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CHAPTER 10: Acids and Bases 
 

10.1 THE ARRHENIUS THEORY (or ARRHENIUS DEFINITIONS) 
 

acid:   compounds that break apart to produce H+ ions (H3O+ ions) in water 
  – easy to recognize because the chemical formula starts with H 
  – binary acid: consists of atoms of hydrogen and 1 other nonmetal   
   e.g. HCl(aq), H2S(aq) 
  – ternary oxyacid: consists of atoms of hydrogen, oxygen, and 1 other element 
   e.g. H2SO4(aq), HNO3(aq) 
 
base:   a substance that breaks apart to release OH– ions in water 
  –  e.g. NaOH, Ba(OH)2 
 
Limitations:  Arrhenius theory works very well for water solutions, but it does not explain the acid-base 

behavior of all molecules, or acid-base behavior in other solvents (for example, in liquid 
ammonia, NH3).  

 

10.3 BRØNSTED-LOWRY DEFINITION OF ACIDS/BASES 
 
Brønsted-Lowry acid:  a molecule that is a proton (H+) donor (gives H+ to another molecule)  
Brønsted-Lowry base:  a molecule that is a proton (H+) acceptor (takes H+ from another molecule) 
 
Q?: Why is H+ called a proton? 
 
Consider the following reaction: 

 

HCl(aq)  +     NH3(aq)      NH4
+(aq)  +  Cl–(aq) 

 
Identify: Brønsted-Lowry acid = ____________  Brønsted-Lowry base= ____________ 
 
Limitations:  Bronsted-Lowry theory explains acid-base behavior for a much wider number of compounds, 

and in many more solvents. But it leaves out some molecules that act like acids and bases. Lewis 
acid-base theory is a more comprehensive theory, but it is beyond the scope of the course. 

 

Bronsted-Lowry Conjugate Acids and Conjugate Bases 

 
When a Brønsted-Lowry acid loses a proton, it becomes a molecule that could, in theory, accept a proton.  
 
Example:  HCl loses a proton and becomes  Cl–. In turn, Cl– could act as a base and become HCl. 
 

HCl(aq)  +     NH3(aq)      NH4
+(aq)  +  Cl–(aq) 

 
Identify: Conjugate acid = ____________  Conjugate base= ____________ 
 
In other words, when a Bronsted-Lowry acid loses a proton, it becomes a Bronsted-Lowry base.  
 
Bases that are formed from acids this way are called conjugate bases.  
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Acids formed from bases are called conjugate acids. 
 
Examples:  
 

 HNO3 is the conjugate acid of NO3
–, and NO3

– is the conjugate base of HNO3. 

 NH4
+ is the conjugate acid of NH3, and NH3 is the conjugate base of NH4

+. 
 
PRACTICE 

Determine the Brønsted-Lowry acid and base in each of the following reactions, and fill in the blanks below 
indicate the conjugate acid/base pairs for the reactants: 
 
 

  a.  H2O(l)    +     H2SO4(aq)         HSO4
–(aq)    +     H3O+(aq)  

 
 
  Brønsted-Lowry acid = ____________   Brønsted-Lowry base= ____________  
 
  H2O(l) is the conjugate _____________ of _______________________. 
                  acid or base 
 
  H2SO4(aq) is the conjugate _____________ of _______________________. 
                          acid or base 
 
 

  b.  HSO3
–(aq)   +     HNO3(aq)           H2SO3(aq)    +      NO3

–(aq)  
 
 
 
  Brønsted-Lowry acid = ____________   Brønsted-Lowry base= ____________  
 
  HSO3

–(aq) is the conjugate _____________ of _______________________. 
                         acid or base 
 
  HNO3 (aq) is the conjugate _____________ of _______________________. 
                          acid or base 
 
 

  c.  H2PO4
–(aq)   +            HClO4(aq)           H3PO4(aq)    +      ClO4

–(aq)  
 
 
  Brønsted-Lowry acid = ____________   Brønsted-Lowry base= ____________  
 
  H3PO4(aq) is the conjugate _____________ of _______________________. 
                         acid or base 
 
  ClO4

–(aq) is the conjugate _____________ of _______________________. 
                        acid or base 
  Note: The double arrow ( ) in the equation below indicates the reaction is reversible. 
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  d.   H2O(l)    +     NH3(aq)         NH4

+(aq)    +   OH–(aq)  
 
 
 
 
  Brønsted-Lowry acid = ____________   Brønsted-Lowry base= ____________  
 
  NH4

+(aq)  is the conjugate _____________ of _______________________. 
                       acid or base 
   
  OH–(aq) is the conjugate _____________ of _______________________. 
                     acid or base 
 
 

10.5 THE STRENGTHS OF ACIDS AND BASES 
 

The terms ionize and dissociate indicate a compound breaking up into ions. 
 
Strong Acids and Bases 
–  Strong acids break up completely (~100%) to produce many H+ ions. 
–  Strong bases break up completely (~100%) to produce many OH– ions. 
 
Weak Acids and Bases 
–  Weak acids break up only to a small degree (~1%) to produce only a few H+ ions. 
–  Weak bases break up only to a small degree (~1%) to produce only a few OH– ions. 
 

Memorize the following strong acids and bases. All other acids and bases are weak! 
 

Strong Acids Strong Bases 

HCl, HBr , HI, HNO3, HClO4, H2SO4 LiOH, NaOH, KOH, Ca(OH)2, Sr(OH)2, Ba(OH)2 

 
Consider the following information: % ionization  
  

HCl(aq)        H+(aq)   +   Cl–(aq)    ~100% 
HC2H3O2(aq)       H+(aq)   +   C2H3O2

–
 (aq)              ~1% 

 

NaOH(aq)        Na+(aq)  +  OH–(aq)          ~100% 
NH4OH(aq)    NH4

+(aq)  +  OH–(aq)                ~1% 
 
PRACTICE 

Ex. 1 Classify each of the following substances as strong acid or base or weak acid or base: 
 

HCl(aq) is a _____________________.   HC2H3O2(aq) is a _____________________. 
 

NaOH(aq) is a _____________________. NH4OH(aq) is a _____________________. 
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Ex. 2: Which of the following acids would have the highest concentration of H+ ions? 
 

0.1M HF            0.1M HNO3            0.1M H2SO3            0.1M H3PO4 
 
Ex. 3: Which of the following bases would result in the highest concentration of OH- ions when  
 added to a beaker containing 100.0 mL of DI water? 
 

1 mol of AgOH             1 mol of LiOH             1 mol of Sr(OH)2             1 mol of Al(OH)3              
 
Ex. 4: Which of the following acids would have the lowest pH? 
 

0.5M HBr            0.5M HC2H3O2            0.5M H2CO3            0.1M H3PO4 
 

10.6 ACID DISSOCIATION CONSTANTS: Ka 
 

 
The reaction of a weak acid with water is an equilibrium reaction in which the “position” of equilibrium lies to 
mostly to the left. Like any equilibrium reaction, it has an equilibrium constant, Ka, called the acid dissociation 
constant. 
 
For a generic weak acid equilibrium, we write the weak acid as “HA”, where A refers to the anion bonded to H+: 
 

HA(aq) + H2O(l)   H3O+(aq) + A-(aq) 
 

 
 
Notes: 

 Except in extremely concentrated acid/base solutions, H2O concentration remains constant. It can 
therefore be combined with K to become Ka.  

 For strong acids, K >> 1  ;    for weak acids, K << 1 

 Ka refers to the loss of the first H+ ; but some acids can lose more than one H+ 

 Acid dissociation constants for second (and third, etc.) H+ dissociation are always smaller than for the 
first H+ dissociation 
 
 

Example:  H2SO4, a diprotic acid 
 

H2SO4(aq) + H2O(l)   HSO4
-(aq) + H3O+(aq) Ka >> 1   

 

HSO4
-(aq) + H2O(l)   SO4

2-(aq) + H3O+(aq) Ka = 1.2 x 10-2 
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10.7  The Dissociation of Water (Self Ionization) 
 
In any water solution, a tiny fraction of the water molecules will react with each other to produce an acid and 
base, i.e., to form hydronium ion, H3O+, and OH– ion: 
 
 

                             H2O             +               H2O                                  H3O+                  +              OH- 
 

 
 
Concentrations   55.5 mol/L    1 x 10-7 mol/L  1 x 10-7 mol/L 

 
The reaction above is an equilibrium reaction, meaning that only part of the reactants turn into products. In this 
case, only a very TINY fraction of the water turns into hydronium and hydroxide – and these can recombine to 
make water molecules. 
 
The reaction above is governed mathematically by the equilibrium constant for the reaction: 

 

Ion-Product Constant   Kw = [H3O+] x [OH–] = 1.0 x 10-14
 

 
If even pure water can donate or receive protons, then what is a neutral solution?  
 

1) Neutral Solutions 
 
Pure water is a neutral solution in which no external stress is operating on the water dissociation 
equilibrium (i.e., nothing is changing the concentration of H+ or OH-). In this unstressed state, the 
equilibrium will produce equal concentrations of H3O+

 and OH–.  
 
Neutral:    [H3O+]  =  [OH-]  = 1 x 10-7 M    
 
Water remains neutral as long as any dissolved chemicals do not change the H+ or OH- concentrations. 
Solutes (like NaCl) that do not react with water are called neutral salts.  
 

2) Acidic and Basic Solutions 
 
Solutes that change the concentration of OH- and H+ (i.e,. acids and bases) will affect the water 
dissociation equilibrium via Le Chatelier’s principle.  
 
Acidic Solutions:    [H3O+] > 1 x 10-7 M, [OH-] < 1 x 10-7 M 
 
Basic Solutions:   [H3O+] < 1 x 10-7 M, [OH-] > 1 x 10-7 M 
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PRACTICE 

Example: In a recent Seattle water report, the H3O+ concentration of the city water was reported to be 1.58 
x 10-8 M. Was this water acidic, basic, or neutral? What is the concentration of OH- in the city 
water? 

 
 
 
 
 
 

10.8  THE pH CONCEPT: Acid-Base Equilibria in Water 
10.9  pH calculations 
 
 

pH Scale:   a measure of the concentration of hydrogen ions, [H+] or [H3O+] 
 

pH = -log [H3O+]  
 
pH Scale:   pH < 7:  acidic              pH = 7:  neutral             pH > 7:  basic 
 
          [H+] scale             10-1                   10-3                10-5                  10-7                 10-9                 10-11                10-13 
 
 
                 

              pH scale  0         1          2          3         4         5         6          7        8        9         10       11         12         13        14   
 
                                    strongly       weakly acidic   weakly basic                    strongly 
           acidic                                           basic 
  

contains H+                   neutral                     contains OH-                     
 

  1M HCl                 lemon juice             pure          eggs        drain cleaner 
   stomach acid          vinegar            water    baking soda          1M NaOH 
      coffee          NaCl(aq)    liquid bleach 
 
 

PRACTICE 

Example: Classify each of the following substances as strongly acidic, weakly acidic, neutral, weakly basic, or 
strongly basic. 

 

Substance pH Classification 

carbonated water 3.9  

stomach acid 1.3  

saline solution 7.0  

tears 7.4  

saliva 6.8  

Codeine 10.3  



Page 7 of 11 
 

drain cleaner 13  

Calculating pH given [H3O+]  Use the relation:    pH = -log [H3O+]  
 
  Example:  Determine pH for the solutions below: 
 

 a. [H3O+] = 0.001 M    pH = ___________ 
 

 b. [H3O+] = 0.35 M     pH = ___________ 
 

 c. [H3O+] = 0.0035 M    pH = ___________ 
  

10.11  BUFFERS  
 
buffered solution:  A solution that resists changes in pH when small amounts of a strong  
   acid or strong base are added to it. 

  –  e.g. blood acts as a buffer, keeping the pH close to 7.4. 
 
Buffered solutions contain a buffer system consisting of a weak acid and its conjugate base. 
 
–  Examples:     CH3COOH and CH3COO–   …    NH4

+ and NH3     …    H2CO3 and HCO3
–    … etc. 

 
1. Making a buffer 

 
Consider the following equilibrium: 
 
   CH3COOH(aq)  + H2O(l)      H3O+(aq)  +  CH3COO–(aq)     
 

 If you put CH3COOH in water, it dissociates about 1% and produces just a small amount of CH3COO– (aq). 
This is not yet a buffered system. 

 To make this system a buffer, you would purposefully increase the amount of CH3COO– (aq) in the system by 
adding CH3COO–  directly (for example, by adding NaCH3COO). 

 Now the system is buffered, because it has large amounts of the original acid (CH3COOH) and its conjugate 
base (CH3COO–). 

  
2. How the buffer works 

 
The acid in the buffer neutralizes any other base that is added. 

  OH–(aq)   +   CH3COOH(aq)        H2O(l)  +  CH3COO–(aq)     
 
The conjugate base in the buffer neutralizes any acid that is added. 

  H+(aq)  +  CH3COO– (aq)        CH3COOH (aq) 
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Question: Why doesn’t the conjugate base in the buffer neutralize the acid that is present in the buffer? 

(Why doesn’t CH3COO–  neutralize CH3COOH?) 
 
 
      
 
 
 
 
Summary: Because the buffered solution can neutralize small amounts of strong acid and strong base, its pH 
does not change when these strong acids and strong bases as added to it.  
 
PRACTICE 

Example:   Consider the buffered solution made from HF and F–.  
 

a. Write the fundamental buffer equilibrium for this system: 
 
 
 
 
 
 

b. Write the chemical equation for the reaction that occurs when H+(aq) from a strong acid like 
hydrochloric acid is added to the buffered solution. 
 
 
 
 
 
 

c. Write the chemical equation for the reaction that occurs when OH-(aq) from a strong base like NaOH is 
added to the buffered solution. 

 
 
 
 

 
 
 
 
Example: Indicate if pH increases, decreases, or stays about the same for the following: 
 
a. When a small amount of HCl(aq) is added to water, the pH _______________.  
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b. When a small amount of HCl(aq) is added to a buffered solution, the pH _______________.        

 

c. When a small amount of NaOH(aq) is added to water, the pH _______________.        

 

d. When a small amount of NaOH(aq) is added to a buffered solution, the pH _____________. 

BLOOD AS A BUFFER 
– Many chemical reactions in living systems are extremely sensitive to pH.  
– Human blood must remain with a narrow pH range of 7.35-7.45 to avoid disruptive effects on cell 

membrane stability, protein structures, and enzyme activity.   
 – Death may result if the pH falls below 6.8 or rises above 4.8. 
 
– The major buffer system used to control the pH of blood is the carbonic acid (H2CO3)-bicarbonate (HCO3

-) 
buffer system—in which H2CO3 and HCO3

- are conjugate acid-base pairs, and H2CO3 can decompose into CO2 
gas and water: 

 
H+(aq)   +    HCO3

-(aq)        H2CO3(aq)      CO2(g)  +  H2O(l) 
 

– The pH of 7.4 is achieved and maintained due to the ratio of 20:1 for [HCO3
-] to [H+].  

  This buffer has a high capacity to neutralize additional acids but a much lower capacity to 
neutralize bases.  

 
– The principal organs regulating blood pH are the lungs and the kidneys. 
 
 

Acidosis is a condition when blood pH falls below 7.35—i.e., the blood pH is too low. 
– This develops when conditions like asthma or emphysema or narcotics or other medication result in shallow, 

slow, or impaired breathing or respiration. 
 
PRACTICE 

Ex. 1 Use Le Châtelier’s Principle to explain why an excess of CO2 in the blood causes acidosis.  
 
 

 
 
 
 
– Thus, whenever acidosis occurs—i.e., the [H+] or [CO2] are too high, receptors in the brain trigger a reflex to 

breathe faster and deeper, resulting in blood carrying CO2 to the lungs where it is rapidly removed via 
exhalation. 

   As CO2 is removed, the H+ concentration decreases, and the blood pH decreases. 
 
Alkalosis is a condition when blood pH rises above 7.45—i.e., the blood pH is too high. 
– This often results from hyperventilation, when CO2 is removed from the lungs at a faster rate than it is 

produced.  
 
PRACTICE 

Ex. 2 Use Le Châtelier’s Principle to explain why a deficiency of CO2 in the blood causes alkalosis.  
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– Treatment for alkalosis is often to slow down breathing, breathing into a paperbag, or holding one’s breath, 

all of which will increase the concentration of CO2 in the blood. 
– The kidneys can also absorb or release H+ and HCO3

- ions, with most of the excess acid in the body leaving as 
urine, which has a pH between 5.0 and 7.0. 

 

ANALYZING ACIDS AND BASES 
 

Acid-Base Indicators:  
– Solutions that are pH sensitive & change color 
– Generally have their color change occurring for pH ≈ 7 since reactions    
  monitored are neutralization reactions, which are complete at pH = 7 
 
 

 

 
 

standard solution: an acid or base solution where the concentration is known to at least 3 sig figs 
 

– used to analyze properties of substances, such as neutralizing power of commercial antacids, tartness of 
wine, etc. 

 

titration: The gradual addition of standard solution to another solution of unknown concentration until 
the reaction between the two is complete, as signaled by an indicator changing color 

 

endpoint: When one reactant has completely reacted with the other reactant, as evidenced  by an 
indicator changing color 
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