
Self Quiz #5 
Exercise 6: pH of solutions and titrations 
 
1) a)   
Solution: pH=-log[H+]=-log[strong acid]=-log(10-2.000)=2.000 
(it makes sense that the pH is low since the solution is obviously acidic) 
b)   
Solution: It’s easiest to first get pOH in this case and then get pH from the pOH: 
pOH=-log[OH-]=-log[strong base]=-log(10-2.000)=2.000; pH = 14.000-2.000=12.000 
(it makes sense that the pH is high since the solution is obviously basic) 
c)   
Solution: This is a weak acid: we use the Ka equilibrium: HA <==> H+ + A- (let 
x=[H+]) 
Ka = 10-pKa = 10-4.00 = [H+][A-]/ 0.0100   ; but [A-]=[H+]=x in this case and so we have: 
[H+]2 =x2= 10-4.00(.0100) = 10-4.00(10-2.00) = 10-4.00-2.00 = 10-6.00 =>  x=[H+] = √10-6.00=10-3.00 
so pH =-log(10-3.00)= 3.00 (which makes sense since it is acidic but less acidic than .0100 
M HCl which we showed to be pH2.00).  
d)   
Solution: This is a weak base: we use the Kb equilibrium: A-+H2O <==> HA + OH- (let 
x =[OH-]) 
pKb = 14.00-pKa =14.00-4.00=10.00 => Kb =10-pKb = 10-10.00 = [HA][OH-]/[A-] ; but [OH-

]=[HA] here and so: Kb =[OH-]2/.0100 => x2 = 10-10.00(.0100) = 10-10.00(10-2.00) = 10-12.00 =>  
[OH-] = √10-12.00=10-6.00 
so pOH = 6.00 and pH = 14.00-6.00 = 8.00 (makes sense since it is basic but less basic 
than .0100 M NaOH which we showed to be pH 12.00).  
 
e)   
Solution: This is a buffer solution since it contains a weak acid and its conjugate base in 
significant amounts. Buffers can be analyzed using the buffer equation:  pH = pKa + 
log{[base]/[acid]} 
so:  pH = 4.00 + log {(.0100)/(.0200)} = 4.00 -.30=3.70 
 
f)   
Solution: This can’t be solved the way we did (a) above since the H+ contribution of the 
self-ionization of water is very significant.   The charge balance equation is useful here: 
[H+] + [Na+] = [OH-] 
where we let x = [H+] and [Na+] = 1.0 x 10-7M.  therefore, [OH-] = [H+] + [Na+] =x+1.0 x 
10-7M 
Therefore:  [H+][OH-]=x(x+1.0 x 10-7)=10-14; rewritten:  x2+1.0 x 10-7x – 10-14=0 
By the quadratic equation:  x = {-b±√(b2-4ac)}/2a= {-1.0 x 10-7±√((1.0 x 10-14-4(1)(-10-

14.00))}/2 
x = {-1.0 x 10-7+√(5.0 x 10-14)}/2 = 6.18x10-8 (we only take the + solution not the – 
solution) 
so pH = 7.21 
 



1) Titration of 30.0 mLs of HAc (acetic acid, Ka = 1.8x10-5) required 20.0 mLs of 
0.100 M NaOH to reach equivalence.  Determine the pH of the resulting solution 
at the following total mLs of NaOH added during the titration: 

a)    
Solution: first let’s calculate [HAc]: MHAc=MOHVOH/VHAc = (20.0)(.100)/(30.0)=.0667M 
pH calculation is identical to that of a pure solution of weak acid: Use the Ka equilibrium 
let x =[H+]:  x2/.0667=1.8x10-5=> x=√{(.0667)(1.8x10-5)}=1.10x10-3=[H+] => pH=2.96 
b)    
Solution: Here we are in the buffer region. It suggests we can use the Henderson-
Hasselbalch Eqn; we need pKa: pKa = -log(1.8x10-5)=4.74; we need [Ac-]/[HAc],  that’s 
the same as VOH/(Ve-VOH)=5.0/(20-5.0)=0.333 => pH = 4.74 + log (0.333) = 4.74-
.48=4.26 
 
c)  
Solution: Here we are in the buffer region. It suggests we can use the Henderson-
Hasselbalch Eqn 
we need [Ac-]/[HAc],  that’s the same as VOH/(Ve-VOH)=10.0/(20.0-10.0)=1  
=> pH = 4.74 + log (1) = 4.74 
d)    
Solution: Here we are at the equivalence point. The solution is just like a pure weak base 
solution so we can use the Kb equilibrium.  Kb = 10-14.00/Ka = 10-14.00/10-4.74 = 10-9.26 
we also need [NaAc]: [NaAc] = [HAc]o(dilution factor)=( .0667)(30/(30+20))=0.0400M 
let x = [OH-]:  x2/(.0400+x)=10-9.26=>x2/.0400≈10-9.26 =>x=√{(.0400)(10-9.26)}=4.69x10-6M 
pOH=-log(4.69x10-6) = 5.33;  pH = 14.00-5.33 = 8.67 (which makes sense since now we 
have a solution containing a weak base). 
 
e)  
Solution: This is a the strong base region:we need to solve for [OH-] first and then get pH 
from there. [OH-] = [ excess NaOH] = [NaOH]oVOH,x’s / (VOH+VHAc) = .100(25.0-
20.0)/(25+30) = 9.09x10-3M 
pOH = -log(9.09x10-3M)= 2.04 ;  pH = 14.00-2.04 = 11.96 
 
f) Sketch the expected pH titration curve for this example as accurately as possible. 
 
 


