
 

1 

Unit IV: Acids, Bases and Salts 
1) Characteristics of Acids and Base 
Acid/Base Bkt p. 7 

 
2) Theories of Acid Base Reactions 

 
(i) Arrhenius Theory of Acids and Bases 
Svante Arrhenius(Nobel Prize in 1903) 
 
Acid: substance which releases H+(aq) in water 
Base: substance which releases OH-(aq) in water 
Salt: neutralization product resulting when an acid and a base react 
HCl(aq) +  NaOH(aq)    → NaCl(aq) + H2O(l) 

acid  base   salt  
salt: ionic compound which is neither an “acid” nor a “base”.  
 
acid: ionic species whose formula starts with an "H" 
ex: HCl, HNO3, H2SO4 

base: ionic species whose formula ends with an "OH" 
ex: NaOH, KOH, Ca(OH)2, Zn(OH)2 

salt: doesn't start with "H" or doesn't end with "OH" 
ex: KBr, FePO4, Li2CO3 

 
Neutralization: Special type of double replacement reaction 
Ex: Phosphoric acid and calcium hydroxide react. What is the equation? 
If I ate it, it’s icky 
phosphate phosphoric 
 
Cation Anion Reactants Products 

H+ PO4
3- H3PO4 H2O 

Ca2+ OH- Ca(OH)2 Ca3(PO4)2 

 

2H3PO4  + 3Ca(OH)2   6 H2O + Ca3(PO4)2 
 
NB: 1)Some metals (Au, Pt): unreactive with acids 
 Some metals(Alkalis): reactive with water 
 Mg used to detect acids as it produces H2   

Problems: WS Bkt p.2#27,  Topic#1 Heb p.112 #3,4 
 
Common Acids and Bases 
7 groups doing an acid or a base and describing to the class p.112-4 
Heb p. 114 #5-9 
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True Nature of H+(aq)   
.hydrogen atom: proton surrounded by electron 
.H+:  .e- removed 
 .enormous charge concentration 
 .very strongly attracted to any region where negative charges 
   exist such as a lone electron pair 
.with water: 
H+ + H2O ⇌ H3O+ 

 
H+: proton 
H3O+: hydronium ion or hydrated proton 

in water or in aqueous soln, a proton is H3O+ 

 
ex: hydrogen chloride gas is added to water to produce hydrochloric acid 

previously:                       HCl(g)  H+(aq) + Cl-(aq)  

now:   HCl(g) + H2O   H3O+(aq) + Cl-(aq)   

Problems: Heb p.115#10 
 
(ii) Brønsted-Lowry Theory of Acids and Bases (1923) 
.more general than Arrhenius theory  
.it incorporates Arrhenius theory 
.equilibrium reactions 
 
definitions: 
acid: substance which donates a proton to another substance 
base: substance which accepts a proton from another substance 
 
in other words: 
acid: gives a proton (H+)  
base: takes a proton (H+) 
demo: pop can as a proton 
 
ex: NH3 +  H2O ⇌ NH4

+ + OH-  

     base    acid      acid    base 
 
How to decide if a substance is an acid or a base? 
1)look for particular chemical on reactant side and look for a chemical on the product 
side that is somewhat similar looking 
2)If product has 1 more H atom 
 .reactant must've gained or accepted H+  
   If product has 1 less H atom 

donated H+   .reactant must've lost or 
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Ex: CH3COOH + H2O ⇌ CH3COO- + H3O+ 

CH3COOH donates (loses) an H+ to become CH3COO-  

CH3COOH acting as an acid (It is acetic acid) 

H2O accepted a proton to become H3O+  

H2O acting as a base 

 
Monoprotic acid: supplies only 1 proton 
Diprotic acid: supplies up to 2 protons 
Triprotic acid: supplies up to 3 protons 
Polyprotic acid: supplies more than one proton 
 
Problems:  
Acid/Base Bkt p. 8,9  WS Bkt p.3-4#1-12  Topic#2 Heb p. 117#11-12 
 
  NH3

+ + H2O ⇌ NH4
+ + OH-  

       base    acid 
 
 CH3COOH +  H2O ⇌ CH3COO- + H3O+ 

 acid  base 
 
Problem:  
According to Arrhenius theory, H2O is neither an acid nor a base. 

However, H2O acts  

 .as an acid when it reacts with NH3  

 .as an base when it reacts with CH3COOH   

Conclusion: In some circumstances a substance acts as a Brønsted-Lowry acid, while 
in other circumstances the same substance acts as a a Brønsted-Lowry  base. 
 
 
3) Amphiprotic Substances     November 26th, 2019 
H2O acts    

 .as an Brønsted-Lowry acid when it reacts with base 
 .as an Brønsted-Lowry base when it reacts with acid 
 
H2O is amphiprotic (amphoteric) 

other examples: H2PO4
- , HS-  and HCO3

-  

each ion can either lose another proton or regain one proton  
        +H+        -H+ 
Ex:H3PO4    ←   H2PO4

-   →      HPO4
2- 

 
Characteristics of Other Amphiprotic Substances Than Water: 
(i) Is an anion (with a negative charge) 
(ii) still has an easily removable hydrogen 
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(all hydrogens on a negatively-charged ion are removable) 
 
Ex-1: dihydrogen citrate ion (data bkt p.6) 
Ex-2 : monohydrogen citrate ion 
Problems:  
Acid/Base Bkt p.10  WS Bkt p.4-5#13-14 Topic#3 Heb p.119 #13-14 
 
Conjugate Acids and Bases 
conjugate acid-base pair (conjugate pair): pair of chemical species which differ by only 
one proton 
conjugate acid: member of a conjugate pair which has extra proton 
conjugate base: member of a conjugate pair which lacks extra proton 
 

Ex:   NH4
+ + OH-  ⇌ NH3 + + H2O  

2 conjugate pairs 
conjugate pair conjugate acid conjugate base 
NH4

+, NH3  NH4
+   NH3 

H2O, OH-  H2O   OH- 

 

Find conjugate acid of NH3, give formula of the acid which has one more proton than 

NH3 (which is assumed to be a base). 

 add H+ to NH3 to get NH4
+ 

 

Find conjugate base of NH3, give formula of the base which has one less proton than 

NH3 (which is assumed to be an acid). 

 take away H+ to NH3 to get NH2
- 

 

Note: simple organic acids end with a COOH group, and the H at the end of the 
group is acidic 
ex: CH3CH2COOH → CH3CH2COO- + H+ 
 

simple organic bases contain an NH2 group or an NH group. The nitrogen atom 

accepted H+ 
ex: CH3CH2NH2 + H+ → CH3CH2NH3

+  

 (CH3)2NH + H+ → (CH3)2NH2
+ 

Using Lewis structures, equilibrium between water and NH3 is shown below:  

 
 
H+ is tossed back and forth from: 
  .H2O to  NH3   
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 .NH4
+ to  OH- 

Acid/Base Eqm Analogy with a can of Coca Cola  
Acid: holding a can of Coke in your hand: Coke = proton 

  .left hand with the can(has the proton): acid molecule 
  .pass the can to someone else  
   .left hand lost proton, becomes base 
   .right hand gained proton, becomes acid 
 
Brønsted-Lowry involves an equilibrium proton transfer  
conjugate  conjugate  conjugate  conjugate 
acid form    +            base form    ⇌        base form    +   acid form 
of A   of B   of A   of B 
 
Ex p120  
What is the acid-base equilibrium which occurs when H2S and CO3

2- are mixed in 

solution? 
CO3

2- has no protons: acts as a base 

 H2S: acid 

 H2S  + CO3
2- ⇌     HS- + HCO3

- 

 acid    base           conj.   conj. 
           base   acid 
H2S donates proton to become its conjugate base:  HS- 

CO3
2- accepts proton to become its conjugate acid: HCO3

- 

 

Strong and Weak Acids and Bases 
strong acid/base: 100% ionized in soln 

ex:  NaOH(s)  Na+(aq) + OH-(aq)   Kb value: too large 

 HCl (g)  H+(aq) + Cl-(aq)              Ka value: too large 
 
weak acid/base: partially ionized in soln 
ex: NH3(aq) + H2O(l) ⇌ NH4

+(aq) + OH-(aq) 

 HF(aq) + H2O(l)   ⇌ H3O+(aq) + F-(aq) 

 
Notes: 
1) Equilibrium for weak acids/bases, not for strong acids/bases 
2) In practice, weak acids/bases are usually less than 50% ionized 
3) Don't confuse terms "strong" for "concentrated" 
weak/strong: % of ionization 
dilute/concentrated: molarity of solution 
ex:  10.0  M HF(aq): concentrated and weak 
 0.001 M HCl(aq): dilute and strong 
Problems: Heb p.122#20 
 
Strong Acids 
top 6 acids on data bkt p.6 
.one way arrows towards products side 
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.no reverse rxn 

.net result of putting any strong acid in water 
 H+(from dissociation of strong acid) + H2O ⇌ H3O+ 

 
H3O+ ⇌  H+  + H2O 

H+  is equivalent to H3O+    

 
Strong Bases 
bottom 2 bases listed on data bkt p.6 
O2- and NH2

-:  

 .strongly dissociated in water 
 .one-way rxn, forward rxn doesn't occur 
.net result of putting any strong base in water 
 OH-(from dissociation of strong base) + H+(from any acids) ⇌ H2O 

 
H2O ⇌  H+ + OH- 

metal hydroxides: common strong bases: Groups I and II (Alkalis, Alkaline-Earth) 
     100% dissociated in water 
  
Weak Acids 
weak acids always separated by equilibrium arrows from their conjugate bases 
 
Weak Bases 
weak bases always separated by equilibrium arrows from their conjugate acids 
 
Note About Relative Strengths of Acids: 
It is assumed that acids are in an aqueous environment 
 
When a substance acts as an acid with water, H3O+ is always produced 

The stronger the acid, the greater the [H3O+] produced 

 
When a substance acts as a base with water, OH- is always produced.  
The stronger the base, the greater the [OH-] produced  
 
Other Relationships Found in the Relative Strength of Acid Table 
.higher acid on left side, stronger the acid 
.lower base on right side, stronger the base 
.stronger an acid, weaker its conjugate base 
.stronger a base, weaker its conjugate acid 
.weaker an acid, stronger its conjugate base 
.weaker a base, stronger its conjugate acid 
 
Ex: HIO3: relatively strong for a weak acid but  

  its conjugate base, IO3
- is very weak 

NB: It is incorrect to say, since IO3
- is a very weak base, it is a relatively strong acid. 

IO3
-  doesn't have any protons!  
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It is correct to say, since IO3
- is a very weak base then its conjugate acid, HIO3, is 

relatively strong acid 
 
HPO4

2- and HCO3
- : both on left and right side of table. 

acid strength: left and higher: stronger 
base strength: right and lower: stronger 
 
Levelling Effect 
All strong acids are 100% dissociated in aqueous soln and are equivalent to solutions 
of H3O+(aq), while all strong bases are 100% dissociated in aqueous solution and are 

equivalent to solutions of OH-(aq) 
 
Problems: WS Bkt p.5-8  Topics#5-6 Heb p. 125 #21-27 
 
Equilibrium For The Ionization Of Water 
Water is endothermic: 
H2O(s) + energy → H2O(l) 

snow                       water 
 
neutral solution       [H3O+] = [OH-] 

acidic solution [H3O+] > [OH-] 

basic solution [H3O+] < [OH-] 

 
When strong acid reacts with strong base, heat is released(exothermic rxn): 
 HCl(aq) + NaOH(aq) ⇌ NaCl(aq) +  H2O(l) + 59 kJ 

  SA  SB 
Complete ionic rxn: Dissociating all aqueous substances into cations and anions 
 H+ (aq) + Cl-(aq) + Na+(aq) + OH-(aq) ⇌ Na+(aq) + Cl-(aq) + H2O(l) + 59 kJ 

 
Net Ionic Equation: Eliminating spectator ions: 
 H+ (aq) + OH-(aq) ⇌  H2O(l) + 59 kJ 

 
Self-ionization of water: Reverse of above rxn (endothermic rxn) 
  H2O(l) + 59 kJ ⇌ H+ (aq) + OH-(aq) 

 
Equilibrium expression to self-ionization is: 
 Kw = [H+] [OH-] = 1.00 X 10-14 (at 25°C) 

[H2O(l)] is constant and is eliminated from Kw expression 

 
self-ionization of water can also be written as: 
 2H2O(l) + 59 kJ ⇌ H3O+ (aq) + OH-(aq) 

 Kw = [H3O+] [OH-] = 1.00 X 10-14 M(at 25°C) 

[H3O+] [OH-]has a small, constant value 

[H3O+] = [OH-] = 1.00 X 10-7 M 

as [H3O+]  increases, [OH-] decreases, and vice versa 
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NB: assume that the temperature is 25°C unless you are told otherwise 
 
Problems: Heb p.127 #28-9  
 
Ionization of water: used to calculate [H3O+]  and [OH-] 

 
Ex: What is [H3O+]  and [OH-] in 0.0010 M HCl(aq)? 

HCl: strong acid 
[H3O+] = [HCl] = 1.0 X 10-3 M  

[OH-] = Kw      =   1.0 X 10-14M2 
 =  1.0 X 10-11 M  

          [H3O+]     1.0 X 10-3  M  

Problems: Heb p. 127 #30 
 
Ka and Kb 

Acid ionization of weak acid such as: 
 CH3COOH(aq) +  H2O(l) ⇌ CH3COO-(aq) + H3O+(aq) 

Ka = [CH3COO-][H3O+] = 1.76 X 10-5 

         [CH3COOH] 

Ka :acid ionization constant 

 
Base ionization of weak base such as: 
NH3(aq)  + H2O(l) ⇌ NH4

+(aq)  + OH-(aq)  

Kb = [NH4
+][OH-] = 1.79 X 10-5 

         [NH3] 

Kb :base ionization constant 

Stronger weak base: large Kb value 

Heb p.128#31-34 
 
Relationship Between Ka and Kb For a Conjugate Pair 

Acid  ionization equation: NH4
+ + H2O  ⇌ NH3 +  H3O+  

Ka =[NH3][H3O+] = 5.59 X 10-10 

           [NH4
+] 

Base ionization equation: NH3(aq)  + H2O(l) ⇌ NH4
+(aq)  + OH-(aq)  

Kb = [NH4
+][OH-] = 1.79 X 10-5 

         [NH3] 

 
Ka X Kb  = [NH3][H3O+]    X  [NH4

+][OH-]  = [H3O+ ] [OH-] 

             [NH4
+]                      [NH3] 

 
For a Conjugate Pair: 
 Kw = Ka(conjugate acid) X Kb(conjugate base) 

 
Ex: Find  Ka  value for H2PO4

- 

 H2PO4
- ⇌ H+ + HPO4

2-   Ka  = 6.2 X 10-8 
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Calculate Kb value for H2PO4

-  

 H3PO4
 ⇌ H+ + HPO4

2-  Ka  = 7.5 X 10-3 

Since H2PO4
- acts as a base, the above equation is rearranged : 

 H2PO4
- + H2O  ⇌ H3PO4  + OH- 

Kb (H2PO4
-) =    Kw              = 1.00 X 10-14 = 1.3 X 10-12 

    Ka (H3PO4)          7.5 X 10-3 

 
Problems: Heb p. 130 #35-37 
 
Relative Strengths of Acids and Bases 
When  H2CO3 and SO3

2- are mixed, the SO3
2- acts as a base since it has no protons  

 H2CO3 + SO3
2- ⇌ HCO3

- + HSO3
-   

2 conjugate pairs: 
 H2CO3 and HCO3

- (acid/base) 

 SO3
2- and HSO3

-  (base/acid) 

 
Proton competition when CO3

2- and H2PO4
- are mixed: 

 CO3
2- + H2PO4

-  ⇌ HCO3
- + HPO4

2-  

2 acids:  H2PO4
- and  HCO3

- can donate a proton 

2 bases: CO3
2- and HPO4

2- can accept a proton 

.stronger acid will donate proton 
 
 Ka (H2PO4

-) = 6.2 X 10-8    > Ka (HCO3
-) = 5.6 X 10-11 

Strongest acid with the largest K dissociates 

 
H2PO4

- has greater tendency to donate proton than HCO3
-  

products are favoured 
 
General expression: 
 HReact + Prod- ⇌ React- + HProd 
 Keq = Ka(reactant acid) 

  Ka(product acid) 

 
Predominant Equations    November 28th, 2019 
Big Question: In an acid base equation, which side is favoured? Reactants or 
Products? 
 
Analogy to Tug of War with disscosiation equation 
Predominant Eqns Rules: 

1) Use data bkt p6 
2) Find the strongest acid 
3) Write the proton transfer, as well as WA and WB 
4) Find the largest Ka 
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5) Strongest Ka dissociates (breaks down) 
 
 
What is dissociation? 
Strong acid:  HCl(aq) → H-(aq) + Cl- (aq)     (Products are favoured) 
 
Ex: When HS- and HCO3

- are mixed, what does the equilibrium favour; reactants or 

products? 
Ka(H2S)= 9.1 X 10-8     (HS- act as a base) 

Ka(HCO3
-)= 5.6 X 10-11 (HCO3

- act as an acid) 

 
HCO3

- + HS- ⇌ H2S + CO3
2-  

Ka(H2S) > Ka(HCO3
-) 

HCO3
- + HS- ⇌ H2S + CO3

2-  

 
Problems: WS Bkt p.5, 7-8, Topics #6-7 
 
pH and pOH 
pH =   -log10 [H3O+] 

pOH = -log10 [OH-] 

 
logarithm to the base 10: power of 10 to represent a number 
ex: log of 1000?  
log(1000) = 3  (103) 
Heb p.134 #47  
 
reverse of taking the log is: taking the antilog 
antilog(X) = 10x 

ex: antilog of 4? 
antilog(4) = 104 =10 000 
 
NB: Always express antilogs in scientific notation to avoid severe round-off errors 
Heb p.135 #48 
 
Notes: 
log(10x •10Y) = log(10x) + log(10Y) 
A =10x and B = 10Y 

log(A•B) = log(A) + log(B) 
 
Ex: log(103•104) = log(10(3+4)) = log(103) + log(104) 
 
Converting from [H3O+] to pH: 

Ex: if [H3O+] = 3.94 X 10-4M, what is pH? 

pH = -log[H3O+] = -log(3.94 X 10-4)= -(-3.405) = 3.405 

 
Converting from [OH-] to pOH: 
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Ex: If [OH-] = 9.51 X 10-12 M, what is pOH? 
pOH = -log[OH-] = -log(9.51 X 10-12)= -(-11.02) = 11.022 
Converting   from  pH to  [H3O+]:    

 [H3O+] = antilog(-pH) or [H3O+] = 10-pH  

ex: if pH = 3.405, what is [H3O+]? 

 [H3O+] = 10-3.405 

   = 3.94 X 10-4 

 

Converting from pOH to [OH-] : 
ex: if pOH = 11.682, what is [OH-]? 
 [OH-]   = 10-11.682 
   = 2.08 X 10-12 

 
Kw= [H3O+][OH-] = 1.00 X 10-14 

pH + pOH = 14 
 
Ex: if pH = 9.355, what is pOH? 
pOH = 14 - pH 
       = 14 - 9.355 = 4.645 
 Ex: if pH= 6.330, what is [OH-]? 
pOH = 14 - pH 
       = 14 - 6.330 
       =  7.670 
[OH-] = 10-7.670 = 2.14 X 10-8 
 
pKw = -log(Kw) = -log(1.00 X 10-14) = 14.00 at 25 °C 

pKw = pH + pOH 

 
Significant Digits 
[H3O+] = 5.28 X 10-5 M : 3 sig fig 

pH = -log(5.28 X 10-5) = -log(5.28) -log(10-5) 
    3 sf       not significant 
    = -0.723 - (-5) = 4.277 
In a pH only the digits after the decimal are significant digits 
 
Problems: Acid/Base Bkt p.11 WS Bkt p.9-10 Topic#9-10 Heb p. 139 #49-54 
 
The pH Scale 
Observations: 
a)If pH increases then pOH decreases 
b)soln is: 
 acid if pH< 7 or if pOH > 7 
 basic if pH> 7 or if pOH <7 
 neutral if pH = pOH = 7 
c) pH + pOH = 14 
 [H3O+][OH-] = 10-14 

d)range of pH scale: 0-14 (usually) 



 

12 

If pH = -1.00, then [H3O+] = 10M 

 
NB: pH scale is very nonlinear-logarithmic scale 
When pH increased by 1,  [H3O+] decreased by 10 times less 

Problems: Heb p. 141 #55-57 
 
pH of Mixtures of Strong Acids and Bases 
Depending on relative amounts of reactants involved, mixing acid and base produces 
soln which can be: 
 .acidic 
 .basic 
 .neutral 
 
Ex-1: If 10.0 mL of 0.100 M HCl is added to 90.0 mL of 0.100 M NaOH, what is the pH 
of the mixture? 
1) Find [H+]diluted  and [OH-]diluted 
 C1V1 = C2V2  C2 = C1V1 

     V2← total volume 

C1 = initial [HCl] 

V1 = initial HCl volume 

C2 = [ ]s after dilution  

V2   = total volume 

 
[H3O+]diluted = 0.100 M X  10.0 mL  =  0.0100 M 

                             100.0 mL 
[OH-]diluted = 0.100 M X  90.0 mL  =  0.0900 M 

                           100.0 mL 
 
2)Neutralization rxn: 
 H3O+            +   OH-   ⇌  2 H2O 

1 M       1 M       2 M 
0.0100 M      <    0.0900 M 
 
There is an excess of OH-  
All of H3O+ originally present has reacted with OH- 

 
 [OH-]xs = [OH-]st - [H3O+]st 

[OH-]xs = 0.0900 - 0.0100 =  0.0800 M 

 
pOH = -log(0.0800) = 1.097   
 pH = 14.000 - pOH 
 pH = 14.000 - 1.097 = 12.903 
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Ex-2: How many moles of HCl(g) must be added to 40.0 mL of 0.180 M NaOH to 
produce a soln having a pH of 12.5000, if it is assumed that there is no change in 
volume when the HCl is added? 
 
This is a basic system;  [OH-] is calculated 
pOH = 14.000 - pH 
        = 14.000 - 12.500 = 1.500 
[OH-] xs  = 10-1.500 =0.03162 M 

 

Mixing HCl and NaOH produce a basic soln with excess OH-: 
[OH-]xs   = [OH-]st - [H3O+]st 

[H3O+]st  = [OH-]st - [OH-]xs 

[H3O+]st  = 0.180 - 0.03162 = 0.1484 M 

 
nHCl  = [HCl] • V 
nHCl  = 0.1484 mol X 0.0400 L = 5.94 X 10-3 mol 
                 L 

Problems: Heb p. 143 #58-68 Topic#13 
 
Calculating the pH of weak acid or weak bases 
Solving using ICE 
Requirements: 
Weak acid or base (double arrow) 
Partially dissociated acid/base 
ICE table set up 
If the Ka or Kb is low, assume that the dissociation is small  
 
Ex: If Ka= 1.8 X 10-5 for CH3COOH, what is the pH of a 0.500 M solution of 

CH3COOH? 

Heb p.149 
Other examples p.150-1 
 
Notes: 
1)Consider only first proton of polyprotic acid 
H2C2O4

 + H2O ⇌ H3O+ + HC2O4
-
  (first ionization has the largest value)  

HC2O4
- + H2O ⇌ H3O+ + C2O4

2-
  (second ionization has a smaller value)  

Amount of C2O4
2-

  is a very small fraction of the small amount of HC2O4
- 

produced from H2C2O4 

C2O4
2- can be neglected 

Problems: Heb p.152 #74-83 
 
Calculations Involving Kb 

weak base, A-, is put in water: 
 .some base ionizes 
 .some OH- produced 
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 .small Kb, less OH- formed 

 
Calculations Involving Weak Bases: 
1)Kb have to be calculated, can't be taken directly from Table 

2)Resulting soln: basic, not acidic; using [OH-] rather than [H3O+] 

Ex: What is pH of a 0.10 M soln NaCN? 
dissociation rxn: NaCN → Na+ + CN- 
spectator: Na+  
weak base: CN- 

[NaCN]: given, Kb(CN-): calculated from Ka value of HCN found in Table 

[OH-] and pH: must be found 
 
Base ionization equation: 
 CN- +  H2O ⇌HCN + OH- 

solution Heb p.152 
Other example p. 153 
 
Problems: WS Bkt p.11#1, p.12, p.13#8-11 Topic#11 Heb p.153 #84-93 
 
Hydrolysis 
Def: reverse reaction of neutralization 
 
                          neutralization 

 acid + base   ⇌   salt + water 

              hydrolysis 
 
Part of all of a salt will react with water 
 
Notes:  
1) All salts are considered to be 100% dissociated in water, only the ions making up 
the salt are of concern   (→) 
2) Only rxns between ions and water are being considered 
 
spectator ions: conjugates of strong acids and bases 
 .always remain in soln 
 .don't react with water to produce acidic or basic solns 
ex: NaOH → Na+ + OH- 
 Na+ can't re-form NaOH in an equilibrium 
 .Na+ is a spectator 
HCl → H+ + Cl- 
Cl- can't re-form HCl 
 .Cl- is a spectator 
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Spectator cations are ions of:  
 .alkali metals  
 .alkaline earth metals 
Spectator anions are ions of the first five anions found on Data Bkt p.6 
 .ClO4

-, I-, Br-, Cl-, NO3
-  

HSO4
- isn't a spectator since it is a weak acid 

Strongly suggested, that you memorize the spectators ions 
 
Concept Maps: Acid/Base Bkt p.12-15 
Problems: Acid/Base Bkt p.16 
 
Hydrolysis: Process for Finding the pH of a Salt in Water: 
 
a) Determine ions produced when salt dissociates 
b) Discard any spectators 
c) Any remaining ions will react with water to act as:  
 .acids if they are on left side of Table 
 .bases if they are on the right side of Table 
d) Is hydroxide(OH-) or hydronium(H3O+) produced? 
  OH-: basic environment, pH > 7 
  H3O+:acidic environment, pH < 7 
 

1) No Hydrolysis is Taking Place 
Ex-1: NaCl 
.dissociation process: NaCl(s) → Na+(aq) + Cl-(aq) 
blackboard 
.Na+ and Cl-: spectator ions 
.no ions available to react with water 
.soln of NaCl: neutral, no hydrolysis rxn takes place 
 
 

2) Cationic Hydrolysis 
Ex-2: NH4Cl 

.dissociation process: NH4Cl(s) → NH4
+(aq) + Cl-(aq) 

blackboard 
.spectator: Cl- 

.NH4
+: acid side of Table, hydrolysis rxn is: 

 NH4
+ + H2O ⇌ H3O+ + NH3 

.H3O+ produced, soln is acidic 

 
3) Anionic Hydrolysis 
Ex-3: NaF 
.dissociation process: NaF(s) → Na+(aq) + F-(aq)  
blackboard 
.spectator: Na+ 

. F- : basic side of Table, hydrolysis rxn is: 
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  F- + H2O ⇌ HF + OH- 

.OH- produced, soln is basic 
 

3) Amphiprotic Hydrolysis 
Ex-4: NaHC2O4 

.dissociation process: NaHC2O4(s) → Na+(aq) + HC2O4
-(aq)  

blackboard 
.spectator: Na+ 

NaHC2O4  dissociates as: 

 NaHC2O4 → Na+ + HC2O4
- 

HC2O4
-: amphiprotic; found on both acid and base side of Table 

 
Acting as an acid: 
HC2O4

- + H2O ⇌ H3O+ + C2O4
- Ka(HC2O4

-) = 6.4 X 10-5  

 
Acting as a base: 
HC2O4

- + H2O ⇌   H2C2O4 + OH-     

 

Kb(HC2O4
-) =     Kw        =    1.0 X 10-14 = 1.7 X 10-13 

   Ka(H2C2O4)    5.9 X 10-2   

 
 Ka= (6.4 X 10-5)    >  Kb= (1.7 X 10-13),  

 
                ∴  HC2O4

- is acidic soln  
 

4) Anionic and Cationic Hydrolysis 
Ex-5: NH4NO2 

.dissociation process: NH4NO2(s) → NH4
+(aq) + NO2

-(aq) 

blackboard  
.spectator: None 

 
.both ions undergo hydrolysis: 
 NH4

+ + H2O ⇌ NH3 +   H3O+  Ka(NH4
+) = 5.6 X 10-10 

 
 NO2

- + H2O ⇌ HNO2 + OH-  

                                                       Kb(NO2
-) =        Kw        =  1.0 X 10-14 = 2.2 X 10-11 

                                                                   Ka(HNO2)   4.6 X 10-4 

 
Largest K will be the predominant reaction: 
 
   Ka(NH4

+) > Kb(NO2
-)  

 
Since the Ka has a very small value, this hydrolysis will only be slightly acidic 
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5) Complex Ion Hydrolysis 
Note: highly charged metal ions strongly attract oxygen end of water molecule.  

Fe3+, Cr3+, Al3+ ions form species such as: 
 Fe(H2O)63+, Cr(H2O)63+, Al(H2O)63+ 

 
O-H bond has a large tendency to release H+ from attached H2O 

 Fe(H2O)63+ +  H2O ⇌  H3O+ + Fe(H2O)5(OH)2+ 

 
Ex-6: Fe(H2O)6Cl3 

dissociation process: Fe(H2O)6Cl3(s) → Fe(H2O)63+(aq) + 3Cl-(aq)  

.spectator: Cl- 

.Fe(H2O)63+ is found on acid side of Table and hydrolysis rxn is: 

 Fe(H2O)63+ +  H2O ⇌  H3O+ + Fe(H2O)5(OH)2+ 

.H3O+ produced, soln is acidic 

 
Ex-7: Al(H2O)5(OH)(NO3)2 

dissociation process:  
 Al(H2O)5(OH)(NO3)2(s) → Al(H2O)5(OH)2+(aq) + 2NO3

-(aq)  

.spectator: NO3
- 

.Al(H2O)5(OH)2+ is on base side of Table and hydrolysis rxn is: 

 Al(H2O)5(OH)2+ +  H2O ⇌ Al(H2O)6
3+ + OH- 

.OH- is produced and soln is basic 
 
Sneaky Trick: (memory aids) 
The salt of Strong Acid and Strong Base is Neutral 
The salt of a Strong Acid and a Weak Base is Acidic 
The salt of a Weak Acid and a Strong Base is Basic 
  
Problems:  
ICE problems with salts-WS bkt p.11#2, p.13#7, p.15-17 Topic#12  
Lab: Hydrolysis of Salts  
 
Acid-Base Titrations 
Titration: process in which a measured amount of soln is reacted with a known volume 
of another soln (one of the soln has unknown [ ]) until a desired Equivalence Point (or 
Stoichiometry Point) is reached 
 
aA + bB ⇌ cC + dD 
mole ratio in rxn = stoichiometric mole ratio  
[ ] = n  where, 
       V 
[ ]: molar concentration 
n: moles in soln 
V: volume of soln 
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5 Parameters of Titration Problems: 
1) Concentration of acid 
2) Concentration of base 
3) Volume of acid 
4) Volume of base 
5) Acid/base mole ratio from balanced eqn 
 
Ex: In the rxn H2SO4 + 2NaOH → Na2SO4 + 2H2O, an equivalence point occurs 

when 23.10 mL of 0.2055 M NaOH is added to a 25.00 mL portion of H2SO4. 

What is [H2SO4]? 

n(NaOH): n = [ ] • V = 0.2055 mol• 0.02310 mL = 4.7471 mol    
                   L 
n(H2SO4)= 4.7471 mol X 1 mol H2SO4 = 2.3735 mol 

         2 mol NaOH 
[H2SO4] = n = 2.3735 mol  = 0.09494 M 

       V     0.02500 L     
Activity 20C: Acid-Base Titration p.236-239 
Sheet: Acids and Bases Crossword p.90 
Problems: WS Bkt p.21-23  Topic#14 
    
Partial Neutralization: 
H4P2O7: polyprotic acid molecule 

 .4 mol of removable protons 
 .4 series of partial neutralization 
 
neutralization rxn: H+     +    OH-  ⇌  H2O 

   1 mol   1 mol       1 mol 
partial neutralization rxns: 
H4P2O7  +   OH-   ⇌  H3P2O7

-
  +    H2O  (first neutralization) 

H4P2O7  +   2OH- ⇌ H2P2O7
2- +  2H2O  (second neutralization) 

H4P2O7  +   3OH- ⇌ HP2O7
3-

   +  3H2O  (third neutralization) 

H4P2O7  +   4OH- ⇌ P2O7
4-

      +  4H2O  (fourth neutralization) 

 
Ka(H4P2O7)  > Ka(H3P2O7

-) > Ka(H2P2O7
2-) > Ka(HP2O7

3- )  

 
Similar to other polyprotic acids found in data bkt p.6: 
H2SO4 

Ka(H2SO4):very large 

Ka(HSO4
-): 1.2 x 10-2 

 
Ka(H2C2O4) = 5.9 X 10-2 

Ka(HC2O4
-) = 6.4 X 10-5 
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Types of Titration Curves 
Acid/Base Bkt p.17: Titration analogy 
Acid/Base Bkt p.18-20: Types of curve 
Acid/Base Bkt p.21: Titration curve summary 
 
pH at equivalence point between: 
 .Strong Acid and Strong Base is Neutral 
 .Strong Acid and Weak Base is Acidic 
 .Weak Acid and Strong Base is Basic 
 
Titration of strong acid and strong base versus electrical conductivity 
 Looking at [dissolved ions] in the mixture 
 
Indicators 
Specific type of buffer system 
Weak organic acid or base with different colours for its conjugate acid and base 
 
.complex molecules represented by an abbreviation 
 HInd + H2O ⇌ Ind- + H3O+ 

 yellow              blue 
when indicator is put into an acid, excess H3O+ shifts equilibrium 

 HInd + H2O ⇌ Ind- + H3O+ 

 yellow            

 
3 possibilities: 
[HInd] > [Ind-]  soln appears yellow 
[Ind-] > [HInd]  soln appears blue 
[HInd] = [Ind-]  soln is green  at the End Point or Transition Point 
 
At End Point:      Ka   = [H3O+] [Ind-] = [H3O+]        (since [HInd] = [Ind-]) 

        [HInd] 
                 Ka   =  [H3O+]         

pH = - log [H3O+] 

             pKa = -logKa 

At End Point:    
       -logKa = -log[H3O+]  

                  pKa =  pH 

          Ka =  10-pH 

 
Indicator is at midpoint of its colour change when: 

   pH (soln) =  pKa(indicator) 

 
Demo: pKa / pKb and plexiglass box 

0.1 M  HCl + bromothymol blue (yellow) 
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0.1 M NaOH + bromothymol blue (blue) 
Look through the box and compare colour change with pH paper chart. 
The mid-point is the end point (neutralization) 
 same colour as pH =7 (green) 
 
Note: 
1)End Point: colour of indicator changes during titration 
Equivalence Point: point in titration where stoichiometry of rxn is reached 
.If indicator chosen correctly, indicator should change very close to Equivalence Point 
.If indicator is poorly chosen, colour change will be different from Equivalence Point 
2)Table of Acid-Base Indicators: Data Bkt p.7 
 
Ex: Ethyl orange is red at pH < 3.4, yellow at pH > 4.8 and an intermediate orange at 
pH = 4.1. What is the approximate value of Ka for ethyl orange? 

 at midpoint of colour change: pKa = pH = 4.1 

         Ka = 10-4.1 = 8 X 10-5 

Ex: Alizarin Yellow R changes from yellow to red at pH = 11.0. If Aliz ion is red, what 
colour is Alizarin Yellow R in 1 X 10-5 M NaOH? 
 HAliz + H2O ⇌ Aliz- + H3O+ 
 yellow             red 
at pH = 11   [HAliz] = [Aliz-] 
at pH < 11  [HAliz] > [Aliz-]  pH below transition point 
      indicator in its conjugate acid form 
at pH > 11  [HAliz] < [Aliz-]  pH above transition point 
      indicator in its conjugate base form 
[OH-]   = 1 X 10-5 M 
[H3O+] = Kw=1 X 10-9 M    and pH is 9.0 

             10-5 

 
Alizarin R is yellow in 10-5 M NaOH 
 
Universal Indicator: soln which changes colour several times over a range of pH values 
pH meter can be used to get accurate pH value 
p.162 example of Universal Indicator 
 
Problems:  
Acid/Base Bkt p.23: pH chart and indicator ranges  
Heb p.162-3 #108-120 
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Indicator Choice: 
Salt of a Strong Acid and a Weak Base is Acidic 
 NH3    + HCl ⇌ NH4

+ +  Cl-  

Cl-  spectator and NH4
+ is a weak acid in soln 

Indicator changes colour would be in the acidic range 
 
Sneaky Trick: (memory aids) 
Indicator Range at equivalence point in a titration between: 
 .Strong Acid and Strong Base is close to pH = 7 
 .Strong Acid and Weak Base is between pH = 4-6 
 .Weak Acid and Strong Base is between pH = 8-10 
 
Example p. 175-6 
Problems: WS Bkt p.24-26  Topic#15 Heb p.176-7 #125-130 
 
Buffers 
def: solution containing a significant amount of a weak acid mixed with a significant 
amount of its conjugate weak base. 
  
Purpose: A buffer resist a pH change when an acid or a base is added,  

     up to a point 
Acid/Base Bkt p.22: Buffer region (least pH change) 
 
Ex: CH3COOH + H2O ⇌ CH3COO- + H3O+ 

 1M                      1M 
Using the fact that this buffer has [CH3COOH] = [CH3COO-], 

 
 Ka =  [CH3COO-][H3O+] = [H3O+] = 1.8 X 10-5 

   [CH3COOH] 

 
If pH is given, what will be the Ka?   Ka= 10-pH 

 
When equal concentrations of a weak acid and its conjugate base are added to water, 
the pH of the resulting buffer will equal the pKa value of the weak acid. 

 
Buffers' Demo: Alka seltzer with universal indicator 
 add acid 
 add base 
 
What happens when a buffer is made: 
ionization of CH3COOH gives  

 CH3COOH + H2O ⇌ CH3COO- + H3O+ Ka
 = 1.8 X 10-5 

If a soln is made by adding CH3COOH to water, there will be a small amount of both 

CH3COO- and H3O+ present. Adding extra CH3COO- to the CH3COOH soln causes 
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the equilibrium to shift to the CH3COOH side due to Le Chatelier's Principle. As a 

result, there is a large relative decrease in the [H3O+], but only a very small amount of 

the added CH3COO-  will be used up because there was very little H3O+ available in 

the initial soln to react with the added CH3COO-. Overall, a buffer will then have a 

relatively large concentration of both a weak acid and its conjugate base, and a small 
concentration of H3O+.  

 
Note: A soln of CH3COOH, by itself, is NOT a buffer. A buffer requires substantial 

amounts of both the conjugate acid and conjugate base.  
 
When acids and bases are diluted their concentrations and pH's are changed. If a 
buffer is diluted, the concentrations of the conjugate acid base are diluted equally.  
 
Let's examine the result of this equal dilution. 
 If [CH3COOH] = [CH3COO-] = 1.0 M,  

then  Ka
 = [CH3COO-] [H3O+]  = (1.0)[H3O+] = [H3O+] 

  [CH3COOH]       (1.0) 

after diluting the soln tenfold: [CH3COOH] = [CH3COO-] = 0.1 M  

 Ka
 = (0.1)[H3O+] = [H3O+] 

   (0.1) 
When water is added to a buffer the ratio 
   [conjugate base] = unchanged 
   [conjugate acid] 
 Ka

 = [conjugate base]H3O+] = unchanged 

            [conjugate acid] 
Conclusion: Diluting a buffer has no effect on its pH 
 
What is the purpose of creating a buffer?  To resist pH change 
 
Assume a buffer contains 1 mol of CH3COOH and 1 mol of CH3COO- in 1 L.   

If 0.1 mol of H3O+ is added, the equilibrium shifts to use up 0.1 mol of the CH3COO- 

present and produce an extra 0.1 mol of CH3COOH 

CH3COOH + H2O       CH3COO- + H3O+  

 
 
 The diagram below show the effect of adding H3O+ 

 
original ratio    reading after adding H3O+ 

  
1 mol acid          add  H3O+  1.1 mol acid 

1mol base        0.9 mol base 
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a little "chunk" is taken out of 1 mol of base and added to 1 mol acid 
 
original value of ratio:  [CH3COOH]  = 1.0  = 1.0 

        [CH3COO-]     1.0 

 
Afterward, the ratio is: [CH3COOH]  = 1.1  = 1.22 

        [CH3COO-]      0.9 

 
 
Rearranging the Ka expression: [H3O+] = Ka •  [CH3COOH]                       

                                                  [CH3COO-]   

 
Originally             [H3O+] = 1.8 X 10-5  X 1.0   = 1.8 X 10-5 M and pH = 4.74 

After adding H3O+        [H3O+] = 1.8 X 10-5  X 1.22 = 2.2 X 10-5 M and pH = 4.66 

 
Enough H3O+ is added to neutralize 10% of the conjugate base, yet the pH only 

changes by 0.08 units. 
 
If there were no buffer present, adding 0.1 mol of H3O+ to 1 L of pure water would 

change the pH of the water by 6 pH units!  
 
 
Similarly, if 0.1 mol of OH- is added to the buffer, the equilibrium shifts to use up 0.1 
mol of the CH3COOH present and produce an extra 0.1 mol of 

CH3COO-  

 

CH3COOH + OH-        CH3COO- + H2O  

 
original ratio     ratio after adding OH-  
1 mol acid   add  OH-   0.9 mol acid 

        
1 mol base      1.1 mol base  
 
original value of ratio:  [CH3COOH]  = 1.0  = 1.0 

       [CH3COO-]      1.0 

 
Afterward, the ratio is: [CH3COOH]  = 0.9  = 0.82 

        [CH3COO-]     1.1 

Rearranging the Ka expression: [H3O+] = Ka •  [CH3COOH]   

                                [CH3COO-]   

 
Originally           [H3O+] = 1.8 X 10-5  X 1.0   = 1.8 X 10-5 M and   pH = 4.74 
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After adding OH-        [H3O+] = 1.8 X 10-5  X 0.82 = 1.47 X 10-5 M and pH = 4.83 

 
Again, enough OH- is added to neutralize 10% of the conjugate acid present and yet 
the pH only changes by 0.09 units 
 
 
A buffer resists pH change through the addition of either an acid or base  
 
 
The "buffering effect" is due to the fact that the value of the ratio 
 [conjugate acid]  
 [conjugate base]  
doesn't change much when one reacts a buffer with small amounts of either an acid or 
a base. The conjugate acid present can react with added OH- and the conjugate base 
present can react with added H3O+ 

CH3COOH + H3O+   CH3COO- + H2O (buffers neutralize added H3O+) 

CH3COOH + OH-    CH3COO- + H2O  (buffers neutralize added OH-) 

 
pH of soln stabilized by using a buffer with an appropriate pH (governed by the pKa 

value of conjugate acid present). 
 
Example of Acidic Buffer: 
Mix 1.0 mol acetic acid (CH3COOH) and 1.0 mol of sodium acetate (NaCH3COO) and 

dilute to 1.0 L of soln. 
Note: When making up a buffer, be certain that any salts used are soluble. 
 
NaCH3COO(s) → Na++ CH3COO-     Na+ is a spectator    

The following equilibrium is set up: 

CH3COOH + H2O     CH3COO- + H3O+      Ka = 1.8 X 10-5 

This soln "buffers" or holds the pH almost constant at  
 pH =  pKa = -log(1.8 X 10-5) = 4.74 

This soln is referred to as an Acidic Buffer since it buffers the pH in the Acidic region. 
 
Example of Basic Buffer: 
Mix 1.0 mol of ammonia (NH3) and 1.0 mol of ammonium nitrate (NH4NO3) and dilute 

to 1.0L of soln. 
NH4NO3(s) →  NH4

+
 + NO3

-   NO3
- is a spectator 

 
The following equilibrium is set up: 
 NH4

+ + H2O   ⇌  NH3
 + H3O+       Ka = 5.6 X 10-10 
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This soln "buffers" the pH  at  
 pH =  pKa = -log(5.6 X 10-10) = 9.25 

This soln is referred to as an Basic Buffer since it buffers the pH in the Basic region. 
Note: This last equilibrium can also be set up as: 
 NH3 + H2O   ⇌  NH4

+ + OH- 
  

and the solution's buffering pH can be calculated from: 
      

 

Kb(NH3) = Kw        = 1.0 X 10-14 = 1.79 X10-5 

      Ka(NH4
+)   5.6 X 10-10 

 so that pOH = pKb = 4.75, and pH = 14.00 =4.75 = 9.25 

The same results occurs whether the equilibrium is set up as an acid ionization or a 
base ionization. 
 
There is a limit to the amount of H3O+ or OH- which can be neutralized by a buffer. 

If there is 1 mol of conjugate base present, a maximum of 1 mol of can be H3O+ 

neutralized. Similarly, 1 mol of conjugate acid can only neutralize 1 mol of added OH- . 
It can be shown that by the time you have neutralized 50% of the available conjugate 
acid or conjugate base, the pH is starting to change to a noticeable extent and by 80% 
neutralization the pH has moved by almost 1 unit. 
 
Graph p. 181 
Whenever a weak acid or base is titrated, a buffer solution will occur in the middle 
portion of the titration curve. 
 
Problems Heb:p.181-2 #131-134  Topic#16  
 
Buffers in Biological Systems 
Important because they provide a way to prevent systems from being overwhelmed by 
changes in the acidity or basicity of their environment. 
 
Haemoglobin is oxygen carrier in blood: 
HHb   + O2  +  H2O  ⇌   H3O+  +  HbO2

- 

haemoglobin      oxyhaemoglobin 
 
optimum pH for blood is 7.35, slightly alkaline (basic) 
If pH is too low: Acidosis; pH < 7.20 
[H3O+] is too high and eqm shifts to the left and [HbO2

-] is too low 

 O2 doesn't bind properly to haemoglobin 

 
If pH is too high: Alkalosis; pH > 7.50 
[H3O+] is too low and eqm shifts to the right and [HbO2

-] is too high 

 prevent the release of O2  
 

2 important buffers control [H3O+] to prevent acidosis or alkalosis 
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If no buffers were present in our bodies, eating a tomato or drinking lemon juice would 
affect the pH of the blood so drastically as to cause death. 
 
a) CO2/HCO3

- System 

main buffer in the blood producing 2 equilibria: 
CO2(aq) + 2H2O  ⇌  H3O+  +  HCO3

-  (1) 

               CO2(aq)    ⇌    CO2(g)    (2) 

 
Breathing out CO2(g) in (2) upsets the [H3O+] in (1) 

Since presence of CO2(aq) and HCO3
- in (1) creates a buffer, the loss of CO2 

(or build-up of HCO3
-) has a minimal effect on the pH of the blood. 

 
Hyperventilating or excessive and rapid inhaling and exhaling, will lower the [CO2] in 

the blood to such an extent that the blood's pH is raised to the point where a person 
may "black out" or have halllucinations. 
 
b) H2PO4

- /HPO4
2-System 

Both H2PO4
- and HPO4

2- are present in the blood to a smaller extent and in cells to a 

greater extent, as a result of being critical components in bones, tooth and DNA 
maintenance. The buffer: 
 
H2PO4

- + H2O  ⇌   H3O+  +   HPO4
2- 

stabilizes the pH of cells to a large degree. 
This "nutrient buffer" used extensively in cell-culture studies;  
 metabolic byproducts of cell growth  are acidic 
 buffer prevents build-up of acid 
 
Problems Heb: p.183-4 #141-3 
 
Applied Acid/Base Chemistry 
 
A. Aqueous Solutions of Metals and Non-Metal Oxides 
Metal Oxides 
When added to water, initial dissociation: 
Na2O(s) → 2Na+ (aq) + O2-(aq) and 

CaO(s)  → Ca2+(aq) + O2-(aq) 
 
O2- + H2O → 2OH-   

Strongest base ever: oxide O2-  
 
Example: Na metal with water: 
Na2O(s) → 2Na+ (aq) + O2-(aq) 

O2- + H2O → 2OH-  

  
Na2O + H2O  → 2NaOH   (Overall eqn) 
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Note: ionic metal oxides of Group I and II metals (apart from Be) 
        .highly ionic and form basic solns 
 
Other metal oxides are not always basic 
 CrO3(aq) is acidic 

 Cr2O3(aq) is amphiprotic (acidic or basic) 

 CrO(aq) is basic 
 
Nonmetal Oxides 
When a nonmetal oxide reacts with water, producing an acidic soln 

Ex: SO3 + H2O →    (that is H2SO4) 

             SA 

N2O5 + H2O → 2  (that is HNO3) 

              SA 
  
Note: Nonmetal oxides form Acidic solns 
Only rxns between Nonmetal Oxides and Water that you should  
know are: 
 CO2    + H2O →  H2CO3  

 SO2    + H2O →   H2SO3 

 SO3    + H2O →   H2SO4 

 
B. Acid Rain 
pH (Tap water) = 6.78 
  
Natural rain is slightly acidic with a pH ≈5.6  

due to carbon dioxide present in air 

 CO2 + 2H2O  ⇌ H2O +  H2CO3  ⇌ H3O+  +   HCO3
- 

 
Acid rain: when pH < 5.6 
 
Sources of acidity in acid rain: 
.fuels (coal, oil): some contain sulphur  
.when such fuels are burned: 
 S + O2 → SO2 
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rxn with air gives: 
 2SO2 + O2 ⇌ 2SO3  (dust,water: catalysts) 

when gases SO2 and SO3  join with water vapour, acids are formed: 

SO2 + H2O → H2SO3(sulphurous acid) 

SO3 + H2O → H2SO4(sulphuric acid) 

 
SOx: mixture of SO2 and SO3 

 
In addition, combustion of fuels from cars cause small amounts of N2 to react with 

oxygen in air: 
 N2 + O2   → 2NO 

 N2 + 2O2 → 2NO2 

Some NO reacts with O2 from the air: 

 2NO + O2 → 2NO2 

Some NO2 reacts with water vapour  

 2NO2 + H2O → HNO2  + HNO3 

 
NOx: mixture of NO2 and NO3 

 
Acid rain: mixture of H2SO3, H2SO4, HNO2  and HNO3  
 
Nature also contributes to acid rain: volcanic eruptions, rotting vegetation giving off 
gases, lightnings 
 
Natural Protection Against Acid Rain 
most lakes have a moderate CO2/HCO3

- buffer capacity 

 .with large amounts of acid rain , buffer capacity is exceeded 
 .ecosystems harmed 
If acid rain is halted, absorption of CO2 from atmoshphere reverses most of the effects 

of acid rain 
 
Some lakes are rich in limestone which can neutralize acidity of acid rain: 
 H2SO4(aq) + CaCO3(s) ⇌ CaSO4(s) + CO2(aq) + H2O(l) 

However, even available limestone gets used up. 
Lakes may have powdered limestone dumped into them from airplanes to reverse 
some effects of acid rain. 
 
Some Environmental Problems Associated with Acid Rain 
1) Fish and plant growth: die 
    Forests die if soil is too acidic 
    ex: sugar maples in Quebec, Black Forest in Germany, Scandanavia 
2) Leaching minerals out of rocks and soils 
poisonous substance such as aluminum ions leached out of rocks 
beneficial nutrients leached out of topsoil and down to subsoils where these nutrients 
are unavailable for plant growth 
3) Metal and stone structures (buildings made of limestone) damaged 
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facings of many ancient buildings completely destroyed, statues are unrecognizable. 
 
Other Problems of Acid Rain 

1) Falls far from region in which it was created 
 .no international agreements between nations about acid rain 
costly: cleaning up industrial processes, using different fuels, alternate engines in cars 
 
Who should pay for the clean up? 

2) People's health suffers 
 .acid rain 
 .water contaminated by chemicals leached from rocks 

3) Radishes,tomatoes, apples: easily destroyed by acid rain 
 
Glimmers of Hope 
.more public awareness, international conferences and agreements 
.alternative nonpolluting energy sources  
.industrial processes modernized to cut down pollution, recycle harmful wastes 
.More intl cooperation on pollution 
 
Problems Topic#17  Heb: p. 188 #146-7 


