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CONVERSIONS	
  AND	
  CONSTANTS	
  

1	
  inch=	
  2.54	
  cm,	
  1	
  nm	
  =	
  10-­‐9	
  m,	
  1	
  pm	
  =	
  10-­‐12	
  m,	
  1	
  Å	
  =	
  10-­‐10	
  m,	
  1	
  cm3	
  =	
  1	
  mL	
  
	
  

N	
  =	
  kg-­‐m/s2,	
  Pa	
  =	
  N/m2,	
  J	
  =	
  kg-­‐m2/s2	
  
	
  

760	
  mmHg=760	
  torr=1	
  atm=1.01325	
  bar=101,325	
  Pa=101.325	
  kPa=14.696	
  psi	
  
	
  

Molar	
  Volume	
  at	
  STP	
  =	
  22.4	
  L,	
  T(K)	
  =	
  T(°C)	
  +	
  273.15	
  
	
  

The	
  speed	
  of	
  light	
  is	
  c	
  =	
  3.00	
  x	
  108	
  m/s,	
  Planck’s	
  constant,	
  h	
  =	
  6.626	
  x	
  10-­‐34	
  J	
  s	
  
	
  

NA	
  =	
  6.022x1023,	
  R	
  =	
  0.08206	
  L-­‐atm/mol-­‐K	
  =	
  8.314	
  J/mol-­‐K	
  
	
  

d	
  =	
  m/V,	
  density	
  of	
  H2O	
  at	
  25ºC	
  =	
  1.00	
  g/cm3,	
  density	
  of	
  Hg	
  at	
  20ºC	
  =	
  13.55	
  g/cm3	
  
 
FORMULAS	
  

Energy	
  states	
  of	
  the	
  hydrogen	
  atom:	
  E	
  =	
  (-­‐2.18	
  x10-­‐18	
  J)(1/n2)	
  
	
  

λ	
  =	
  	
  h/mv,	
  E	
  =	
  hc/λ	
  
	
  

ΔH˚rxn	
  =	
  Σ	
  ΔH˚products	
  -­‐	
  	
  	
  Σ	
  nΔH˚reactants,	
  ΔH˚rxn	
  =	
  Σ	
  bonds	
  broken	
  	
  	
  -­‐	
  	
  	
  Σ	
  bonds	
  formed	
  
	
  

q	
  =	
  mass	
  x	
  specific	
  heat	
  x	
  ΔT	
  ,	
  PE	
  of	
  two	
  interacting	
  charges	
  E	
  =	
  k(Q1Q2)/d	
  
	
  

F	
  =	
  ma,	
  P	
  =	
  F/A,	
  KE	
  =	
  ½	
  mv2	
  

,	
  and	
  for	
  an	
  ideal	
  gases:	
  PV	
  =	
  nRT	
  

	
  where	
  v	
  is	
  rms	
  speed	
  
	
  

z2	
  =	
  x2	
  +	
  y2	
  (diagonal	
  of	
  right	
  angle	
  triangle),	
  Vbox	
  =	
  l	
  ·	
  w	
  ·	
  h	
  	
  
	
  

Sg	
  	
  =	
  	
  kHPg,	
  PA	
  =	
  XAP˚A,	
  ΔTb	
  =	
  Kfm,	
  ΔTf	
  =	
  Kfm,	
  Π =	
  (n/V)RT	
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 • The amount of vapor pressure lowering depends on the amount of solute. 
• Raoult’s law quantifies the extent to which a nonvolatile solute lowers the vapor pressure of the 

solvent.   
 • If Psolution is the vapor pressure of the solution, P°solvent is the vapor pressure of the pure solvent, 

and &solute is the mole fraction of solute, then  

 • The vapor-pressure lowering, ¨P, is directly proportional to the mole fraction of the solute, &solute.   
 
 
• An ideal solution is one that obeys Raoult’s law. 
 • Real solutions show approximately ideal behavior when: 
  • the solute concentration is low. 
  • the solute and solvent have similarly sized molecules. 
  • the solute and solvent have similar types of intermolecular attractions.   
 • Raoult’s law breaks down when the solvent-solvent and solute-solute intermolecular forces are 

much greater or weaker than solute-solvent intermolecular forces. 

Boiling-Point Elevation46,47,48 

• A nonvolatile solute lowers the vapor pressure of a solution. 
• At the normal boiling point of the pure liquid, the solution has a has a vapor pressure less than 1 atm.   
 • Therefore, a higher temperature is required to reach a vapor pressure of 1 atm for  the solution 

(¨Tb). 
• The molal boiling-point-elevation constant, Kb, expresses how much ¨Tb changes with molality, m: 

¨Tb  = Kbm  
• The nature of the solute (electrolyte vs. nonelectrolyte) will impact the colligative molality of the 

solute. 

Freezing-Point Depression49,50,51 

• When a solution freezes, crystals of almost pure solvent are formed first. 
 • Solute molecules are usually not soluble in the solid phase of the solvent.   
 • Therefore, the triple point occurs at a lower temperature because of the lower vapor pressure for 

the solution. 
• The melting-point (freezing-point) curve is a vertical line from the triple point. 
 • Therefore, the solution freezes at a lower temperature (¨Tf) than the pure solvent. 
 • The decrease in freezing point (¨Tf) is directly proportional to molality.   
• Kf is the molal freezing-point-depression constant.   

¨Tf = Kfm  
 • Values of Kf and Kb for most common solvents can be found in Table 13.4. 

                                                      
46 Figure 13.23 from Transparency Pack 
47 “Boiling-Point Elevation and Freezing-Point Depression” Activity from Instructor’s Resource 
CD/DVD 
48 “Adrenaline” 3-D Model from Instructor’s Resource CD/DVD 
49 “Antifreeze Solutions: The Colligative Properties of Antifreeze” from Further Readings  
50 “Freeze-Proof Bugs” from Further Readings 
51 Figure 13.24 from Transparency Pack 
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o
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• We can write an expression for the relationship between the concentration of the reactants and 
products at equilibrium.   

 • This expression is based on the law of mass action. 
 • For a general reaction, 

aA + bB ' dD + eE 
 • The equilibrium-constant expression is given by: 

 
 • Where Kc is the equilibrium constant. 
 • The subscript “c” indicates that molar concentrations were used to evaluate the constant. 
 • Note that the equilibrium constant expression has products in the numerator and reactants in the 

denominator.   

Evaluating Kc 
• The value of Kc does not depend on initial concentrations of products or reactants. 
 • Consider the reaction: 

N2O4(g) ' 2NO2(g) 
 • The equilibrium constant is given by: 

 • The value of this constant (at 100 °C) is 6.50 (regardless of the initial concentrations of N2O4(g) 
or NO2(g).   

• The equilibrium expression depends on stoichiometry. 
 • It does not depend on the reaction mechanism. 
 • The value of Kc varies with temperature.   
• We generally omit the units of the equilibrium constant. 

Equilibrium Constants in Terms of Pressure, Kp 
• When the reactants and products are gases, we can write an equilibrium expression using partial 

pressures rather than molar concentrations. 
• The equilibrium constant is Kp where “p” stands for pressure. 
• For the reaction: 

aA + bB ' dD + eE 

• They can be interconverted using the ideal gas equation and our definition of molarity: 
PV = nRT   thus P = (n/V)RT 

• If we express volume in liters the quantity (n/V) is equivalent to molarity. 
• Thus the partial pressure of a substance, A, is given as: 

PA =(nA/V)RT = [A]RT 
• We can use this to obtain a general expression relating Kc and Kp: 

Kp = Kc(RT)¨n 
 • Where ¨n = (moles of gaseous products) – (moles of gaseous reactants). 
 • The numerical values of Kc and Kp will differ if ¨n = 0. 

Kc  
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[A]a[B]b

Kc  
[NO2]2

[N2O4 ]

Kp  
(PD)d (PE)e

(PA)a (PB)b

Chemical Kinetics 201

> @ > @ > @ > @
t
D

dt
C

ct
B

bt
A

a '
'

 
'
'

 
'
'

� 
'
'

� 
1111Rate

   • It is the rate at that particular instant in time.   
   • For our discussion we will call the "instantaneous rate" the rate, unless otherwise 

indicated.  

Reaction Rates and Stoichiometry8 

• For the reaction: 
C4H9Cl(aq) + H2O(l) Æ C4H9OH(aq) + HCl(aq) 

 • The rate of appearance of C4H9OH must equal the rate of disappearance of C4H9Cl.   

• What if the stoichiometric relationships are not one-to-one?
 
 

 • For the reaction: 
2HI(g) Æ H2(g) + I2(g) 

 • The rate may be expressed as: 

 
 • We can generalize this equation a bit.   
  • For the reaction: 

aA + bB Æ  cC + dD  
  • The rate may be expressed as: 

 

 

14.3 Concentration and Rate Laws9,10,11 

• In general, rates: 
 • increase when reactant concentration is increased.   
 • decrease as the concentration of reactants is reduced.   
• We often examine the effect of concentration on reaction rate by measuring the way in which reaction 
 rate at the beginning of a reaction depends on starting conditions.   
• Consider the reaction: 

NH4
+(aq) + NO2

– (aq) Æ N2(g) + 2H2O(l) 
 • We measure initial reaction rates. 
  • The initial rate is the instantaneous rate at time t = 0. 
 • We find this at various initial concentrations of each reactant.   
 • As [NH4

+] doubles with [NO2
–] constant the rate doubles.   

  • We conclude the rate is proportional to [NH4
+]. 

 • As [NO2
–] doubles with [NH4

+] constant the rate doubles. 
  • We conclude that the rate is proportional to [NO2

–]. 
• The overall concentration dependence of reaction rate is given in a rate law, or rate expression.   
 • For our example, the rate law is: 

Rate = k[NH4
+][ NO2

– ] 
 • The proportionality constant k is called the rate constant. 
                                                      
8 Figure 14.6 from Transparency Pack 
9 “Decomposition of N2O5” Activity from Instructor’s Resource CD/DVD 
10 “Inflation Rates, Car Devaluation, and Chemical Kinetics” from Further Readings 
11 “Rates of Reaction” Activity from Instructor’s Resource CD/DVD 
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 • Tabulate initial and equilibrium concentrations (or partial pressures) for all species in the 
equilibrium. 

 • If an initial and an equilibrium concentration are given for a species, calculate the change in 
concentration. 

 • Use the coefficients in the balanced chemical equation to calculate the changes in concentration 
of all species. 

 • Deduce the equilibrium concentrations of all species. 
 • Use these to calculate the value of the equilibrium constant.   
FORWARD REFERENCES 
  • Methods of finding equilibrium constants from thermodynamic or electrochemical will be  
   discussed in Chapters 19 and 20, respectively. 

15.6 Applications of Equilibrium Constants 

Predicting the Direction of Reaction 
• For a general reaction: 

aA + bB '�dD + eE 
• We define Q, the reaction quotient, as: 

 • Where [A], [B], [D], and [E] are molarities (for substances in solution) or partial pressures (for 
gases) at any given time.   

 • We can compare Qc to Kc or Qp to Kp: 
  • If Q = K, then the system is at equilibrium. 
  • If Q < K, then the forward reaction must occur to reach equilibrium. 
  • If Q > K, then the reverse reaction must occur to reach equilibrium.   
   • Products are consumed, reactants are formed.   
   • Q decreases until it equals K.    

Calculating Equilibrium Concentrations 

• The same steps used to calculate equilibrium constants are used to calculate equilibrium 
concentrations. 

• Generally, we do not have a number for the change in concentration. 
 • Therefore, we need to assume that x mol/L of a species is produced (or used). 
• The equilibrium concentrations are given as algebraic expressions. 
FORWARD REFERENCES 
  • Q will be used in Chapter 19 (section 19.7) to determine Gibb’s free energy change at  
   nonstandard conditions. 
  • Q will be used in Chapter 20 (section 20.6) to determine cell potentials at nonstandard 

conditions (Nernst equation). 

15.7 Le Châtelier’s Principle21,22,23,24,25 

• Consider the Haber process: 
                                                      
21 Figure 15.9 from Transparency Pack 
22 “Formation of Water” Movie from Instructor’s Resource CD/DVD 
23 “Nitrogen” 3-D Model from Instructor’s Resource CD/DVD 
24 “Hydrogen” 3-D Model from Instructor’s Resource CD/DVD 
25 “Ammonia” 3-D Model from Instructor’s Resource CD/DVD 
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• When the reactants and products are gases, we can write an equilibrium expression using partial 

pressures rather than molar concentrations. 
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• They can be interconverted using the ideal gas equation and our definition of molarity: 
PV = nRT   thus P = (n/V)RT 

• If we express volume in liters the quantity (n/V) is equivalent to molarity. 
• Thus the partial pressure of a substance, A, is given as: 

PA =(nA/V)RT = [A]RT 
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Mole Fraction, Molarity, and Molality41,42,43 

• Common expressions of concentration are based on the number of moles of one or more components.   
• Recall that mass can be converted to moles using the molar mass. 
• Recall: 
 
 
 
 • Note that mole fraction has no units.   
 • Note that mole fractions range from 0 to 1.   
• Recall: 

 • Note that molarity will change with a change in temperature (as the solution volume increases or 
decreases).   

• We can define molality (m), yet another concentration unit: 

 • Molality does not vary with temperature.   
 • Note that converting between molarity (M) and molality (m) requires density. 
 • The molarity and molality of dilute solutions are often very similar. 
FORWARD REFERENCES 
  • Molar concentrations will be used in rate law expressions in Chapter 14. 
  • Molar concentrations will be used in equilibrium constant and reaction quotient expressions  
   in Chapters 15, 16, 17, 19, and 20. 
  • Concentrations (ppm) of trace constituents in mixtures will be re-introduced in Chapter 18 

(section 18.1) and used throughout Chapter 18. 

13.5 Colligative Properties 
• Colligative properties depend on number of solute particles.   
• There are four colligative properties to consider: 
 • vapor pressure lowering (Raoult's law). 
 • boiling point elevation. 
 • freezing point depression.   
 • osmotic pressure.   

Vapor-Pressure Lowering44,45 

• Consider a volatile liquid in a closed container. 
 • After a period of time, an equilibrium will be established between the liquid and its vapor. 
 • The partial pressure exerted by the vapor is the vapor pressure.   
• Nonvolatile solutes (with no measurable vapor pressure) reduce the ability of the surface solvent 

molecules to escape the liquid. 
 • Therefore, vapor pressure is lowered. 

                                                      
41 “An Alternative Introduction to the Mole Fraction” from Further Readings  
42 “Mole Fraction Analogies” from Further Readings 
43 Figure 13.20 from Transparency Pack 
44 “Raoult’s Law” Animation from Instructor’s Resource CD/DVD 
45 “One Cool Chemist” from Further Readings 

componentsallofmolestotal
componentofmoles,componentoffractionMole  X

solutionofliters
solute of moles Molarity,  M

solvent of kilograms
solute of moles Molality,  m

Properties of Solutions 

Copyright © 2012 Pearson Education, Inc. 
 

187

Mole Fraction, Molarity, and Molality41,42,43 

• Common expressions of concentration are based on the number of moles of one or more components.   
• Recall that mass can be converted to moles using the molar mass. 
• Recall: 
 
 
 
 • Note that mole fraction has no units.   
 • Note that mole fractions range from 0 to 1.   
• Recall: 

 • Note that molarity will change with a change in temperature (as the solution volume increases or 
decreases).   

• We can define molality (m), yet another concentration unit: 

 • Molality does not vary with temperature.   
 • Note that converting between molarity (M) and molality (m) requires density. 
 • The molarity and molality of dilute solutions are often very similar. 
FORWARD REFERENCES 
  • Molar concentrations will be used in rate law expressions in Chapter 14. 
  • Molar concentrations will be used in equilibrium constant and reaction quotient expressions  
   in Chapters 15, 16, 17, 19, and 20. 
  • Concentrations (ppm) of trace constituents in mixtures will be re-introduced in Chapter 18 

(section 18.1) and used throughout Chapter 18. 

13.5 Colligative Properties 
• Colligative properties depend on number of solute particles.   
• There are four colligative properties to consider: 
 • vapor pressure lowering (Raoult's law). 
 • boiling point elevation. 
 • freezing point depression.   
 • osmotic pressure.   

Vapor-Pressure Lowering44,45 

• Consider a volatile liquid in a closed container. 
 • After a period of time, an equilibrium will be established between the liquid and its vapor. 
 • The partial pressure exerted by the vapor is the vapor pressure.   
• Nonvolatile solutes (with no measurable vapor pressure) reduce the ability of the surface solvent 

molecules to escape the liquid. 
 • Therefore, vapor pressure is lowered. 

                                                      
41 “An Alternative Introduction to the Mole Fraction” from Further Readings  
42 “Mole Fraction Analogies” from Further Readings 
43 Figure 13.20 from Transparency Pack 
44 “Raoult’s Law” Animation from Instructor’s Resource CD/DVD 
45 “One Cool Chemist” from Further Readings 

componentsallofmolestotal
componentofmoles,componentoffractionMole  X

solutionofliters
solute of moles Molarity,  M

solvent of kilograms
solute of moles Molality,  m

Properties of Solutions 

Copyright © 2012 Pearson Education, Inc. 
 

189

Osmosis52,53,54,55,56,57,58 

• Semipermeable membranes permit passage of some components of a solution.   
 • Often they permit passage of water but not larger molecules or ions.   
 • Examples of semipermeable membranes are cell membranes and cellophane. 
• Osmosis is the net movement of a solvent from an area of low solute concentration to an area of high 

solute concentration. 
• Consider a U-shaped tube with a two liquids separated by a semipermeable membrane. 
 • One arm of the tube contains pure solvent. 
 • The other arm contains a solution. 
 • There is movement of solvent in both directions across a semipermeable membrane. 
  • As solvent moves across the membrane, the fluid levels in the arms become uneven. 

  • The vapor pressure of solvent is higher in the arm with pure solvent.   
 • Eventually the pressure difference due to the difference in height of liquid in the arms stops 

osmosis. 
• Osmotic pressure, S, is the pressure required to prevent osmosis.   
 • Osmotic pressure obeys a law similar in form to the ideal-gas law.   
  • For n moles, V= volume, M= molarity, R= the ideal gas constant, and an absolute 

temperature, T, the osmotic pressure is: 

 • Two solutions are said to be isotonic if they have the same osmotic pressure.   
  • Hypotonic solutions have a lower S, relative to a more concentrated solution.   
  • Hypertonic solutions have a higher S, relative to a more dilute solution. 
• We can illustrate this with a biological system: red blood cells.   
 • Red blood cells are surrounded by semipermeable membranes. 
  • If red blood cells are placed in a hypertonic solution (relative to intracellular solution), there 

is a lower solute concentration in the cell than the surrounding tissue.   
   • Osmosis occurs and water passes through the membrane out of the cell.   
   • The cell shrivels up. 
   • This process is called crenation.   
  • If red blood cells are placed in a hypotonic solution, there is a higher solute concentration in 

the cell than outside the cell.   
   • Osmosis occurs and water moves into the cell. 
   • The cell bursts (hemolysis).   
 • To prevent crenation or hemolysis, IV (intravenous) solutions must be isotonic relative to the 

intracellular fluids of cells.   
• Everyday examples of osmosis include: 
 • If a cucumber is placed in NaCl solution, it will lose water to shrivel up and become a pickle. 
 • A limp carrot placed in water becomes firm because water enters via osmosis. 
 • Eating large quantities of salty food causes retention of water and swelling of tissues (edema). 
 • Water moves into plants, to a great extent, through osmosis. 
                                                      
52 “A Simple Demonstration Model of Osmosis” from Live Demonstrations 
53 “Osmotic Pressure of a Sugar Solution” from Live Demonstrations 
54 “Osmosis Through the Membrane of an Egg” from Live Demonstrations 
55 “Osmosis and Osmotic Pressure” Animation from Instructor’s Resource CD/DVD 
56 “Osmosis and the Egg Membrane” from Live Demonstrations 
57 “Seawater Gets Fresh” from Further Readings 
58 Figure 13.25 from Transparency Pack 
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  • No undissociated molecules remain in solution.   
  • Their conjugate bases have negligible tendencies to become protonated. 
   • An example is HCl.   
 • 2.  Weak acids only partially dissociate in aqueous solution.   
  • They exist in solution as a mixture of molecules and component ions.   
  • Their conjugate bases show a slight tendency to abstract protons from water. 
  • These conjugate bases are weak bases. 
   • Example: Acetic acid is a weak acid; acetate ion (conjugate base) is a weak base.   
 • 3.  Substances with negligible acidity do not transfer a proton to water. 
  • An example is CH4.   
  • The conjugate base of a substance with negligible acidity is a strong base.   
• In every acid-base reaction, the position of the equilibrium favors the transfer of a proton from the 

stronger acid to the stronger base.   
 • H+ is the strongest acid that can exist in equilibrium in aqueous solution. 
 • OH– is the strongest base that can exist in equilibrium in aqueous solution. 
 • Hydronium ions and hydroxide ions are the strongest possible acid and base, respectively, that 

can exist in aqueous solution.  
  • Stronger acids react with water to produce hydronium ions and stronger bases react with 

water to form hydroxide ions. 
  • This effect is known as the leveling effect of water.    
FORWARD REFERENCES 
  • Acid-base neutralization reaction will be discussed in detail in Chapter 17 (sections 17.1-

17.3). 
  • Acid rain will be discussed in Chapter 18 (section 18.2).  
  • Inverse relationship between conjugate acids and bases will be mentioned in Chapter 20 

(section 20.4). 
  • Acid-base properties in proton-transfer reactions involving OH–, H2O, NH3, etc. will be  
   further discussed in Chapter 22 (section 22.1). 

16.3 The Autoionization of Water15,16 

•  In pure water the following equilibrium is established: 
2H2O(l) '�H3O+(aq) + OH–(aq). 

• This process is called the autoionization of water.   

The Ion Product of Water17 

• We can write an equilibrium constant expression for the autoionization of water.   
• Because H2O(l) is a pure liquid, we exclude it from the expression: 

Kc = [H3O+][OH–] = Kw. 

• Kw is called the ion-product constant.   
 • At 25°C, the ion-product of water is: 

1.0 u 10–14 = Kw = [H3O+][OH–]. 
• This applies to pure water as well as to aqueous solutions.   
 • A solution is neutral if [OH–] = [H3O+]. 
 • If the [H3O+] > [OH–], the solution is acidic.   
 • If the [H3O+] < [OH–], the solution is basic.   

                                                      
15 “Acid and Base Dissociation Constants of Water and Its Associated Ions” from Further Readings 
16 “Hydroxide Ion” 3-D Model from Instructor’s Resource CD/DVD 
17 “Kw” Activity from Instructor’s Resource CD/DVD 
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  • The use of strong acids and bases as titrants will be discussed in Chapter 17 (section 17.3). 

  • Basic oxides (also peroxides and superoxides) will be discussed in Chapter 22 (section 22. 5). 

16.6 Weak Acids37,38,39,40,41,42,43 

• Weak acids are only partially ionized in aqueous solution.

 

 • There is a mixture of ions and un-ionized acid in solution. 

 • Therefore, weak acids are in equilibrium: 

HA(aq) + H
2

O(l)�'�H
3

O

+

(aq) + A

–

(aq) 

   or 

HA(aq) '�H+

(aq) + A

–

(aq) 

 • We can write an equilibrium constant expression for this dissociation: 

 • K
a

 is called the acid-dissociation constant. 
 • Note that the subscript “a” indicates that this is the equilibrium constant for the dissociation 

(ionization) of an acid.   

 • Note that [H
2

O] is omitted from the K
a

 expression.  (H
2

O is a pure liquid.) 

• The larger the K
a

, the stronger the acid.   

 • K
a

 is larger since there are more ions present at equilibrium relative to un-ionized molecules. 

 • If K
a

 >> 1, then the acid is completely ionized and the acid is a strong acid.

 

Calculating Ka from pH 
• In order to find the value of K

a

, we need to know all of the equilibrium concentrations.   

 • The pH gives the equilibrium concentration of H

+

. 

 • Thus, to find K
a

 we use the pH to find the equilibrium concentration of H

+

 and then use the 

stoichiometric coefficients of the balanced equation to help us determine the equilibrium 

concentration of the other species.  

 • We then substitute these equilibrium concentrations into the equilibrium constant   

  expression and solve for K
a

.   

Percent Ionization 
•  Another measure of acid strength is percent ionization. 

 • For the reaction, 

HA(aq) ' H
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(aq) 
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37

 “Pictorial Analogies XI: Concentrations and Acidity of Solutions” from Further Readings 

38

 Table 16.2 from Transparency Pack 

39

 “Weak vs. Strong Acids and Bases: The Football Analogy” from Further Readings 

40

 “Equilibrium Constant” Activity from Instructor’s Resource CD/DVD 

41

 “Differences between Acid Strength and Concentration” from Live Demonstrations 

42

 “Formic Acid” 3-D Model from Instructor’s Resource CD/DVD 

43

 “Methanol” 3-D Model from Instructor’s Resource CD/DVD 
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FORWARD REFERENCES 
  • H2O participating in acid-base reaction as a H+ donor or acceptor will be mentioned in 

Chapter 18 (section 18.3). 

16.4 The pH Scale18,19,20,21,22,23,24,25,26,27 

• In most solutions, [H+] is quite small. 
• We express the [H+] in terms of pH.   

pH = �log[H+] = �log[H3O+]. 
 • Note that this is a logarithmic scale.   
 • Thus, a change in [H+] by a factor of 10 causes the pH to change by 1 unit.   
• Most pH values fall between 0 and 14.   
 • In neutral solutions at 25 °C, pH = 7.00. 
 • In acidic solutions, [H+] > 1.0 u 10–7, so pH < 7.00. 
  • As the pH decreases, the acidity of the solution increases.   
 • In basic solutions, [H+] < 1.0 u 10–7, so pH > 7.00. 
  • As the pH increases, the basicity of the solution increases (acidity decreases). 

pOH and Other “p” Scales 
• We can use a similar system to describe the [OH–]. 

pOH = �log[OH–].  
• Recall that the value of Kw at 25 °C is 1.0 u 10–14. 
 • Thus, we can describe a relationship between pH and pOH: 

�log[H+]����log[OH–]) = pH + pOH = �logKw = 14.00. 

Measuring pH28,29,30,31,32 

• The most accurate method to measure pH is to use a pH meter. 
 • A pH meter consists of a pair of electrodes connected to a meter that measures small voltages. 
 • A voltage that varies with pH is generated when the electrodes are placed in a solution. 
 • This voltage is read by the meter, which is calibrated to display pH.   
• Dyes that change color as pH changes are also useful.   
 • They are called acid-base indicators. 
 • Indicators are less precise than pH meters. 
 • Many indicators do not have a sharp color change as a function of pH. 
 • Most acid-base indicators can exist as either an acid or a base. 
  • These two forms have different colors. 
                                                      
18 “One-Hundred Years of pH” from Further Readings 
19 “Do pH in Your Head” from Further Readings 
20 “pH Estimation” Activity from Instructor’s Resource CD/DVD 
21 “Teaching the Truth about pH” from Further Readings 
22 “The pH Concept” from Further Readings 
23 “Defining and Teaching pH” from Further Readings 
24 “The Symbol for pH” from Further Readings 
25 Figure 16.5 from Transparency Pack 
26 “Acids and Bases” Activity from Instructor’s Resource CD/DVD 
27 “Food is Usually Acidic, Cleaners Are Usually Basic” from Live Demonstrations 
28 “Fruit Anthocyanins: Colorful Sensors of Molecular Milieu” from Further Readings 
29 Figure 16.7 from Transparency Pack 
30 “Colorful Acid-Base Indicators” from Live Demonstrations 
31 “Natural Indicators” Movie from Instructor’s Resource CD/DVD 
32 “Rainbow Colors with Mixed Acid-Base Indicators” from Live Demonstrations 
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18 “One-Hundred Years of pH” from Further Readings 
19 “Do pH in Your Head” from Further Readings 
20 “pH Estimation” Activity from Instructor’s Resource CD/DVD 
21 “Teaching the Truth about pH” from Further Readings 
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24 “The Symbol for pH” from Further Readings 
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31 “Natural Indicators” Movie from Instructor’s Resource CD/DVD 
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 • The net reaction is the autoionization of water.   
H2O(l) ' H+(aq) + OH–(aq) 

• Recall that: 
Kw = [H+][OH–] 

 • We can use this information to write an expression that relates the values of Ka, Kb, and Kw for a 
conjugate acid-base pair. 

 
 
 
 
  • The product of the acid-dissociation constant for an acid (Ka) and the base-dissociation 

constant for its conjugate base (Kb) equals the ion-product constant for water (Kw): 
Ka u Kb = Kw 

 • Alternatively, we can express this as: 
pKa + pKb = pKw = 14.00 (at 25 °C) 

• Thus, the larger Ka (and the smaller pKa), the smaller Kb (and the larger pKb).   
 • The stronger the acid, the weaker its conjugate base and vice versa. 

16.9 Acid-Base Properties of Salt Solutions50 
• Nearly all salts are strong electrolytes. 
 • Therefore, salts in solution exist entirely of ions. 
 • Acid-base properties of salts are a consequence of the reactions of their ions in solution. 
• Many salt ions can react with water to form OH– or H+. 
 • This process is called hydrolysis. 

An Anion’s Ability to React with Water  
• Consider an anion, X–, as the conjugate base of an acid. 
 • Anions from weak acids are basic. 
  • They will cause an increase in pH. 
 • Anions from strong acids are neutral. 
  • They do not cause a change in pH. 
 • Anions with ionizable protons (e.g., HSO3

– ) are amphiprotic. 

  • How they behave in water is determined by the relative magnitudes of Ka and Kb for the ion: 
   • If Ka > Kb, the anion tends to decrease the pH. 
   • If Kb > Ka, the anion tends to increase the pH. 

A Cation’s Ability to React with Water51,52,53 

• Polyatomic cations that have one or more ionizable protons are conjugate acids of weak bases. 
 • They tend to decrease pH. 
• Many metal ions can cause a decrease in pH. 
 • Metal cations of Group 1A and heavy alkaline earth metals are cations of strong bases and do not 

alter pH. 
 • Metals with small, highly charged cations such as Fe3+ and Al3+ have Ka values comparable to 

values for familiar weak acids such as acetic acid.   
  • The metal ions attract unshared electron pairs of water molecules and become hydrated. 

                                                      
50 “Hydrolysis: Acidic and Basic Properties of Salts” from Live Demonstrations 
51 “Hydrated Magnesium Cation” 3-D Model from Instructor’s Resource CD/DVD 
52 “Hydrated Aluminum Cation” 3-D Model from Instructor’s Resource CD/DVD 
53 “Deprotonated Hydrated Aluminum Cation” 3-D Model from Instructor’s Resource CD/DVD 
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  • The use of strong acids and bases as titrants will be discussed in Chapter 17 (section 17.3). 

  • Basic oxides (also peroxides and superoxides) will be discussed in Chapter 22 (section 22. 5). 

16.6 Weak Acids37,38,39,40,41,42,43 

• Weak acids are only partially ionized in aqueous solution.

 

 • There is a mixture of ions and un-ionized acid in solution. 

 • Therefore, weak acids are in equilibrium: 
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 • We can write an equilibrium constant expression for this dissociation: 

 • K
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 is called the acid-dissociation constant. 
 • Note that the subscript “a” indicates that this is the equilibrium constant for the dissociation 

(ionization) of an acid.   

 • Note that [H
2

O] is omitted from the K
a

 expression.  (H
2

O is a pure liquid.) 

• The larger the K
a

, the stronger the acid.   

 • K
a

 is larger since there are more ions present at equilibrium relative to un-ionized molecules. 

 • If K
a

 >> 1, then the acid is completely ionized and the acid is a strong acid.

 

Calculating Ka from pH 
• In order to find the value of K
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, we need to know all of the equilibrium concentrations.   

 • The pH gives the equilibrium concentration of H

+

. 

 • Thus, to find K
a

 we use the pH to find the equilibrium concentration of H

+

 and then use the 

stoichiometric coefficients of the balanced equation to help us determine the equilibrium 

concentration of the other species.  

 • We then substitute these equilibrium concentrations into the equilibrium constant   

  expression and solve for K
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.   

Percent Ionization 
•  Another measure of acid strength is percent ionization. 

 • For the reaction, 
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 Table 16.2 from Transparency Pack 
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