Chem 206 GENERAL CHEMISTRY II – Dr. C. Rogers
                         EXTRA PROBLEMS


APPLICATIONS OF CHEMICAL EQUILIBRIUM Part B (the trickier problem set):  

BUFFERS, TITRATIONS & SOLUBILITY
#1.  Phosphate is a biologically important ion and is present in relatively high concentration in cells.  One of its roles is to help cells maintain the pH of intracellular fluid at a value close to 7.4.  Explain how the H2PO4- / HPO42- buffer system would be involved in this role (don’t use your biological knowledge, just your chemistry knowledge…).

#2.  Imagine you have prepared 0.500 L of a buffer containing 0.200 M NaHSO3 and 0.200 M Na2SO4. 

(a) Describe how you prepared this solution.

(b) What should the pH of this solution be?  Why?
(c) After adding 0.0050 mol of NaOH (as a solid; assume zero volume change) to this buffer, what will the pH be?  

(d) What would the pH be if you added 0.020 L of 0.500 HCl to the original buffer solution?

#3.  Aspirin, whose chemical name is acetylsalicylic acid (C9H8O4), is a weak acid with a Ka of approximately 3x10-5 at body temperature (37ºC).

(a) Imagine you dissolved two aspirin tablets, each having a mass of 325 mg, in a cup (250 mL) of water at 37ºC.  Calculate the percent dissociation of the aspirin.
(b) Let’s say you drank this solution (it would taste terrible; I don’t suggest doing it).  You drank quite a bit of water before this, so your stomach is now full to its maximum volume of 1.0L and has a pH of 2.0.  What percent of the aspirin in your stomach is in the form of non-ionized molecules?

(c) This change is due to the “common ion effect”.  Explain this effect and the change between parts (a) and (b) using a discussion of the equilibria involved.  
#4.  Think about titrating 50.0 mL of a 0.100 M solution of the protonated form of alanine, an amino acid (H2A+; Ka1 = 4.6x10-3, Ka2 = 2.0x10-10).  You are using 0.100 M NaOH as the titrant.  Calculate the pH of your solution after the addition of the volumes of base listed below.  Make a sketch of the titration curve as you go, and identify the information revealed by your curve (such as: equivalence point(s), buffering region(s), dominant form of alanine = H2A+ or HA or A-…and anything else you can think of).
(a) 10.0 mL added

(b) 25.0 mL

(c) 50.0 mL

(d) 75.0 mL

(e) 100.0 mL

#5.  For each of the following titrations (using 0.20 M solutions of acid and of base), calculate the pH at the equivalence point, AND choose an indicator from Table 15.8 that would provide a suitable end point.
(a) C5H11N (piperidine, a weak base, Kb = 1.3x10-3) and HNO3
(b) NaHSO3 and NaOH

(c) Ba(OH)2 and HBr

#6.  Using the solubility data provided, calculate the solubility product (Ksp) for the following compounds:
(a) CdCO3; 2.5x10-6 M
(b) PbBr2; 4.34 g/L
#7.  Consider a saturated aqueous solution of calcium phosphate, the mineral component of bone, at 25ºC.  You’ll find the Ksp of this compound in the textbook & class notes….

(a) What is the total concentration of dissolved ions in such a solution, in molarity & in molality?

(b) What is the calcium concentration in parts per million?

(c) What would the freezing point of this solution be?  

(d) What would the osmotic pressure of this solution be?  
#8.  Which of the following compounds are more soluble in acidic solution than in pure water?  Write balanced net ionic equations for dissolving each compound in pure water and in acidic solution.
(a) AgBr

(b) CaCO3
(c) Fe(OH)3
(d) Ca3(PO4)2
#9.  Calculate the solubility (in g/100mL) of Mg(OH)2 in a solution of:  (a) pH 12.00;  (b) pH 9.00.
#10.  What is the solubility (in molarity) of Fe(OH)3 in a buffer solution that is 0.10 M in NH4Cl and 0.10 M in NH3?
#11.  Fluoridation of drinking water is employed in many places to aid in the prevention of tooth decay.  The F- concentration is typically adjusted to about 1 ppb (1 part per billion; i.e., 1 mg per 1x109  mg of solution).  Some water supplies are “hard”;  that is, they contain significant concentrations of cations such as Ca2+ (which cause soap to precipitate out…).  If a water supply has a [Ca2+] = 8 ppb, would a precipitate of CaF2 (Ksp = 3.9x10-11) form if the water was fluoridated to a typical level?  (Make any approximations you think are necessary). 
#12.  You have a sample of unknown solid that you are told MIGHT contain the following ionic compounds:  CdS, Pb(NO3)2, HgO, ZnSO4, Cd(NO3)2, Na2SO4.  You go to the lab to figure out what really is present in the sample.  Your experimental results, summarized below, will allow you to determine which compounds were and were not present :
· The solid is entirely soluble in water.

· When add dilute HCl ( precipitate (ppt) forms.

· When filter off ppt, adjust pH to ~1, and bubble in H2S(g) (  new ppt forms.

· When filter off ppt, adjust pH to ~8, and bubble in H2S(g) again ( no ppt forms.

· When add (NH4)2HPO4 ( no ppt forms.

· After all this:  remaining solution shows yellow colour in flame test (you may have to search for  

      information about flame test colours!)
#13.  You are studying a lake in which the water is in equilibrium with deposits of both CaCO3 (limestone) and FeCO3.  If we assume that the lake water is slightly basic, it is reasonable for us to ignore the hydrolysis of carbonate ion (i.e., its with water).  

(a) Calculate the ratio of [Ca2+] to [Fe3+] in this slightly alkaline lake water.  
(b) If the lake water’s pH is neutral, the hydrolysis of carbonate cannot be ignored.  Why? Which other equilibria would we have to consider?  Are there any we could still ignore?  Why or why not?  

(c) Try attacking part (a) again for lake water of pH = 7.0... NOTE: just start it…write out all the equilibria, their K’s, try using [OH-] to determine the dominant species present…BUT don’t worry if you get stuck trying to solve it.  I just want you to realize the complexities added when we start trying to do calculations on realistic systems.  And our lake here is only in equilibrium with two minerals….    
