Chapter 15 Focus Questions
Section 1
1. The types of solutions focused on here contain a weak acid and its _________.

2. According to LeChatlier’s Principle, if more products is added, the reactant will shift to the _____.

3. Since the salt ionizes and more (product, reactant) to the ionization of the weak acid, the weak acid equilibrium reaction will shift to the ______. As a result of adding its salt to the solution, (more or less), weak acid will dissociate. This indicates that (more, less) H+ will form and so the pH of a weak acid plus its salt solution will (increase, decrease) compared to just a weak acid solution,

4. What is the common ion effect?

5. If a weak base solution has its salt added to it, what will happen to [OH-]? What will happen to pOH? What will happen to pH?

6. So when a common ion is added to a solution, the equilibrium is driven to the left. In a polyprotic acid dissociation, H+ is added as a product in each step shifting the equilibrium to the left. This way to see how the successive step produces less H+ every time.

7. Will solution containing HC2H3O2 and KC2H3O2 have a greater or less pH than a solution containing acetic acid only?

8. How about a solution containing C2N5H2 and C2H5NH3Cl?

9. In solving a weak acid or weak base problem which also contains its salt (weak acid/base plus the common ion effect), what is the only difference?

10. Read over Sample Exercise 15.1 and do #25. Can be approximated as small? Is the quadratic equation needed?
Section 2       

1. What is a buffered solution and what is it made up of?

2. What is one extremely important example of a buffered solution?

3. Of all major species in solution, how do you determine which one contributes mostly to H+ (and therefore to the pH)?

4. Look over sample exercise 15.2 and 15.3 and do #33 and #35.

5. In Sample exercise 15.3, how did your author know that NaOH completely dissociates?

6. How do you know which reaction will be dominant?

7. Which reaction is used in the stoichiometry part of a problem like this?

8. In sample exercise 15.3, how did your author know to subtract 0.010 moles?

9. Why is H2O left out?

10. At equilibrium, why is OH- no longer a major species?

11. For step 2 (the equilibrium step), which reaction is used?

12. Note that at equilibrium, the initial concentrations here are the final concentrations from the first stoichiometry step.

13. Can x be approximated as small?

14. When a base is added to a buffered weak acid solution, what happens to the pH?

15. When a base is added to pure water, how is the pH affected?

16. What are the two steps in calculating a buffered acid/base problem?

17. What is the Henderson-Hasselbalch equation for calculating pH of buffered solutions?

18. Read over sample exercise 15.4 and do #39.

19. Read over sample exercise 15.5. Notice that using the Henderson-Hasselbalch equation is a quicker way to solve this problem. Do #43.

20. Read over sample exercise 15.6. What is Step 1? What is Step 2? How is step 2 different from #16? Do #44.
Section 3

1. The pH of a buffered solution is determined by _________________.

2. The capacity of a buffered solution is determined by __________________.

3. A large buffer capacity allows a (large, small) pH change when large amounts of acid or base are added.

4. Read over sample exercise 15.7. Do #45.

5. When does optimal buffering occur?

6. If you want the pH of a buffered solution to be 3.5, what should pKa equal? What should Ka equal?

7. Read over sample exercise 15.8 and do #59.

Section 4
1. Why are titrations useful?

2. What does the process involve?

3. What is an equivalence point? How do you know you reached it?

4. What is a pH curve (or titration curve)?

5. What unit is convenient when doing acid/base calculations? A 2.0 M solution contains 2.0 mmol. What is its volume?

6. In performing a strong acid/base titration, how does the pH change as titrant is added to analyte? See Fig. 15.1 to assist in your answer. What is the value of pH at the equivalence point?

7. In titrating a strong acid, before the equivalence point is reached, ____ is in excess. After the equivalence point is reached, _____ is in excess.

8. If 10mmol of an acid is the analyte, how many mmol of titrant will be needed to reach the equivalence point if there is a 1:1 ratio between base and acid?

9. When calculating pH, how do you determine the amount of H+ to use in your calculations? How do you calculate the volume in your calculations?

10. Is OH- a strong or weak base? So will it win the fight for a proton from the weak acid? If there is 2mmol of OH- how much H+ will be “stolen” from the weak acid? How much of the conjugate base will be formed?

11. Why isn’t OH- a major species at equilibrium in a weak acid/strong base titration? Why is the conjugate base now a major species in the equilibrium problem?

12. A weak acid produces a (strong, weak) conjugate base. At the equivalence point, what are the major species? Which species is the most dominant and is this species mostly acidic, basic, or neutral? So what kind of a pH do you expect for the equivalence point when titrating a weak acid with a strong base? Verify your answer with Fig. 15.3.

13. Read over sample exercise 15.9. Why is the value of pH at the equivalence point 8.72 for acetic acid but 10.96 for hydrocyanic acid? Do #59.

14. See Fig. 15.4. What happens to the value of pH at the equivalence point as the acid is weaker?
15. What is another reason that titrations are useful?

16. Read over sample exercise 15.10 and do #67.

17. Predict what kind of a pH you expect for titrating a weak base with a strong acid?

18. Since you are starting with a base, before any acid is added, will the pH be high or low? So predict the general shape of the titration curve for this type of a titration. Now compare your prediction to Fig. 15.5. How close were you?

19. H+ is a (weak, strong) acid. It (will, will not) be completely reacted with the weak base.

20. Explain why H+ is no longer a major species once the reaction has reached equilibrium and why NH4+ is now listed as a major species instead?

Section 5
1. What are two methods used in determining the equivalence point in an acid/base titration?

2. Are end point and equivalence point the same thing?

3. What is an acid-base indicator and how does it work?

4. What color is phenolphthalein in its acidic form? In its basic form? If phenolphthalein is added to a solution of ammonia, what color will it be? How about hydrochloric acid?

5. When is the color change visible?

6. Read over sample exercise 15.11 and do #69.

7. Do you add the indicator to the titrant or the analyte?

8. In Henderson-Hasselbalch equation form, what is the equation to calculate the pH value an acid/base indicator will change color for a base as the analyte? For an acid as the analyte?

9. For a strong acid/strong base titration, the vertical point on the titration curve is large. There is much flexibility in choosing an indicator that will change color in this range. The vertical point extends from pH 5 to pH 9. Any indicator in this range will work. Look at Fig. 15.8. Would Crystal Violet be suitable for a titration like this? How about Alizarin? How about Thymolphthalein?

10. Since the change is extremely vertical at the equivalence point for a strong acid strong base titration, one single drop will change the pH dramatically. When titrating a strong acid with a strong base, add titrant slowly one drop at a time!!
11. Weak acids do not have very steep vertical points so there is much less flexibility in choosing an indicator. If a weak acid has an equivalence point of 9, would Bromocresol Purple be a suitable indicator? If not, is the reason that it will change color too soon or too late? Would phenolphthalein work or will it change color too soon or too late? How about Alizarin?

12. Note that some indicators have two different ranges of color change. Thymol blue, for example, will turn from orange to yellow and much later turn to green.

Section 6

1. When is a solution saturated?

2. Write an expression for the solubility product of the dissolution of MgCl2.

3. Increasing the surface area of a solid to be dissolved quicker or stirring it to dissolve quicker, does what to the equilibrium?

4. What is the difference between solubility and solubility product?

5. What does equilibrium position depend on? If you don’t remember, go back to Ch 13 for the answer. So if the equilibrium position changes what happens to the equilibrium constant?

6. At a particular temperature (solubility, solubility product) can be changed.

7. For the common ion effect, where will the equilibrium position lie?

8. Look at Table 15.4. What dissociates more-PbBr2 or PbI2?

9. Go over Sample Exercise 15.12. What units is solubility product measured in? Do #81.

10. Go over Sample Exercise 15.13. Do #83.

11. Read over Sample Exercise 15.14. What units is the solubility product measured in? What is x equal to? Do #85.

12. If several salts dissociate into two ions only-how can you figure out which salt will be most soluble?

13. If several salts dissociate into a different number of ions (i.e. one salt creates two ions and another three ions and so forth)-how can you figure out which salt will be most soluble?

14. For the common ion effect, which way will the reaction proceed? So if a solid is added to a solution already containing a common ion, do you think the solubility will be increased or decreased.

15. When doing calculations dealing with the common ion effect, can x be considered small?
16. Read over Sample Exercise 15.15 and do #91.

17. What is the only difference in Sample Exercise 15.14 compared to 15.15?

18. A weak acid becomes a strong conjugate base. Therefore, if a salt contains a strong conjugate base, it will (want badly, not want at all) H+.

19. If H+ is available, the salt will want to dissociate so that the strong conjugate base (the anion) can bond to it. What way will it drive the reaction? So will solubility increase or decrease if a salt with a strong conjugate base dissolves in acidic solution?

20. What do you think would happen to the solubility, then, if it was added to basic solution?

21. Will CaS show increased solubility in acidic solution? How about MgO?

Section 7
1. How is the ion product different from the solubility product?

2. What is the expression for the ion product for MgCl2?

3. If Q is greater than Ksp, there are more ions than required for equilibrium. Will a precipitate form?

4. If Q is less than Ksp, there are not enough ions for equilibrium to be reached. Will a precipitate form?

5. If Q equals Ksp, will a precipitate form?

6. Read over Sample Exercise 15.16. Will Ce(NO3)2 be soluble according to your solubility rules? How about KIO3?

7. Can you determine if Ce(IO3)3 will be soluble according to your solubility rules?

8. Do #97.

9. For the example discussed on page 767, will NaNO3 be soluble? How about PbI2? (That is why PbI2 has a Ksp value).
10. When setting up the equilibrium problem, why don’t we care about PbI2?

11. Read over Sample Exercise 15.27. Do #99.

12. Read over Sample Exercise 15.18. Notice that we cannot compare Ksp values to answer this question since the salts produce a different number of ions in solution. Do #101.
Section 8

1. What is a complex ion?

2. What is a ligand? What are some common ligands?

3. What is coordination number?

4. If a metal such as Al has a 3+ charge, how many ligands will attach to Al?

5. What is Cr(OH)63+ called?
