solution described in Sample Exercise 2. Compare this pH change with that which occurs when 0.010 mol solid NaOH is added to 1.0L of water. (level1)
Answer:a. 0.02 b. pH increases by 5 units

4. Calculate the pH of a solution containing 0.75 M lactic acid ( Ka =1.4X10-4) an 0.25M sodium lactate. Lactic acid (HC3H5O3) is a common constituent of biologic systems. For example, it is found in milk and is present in human muscle tissue during exertion. (level1)
Answer: pH = 3.38

5. A buffered solution contains 0.25M NH3 (Kb = 1.8X10-5) and 0.40M NH4Cl. Calculate the pH of this solution. (level1)
Answer: pH = 9.05

6. Calculate the pH of the solution that results when 0.10 mol gaseous HCl is added to 1.0L of the buffered solution from problem 5. (level1)
Answer: pH = 8.73

7. Calculate the change in pH that occurs when 0.010 mol gaseous HCl is added to 1.0L of each of the following solutions: (level 2)
Solution A: 5.00M HC2H3O2 and 5.00M NaC2H3O2
Solution B: 0.0050M HC2H3O2 and 0.050M NaC2H3O2
For acetic acid, Ka = 1.8X10-5.

Answer: pH = 4.56

8. A buffer consisting of H2PO4- and HPO42- helps control the pH of physiological fluids.  Many carbonated soft drinks also use this buffer system.  What is the pH of a soft drink in which the major buffer ingredients are 6.5 g of NaH2PO4 and 8.0 g of Na2HPO4 per 355 mL of solution? (level 3)
6.5 g NaH2PO4    *
1 mol NaH2PO4 
= 0.15 M NaH2PO4 = 0.15 M H2PO41-
0.355 L solution
119.98 g NaH2PO4
8.0 g Na2HPO4    *
1 mol Na2HPO4 
= 0.16 M Na2HPO4 = 0.16 M HPO42-
0.355 L solution 
141.96 g Na2HPO4
pH = pKa2 + log ([base]/[acid]) = -log 6.2 x 10-8 + log (0.16/0.15) = 7.21 + log (1.1)

= 7.21 + 0.041 = 7.25
Titration
1. A 20.0 mL sample of 0.200 M HBr solution is titrated with 0.200 M NaOH solution.  Calculate the pH of the solution after the following volumes of base have been added:  (a) 15.0 mL; (b) 19.9 mL; (c) 20.0 mL; (d) 20.1 mL; (e) and 35.0 mL. (level 1)

Strong acid – strong base (no equilibrium!):

(a) moles H+ = 
20.0 mL x 0.200 M HBr = 4.00 x 10-3
moles OH- = 
15.0 mL x 0.200 M NaOH = 3.00 x 10-3
excess [H+] = 
4.00 x 10-3 - 3.00 x 10-3 mol = 0.286 M H+ 
pH = 1.544




0.0200 + 0.0150 L

(b) moles H+ = 
20.0 mL x 0.200 M HBr = 4.00 x 10-3
moles OH- = 
19.9 mL x 0.200 M NaOH = 3.98 x 10-3
excess [H+] = 
4.00 x 10-3 - 3.98 x 10-3 mol = 5 x 10-4 M H+ 
pH = 3.3




0.0200 + 0.0199 L

(c) moles H+ = 
20.0 mL x 0.200 M HBr = 4.00 x 10-3
moles OH- = 
20.0 mL x 0.200 M NaOH = 4.00 x 10-3
at equiv. point; NaBr does not hydrolyze, so [H+] = 1 x 10-7

pH = 7.0

(d) moles H+ = 
20.0 mL x 0.200 M HBr = 4.00 x 10-3
moles OH- = 
20.1 mL x 0.200 M NaOH = 4.02 x 10-3
excess [OH-] = 
4.02 x 10-3 – 4.00 x 10-3 mol = 5 x 10-4 M OH- 
pH = 10.7




0.0200 + 0.0201 L



(e) moles H+ = 
20.0 mL x 0.200 M HBr = 4.00 x 10-3
moles OH- = 
35.0 mL x 0.200 M NaOH = 7.00 x 10-3
excess [OH-] = 
7.00 x 10-3 – 4.00 x 10-3 mol = 5.45 x 10-2 M OH- 
pH = 12.736

0.0200 .0350 L



2. A 50.0 mL sample of 0.150 M acetic acid, HC2H3O2, is titrated with 0.150 M NaOH solution.  Calculate the pH after the following volumes of base have been added:  (a) 0 ml; (b) 25.0 mL; (c) 49.0 mL; (d) 50.0 mL; (e) 51.0 mL; (f) 75.0 mL. (level 1)

Weak acid:

(a)      
HC2H3O2 ↔ 
C2H3O2- + 
H+

I
0.150

0

0

C
- x

+ x

+x

E
0.150 – x
x

x

Ka = [H+][C2H3O2-] = 1.8 x 10-5 = x2 / (0.150 – x) ≈ x2 / 0.150


           [HC2H3O2]

x2 = 2.7 x 10-6; x = 1.6 x 10-6 = [H+]

pH = 2.78

Weak acid – strong base (neutralization than equilibrium):

(b) moles HA = 
50.0 mL x 0.150 M HA = 7.50 x 10-3

moles OH- = 
25.0 mL x 0.150 M NaOH = 3.75 x 10-3
Neutralization: 
OH- + 

HC2H3O2 ↔ 
C2H3O2- + H2O

I


3.75 x 10-3
7.50 x 10-3
0

F


0

3.75 x 10-3
3.75 x 10-3
[HA] = 3.75 x 10-3 mol / (0.0750 L) = 0.0500 M

[A-] = 3.75 x 10-3 mol / (0.0750 L) = 0.0500 M

Equilibrium: 
HC2H3O2 ↔ 
C2H3O2- + 
H+

I


0.0500 M
0.0500 M
0

C


- x

+ x

+ x

E


0.0500 - x
0.0500 + x
x

Ka = [H+][C2H3O2-] = 1.8 x 10-5 
 

          [HC2H3O2]






[H+] = Ka[HC2H3O2] 
= (1.8 x 10-5)(0.0500 – x) 
x ≈ 1.8 x 10-5 

pH = 4.74

[C2H3O2-]

(0.0500 + x)

OR: pH = pKa + log ([base]/[acid]) = 4.74

(c) Neutralization: 
OH- + 

HC2H3O2 ↔ 
C2H3O2- + H2O

I


7.35 x 10-3
7.50 x 10-3
0

F


0

1.50 x 10-4
7.35 x 10-3
Equilibrium: 
HC2H3O2 ↔ 
C2H3O2- + 
H+

I


1.5 x 10-3 M
7.4 x 10-2
0

C


- x

+ x

+ x

E


1.5 x 10-3 - x
7.4 x 10-2 + x
x

pH = pKa + log ([base]/[acid]) = 6.43

(d) Neutralization: 
OH- + 

HC2H3O2 ↔ 
C2H3O2- + H2O

I


7.50 x 10-3
7.50 x 10-3
0

F


0

0

7.50 x 10-3

***At equivalence point; look at hydrolysis of NaC2H3O2***

Equilibrium: 
C2H3O2- + 
H2O
↔ 
HC2H3O2 + 
OH-

I


7.50 x 10-2 M


0

0

C


- x



+ x

+ x

E


7.50 x 10-3 - x


x

x

Kb = Kw/Ka=
[OH-][HC2H3O2] = 5.6 x 10-10 
 

          

[C2H3O2-]


x = 6.6 x 10-10 = [OH-]

pH = 8.81
 

(e) Neutralization: 
OH- + 

HC2H3O2 ↔ 
C2H3O2- + H2O

I


7.65 x 10-3
7.50 x 10-3
0

F


1.5 x 10-4
0

7.50 x 10-3

After equivalence point, excess OH- from base determines pH; hydrolysis of C2H3O2- will yield only a small amount of OH.  (Try it to make sure!)

Excess [OH-] = 1.5 x 10-3 M

pH = 11.17

(f) Neutralization: 
OH- + 

HC2H3O2 ↔ 
C2H3O2- + H2O

I


1.125 x 10-2
7.50 x 10-3
0

F


3.75 x 10-3
0

7.50 x 10-3

After equivalence point, excess OH- from base determines pH; hydrolysis of C2H3O2- will yield only a small amount of OH.  (Try it to make sure!)

Excess [OH-] = 3.0 x 10-2 M

pH = 12.48

3. (a)  What is the pH of a 2.0 molar solution of acetic acid. Ka acetic acid = 1.8x10–5 (level 2)
(b)
A buffer solution is prepared by adding 0.10 liter of 2.0 molar acetic acid solution to 0.1 liter of a 1.0 mo​lar sodium hydroxide solution. Compute the hydro​gen ion concentra​tion of the buffer solution.

(c)
Suppose that 0.10 liter of 0.50 molar hydrochloric acid is added to 0.040 liter of the buffer prepared in (b). Compute the hydrogen ion concentration of the re​sulting solution.

Ans: (a)CH3COOH(aq) ⁄ H+(aq) + CH3COO–(aq) 






[H+] = [CH3COO–] = X


[CH3COOH] = 2.0 – X,  X << 2.0, (2.0 – X) = 2.0


1.810–5 =  EQ \f(X2,2.0) 

X = 6.0x10–3 = [H+];  pH = –log [H+] = 2.22

(b)
0.1 L x 2.0 mol/L = 0.20 mol CH3COOH


0.1 L x 1.0 mol/L = 0.10 mol NaOH


the 0.10 mol of hydroxide neutralizes 0.10 mol CH3COOH with 0.10 mol remaining with a con​cen​tration of 0.10 mol/0.20 L = 0.5 M. This also pro​duces 0.10 mol of acetate ion in 0.20 L, there​fore, [CH3COO–] = 0.50 M.






[H+] = 1.8x10–5 = pH of 4.74

(c)
[CH3COOH]o = [CH3COO–]o = 0.50 M x  EQ \f(0.040 L,0.14 L)  = 0.143 M


[H+]o = 0.50 M x  EQ \f(0.10 L,0.14 L)  = 0.357 M


the equilibrium will be pushed nearly totally to the left resulting in a decrease of the hydrogen ion by 0.143M. Therefore, the [H+]eq = 0.357M – 0.143M = 0.214M.

4. Sketch the titration curve for the titration of a weak base B with a strong acid.  The titration reaction (neutralization) is:
B + H+ ↔ BH+ (level 2)
On the curve, label the points that correspond to:

i. the equivalence point

ii. the region with maximum buffering

iii. pH = pKa

iv. pH depends only on [B]

v. pH depends only on [BH+]

vi. pH depends only on amount of strong acid added.
Ans:
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5. Ka acetic acid = 1.8x10-5 (level 3)
a. Determine the pH of a 2.0 M solution of acetic acid.
b. A buffer solution is prepared by adding 0.10 L of 2.0 M acetic acid solution to 0.10 L of a 1.0 M sodium hydroxide solution.  Determine the hydrogen ion concentration of the buffer solution.
c. Suppose that 0.10 L of 0.50 M hydrochloric acid is added to 0.040 L of the buffer prepared in (b). Compute the hydrogen ion concentration of the resulting solution.

2. A solution is prepared from 0.0250 mole of HCl, 0.10 mole propionic acid, C2H5COOH, and enough water to make 0.365 L of solution. Determine the concentrations of H3O+, C2H5COOH, C2H5COO-, and OH- in this solution. Ka for propionic acid = 1.3x10-5(level 3)
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A 30.00 mL sample of a weak monoprotic acid was titrated with a standardized solution of NaOH. A pH meter was used to measure the pH after each increment of NaOH was added, and the curve above was constructed. (level 2)
a. Explain how this curve could be used to determine the molarity of the acid.

b. Explain how this curve could be used to determine the dissociation constant Ka of the weak monoprotic acid
c. If you were to repeat the titration using a indicator in the acid to signal the endpoint, which of the following indicators should you select? Give the reason for your choice.

Methyl red

Ka = 1x10-5
Cresol red

Ka = 1x10-8
Alizarin yellow
Ka = 1x10-11
d. Sketch the titration curve that would result if the weak monoprotic acid were replaced by a strong monoprotic acid, such as HCl of the same molarity. Identify differences between this titration curve and the curve shown above.
4. A chemical reaction occurs when 100. mL of 0.200 M HCl is added dropwise to 100. mL of 0.100 M Na3P04 solution. (level 3)
a. Write the two net ionic equations for the formation of the major products.
b. Identify the species that acts as both a Bronsted acid and as a Bronsted base in the equation   in  (a), Draw the Lewis electron-dot diagram for this species.
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Sketch a graph using the axes provided, showing the shape of the titration curve that results when 100. mL of the HCl solution is added slowly from a buret to the Na3PO4 solution. Account for the shape of the curve.

d. Write the equation for the reaction that occurs if a few additional milliliters of the HCl solution are added to the solution resulting from the titration in (c).
5. (a)
What is the pH of a 2.0 M solution of acetic acid.  Ka acetic acid = 1.8x10-5(level 1)
CH3COOH(aq) <=> H+(aq) + CH3COO-(aq) 
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[H+] = [CH3COO-] = X

[CH3COOH] = 2.0 - X, X << 2.0, (2.0- X) = 2.0

1.8x10-5 = [image: image4.wmf]X 

2 

2.0 


X = 6.0x10-3 = [H+];  pH = -log [H+] = 2.22

6.  A buffer solution is prepared by adding 0.10 L of 2.0 M acetic acid solution to 0.10 L of a 1.0 M sodium hydroxide solution. Determine the hydrogen ion concentration of the buffer solution. (level 1)
0.10 L x 2.0 mol/L = 0.20 mol CH3COOH

0.010  x 1.0 mol/L = 0.10 mol NaOH

0.011 The 0.10 mol of hydroxide neutralizes 0.10 mol CH3COOH; 0.10 mol remains with a concentration of 0.10 mol/0.20 L = 0.5 M.

This also produces 0.10 mol of acetate ion in 0.20 L, therefore, [CH3COO-] = 0.50 M.
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[H+] = 1.8x10-5 = pH of 4.74

7. Suppose that 0.10 L of 0.50 M hydrochloric acid is added to 0.040 L of the buffer 

prepared in (b). Compute the hydrogen ion concentration of the resulting solution. (level 2)

[CH3COOH]o = [CH3COO-]o
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[H+]o = 0.50 M x [image: image10.wmf]0.040 L 

0.14 L

 = 0.357 M

the equilibrium will be pushed nearly totally to the left resulting in a decrease of the hydrogen ion by 0.143M. Therefore, the [H+]eq = 0.357M - 0.143M = 0.214M.

8. A solution is prepared from 0.0250 mole of HCl, 0.10 mole propionic acid, C2H5COOH, and enough water to make 0.365 liter of solution. Determine the concentrations of H3O+, C2H5COOH, C2H5COO-, and OH- in this solution. Ka for propionic acid = 1.3x10-5( level 3)
Ans: C2H5COOH + H2O <=> C2H5COO- + H3O+
[C2H5COO-] = X

[C2H5COOH] = (0.10mol/0.365L) – X

[H3O+] = (0.0250mol/0.365L) + X


[C2H5COO-] = 5.2(10-5 M

[C2H5COOH] = 0.274M

[H3O+] = 0.0685M; 


Volume strong acid added





14














pH 7











0





A & E: equivalence point; where all B has been neutralized.





B: region with maximum buffering because B and BH+ are present





C: half-equivalence point; pH = pKa because [B] = [BH+]





F: pH depends only on amount of strong acid added.





D: pH depends only on [B]
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