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By definition:

1 atom 12C “weighs” 12 amu
On this scale

1H = 1.00794 amu

16O = 15.9994 amu

Atomic number: number of protons which equal the 

number of electrons in neutral atom

Atomic mass is the mass of an atom in atomic mass units 

(amu) (1amu=1.6 x10-24g)

amu: define as mass exactly equal to 1/12 of the mass of 

Carbon-12 ……

Micro World

atoms & molecules

Macro World

grams

3.1



Ex sulfer-36 has mass of 35.967 amu, which is around 3 times the 

mass of C-12 [35.967/12=2.99]

 When express the mass in amu, mass of atom is approximately 

equal the number of protons and neutrons.

Average atomic mass: is the weighted average of all the 

naturally occurring isotopes

Ex: Natural lithium is:7.42% 6Li (6.015 amu) and 92.58% 7Li 

(7.016 amu)

[(7.42/100) x 6.015] + [(92.58/100) x 7.016] = 6.941 amu

Average atomic mass of lithium=



Average atomic mass (6.941)
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The mole (mol) is a unit to account the number of particles(atoms, 

molecules,…)

• Number of atoms in exactly 12 grams of 12C = 6.022 × 1023 atoms 

(experimentally)

1 mole of 12C =NA= 6.022 × 1023 atoms = 12.011 g

Avogadro’s number = NA

– Number of atoms, molecules or particles in one mole 

1 mole of X = 6.022 × 1023 units of X

• 1 mole Xe = 6.022×1023 Xe atoms

• 1 mole NO2 = 6.022×1023 NO2 molecules

6



Molar mass: (M), defined as the mass (in grams or 

kilograms) of 1 mole of units (such as atoms or molecules) of 

a substance

1 mole 12C atoms = 12.00 g = 6.022 x 1023 atoms 

1 mole lithium atoms = 6.941 g of Li

For any element

atomic mass (amu) = molar mass (grams/mol) 
from periodic table

Atomic mass of O=16 amu

Molar mass of O = 16g/mol



One Mole of:

C S

Cu Fe

Hg

3.2



M = molar mass in g/mol

NA = Avogadro’s number

,n = mole



Learning Check: Using Molar Mass
Ex. How many moles of iron (Fe) are in 

15.34 g Fe?

• What do we know?

1 mol Fe = 55.85 g Fe

• What do we want to determine?

15.34 g Fe = ? Mol Fe

• Set up ratio so that what you want is on top & 

what you start with is on the bottom

10











Fe g 55.85

Fe mol 1
Fe g 15.34 = 0.2747 mole Fe

Start End



Ex: How many potassium atoms are in 0.551 g of potassium (K) ?

1 mol of K = 39.10 g of K 

8.49 x 1021 atoms of K

3.2



Molecular mass (or molecular weight) is the sum of

the atomic masses (in amu) in a molecule.

SO2

1S 32.07 amu

2O + 2 x 16.00 amu 

SO2 64.07 amu

For any molecule

molecular mass in amu = molar mass in grams

1 molecule of SO2 weighs 64.07 amu

1 mole of SO2 weighs 64.07 g
3.3



Ex How many H atoms are in 72.5 g of C3H8O ?

5.82 x 1024 H atoms



Formula mass is the sum of the atomic masses 

(in amu) in a formula unit of an ionic compound.

1Na 22.99 amu

1Cl +  35.45 amu

NaCl 58.44 amu

For any ionic compound

formula mass (amu) = molar mass (gram/mol)

1 formula unit of NaCl = 58.44 amu

1 mole of NaCl = 58.44 g of NaCl 
3.3

NaCl



Do You Understand Formula Mass?

What is the formula mass of Ca3(PO4)2 ?

3.3

1 formula unit of Ca3(PO4)2

3 Ca 3 x 40.08 g/mol

2 P 2 x 30.97 g/mol

8 O +   8 x 16.00 g/mol

310.18 g/mol

Units of grams per mole are the most practical

for chemical calculations!





Mole-to-Mole Conversion Factors
• Can use chemical formula to relate amount 

of each atom to amount of compound

• In H2O there are 3 relationships:

– 2 mol H ⇔ 1 mol H2O

– 1 mol O ⇔ 1 mol H2O

– 2 mol H ⇔ 1 mol O

• Can also use these on atomic scale

– 2 atom H ⇔ 1 molecule H2O

– 1 atom O ⇔ 1 molecule H2O

17



Ex Calculate the number of moles of calcium in 2.53 

moles of Ca3(PO4)2

2.53 moles of Ca3(PO4)2 = ? mol Ca

3 mol Ca  1 mol Ca3(PO4)2












243
243

)PO(Ca mol 1

Ca mol 3
 )PO(Ca mol 53.2

= 7.59 mol Ca



Ex How many g of iron (Fe) are required to use up all of 

25.6 g of oxygen atoms (O) to form Fe2O3?  

-
mass O   mol O   mol Fe   mass Fe

25.6 g O   ? g Fe

3 mol O  2 mol Fe



Determining Empirical & Molecular Formulas

• When making or isolating new compounds one 

must characterize them to determine structure & 

Molecular Formula (MF)

– Exact composition of one molecule

– Exact whole # ratio of atoms of each element in 
molecule(Ex :MF of glucose is C6H12O6 )

Empirical Formula (EF)

– Simplest ratio of atoms of each element in  compound

– Obtained from experimental analysis of compound

20

Ex EF of glucose is CH2O

Ex what is the EF of pentane (C5H12)

EF is C5H12  same as molecular formula



Three Ways to Calculate Empirical Formulas 

1. From  Masses of Elements

Ex. 2.448 g sample of which 1.771 g is Fe and 0.677 g is 

O. 

2. From Percentage Composition

Ex.  43.64 % P and 56.36 % O.

3. From Combustion Data

Given masses of combustion products

Ex. The combustion of a 5.217 g sample of a compound of 

C, H, and O in pure oxygen gave 7.406 g CO2 and 4.512 g 

of H2O.
21



Strategy for Determining Empirical Formulas

1. Determine mass in g of each element

2. Convert mass in g to moles

3. Divide all quantities by smallest number of moles 

to get smallest ratio of moles

4. Convert any non-integers into integer numbers.

– Multiply by smallest number to make subscripts in step 

3 integers 

22



1. Empirical Formula from Mass Data

Ex: When a 0.1156 g sample of a compound was analyzed, 

it was found to contain 0.04470 g of C, 0.01875 g of H, and 

0.05215 g of N. Calculate the empirical formula of this 

compound.


C g 101.12

C mol 1
C g 04470.0

Step 1:  Calculate moles of each substance


H g 1.008

H mol 1
H g 01875.0

  
N g 14.0067

N mol 1
N g 05215.0

3.722  103 mol C

1.860  102 mol H

3.723  103 mol N

23



1. Empirical Formula from Mass Data
Step 2: Select the smallest # of moles. 

• The smallest  is 3.722 x 10–3 mole 

Step 3: Divide all # of moles by the smallest one

• C = 

• H = 









C mol 10722.3

C mol 10722.3
3

3









C mol 10722.3

H mol 10860.1
3

2









C mol 10722.3

N mol 10723.3
3

3

4.997

1.000

1.000

Mole ratio

= 1

= 1

= 5

Integer ratio

Empirical formula = CH5N 
24

• N =



1. Empirical Formula from Mass Data

Ex 2:One of the compounds of iron and oxygen, “black iron 

oxide,” occurs naturally in the mineral magnetite. When a 

2.448 g sample was analyzed it was found to have 1.771 g 

of Fe and 0.677 g of O. Calculate the empirical formula of 

this compound.

1. Calculate moles of each substance

25


Fe g 5.4855

Fe mol 1
Fe g .7711


O g 16.00

O mol 1
O g 677.0

0.03171 mol Fe

0.0423 mol O



1. Empirical Formula from Mass Data
2. Divide both by smallest #mol to get smallest whole # ratio. 

26

Fe mol 0.03171

Fe mol 0.03171

Fe mol 0.03171

O mol 0.0423

Empirical Formula = Fe3O4

=1.000 Fe

=1.33 O

33.1.001 OFe

99.33)333.1(3)(1.00 OFeOFe 

3-Multiply by smallest number to make subscripts in step 2 integers 



2. Empirical Formula from % Composition

27

Ex :Calculate the empirical formula of a compound whose 

% composition data is 43.64 % P and 56.36 % O. 

Step 1: Assume 100 g of compound.

 43.64 g P

 56.36 g O

P g 30.97

P mol 1
P g 43.64 

O g 00.16

O mol 1
O g 36.56 

= 1.409 mol P

= 3.523 mol P

1 mol P = 30.97 g

1 mol O = 16.00 g



2. Empirical Formula from % Composition

Step 2: Divide by smallest number of moles

000.1
P mol 1.409

P mol 1.409


500.2
P mol 409.1

O mol 523.3


Step 3: Multiple by n to get smallest integer ratio

P: 1.00  2 = 2

Here n = 2

Empirical formula = P2O5

28

O: 2.500 2 = 5



3. Empirical Formulas from Combustion Analysis:

Combustion Analysis

• Compounds containing carbon, hydrogen, & 

oxygen, can be burned completely in pure oxygen 

gas 

– Only carbon dioxide & water are produced

Ex. Combustion of ethanol (C2H5OH)

C2H5OH + 3O2  2CO2 + 3H2O

29



Apparatus for determining the empirical formula of ethanol. 

The absorbers are substances that can retain water and carbon 

dioxide, respectively.

Combustion of ethanol



3. Empirical Formulas from Combustion Analysis:

• Carbon dioxide & water separated & weighed 

separately

– All C ends up as CO2

– All H ends up as H2O 

– Mass of C can be derived from amount of CO2

• mass CO2  mol CO2  mol C  mass C

– Mass of H can be derived from amount of H2O

• mass H2O  mol H2O  mol H  mass H

– Mass of oxygen is obtained by difference

mass O = mass sample – (mass C + mass H)
31



Ex.The combustion of a 5.217 g sample of a 

compound of C, H, and O in pure oxygen gave 

7.406 g CO2 and 4.512 g of H2O. Calculate the 

empirical formula of the compound. 

C H O CO2

Molar mass 

(g/mol)
12.011 1.008 15.999 44.01


























C mol  1

C g 12.011

CO mol 1

C mol 1

CO g 44.01

CO mol  1
CO g 7.406

22

2
2
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1. Calculate mass of C from mass of CO2.

mass CO2  mole CO2  mole C  mass C

= 2.021 g C




























H mol 1

H g 1.008

OH mol 1

H mol 2

OH g 18.015

OH mol 1
 OH g 4.512

22

2
2

= 5.217 g– (2.021 g C + 0.5049 g H)

33

2. Calculate mass of H from mass of H2O. 

mass H2O  mol H2O  mol H  mass H

3. Calculate mass of O from difference.

Mass O= total mass-(C mass + H mass)

= 2.691 g O

= 0.5049 g H



34



g/mol 12.011

g 2.021

C MM

C g
 C mol 

C H O

MM 12.011 1.008 15.999

g

g/mol 1.008

g 0.5049

H MM

H g
 H mol  = 0.5009 mol H

= 0.1682 mol O

= 0.1683 mol C

2.021 0.5049 2.691

g/mol 15.999

g 2.691

O MM

O g
 O mol 

35

4. Calculate mol of each element



• Preliminary empirical formula

– C0.1683H0.5009O0.1682

5. Calculate mol ratio of each element

– Since all values are close to integers, round to

36

0.1682
0.1682

0.1682
0.5009

0.1682
0.1683 OHC

= C1.00H2.97O1.00

Empirical Formula = CH3O



Determining Molecular Formula
 Need molecular mass(molar mass) & empirical formula

 Calculate ratio of molecular mass to mass predicted by 

empirical formula & round to nearest integer



Ex The empirical formula of hydrazine is NH2, and its 

molecular mass is 32.0. What is its molecular formula

38

Solution

Molar mass of NH2 = (1×14.01) + (2×1.008) = 16.017g

Atomic Mass:    N:14.007;     H:1.008;    O:15.999



3.7

3 ways of representing the reaction of H2 with O2 to form H2O

Chemical reactions and chemical equations
A process in which one or more substances is changed into one 

or more new substances is a chemical reaction.

A chemical equation uses chemical symbols to show what 

happens during a chemical reaction.

reactants products



How to “Read” Chemical Equations

2 Mg + O2 2 MgO

2 atoms Mg + 1 molecule O2 makes 2 formula units MgO

2 moles Mg + 1 mole O2 makes 2 moles MgO

48.6 grams Mg + 32.0 grams O2 makes 80.6 g MgO

IS NOT

2 grams Mg + 1 gram O2 makes 2 g MgO

3.7



1. Write the balanced chemical equation.

2. Convert quantities of known substances into moles.

3. Use coefficients in balanced equation to calculate the number of 

moles of the sought quantity.

4. Convert moles of sought quantity into the desired units.

Stoichiometry Calculations: Amounts of Reactants and Products 

in chemical reaction

3.8

Use the fabulous four steps!



Using Balanced Equation to Determine Stoichiometry 

42



Ex: Methanol burns in air according to the equation

2 CH3OH + 3 O2 2 CO2 + 4 H2O

m=??
If 209 g of methanol are used up in the combustion, 

what mass of water is produced?

grams CH3OH moles CH3OH moles H2O grams H2O

3.8



• Reactant that is completely used up in the reaction

• Present in lower # of moles 

• It determines the amount of product produced

Excess reactant

• Reactant that has some amount left over at end

• Present in higher # of moles

Limiting Reactant

44



1. Balanced reaction:  Done.

2. Find the mole of each reactant in the reaction 

3. Divide the # of mole of each reactant on it coefficient 

4. The one that give the smallest # in step 3 is the limiting reagent

Four Steps to  determine the limiting reagent 





Do You Understand Limiting Reactants?

In a reaction, 124 g of Al are reacted with 601 g of Fe2O3.

2 Al + Fe2O3 Al2O3 + 2 Fe

Calculate the mass of Al2O3 formed in grams.

3.9

1. Balanced reaction:  √

2. Moles of “given” reactants.

Moles of Al  =  124 g / 26.9815 g/mol  =  4.60 mol

Moles of Fe2O3 =  601 g / 159.6882 g/mol  =  3.76 mol

Also Limiting reagent can be determine based on the following statement

“ the limiting reagent will yield the smaller amount of the product” 



3.  Moles of “desired” product, Al2O3.

3.9

Moles of Al2O3 =  4.60 mol Al X  1 mol Al2O3 =  2.30 mol Al2O3

based on Al                   1                 2 mol Al

2 Al + Fe2O3 Al2O3 + 2 Fe

Moles of Al2O3 =   3.76 mol Fe2O3 X  1 mol Al2O3 =  3.76 mole Al2O3

based on Fe2O3 1                  1 mol Fe2O3

Keep the smaller answer! Al is the limiting reactant.

4.  Grams of Al2O3.

Grams of Al2O3 =  2.30 mol  X  101.9612 g/mol  =  235 g



Theoretical Yield is the amount of product that would

result if all the limiting reagent reacted.(calculated)

Actual Yield is the amount of product actually obtained

from a reaction(experimentally).

-How much is obtained in mass units or in moles

- Actual yield usually is less than theoretical yield

% Yield = 
Actual Yield

Theoretical Yield
x 100

3.10

Reaction Yield

Percent yield Relates the actual yield to the theoretical 

yield, It is calculated as:



Ex. If a cookie recipe predicts a yield of 36 cookies and 

yet only 24 are obtained, what is the % yield?

%67100
36

24
yield percentage 










Ex When 18.1 g NH3 and 90.4 g CuO are reacted, the 

theoretical yield is 72.2 g Cu.  The actual yield is 58.3 

g Cu. What is the percent yield?

2NH3(g) + 3CuO(s)  N2(g) + 3Cu(s) + 3H2O(g)

%100
Cu g 72.2

Cu g 58.3
  yield%  = 80.7%   



Ex A chemist set up a synthesis of solid phosphorus 

trichloride by mixing 12.0 g of solid phosphorus with 35.0 g 

chlorine gas and obtained 42.4 g of solid phosphorus 

trichloride. Calculate the percentage yield of this compound. 

Analysis:

Write balanced equation

2P(s)  + 3Cl2(g)  2PCl3(s) 

51

Determine 

Limiting 

Reagent

Determine 

Theoretical 

Yield

Calculate 

Percentage 

Yield





Stoichiometry Summary

53



Gases

Chapter 5
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States of matter 



Elements that exist as gases at 250C and 1 atmosphere

5.1



5.1



• Gases take the volume and shape of their containers.

• Gases are the most compressible state of matter.

• Gases will mix evenly and completely when confined to 

the same container.

• Gases have much lower densities than liquids and solids.

5.1

Physical Characteristics of Gases



Four Physical Properties of Gases

1. Pressure (P)

2. Volume (V)

3. Temperature (T)

4. Amount = moles (n) 



Pressure, Its Measurement and Units

 Gases exert pressure on any surface with which they come in contact

Pressure = 
𝐹𝑜𝑟𝑐𝑒

𝑎𝑟𝑒𝑎
=

N

m2 =
1Kg.m.s−2

m2

 SI unit of pressure is pascal= pa

Atmospheric pressure : Force exerted by atmospheric column of air, 

per unit area

1 pascal (Pa) = 1 N/m2



Sea level 1 atm

4 miles 0.5 atm

10 miles 0.2 atm

5.2



5.2
Barometer

Barometer: instrument for measuring atmospheric 

pressure

Hg

Hg

The standard atmospheric pressure(1 atm):

Equal to the pressure that support a column of

Hg exactly 760mm(76 cm) high at sea level

1 atm = 760 mmHg = 760 torr

1 torr=1 mmHg

1 atm = 101,325 Pa=101Kpa

1atm  1.013 Bar



5.2

Manometers Used to Measure Gas Pressures

Closed tube manometer open tube manometer

Ex: 800mmHg

=800 mmHg

atm.pressure=760mmHg

Ex: 60 mmHg

𝑃𝑔𝑎𝑠 = 60 + 760 = 820 𝑚𝑚𝐻𝑔



Gas laws

1) Boyle’s Law: Studied relationship between P and V (at constant n & T)

The pressure of a fixed amount of gas at a constant temperature is 

inversely proportional to the volume of the gas”

As V , P  (Vα
1

𝑃
)

𝑃1𝑉1 = 𝑃2𝑉2 𝐵𝑜𝑦𝑙𝑒′𝑠 𝑙𝑎𝑤



P a 1/V

P = constant.1/V

P=k.1/V

5.3

Constant temperature

Constant amount of gas



A sample of chlorine gas occupies a volume of 946 mL 

at a pressure of 726 mmHg.  What is the pressure of 

the gas (in mmHg) if the volume is reduced at constant 

temperature to 154 mL?

P1 x V1 = P2 x V2

P1 = 726 mmHg

V1 = 946 mL

P2 = ?

V2 = 154 mL

P2 = 
P1 x V1

V2

726 mmHg x 946 mL
154 mL

= = 4460 mmHg

5.3



2) Charles’s and Gay-Lussac’s Law: Studied relationship between T and V 

(at constant P & n).

5.3

V a T

V = constant x T

V1/T1 = V2 /T2 Charles’s Law T (K) = t (0C) + 273.15

Charles’ & 

Gay-Lussac’s 

Law

Temperature must be

in Kelvin



• They also Worked on relationship between pressure and 

temperature(at constant V & n)

• P  as T 

• This is why we don’t heat canned foods on a campfire 

without opening them!

• Showed that gas pressure 

is directly proportional 

to absolute temperature

T  (K)

P

Low T, Low P

High T, High P



A sample of carbon monoxide gas occupies 3.20 L at 

125 0C.  At what temperature will the gas occupy a 

volume of 1.54 L if the pressure remains constant?

V1 = 3.20 L

T1 = 398.15 K

V2 = 1.54 L

T2 = ?

T2 = 
V2 x T1

V1

1.54 L x 398.15 K
3.20 L

= = 192 K

5.3

V1 /T1 = V2 /T2

T1 = 125 (0C) + 273.15 (K) = 398.15 K



3) Avogadro’s Law: Studied relationship between n and V 

(at constant P & T).

V a number of moles (n)

V = constant x n

V1 / n1 = V2 / n2 Avogadro’s Law

5.3

Constant temperature

Constant pressure



Ammonia burns in oxygen to form nitric oxide (NO) 

and water vapor.  How many volumes of NO are 

obtained from one volume of ammonia at the same 

temperature and pressure?

4NH3 + 5O2 4NO + 6H2O

1 mole NH3 1 mole NO

At constant T and P

1 volume NH3 1 volume NO

5.3



Ex.  A certain lightbulb containing argon at 1.20 atm

and 18 0C is heated to  85 0C at constant volume.  

What is the final pressure of argon in the lightbulb (in 

atm)?

n, and V are constant

P1

T1

P2

T2

=

P1 = 1.20 atm

T1 = 291 K

P2 = ?

T2 = 358 K

P2 = P1 x 
T2

T1

= 1.20 atm x 358 K
291 K

= 1.48 atm

5.4



4)Ideal Gas law

5.4

Charles’ law:  V a T (at constant n and P)

Avogadro’s law:  V a  n (at constant P and T)

Boyle’s law:  V a        (at constant n and T)1
P

V a
nT

P

V = constant x        = R
nT

P

nT

P
R is the gas constant

PV = nRT
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Ideal Gas Law

PV = nRT

• Equation of state of a gas:

• If we know 3 of these variables, then we can 
calculate 4th

• Can define state of the gas by defining 3 of these 
values 

Ideal Gas

• Hypothetical gas that obeys Ideal Gas Law 
relationship over all ranges of T, V, n and P

• As T and P, real gases  ideal gases



What is the value of R?

 The conditions 0 0C and 1 atm are called 

standard temperature and pressure (STP).

STP= 1 atm and 273.15 K (0.0°C)

PV = nRT

R = 
PV

nT
=

(1 atm)(22.414L)

(1 mol)(273.15 K)

R = 0.082057 L • atm / (mol • K)

5.4

 Experiments show that at STP, 1 mole of an 

ideal gas occupies 22.414 L (standard molar 

volume)



What is the volume (in liters) occupied by 49.8 g of HCl 

at STP?

PV = nRT

V = 
nRT

P

T = 0 0C = 273.15 K

P = 1 atm

n = 49.8 g x 
1 mol HCl

36.45 g HCl
= 1.37 mol

V =
1 atm

1.37 mol x 0.0821          x 273.15 KL•atm

mol•K

V = 30.6 L

5.4

Or   volume of gas at STP = n x22.4L
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• Ex: The label on a cylinder of an inert gas 

became illegible, so a student allowed some of 

the gas to flow into a 300 mL gas bulb until the 

pressure was 685 torr.  The sample now 

weighed 1.45 g; its temperature was 27.0°C.  

What is the molecular mass of this gas?  

Which of the periodic table inert gases was it? 

• What do I know?

– V, mass, T and P



25

•

• Mass = 1.45 g

• Convert T from °C to K.

• T = 27.0°C + 273.15 K = 300.2 K

• Convert P from torr to atm

• Use V, P, and T to calculate n

atm.
torr

atm
torrP 9010

760

1
685 







K.)Kmol/Latm(.

L.atm.

RT

PV
n

23000820570

30009010 0.01098 
mole

L
mL

L
mLV 3000

1000

1
300 .
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• Now use the mass of the sample and the moles 

of the gas (n) to calculate the molecular mass 

(MM) 

• Gas = Xe  (At. Mass = 131.29 g/mol)


mol.

g.

n

mass
MM

010980

451
132 g/mol



 Ideal gas equation PV= nRT is useful for problems do 

not involve change in P,V, T and n

 If we have change in the conditions, we can use the 

modified form of the combined ideal gas equation:

𝑃1𝑉1

𝑛1𝑇1
= 𝑅 (𝑏𝑒𝑓𝑜𝑟𝑒 𝑐ℎ𝑎𝑛𝑔𝑒)

𝑃2𝑉2

𝑛2𝑇2
= 𝑅 (𝑎𝑓𝑡𝑒𝑟 𝑐ℎ𝑎𝑛𝑔𝑒)

⸫
𝑃1𝑉1

𝑛1𝑇1
=

𝑃2𝑉2

𝑛2𝑇2

𝑃1𝑉1

𝑇1
=

𝑃2𝑉2

𝑇2
if n1= n2
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Combined Gas Law

K358.

Vtorr 560
      

K 273.15

mL 500.torr 760

 15

2




Used for calculating effects of changing conditions

– T in Kelvin

– P and V any units, as long as units cancel

• Ex.  If a sample of air occupies 500. mL at STP*, what is the volume 
at 85 °C and 560 torr?

Standard Temperature = 273.15K and Standard Pressure = 1 atm

V2 = 890 mL

2

22

1

11

T

VP
      

T

VP


* STP: Standard Temperature and Pressure
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Using Combined Gas Law

• Ex: What will be the final pressure of a sample 

of nitrogen gas with a volume of 950 m3 at 745 

torr and 25.0 °C if it is heated to 60.0 °C and 

given a final volume of 1150 m3?

 First, number of moles is constant even 

though actual number is not given

 You are given V, P and T for initial state of 

system as well as T and V for final state of 

system and must find Pfinal

 This is a clear case for combined gas law
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• List what you know and what you don’t know

• Convert all Temperatures to Kelvin

• Then solve for unknown—here P2

P1 = 745 torr P2 = ?

V1 = 950 m3 V2 = 1150 m3

T1 = 25.0 °C  +  273.15 

= 298.15 K

T2 = 60.0 °C  +  273.15  

= 333.15 K

3

3

21

211
2

115015298

15333950745

mK.

K.mtorr

VT

TVP
P






P2 = 688 torr
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Combined Gas Law

• Ex: Anesthetic gas is normally given to a patient 

when the room temperature is 20.0 °C and the 

patient's body temperature is 37.0°C.  What 

would this temperature change do to 1.60 L of 

gas if the pressure and mass stay the same?

 What do we know?

 P and n are constant 

 So Combined Gas Law simplifies to 

2

2

1

1

T

V

T

V

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V1 = 1.60 L V2 = ?

T1 = 20.0 °C  +  273.15 

= 293.15 K

T2 = 37.0 °C  +  273.15  

= 310.15 K

• List what you know and what you don’t know

• Convert all Temperatures to Kelvin

• Then solve for unknown—here V2

K.

K.L.

T

TV
V

15293

15310601

1

21
2




V2 = 1.69 L
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Determining Density of Gas

d =
atm.g/mol

𝐿.𝑎𝑡𝑚

𝐾.𝑚𝑜𝑙
.K

d is the density of the gas in g/L
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Ex: Calculate the density of carbon dioxide (CO2) in grams per 

liter (g/L) at 0.990 atm and 55 oC.

Solution we convert temperature to kelvins ( T  = 273 + 55 = 

328 K) and use 44.01 g for the molar mass of CO2:



A 2.10-L vessel contains 4.65 g of a gas at 1.00 atm 

and 27.0 0C. What is the molar mass of the gas?

5.4

dRT

P
M = d = 

m
V

4.65 g

2.10 L
= = 2.21

g

L

M =
2.21

g

L

1 atm

x 0.0821          x 300.15 KL•atm

mol•K

M = 54.6 g/mol
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• Ex:A gaseous compound of phosphorus and 

fluorine with an empirical formula of PF2 was 

found to have a density of 5.60 g/L at 23.0 °C 

and 750 torr.  Calculate its molecular mass and 

its molecular formula. 

• Know

– Density

– Temperature

– Pressure
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• d = 5.60 g/L 1 L weighs 5.60 g

• So assume you have 1 L of gas

• V = 1.000 L

• Mass = 5.60 g

• Convert T from °C to K

• T = 23.0°C + 273.15 K = 296.2 K

• Convert P from torr to atm

atm.
torr

atm
torrP 98680

760

1
750 
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• Use n and mass to calculate MM







K.)Kmol/Latm(.

L.atm.

RT

PV
n

22960820570

000198680

0.04058 mole


mol.

g.

n

mass
MM

040580

605
138 g/mol
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• Now to find molecular formula given 

empirical formula and MM

• First find mass of empirical formula unit

• 1 P = 1  31g/mol  = 31g/mol 

• 2 F = 2  19 g/mol = 38 g/mol

• Mass of PF2 = 69 g/mol

 the correct molecular formula is P2F4



Gas Stoichiometry

What is the volume of CO2 produced at 37 0C and 1.00 

atm when 5.60 g of glucose are used up in the reaction:

C6H12O6 (s) + 6O2 (g)           6CO2 (g) + 6H2O (l)

g C6H12O6 mol C6H12O6 mol CO2 V CO2

5.60 g C6H12O6

1 mol C6H12O6

180 g C6H12O6

x
6 mol CO2

1 mol C6H12O6

x = 0.187 mol CO2

V = 
nRT

P

0.187 mol x 0.0821              x 310.15 K
L•atm

mol•K

1.00 atm
= = 4.76 L

5.5



41

• Ex: In one lab, the gas collecting apparatus used a 

gas bulb with a volume of 250 mL. How many 

grams of Na2CO3 (s) would be needed to prepare 

enough CO2 (g) to fill this bulb when the pressure 

is at 738 torr and the temperature is 23 °C?  The 

equation is:

Na2CO3(s) + 2 HCl(aq)  2 NaCl(aq) + CO2(g) + H2O(l)
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• What do I know? 

– T, P, V and MM of Na2CO3

• What do I need to find?

– grams Na2CO3

• How do I find this?

– Use Ideal Gas Law to calculate moles CO2

– Convert moles CO2 to moles Na2CO3

– Convert moles Na2CO3 to grams Na2CO3
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1. Use Ideal Gas Law to calculate moles CO2

a. First convert mL to L

b. Convert torr to atm

c. Convert °C to K

T = 23.0°C + 273.15 K = 296.2 K

L
mL

L
mLV 250.0

1000

1
250 

atm.
torr

atm
torrP 9710

760

1
738 
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1. Use Ideal Gas Law to calculate moles CO2

2. Convert moles CO2 to moles Na2CO3

K.)Kmol/Latm(.

L.atm.

RT

PV
n

22960820570

25009710






= 9.989 x 103 mole CO2

2

32
2

3

1

1
109899

COmol

CONamol
COmol.  

= 9.989 x 103 mol Na2CO3
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3. Convert moles Na2CO3 to grams Na2CO3

= 1.06 g Na2CO3

32

32
32

3

 1

 106
 109899

CONamol

CONag
CONamol.  



Dalton’s Law of Partial Pressures

V and T

are 
constant

P1 P2 Ptotal = P1 + P2

5.6
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Dalton's Law of Partial Pressure 

• For mixture of non-reacting gases in container

• Total pressure exerted is sum of the individual 

partial pressures that each gas would exert alone

• Ptotal =  P1 + P2 + ···

• Where P1, P2, = partial pressures
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Dalton’s Law of Partial Pressures

• Assuming each gas behaves ideally

• Partial pressure of each gas can be calculated 

from Ideal Gas Law

• So Total Pressure is 
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Dalton’s Law of Partial Pressures

• Rearranging

• Or

• Where ntotal =  n1+ n2 + ···

ntotal = sum of # moles of various gases in 
mixture 











V

RT
nP totaltotal



To relate the partial presser of component to the total pressure 

:Consider a case in which two gases, A and B, are in a 

container of volume V.

PA = 
nART

V

PB = 
nBRT

V

nA is the number of moles of A

nB is the number of moles of B

PT = PA + PB

XA = 
nA

nA + nB

XB = 
nB

nA + nB

PA = XA PT

PB = XB PT Pi = Xi PT
5.6

mole fraction (Xi) = 
ni

nT

𝑃𝐴
𝑃𝑇

= (𝑛𝐴𝑅𝑇/𝑉)/(𝑛𝑇𝑅𝑇/𝑉)

=
𝑛𝐴

𝑛𝑇
= 𝑋𝐴

⸫
𝑃𝐴

𝑃𝑇
= 𝑋𝐴

XA+XB=1

In binary solution 



A sample of natural gas contains 8.24 moles of CH4, 

0.421 moles of C2H6, and 0.116 moles of C3H8.  If the 

total pressure of the gases is 1.37 atm, what is the 

partial pressure of propane (C3H8)?

Pi = Xi PT

Xpropane = 
0.116

8.24 + 0.421 + 0.116

PT = 1.37 atm

= 0.0132

Ppropane = 0.0132 x 1.37 atm = 0.0181 atm

5.6
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Collecting Gases over Water
• Application of Dalton’s Law of Partial Pressures 

• Gases that don’t react with water can be trapped over 

water

• Whenever gas is collected by displacement of water, 

mixture of gases results

– Gas in bottle is mixture of water vapor and gas being collected
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Collecting Gases over Water
• Water vapor is present because molecules of water escape 

from surface of liquid and collect in space above liquid

• Molecules of water return to liquid

• When rate of escape = rate of return

– Number of water molecules in vapor state remains constant

• Gas saturated with water vapor = “Wet” gas



2KClO3 (s)           2KCl (s) + 3O2 (g)

Bottle full of oxygen 

gas and water vapor

PT = PO   + PH  O2 2 5.6

Example



Ex Oxygen gas generated by the decomposition of potassium 

chlorate is collected as shown in the previous. The volume of 

oxygen collected at 24°C and atmospheric pressure of 762 mmHg is 

128 mL. Calculate the mass (in grams) of oxygen gas obtained. The 

pressure of the water vapor at 24°C is 22.4 mmHg. 



Kinetic Molecular Theory of Gases:

Attempts to explain properties of ideal gases.

1. A gas is composed of molecules that are separated from each other by 

distances far greater than their own dimensions.  The molecules can be 

considered to be points; that is, they possess mass but have negligible 

volume. Vgas ~ 0

2. Particles are in constant motion 

- Collisions of particles with walls of container are cause of pressure exerted by 

gas

- number collisions  Pgas

3. Gas molecules exert neither attractive nor repulsive forces on one 

another.

4. The average kinetic energy (KEavg )of the molecules is proportional to 

the temperature of the gas in kelvins. 

KEavg  TK

5.7

m is the mass of the molecule and u is 

its speed. 

𝑢2is called mean square speed = 

the average of the square of the 

speeds of all the molecules.



The absolute temperature of a gas is a measure of the average 

kinetic energy of the molecules     KEave α T

• As increase T,  KEave, 

–  number collisions with walls, thereby increasing P 

 One way to estimate molecular speed is to calculate 

the root-mean-square (rms) speed (urms ),

RT
2

3
KEave 

Molar  mass of gas

As molar mass of gas increase rms value decrease 



(a) The distribution of speeds for nitrogen gas at three different temperatures. At the higher temperatures, more 

molecules are moving at faster speeds. (b) The distribution of speeds for three gases at 300 K. At a given 

temperature, the lighter molecules are moving faster, on the average.

Maxwell distribution of molecular speed
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Ex: Calculate the root-mean-square speeds urms of helium atoms and 

nitrogen molecules in m/s at 25°C.

Solution To calculate urms , the units of R should be 8.314 J/K.mol and, 

because 1 J = 1 kg m2 /s2, the molar mass must be in kg/mol. 

The molar mass of He is 4.003 g/mol = 4.003 x 10-3 kg/mol. 



Gas diffusion is the gradual mixing of molecules of one gas 

with molecules of another by based on their kinetic properties.

Ex. Perfume in room

5.7

NH3

17 g/mol
HCl

36 g/mol

NH4Cl



• Graham’s law of diffusion

where r1 and r2 are the diffusion rates of gases 1 and 2, and μ1 and μ2

are their molar masses, respectively

Result:  Rate of effusion is inversely proportional to molecular mass 

of gas 

• Heavier gases effuse more slowly

• Lighter gases effuse more rapidly



Gas effusion is the is the process by which gas under 

pressure escapes from one compartment of a container to 

another by passing through a small opening.

5.7

r1

r2

t2

t1

M2

M1= =

Nickel forms a gaseous compound of the formula 

Ni(CO)x What is the value of x given that under the same 

conditions methane (CH4) effuses 3.3 times faster than 

the compound?

r1 = 3.3 x r2

M1 = 16 g/mol

M2 = 
r1

r2
( )

2
x M1 = (3.3)2 x 16 = 174.2 

58.7 + x • 28 = 174.2 x = 4.1 ~ 4

where t1 and t2 are the times for effusion for 

gases 1 and 2, respectively. 
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Ex. Calculate the ratio of the effusion rates of 

hydrogen gas (H2) and uranium hexafluoride (UF6)

• First must compute MM's

– MM (H2) = 2.016 g/mol

– MM (UF6) = 352.02 g/mol

• Thus the very light H2 molecules effuse ~13 times as fast as 

the massive UF6 molecules.

213
0162

02352

)(UF Rate Effusion

)(H Rate Effusion

2

6

6

2 .
.

.

M

M

H

UF

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Ex For the series of gases He, Ne, Ar, H2, and O2

what is the order of increasing rate of effusion?

• Lightest are fastest

• So H2 > He > Ne > O2 >Ar

substance He Ne Ar H2 O2

MM 4 20 40 2 32
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A phase is a homogeneous part of the system in 

contact with other parts of the system but 

separated from them by a well-defined boundary.

2 Phases

Solid phase - ice

Liquid phase - water

11.1



Intermolecular Forces

11.2

Intermolecular forces are attractive forces between molecules.

Intramolecular forces hold atoms together in a molecule.

Intermolecular vs Intramolecular

• 41 kJ to vaporize 1 mole of water (Intermolecular)

• 930 kJ to break all O-H bonds in 1 mole of water (Intramolecular)

Generally, 

intermolecular 

forces are much 

weaker than 

intramolecular 

forces.

“Measure” of intermolecular force

boiling point

melting point

DHvap

DHfus

DHsub



Intermolecular Forces

1- Dipole-Dipole Forces

Attractive forces between polar molecules

11.2



Intermolecular Forces

2- Ion-Dipole Forces

Attractive forces between an ion and a polar molecule

11.2

Ion-Dipole Interaction

H2O



11.2

Small ion

interact strongly compared to the bigger one



3- Induced –Dipole 

1) Dipole –induced dipole (Temporary)

Polar molecule –nonpolar molecule (ex: HF with H2)

2) Ion- induced Dipole 

Ion-non polar molecule  (ex: Fe+2 with O2)



Induced Dipoles Interacting With Each Other 11.2

4- Dispersion force  (London force or Van der Waals 

force)

 Between non polar molecules as a

Result of forming instantaneous dipole

 The weakest force

 Present in all other previous forces

 At low temp. this force is strong 

Enough Ne atoms or He atoms 

together  (causing the gas to condense)

 Dispersion force increase as Mm increase
 Boiling point  increase as Dispersion force increase



Intermolecular Forces

Dispersion Forces Continued

11.2

Polarizability is the ease with which the electron distribution 

in the atom or molecule can be distorted.

Polarizability increases with:

• greater number of electrons

Dispersion 

forces usually 

increase with 

molar mass.



S

What type(s) of intermolecular forces exist between 

each of the following molecules?

HBr
HBr is a polar molecule: dipole-dipole forces.  There are 

also dispersion forces between HBr molecules.

CH4

CH4 is nonpolar: dispersion forces.

SO2

SO2 is a polar molecule: dipole-dipole forces.  There are 

also dispersion forces between SO2 molecules.
11.2

+𝛿 H      Br𝛿 −



Example 12.1

What type(s) of intermolecular forces exist between the 

following pairs?

(a) HBr and H2S

(b) Cl2 and CBr4

(c) I2 and           

(a) NH3 and C6H6



12.1

Strategy Classify the species into three categories: ionic, 

polar (possessing a dipole moment), and nonpolar. Keep in 

mind that dispersion forces exist between all species.

Solution 

(a) Both HBr and H2S are polar molecules. Therefore, the 

intermolecular forces present are dipole-dipole forces, as 

well as dispersion forces.



12.1

(b) Both Cl2 and CBr4 are nonpolar, so there are only dispersion 

forces between these molecules.



12.1

(c) I2 is a homonuclear diatomic molecule and therefore 

nonpolar, so the forces between it and the ion         are    

ion-induced dipole forces and dispersion forces.

(d) NH3 is polar, and C6H6 is nonpolar.  The forces are dipole-

induced dipole forces and dispersion forces.

• Hydrocarbons are non polar (ex: C6H6)

• Hydrocarbons that have other atoms (like O, N,…) can be 

polar

PolarPolar

Non Polar
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Intermolecular Forces

Hydrogen Bond

The hydrogen bond is a special dipole-dipole interaction 

between the hydrogen atom in a polar N-H, O-H, or F-H bond 

and an electronegative O, N, or F atom.

A H…B A H…Aor

A & B are N, O, or F



Hydrogen bond between water 

molecules

16



12.2

Which of the following can form hydrogen bonds with water? 

CH3OCH3

CH4

F−

HCOOH

Na+



12.2

Strategy A species can form hydrogen bonds with water if it 

contains one of the three electronegative elements (F, O, or N) 

or it has a H atom bonded to one of these three elements.

Solution There are no electronegative elements (F, O, or N) in 

either CH4 or Na+.  Therefore, only CH3OCH3, F
−, and HCOOH 

can form hydrogen bonds with water.



12.2

Check Note that HCOOH (formic acid) can form hydrogen 

bonds with water in two different ways.

HCOOH forms hydrogen 

bonds

with two H2O molecules.
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Hydrogen Bond

HCOOH and water

F>O>N    (Electronegativity)



F >O>N    (Electronegativity)

• Stronger H-bond existing in substance contain more EN 

atom, thus will have higher boiling point. However this 

is not the case when you compare the boiling points of 

H2O liquids with NH3 and  HF liquids

 b.p of  H2O> HF > NH3

H2O has a special case compared to other substances, as it 

form three dimensional structure (due to equality of 

number of H atoms and lone pairs). While other molecules 

can form chain or ring but not three dimensional structure 

(due to non equality of number of H atoms and lone pairs)





Strength of intermolecular forces 

Ion-ion

Ion-dipole

H-bond

Dipole-dipole

Ion-induced dipole

Dipole-induced dipole

London dispersion force

Strength increase
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Properties of Liquids(due to intermolecular forces)

1- Surface tension is the amount of energy required to stretch or 

increase the surface of a liquid by a unit area.

(or a measure of the elastic force in the surface of a liquid)

Water has greater surface tension than most liquids(due to strong H-bonds)

Strong 

intermolecular 

forces

High 

surface 

tension

Like elastic film

Surface tension decrease as 

Temperature increase
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Cohesion is the intermolecular attraction between like molecules 

(ex:water-water interaction)

Adhesion is an attraction between unlike molecules

(ex:water-silica(glass) interaction )

Another example of surface tension: Capillary action



Cohesion

Adhesion

H2O

Hg

Adhesion > Cohesion Adhesion < Cohesion

Glass tube Glass tube

Capillary action



Cohesion >Adhesion

Attraction between water-water 

molecules is greater than water-wax 

molecules.

water: polar

Wax: non-polar
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Properties of Liquids

2- Viscosity is a measure of a fluid’s resistance to flow

(as Temp increase, viscosity decrease)

Strong 

intermolecular 

forces

High 

viscosity

more OH groups, the more H-bonding can 

occur 
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Density of Water

Maximum Density

40C

Ice is less dense than water

Water is a Unique Substance3-D Structure of Water



31Greatest

Order

Least

Order

Phase Changes

Phase change:

Transformation 

from one phase 

to another 

occur when 

energy (heat) is 

added or 

removed from a 

substance 
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Evaporation or vaporization :the process in which a liquid is 

transformed into a gas

The equilibrium vapor pressure is the vapor pressure measured when a 

dynamic equilibrium exists between condensation and evaporation

H2O (l) H2O (g)

Rate of

condensation

Rate of

evaporation
=

Dynamic Equilibrium



Kinetic energy of molecules increase by 

increasing Temperature 
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Molar heat of vaporization (DHvap) is the energy required to 

vaporize 1 mole of a liquid at its boiling point.

ln P = -
DHvap

RT
+ C

Clausius-Clapeyron Equation

P = (equilibrium) vapor pressure

T = temperature (K)

R = gas constant (8.314 J/K•mol)

Vapor Pressure Versus Temperature

V.P increase as Temp. increase 



The increase in vapor pressure with temperature for three liquids. The 

normal boiling points of the liquids (at 1 atm) are shown on the 

horizontal axis. 
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Alternate Forms of the Clausius-Clapeyron Equation

At two temperatures

or



12.5

Diethyl ether is a volatile, highly flammable organic liquid that is 

used mainly as a solvent.  

The vapor pressure of diethyl ether is 401 mmHg at 18°C.  

Calculate its vapor pressure at 32°C.



12.5

Strategy We are given the vapor pressure of diethyl ether at 

one temperature and asked to find the pressure at another 

temperature.  Therefore, we need Equation (12.4).

Solution Table 12.5 tells us that DHvap = 26.0 kJ/mol.  The data 

are

From Equation (12.4) we have



12.5

Taking the antilog of both sides (see Appendix 3), we obtain

Hence

P2 = 656 mmHg

Check  We expect the vapor pressure to be greater at the 

higher temperature.  Therefore, the answer is reasonable.
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The boiling point is the temperature at which the 

(equilibrium) vapor pressure of a liquid is equal to the 

external pressure.(as p     , b.p )

The normal boiling point is the temperature at which a liquid 

boils when the external pressure is 1 atm.

b.p α ∆𝐻𝑣𝑎𝑝



Condensation (g       L) : is the process opposite to evaporation

Gas can be liquefied by two techniques:

1)Cooling : cooling gas will decrease the KE of molecules, then 

molecules aggregate to form a small drop of liquid 

2)Applying pressure to the gas: as compression reduce the 

average distance between molecules then held together by 

attraction.

 Two techniques can be combined to liquefied any gas 

 every substance has a critical temperature Tc and critical 

pressure Pc
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The critical temperature (Tc) is the temperature above which 

the gas cannot be made to liquefy, no matter how great the 

applied pressure.

The critical pressure 

(Pc) is the minimum 

pressure that must be 

applied to bring about 

liquefaction at the 

critical temperature.
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The Critical Phenomenon of SF6

T < Tc T > Tc T ~ Tc T < Tc
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H2O (s) H2O (l)

The melting point of a solid 

or the freezing point of a 

liquid is the temperature at 

which the solid and liquid 

phases coexist in 

equilibrium.

Solid-Liquid Equilibrium

Normal freezing point or melting 

point : the Temp. at which a 

substance melt or freeze at 1 atm

pressure
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Molar heat of fusion (DHfus) is the energy required to melt 

1 mole of a solid substance at its freezing point.

For every substance ∆𝑯𝒇𝒖𝒔 < ∆𝑯𝒗𝒂𝒑
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Heating Curve

∆𝐻𝑓𝑢𝑠

∆𝐻𝑣𝑎𝑝
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H2O (s) H2O (g)

Molar heat of sublimation 

(DHsub) is the energy required 

to sublime 1 mole of a solid.

DHsub = DHfus + DHvap

( Hess’s Law)

Solid-Gas Equilibrium



Good Luck 
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Physical Properties of Solutions

Chapter 12
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A solution is a homogenous mixture of 2 or 

more substances

The solute is(are) the substance(s) present in the 

smaller amount(s)

The solvent is the substance present in the larger 

amount



Solute can be :

 Electrolyte: dissociate into ions when dissolve in solvent and 

conduct electricity 

- Strong electrolyte: dissociate completely

Ex : NaCl Na+ +  Cl-

- Weak electrolyte: dissociate incompletely

Ex: CH3COOH             CH3COO - + H+

 Non-electrolyte:  do not dissociate into ions when dissolve in 

solvent  (Ex: Glucose C6H12O6)

3



Colligative properties are properties that depend only on the 

number of solute particles in solution and not on the nature of the 

solute particles.

1-Vapor-Pressure Lowering

4

Nonvolatile solute: 

substance which do not 

vaporize rapidly 

Colligative Properties of Nonelectrolyte Solutions 

(solvent + nonelectrolyte solute)



5

1-Vapor-Pressure Lowering

Raoult’s law

If the solution contains only one solute:

X1 = 1 – X2

P 1
0 - P1 = DP = X2 P 1

0

P 1
0 = vapor pressure of pure solvent

X1 = mole fraction of the solvent

X2 = mole fraction of the solute

P1 = X1 P 1
0

P1 = vapor pressure of solvent above solution

⸫ ∆𝑃 = 𝑋2. 𝑃1
°

Vapor pressure lowering 



Example 13.6

Calculate the vapor pressure of a solution made by dissolving 

218 g of glucose (molar mass = 180.2 g/mol) in 460 mL of water 

at 30°C.  

What is the vapor-pressure lowering?

The vapor pressure of pure water at 30°C is given in Table 5.2 

(p. 157).  Assume the density of the solvent is 1.00 g/mL.



Example 13.6

Strategy We need Raoult’s law [Equation (13.6)] to determine 

the vapor pressure of a solution.  Note that glucose is a 

nonvolatile solute.

Solution The vapor pressure of a solution (P1) is

First we calculate the number of moles of glucose and water in 

the solution:



Example 13.6

The mole fraction of water, X1, is given by

From Table 5.2, we find the vapor pressure of water at 30°C to 

be 31.82 mmHg.  Therefore, the vapor pressure of the glucose 

solution is

= 30.4 mmHg

Finally, the vapor-pressure lowering (DP) is                        

(31.82 − 30.4) mmHg, or 1.4 mmHg.



If both components are volatile(volatile solvent + volatile solute)

In this case we have two types of solutions :

1- Ideal solution: any solution obey Raoult’s law (𝑃𝑖 = 𝑋𝑖 . 𝑃𝑖
°)

In this solution, A-B interactions are same as A-A, and B-B

(assume A=solvent, B=solute), then ∆𝐻𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛=zero

(ex: Benzene &Toluene solution)

9
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PA = XA P A
0

PB = XB P B
0

PT = PA + PB

PT = XA P A
0 + XB P B

0

Ideal Solution



2- Real solution : solution that does not obey Raoult’s law

In this solution, A-B interactions are different from A-A, and 

B-B

 positive deviation from Raoult’s law: 

A-B interactions are weaker than A-A, and B-B.

∆𝐻𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛> zero(endothermic)

𝑃𝑖 𝑟𝑒𝑎𝑙 > 𝑃𝑖 𝑖𝑑𝑒𝑎𝑙 , 𝑡ℎ𝑒𝑛 𝑃𝑡𝑜𝑡𝑎𝑙(𝑟𝑒𝑎𝑙) > 𝑃𝑡𝑜𝑡𝑎𝑙(𝑖𝑑𝑒𝑎𝑙)

 Negative deviation from Raoult’s law: 

A-B interactions are stronger than A-A, and B-B.

∆𝐻𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛< zero(exothermic)

𝑃𝑖 𝑟𝑒𝑎𝑙 < 𝑃𝑖 𝑖𝑑𝑒𝑎𝑙 , 𝑡ℎ𝑒𝑛 𝑃𝑡𝑜𝑡𝑎𝑙(𝑟𝑒𝑎𝑙) < 𝑃𝑡𝑜𝑡𝑎𝑙(𝑖𝑑𝑒𝑎𝑙)

11
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PT is greater than

predicted by Raoult’s law

(Positive deviation)

PT is less than

predicted by Raoult’s law

(Negative deviation)

Force

A-B

Force

A-A

Force

B-B
< &

Force

A-B

Force

A-A

Force

B-B
> &
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Fractional Distillation Apparatus
Fractional Distillation: process to separate liquids components of solution based

On their boiling points
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2- Boiling-Point Elevation

DTb = Tb – T b
0

Tb > T b
0

DTb > 0

T b is the boiling point of 

the pure solvent

0

T b is the boiling point of 

the solution

DTb = Kb m

m is the molality of the solution

𝑚 =
𝑚𝑜𝑙𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒

𝐾𝑔 𝑠𝑜𝑙𝑣𝑒𝑛𝑡Kb is the molal boiling-point 

elevation constant (0C/m)   

for a given solvent
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3-Freezing-Point Depression

DTf = T f – Tf
0

T f > Tf
0

DTf > 0

T  f is the freezing point of 

the pure solvent

0

T f is the freezing point of 

the solution

DTf = Kf m

m is the molality of the solution

Kf is the molal freezing-point 

depression constant (0C/m)

for a given solvent
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Example 13.7

Ethylene glycol (EG), CH2(OH)CH2(OH), is a common 

automobile antifreeze.  It is water soluble and fairly nonvolatile 

(b.p. 197°C).  

Calculate the freezing point of a solution containing 651 g of 

this substance in 2505 g of water.  

Would you keep this substance in your car radiator during the 

summer?  

The molar mass of ethylene glycol is 62.07 g.



Example 13.7

Strategy This question asks for the depression in freezing 

point of the solution.

The information given enables us to calculate the molality of the 

solution and we refer to Table 13.2 for the Kf of water.

Solution To solve for the molality of the solution, we need to 

know the number of moles of EG and the mass of the solvent in 

kilograms.



Example 13.7

We find the molar mass of EG, and convert the mass of the 

solvent to 2.505 kg, and calculate the molality as follows:

From Equation (13.9) and Table 13.2 we write

= 7.79°C



Example 13.7

Because pure water freezes at 0°C, the solution will freeze at -

7.79 °C (7.79= 0 − T)

We can calculate boiling-point elevation in the same way as 

follows:

= 2.2°C

Because the solution will boil at (100 + 2.2)°C, or 102.2°C, it 

would be preferable to leave the antifreeze in your car radiator 

in summer to prevent the solution from boiling. 
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4- Osmotic Pressure (p)

Osmosis is the selective passage of solvent molecules through a porous 

membrane from a dilute solution to a more concentrated one.

A semipermeable membrane allows the passage of solvent molecules but 

blocks the passage of solute molecules.

Osmotic pressure (p) is the pressure required to stop osmosis.

dilute
more

concentrated
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High

P

Low

P

Osmotic Pressure (p)

p = MRT

M is the molarity of the solution

R is the gas constant

T is the temperature (in K)

solvent solution

time



 If we have two solutions with same concentrations, so they have 

same osmotic pressures(Isotonic )

 If we have two solutions with different concentrations, so the 

More concentrated  one called (Hypertonic)  

& The less concentrated  one called (Hypotonic)

(osmosis : solvent molecules move from Hypotonic to Hypertonic )

23
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Colligative Properties of Nonelectrolyte Solutions

Vapor-Pressure Lowering P1 = X1 P 1
o

Boiling-Point Elevation DTb = Kb m

Freezing-Point Depression DTf = Kf m

Osmotic Pressure (p) p = MRT



Example 13.8

A 7.85-g sample of a compound with the empirical formula C5H4

is dissolved in 301 g of benzene.  

The freezing point of the solution is 1.05°C below that of pure 

benzene.  

What are the molar mass and molecular formula of this 

compound?



Example 13.8

Strategy Solving this problem requires three steps.  First, we 

calculate the molality of the solution from the depression in 

freezing point. 

Next, from the molality we determine the number of moles in 

7.85 g of the compound and hence its molar mass. 

Finally, comparing the experimental molar mass with the 

empirical molar mass enables us to write the molecular formula.

Solution The sequence of conversions for calculating the 

molar mass of the compound is



Example 13.8

Our first step is to calculate the molality of the solution.  From 

Equation (13.9) and Table 13.2 we write

Because there is 0.205 mole of the solute in 1 kg of solvent, the 

number of moles of solute in 301 g, or 0.301 kg, of solvent is



Example 13.8

Thus, the molar mass of the solute is

Now we can determine the ratio

Therefore, the molecular formula is (C5H4)2 or C10H8

(naphthalene).



Example 13.9

A solution is prepared by dissolving 35.0 g of hemoglobin (Hb) 

in enough water to make up 1 L in volume. 

If the osmotic pressure of the solution is found to be             

10.0  mmHg at 25°C, calculate the molar mass of hemoglobin.



Example 13.9

Strategy We are asked to calculate the molar mass of Hb.  

The steps are similar to those outlined in Example 13.8.  

From the osmotic pressure of the solution, we calculate the 

molarity of the solution.  

Then, from the molarity, we determine the number of moles in 

35.0 g of Hb and hence its molar mass. What units should we 

use for p and temperature?

Solution The sequence of conversions is as follows:



Example 13.9

First we calculate the molarity using Equation (13.10)

The volume of the solution is 1 L, so it must contain              

5.38 × 10−4 mol of Hb.



Example 13.9

We use this quantity to calculate the molar mass:
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Colligative Properties of Electrolyte Solutions

0.1 m NaCl solution 0.1 m Na+ ions & 0.1 m Cl- ions

Colligative properties are properties that depend only on the 

number of solute particles in solution and not on the nature of 

the solute particles.

0.1 m NaCl solution 0.2 m ions in solution

van’t Hoff factor (i) = 
actual number of particles in soln after dissociation

number of formula units initially dissolved in soln

nonelectrolytes

NaCl

CaCl2

i should be

1

2

3
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Boiling-Point Elevation DTb = i Kb m

Freezing-Point Depression DTf = i Kf m

Osmotic Pressure (p) p = iMRT

Colligative Properties of Electrolyte Solutions



Example 13.10

The osmotic pressure of a 0.010 M potassium iodide (KI) 

solution at 25°C is 0.465 atm.

Calculate the van’t Hoff factor for KI at this concentration.



Example 13.10

Strategy Note that KI is a strong electrolyte, so we expect it to 

dissociate completely in solution.  If so, its osmotic pressure 

would be

However, the measured osmotic pressure is only 0.465 atm. 

The smaller than predicted osmotic pressure means that there 

is ion-pair formation, which reduces the number of solute 

particles (K+ and I− ions) in solution.



Example 13.10

Solution From Equation (13.13) we have



1

Chemical Equilibrium

Chapter 14
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Equilibrium is a state in which there are no observable 

changes as time goes by.

Chemical equilibrium is achieved when:

• the rates of the forward and reverse reactions are equal and 

• the concentrations of the reactants and products remain 

constant

Physical equilibrium

H2O (l)

Chemical equilibrium

N2O4 (g)

H2O (g)

2NO2 (g)

NO2
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N2O4 (g) 2NO2 (g)

Start with NO2Start with N2O4

equilibrium

equilibrium
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N2O4 (g) 2NO2 (g)

= 4.63 x 10-3K = 
[NO2]

2

[N2O4]

aA + bB          cC + dD

K = 
[C]eq

c   [D]eq
d

[A]eq
a   [B]eq

b
Law of Mass Action

Equilibrium constant

Equilibrium constant
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constant
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K >> 1

K << 1

Lie to the right Favor products

Lie to the left Favor reactants

Equilibrium Will

K = 
[C]c[D]d

[A]a[B]b
aA + bB          cC + dD
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Homogenous equilibrium applies to reactions in which all 

reacting species are in the same phase.

N2O4 (g) 2NO2 (g)

Kc = 
[NO2]

2

[N2O4]
Kp = 

NO2
P 2

N2O4
P

aA (g) + bB (g) cC (g) + dD (g)

Kp = Kc(RT)Dn

Dn = moles of gaseous products – moles of gaseous reactants

= (c + d) – (a + b)

In most cases

Kc  Kp
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Homogeneous Equilibrium

CH3COOH (aq) + H2O (l) CH3COO- (aq) + H3O
+ (aq)

Kc =′
[CH3COO-][H3O

+]

[CH3COOH][H2O]
[H2O] = constant

Kc = 
[CH3COO-][H3O

+]

[CH3COOH]
= Kc [H2O]′

General practice not to include units for the equilibrium 

constant.



Example
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15.1

Write expressions for Kc, and KP if applicable, for the following 

reversible reactions at equilibrium:

(a) HF(aq) + H2O(l)          H3O
+(aq) + F−(aq) 

(b) 2NO(g) + O2(g)         2NO2(g)

(c) CH3COOH(aq) + C2H5OH(aq)       CH3COOC2H5(aq) + H2O(l)



Example

10

15.1

Strategy

Keep in mind the following facts: (1) the KP expression applies 

only to gaseous reactions and (2) the concentration of solvent 

(usually water) does not appear in the equilibrium constant 

expression.



Example
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Solution

(a) Because there are no gases present, KP does not apply and 

we have only Kc.

HF is a weak acid, so that the amount of water consumed in 

acid ionizations is negligible compared with the total amount 

of water present as solvent. Thus, we can rewrite the 

equilibrium constant as

15.1

+ -
' 3
c

2

[H O ][F ]
 = 

[HF][H O]
K

K
+ -

3
c

[H O ][F ]
 = 

[HF]



Example
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(b) 

(c) The equilibrium constant is given by

Because the water produced in the reaction is negligible 

compared with the water solvent, the concentration of water 

does not change. Thus, we can write the new equilibrium 

constant as

15.1

              
P

K K
P P

2

NO

c p

2 NO O

[NO ]
 =  = 

[NO] [O ]

2

22
2

2 2

'
cK

' 3 2 5 2
c

3 2 5

[CH COOC H ][H O]
 = 

[CH COOH][C H OH]
K

K 3 2 5
c

3 2 5

[CH COOC H ]
 = 

[CH COOH][C H OH]



Example
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15.2

The equilibrium constant KP for the decomposition of 

phosphorus pentachloride to phosphorus trichloride and 

molecular chlorine

PCl5(g)          PCl3(g) + Cl2(g)

is found to be 1.05 at 250°C. If the equilibrium partial pressures 

of PCl5 and PCl3 are 0.875 atm and 0.463 atm, respectively, 

what is the equilibrium partial pressure of Cl2 at 250°C?



Example

14

15.2

Strategy 

The concentrations of the reacting gases are given in atm, so 

we can express the equilibrium constant in KP. From the known 

KP value and the equilibrium pressures of PCl3 and PCl5, we 

can solve for PCl2
.



Example
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15.2

Solution

First, we write KP in terms of the partial pressures of the 

reacting species

Knowing the partial pressures, we write

3 2

5

PCl Cl

p

PCl

 = 
P P

K
P

2

2

Cl

Cl

(0.463)( )
1.05 = 

(0.875)

(1.05)(0.875)
 =  = 

(0.463)
1.98 atm

P

P

or
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15.2

Check

Note that we have added atm as the unit for PCl2
.



Example
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15.3

Methanol (CH3OH) is manufactured industrially by the reaction

CO(g) + 2H2(g)        CH3OH(g)

The equilibrium constant (Kc) for the reaction is 10.5 at 220°C. 

What is the value of KP at this temperature?



Example
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15.3

Strategy

The relationship between Kc and KP is given by Equation (15.5). 

What is the change in the number of moles of gases from 

reactants to product? Recall that

Δn = moles of gaseous products - moles of gaseous reactants

What unit of temperature should we use?



Example
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15.3

Solution

The relationship between Kc and KP is

KP = Kc(0.0821T )Δn

Because T = 273 + 220 = 493 K and Δn = 1 - 3 = -2, we have

KP = (10.5) (0.0821 x 493)-2

= 6.41 x 10-3



Example
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15.3

Check

Note that KP, like Kc, is a dimensionless quantity. This example 

shows that we can get a quite different value for the equilibrium 

constant for the same reaction, depending on whether we 

express the concentrations in moles per liter or in atmospheres.
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Heterogenous equilibrium applies to reactions in which 

reactants and products are in different phases.

CaCO3 (s) CaO (s) + CO2 (g)

[CaCO3] = constant

[CaO] = constant

Kc = [CO2] = Kp = PCO2

The concentration of solids and pure liquids are not 

included in the expression for the equilibrium constant.

[CaO][CO2]

[CaCO3]
Kc =′

[CaCO3]

[CaO]
Kc x′
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15.4

Consider the following heterogeneous equilibrium:

CaCO3(s)          CaO(s) + CO2(g)

At 800°C, the pressure of CO2 is 0.236 atm. Calculate (a) KP

and (b) Kc for the reaction at this temperature.



Example
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Strategy 

Remember that pure solids do not appear in the equilibrium 

constant expression. The relationship between KP and Kc is 

given by Equation (15.5).

Solution

(a) Using Equation (15.8) we write

KP = PCO2

= 0.236

15.4



Example
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15.4

(b) From Equation (15.5), we know

KP = Kc(0.0821T)Δn

In this case, T = 800 + 273 = 1073 K and Δn = 1, so we 

substitute these values in the equation and obtain

0.236 = Kc(0.0821 x 1073)

Kc = 2.68 x 10-3
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A + B          C + D

C + D          E + F

A + B          E + F

Kc =′
[C][D]

[A][B]
Kc =′′

[E][F]

[C][D]

[E][F]

[A][B]
Kc = 

Kc′

Kc′′

Kc

Kc = Kc′′Kc′ x

If a reaction can be expressed as the sum of two or more 

reactions, the equilibrium constant for the overall reaction is 

given by the product of the equilibrium constants of the 

individual reactions.

Multiple equilibrium



26

N2O4 (g) 2NO2 (g)

= 4.63 x 10-3K = 
[NO2]

2

[N2O4]

2NO2 (g) N2O4 (g)

K = 
[N2O4]

[NO2]
2

′ =
1

K
= 216

 When the equation for a reversible reaction is written 

in the opposite direction, the equilibrium constant 

becomes the reciprocal of the original equilibrium 

constant.

 The value of K depend also on how the chemical 

equation is balanced 

Ex N2O4 (g) 2NO2 (g) = 4.63 x 10-3Kc = 
[NO2]

2

[N2O4]

½ N2O4 (g) NO2 (g) K`c= 
[NO2]

[N2O4]
1/2
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Writing Equilibrium Constant Expressions

1. The concentrations of the reacting species in the 

condensed phase are expressed in M.  In the gaseous 

phase, the concentrations can be expressed in M or in atm.

2. The concentrations of pure solids, pure liquids and solvents 

do not appear in the equilibrium constant expressions.

3. The equilibrium constant is a dimensionless quantity.

4. In quoting a value for the equilibrium constant, you must 

specify the balanced equation and the temperature.

5. If a reaction can be expressed as a sum of two or more 

reactions, the equilibrium constant for the overall reaction is 

given by the product of the equilibrium constants of the 

individual reactions.
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The reaction quotient (Qc) is calculated by substituting the 

initial concentrations of the reactants and products into the 

equilibrium constant (Kc) expression.
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IF

• Qc < Kc system proceeds from left to right to reach equilibrium

• Qc = Kc  the system is at equilibrium

• Qc > Kc system proceeds from right to left to reach equilibrium 



Example
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15.5

At the start of a reaction, there are 0.249 mol N2, 3.21 x 10-2

mol H2, and 6.42 x 10-4 mol NH3 in a 3.50-L reaction vessel at 

375°C. If the equilibrium constant (Kc) for the reaction

N2(g) + 3H2(g)         2NH3(g)

is 1.2 at this temperature, decide whether the system is at 

equilibrium. If it is not, predict which way the net reaction will 

proceed.



Example
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15.5

Strategy

We are given the initial amounts of the gases (in moles) in a 

vessel of known volume (in liters), so we can calculate their 

molar concentrations and hence the reaction quotient (Qc). How 

does a comparison of Qc with Kc enable us to determine if the 

system is at equilibrium or, if not, in which direction will the net 

reaction proceed to reach equilibrium?



Example
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15.5

Solution

The initial concentrations of the reacting species are

2 o

2 o

3 o

0.249 mol
[N ]  =  = 0.0711 

3.50 L

3.21  10  mol
[H ]  =  = 9.17  10  

3.50 L

6.42  10  mol
[NH ]  =  = 1.83  10  

3.50 L













M

M

M

2
3

4
4
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15.5

Next we write

Because Qc is smaller than Kc (1.2), the system is not at 

equilibrium. The net result will be an increase in the 

concentration of NH3 and a decrease in the concentrations 

of N2 and H2. That is, the net reaction will proceed from left 

to right until equilibrium is reached.

-4 2
3

-3 3
2 2

[NH ] (1.83 × 10 )
 =  = 0.611

[N ] [H ] (0.0711)(9.17 × 10 )

o
c

o o

Q
2

3
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Calculating Equilibrium Concentrations

1. Express the equilibrium concentrations of all species in 

terms of the initial concentrations and a single unknown x, 

which represents the change in concentration.

2. Write the equilibrium constant expression in terms of the 

equilibrium concentrations.  Knowing the value of the 

equilibrium constant, solve for x.

3. Having solved for x, calculate the equilibrium 

concentrations of all species.



Example
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15.6

A mixture of 0.500 mol H2 and 0.500 mol I2 was placed in a 

1.00-L stainless-steel flask at 430°C. The equilibrium constant 

Kc for the reaction H2(g) + I2(g)        2HI(g) is 54.3 at this 

temperature. Calculate the concentrations of H2, I2, and HI at 

equilibrium.



Example
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15.6

Strategy

We are given the initial amounts of the gases (in moles) in a 

vessel of known volume (in liters), so we can calculate their 

molar concentrations. Because initially no HI was present, the 

system could not be at equilibrium. Therefore, some H2 would 

react with the same amount of I2 (why?) to form HI until 

equilibrium was established.
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15.6

Step 1: The stoichiometry of the reaction is 1 mol H2 reacting 

with 1 mol I2 to yield 2 mol HI. Let x be the depletion in 

concentration (mol/L) of H2 and I2 at equilibrium. It 

follows that the equilibrium concentration of HI must be 

2x. We summarize the changes in concentrations as 

follows:

H2 + I2 2HI

Initial (M): 0.500 0.500 0.000

Change (M): - x - x + 2x

Equilibrium (M): (0.500 - x) (0.500 - x) 2x

Solution We follow the preceding procedure to calculate the 

equilibrium concentrations.
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15.6

Step 2: The equilibrium constant is given by

Substituting, we get

Taking the square root of both sides, we get

2

2 2

[HI]
 = 

[H ][I ]
cK

2(2 )
54.3  =  

(0.500 - )(0.500 - )

x

x x

2
7.37  =  

0.500 - 

       =  0.393 

x

x

x M



Example

39

15.6

Step 3: At equilibrium, the concentrations are

[H2] = (0.500 - 0.393) M = 0.107 M

[I2] = (0.500 - 0.393) M = 0.107 M

[HI] = 2 x 0.393 M = 0.786 M

Check You can check your answers by calculating Kc using the 

equilibrium concentrations. Remember that Kc is a constant for 

a particular reaction at a given temperature.
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For the same reaction and temperature as in Example 15.6, 

H2(g) + I2(g)        2HI(g), suppose that the initial concentrations 

of H2, I2, and HI are 0.00623 M, 0.00414 M, and 0.0224 M, 

respectively. Calculate the concentrations of these species at 

equilibrium.

15.7
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15.7

Strategy

From the initial concentrations we can calculate the reaction 

quotient (Qc) to see if the system is at equilibrium or, if not, in 

which direction the net reaction will proceed to reach 

equilibrium. A comparison of Qc with Kc also enables us to 

determine if there will be a depletion in H2 and I2 or HI as 

equilibrium is established.
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Solution

First we calculate Qc as follows:

Because Qc (19.5) is smaller than Kc (54.3), we conclude that the 

net reaction will proceed from left to right until equilibrium is 

reached (see Figure 15.4); that is, there will be a depletion of H2

and I2 and a gain in HI.

15.7

2

2 2

[HI] (0.0224)
 =  =  = 19.5

[H ] [I ] (0.00623)(0.00414)
cQ

2
0

0 0
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15.7

Step 1: Let x be the depletion in concentration (mol/L) of H2

and I2 at equilibrium. From the stoichiometry of the 

reaction it follows that the increase in concentration for 

HI must be 2x. Next we write

H2 + I2 2HI

Initial (M): 0.00623 0.00414 0.0224

Change (M): - x - x + 2x

Equilibrium (M): (0.00623 - x) (0.00414 - x) (0.0224 + 2x)
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15.7

Step 2: The equilibrium constant is

It is not possible to solve this equation by the square root 

shortcut, as the starting concentrations [H2] and [I2] are 

unequal. Instead, we must first carry out the multiplications

54.3(2.58 x 10-5 - 0.0104x + x2) = 5.02 x 10-4 + 0.0896x + 4x2

Substituting, we get

2

2 2

[HI]
 = 

[H ][I ]
cK

2(0.0224 + 2 )
54.3  =  

(0.00623 - )(0.00414 - )

x

x x
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Collecting terms, we get

50.3x2 - 0.654x + 8.98 x 10-4 = 0

This is a quadratic equation of the form ax2 + bx + c = 0. The 

solution for a quadratic equation (see Appendix 4) is

Here we have a = 50.3, b = -0.654, and c = 8.98 x 10-4, so that

15.7

2-  ±  - 4
 = 

2

b b ac
x

a

2 -40.654  ±  (-0.654)  - 4(50.3)(8.98 × 10 )
 = 

2 × 50.3

           = 0.0114          or           = 0.00156 

x

x M x M
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15.7

The first solution is physically impossible because the amounts 

of H2 and I2 reacted would be more than those originally 

present. The second solution gives the correct answer. Note 

that in solving quadratic equations of this type, one answer is 

always physically impossible, so choosing a value for x is easy.

Step 3: At equilibrium, the concentrations are

[H2] = (0.00623 - 0.00156) M = 0.00467 M

[I2] = (0.00414 - 0.00156) M - 0.00258 M

[HI] = (0.0224 + 2 x 0.00156) M = 0.0255 M
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Check

You can check the answers by calculating Kc using the 

equilibrium concentrations. Remember that Kc is a constant for 

a particular reaction at a given temperature.

15.7
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Acids

Have a sour taste.  Vinegar owes its taste to acetic acid.  Citrus

fruits contain citric acid.

React with certain metals to produce hydrogen gas.

React with carbonates and bicarbonates to produce carbon 

dioxide gas.

Have a bitter taste.

Feel slippery.  Many soaps contain bases.

Bases
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A Brønsted acid is a proton donor

A Brønsted base is a proton acceptor

acidbase acid base

acid
conjugate

base
base

conjugate

acid



Example
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16.1

Identify the conjugate acid-base pairs in the reaction between 

ammonia and hydrofluoric acid in aqueous solution

NH3(aq) + HF(aq)                 (aq) + F-(aq)
+
4NH



Example

5

16.1

Strategy

Remember that a conjugate base always has one fewer H atom 

and one more negative charge (or one fewer positive charge) 

than the formula of the corresponding acid.

Solution

NH3 has one fewer H atom and one fewer positive charge than                     

.  F− has one fewer H atom and one more negative charge 

than HF. Therefore, the conjugate acid-base pairs are (1)          

and NH3 and (2) HF and F−.

+
4NH

+
4NH
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O

H

H + O

H

H O

H

H H OH
-+

[ ] +

Acid-Base Properties of Water

H2O (l) H+ (aq) + OH- (aq)

H2O + H2O          H3O
+ + OH-

acid conjugate

base

base
conjugate

acid

autoionization of water
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H2O (l) H+ (aq) + OH- (aq)

The Ion Product of Water

Kc =
[H+][OH-]

[H2O]
[H2O] = constant

Kc[H2O] = Kw = [H+][OH-]

The ion-product constant (Kw) is the product of the molar 

concentrations of H+ and OH- ions at a particular temperature.

At 250C

Kw = [H+][OH-] = 1.0 x 10-14

[H+] = [OH-]

[H+] > [OH-]

[H+] < [OH-]

Solution Is

neutral

acidic

basic



Example
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16.2

The concentration of OH− ions in a certain household ammonia 

cleaning solution is 0.0025 M. Calculate the concentration of 

H+ ions.



Example

9

Strategy

We are given the concentration of the OH− ions and asked to 

calculate [H+]. The relationship between [H+] and [OH−] in water 

or an aqueous solution is given by the ion-product of water, Kw

[Equation (16.4)].

16.2
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16.2

Solution

Rearranging Equation (16.4), we write

Check

Because [H+] < [OH−], the solution is basic, as we would expect 

from the earlier discussion of the reaction of ammonia with 

water.

-14
+ w

-

1.0 × 10
[H ] =  =  = 

0.0025[OH ]
M

-12
4.0 × 10  

K
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pH – A Measure of Acidity

pH = -log [H+]

[H+] = [OH-]

[H+] > [OH-]

[H+] < [OH-]

Solution Is

neutral

acidic

basic

[H+] = 1.0 x 10-7

[H+] > 1.0 x 10-7

[H+] < 1.0 x 10-7

pH = 7

pH < 7

pH > 7

At 250C

pH [H+]
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pOH = -log [OH-]

[H+][OH-] = Kw = 1.0 x 10-14

-log [H+] – log [OH-] = 14.00

pH + pOH = 14.00

Other important relationships

pH Meter



Example
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16.3

The concentration of H+ ions in a bottle of table wine was 

3.2 x 10-4 M right after the cork was removed. Only half of the 

wine was consumed. The other half, after it had been

standing open to the air for a month, was found to have a 

hydrogen ion concentration equal to 1.0 x 10-3 M. Calculate the 

pH of the wine on these two occasions.
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16.3

Strategy 

We are given the H+ ion concentration and asked to calculate 

the pH of the solution. What is the definition of pH?
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16.3

Solution

According to Equation (16.5), pH = -log [H+]. When the bottle 

was first opened, [H+] = 3.2 x 10-4 M, which we substitute in 

Equation (16.5)

pH = -log [H+]

= -log (3.2 x 10-4) = 3.49

On the second occasion, [H+] = 1.0 x 10-3 M, so that

pH = -log (1.0 x 10-3 ) = 3.00



Example
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16.3

Comment

The increase in hydrogen ion concentration (or decrease in pH) 

is largely the result of the conversion of some of the alcohol 

(ethanol) to acetic acid, a reaction that takes place in the 

presence of molecular oxygen.
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16.4

The pH of rainwater collected in a certain region of the 

northeastern United States on a particular day was 4.82. 

Calculate the H+ ion concentration of the rainwater.



Example
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16.4

Strategy

Here we are given the pH of a solution and asked to calculate 

[H+]. Because pH is defined as pH = −log [H+], we can solve for 

[H+] by taking the antilog of the pH; that is, [H+] = 10−pH, as 

shown in Equation (16.6).
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16.4

Solution

From Equation (16.5)

pH = -log [H+] = 4.82 

Therefore,

log [H+] = −4.82

To calculate [H+], we need to take the antilog of −4.82

[H+] = 10−4.82 = 1.5 x 10−5 M
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16.4

Check

Because the pH is between 4 and 5, we can expect [H+] to be 

between 1 x 10−4 M and 1 x 10−5 M. Therefore, the answer is 

reasonable.
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16.5

In a NaOH solution [OH−] is 2.9 x 10−4 M. Calculate the pH of 

the solution.
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16.5

Strategy

Solving this problem takes two steps. First, we need to 

calculate pOH using Equation (16.8). Next, we use Equation 

(16.10) to calculate the pH of the solution.

Solution

We use Equation (16.8):

pOH = −log [OH−]

= −log (2.9 x 10−4)

= 3.54
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16.5

Now we use Equation (16.10):

pH + pOH = 14.00

pH = 14.00 − pOH

= 14.00 − 3.54 = 10.46

Alternatively, we can use the ion-product constant of water, 

Kw = [H+][OH−] to calculate [H+], and then we can calculate the 

pH from the [H+]. Try it.

Check The answer shows that the solution is basic (pH > 7), 

which is consistent with a NaOH solution.
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Strong Electrolyte – 100% dissociation

NaCl (s) Na+ (aq) + Cl- (aq)
H2O

Weak Electrolyte – not completely dissociated

CH3COOH CH3COO- (aq) + H+ (aq)

Strong Acids are strong electrolytes

HCl (aq) + H2O (l) H3O
+ (aq) + Cl- (aq)

HNO3 (aq) + H2O (l) H3O
+ (aq) + NO3

- (aq)

HClO4 (aq) + H2O (l) H3O
+ (aq) + ClO4

- (aq)

H2SO4 (aq) + H2O (l) H3O
+ (aq) + HSO4

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

Weak Acids are weak electrolytes

HNO2 (aq) + H2O (l) H3O
+ (aq) + NO2

- (aq)

HSO4
- (aq) + H2O (l) H3O

+ (aq) + SO4
2- (aq)

H2O (l) + H2O (l) H3O
+ (aq) + OH- (aq)

Strong Bases are strong electrolytes

NaOH (s) Na+ (aq) + OH- (aq)
H2O

KOH (s) K+ (aq) + OH- (aq)
H2O

Ba(OH)2 (s) Ba2+ (aq) + 2OH- (aq)
H2O
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F- (aq) + H2O (l) OH- (aq) + HF (aq)

Weak Bases are weak electrolytes

NO2
- (aq) + H2O (l)         OH- (aq) + HNO2 (aq)

Conjugate acid-base pairs:

• The conjugate base of a strong acid has no measurable 

strength.

• H3O
+ is the strongest acid that can exist in aqueous 

solution.

• The OH- ion is the strongest base that can exist in aqueous 

solution.
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Strong Acid (HCl) Weak Acid (HF)
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16.6

Calculate the pH of a

(a) 1.0 x 10-3 M HCl solution

(b) 0.020 M Ba(OH)2 solution



Example
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Strategy 

Keep in mind that HCl is a strong acid and Ba(OH)2 is a strong 

base. Thus, these species are completely ionized and no HCl 

or Ba(OH)2 will be left in solution.

Solution

(a)The ionization of HCl is

HCl(aq)            H+(aq) + Cl-(aq)

16.6
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16.6

The concentrations of all the species (HCl, H+, and Cl-) before 

and after ionization can be represented as follows:

HCl(aq) → H+(aq) +   Cl-(aq)

Initial (M): 1.0 x 10-3 0.0 0.0

Change (M): -1.0 x 10-3 +1.0 x 10-3 +1.0 x 10-3

Final (M): 0.0 1.0 x 10-3 1.0 x 10-3

A positive (+) change represents an increase and a negative 

(-) change indicates a decrease in concentration. Thus,

[H+] = 1.0 x 10-3 M

pH = -log (1.0 x 10-3)

= 3.00
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16.6

(b) Ba(OH)2 is a strong base; each Ba(OH)2 unit produces two 

OH- ions:

Ba(OH)2(aq)            Ba2+(aq) + 2OH-(aq)

The changes in the concentrations of all the species can 

be represented as follows:

Ba(OH)2(aq) → Ba2+(aq) +   2OH-(aq)

Initial (M): 0.020 0.00 0.00

Change (M): - 0.020 + 0.020 +2(0.020)

Final (M): 0.00 0.020 0.040
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Thus,

[OH-] = 0.040 M

pOH = -log 0.040 = 1.40

Therefore, from Equation (16.10),

pH = 14.00 - pOH

= 14.00 - 1.40

= 12.60

Check Note that in both (a) and (b) we have neglected the 

contribution of the autoionization of water to [H+] and [OH-] 

because 1.0 x 10-7 M is so small compared with 1.0 x 10-3 M 

and 0.040 M.

16.6
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Predict the direction of the following reaction in aqueous 

solution:

HNO2(aq) + CN-(aq)         HCN(aq) +         (aq)

16.7

-
2NO



Example

35

16.7

Strategy

The problem is to determine whether, at equilibrium, the 

reaction will be shifted to the right, favoring HCN and        , or to 

the left, favoring HNO2 and CN-. Which of the two is a stronger 

acid and hence a stronger proton donor: HNO2 or HCN? Which 

of the two is a stronger base and hence a stronger proton 

acceptor: CN- or        ? Remember that the stronger the acid, 

the weaker its conjugate base.

-
2NO

-
2NO
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Solution

In Table 16.2 we see that HNO2 is a stronger acid than HCN. 

Thus, CN- is a stronger base than        . The net reaction will 

proceed from left to right as written because HNO2 is a better 

proton donor than HCN (and CN- is a better proton acceptor 

than         ).

16.7

-
2NO

-
2NO
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HA (aq) + H2O (l) H3O
+ (aq) + A- (aq)

Weak Acids (HA) and Acid Ionization Constants

HA (aq) H+ (aq) + A- (aq)

Ka =
[H+][A-]

[HA]

Ka is the acid ionization constant

Ka

weak acid

strength



38



39

Solving weak acid ionization problems:

1. Identify the major species that can affect the pH.

• In most cases, you can ignore the autoionization of 

water.

• Ignore [OH-] because it is determined by [H+].

2. Use ICE to express the equilibrium concentrations in terms 

of single unknown x.

3. Write Ka in terms of equilibrium concentrations.  Solve for x

by the approximation method.  If approximation is not valid, 

solve for x exactly.

4. Calculate concentrations of all species and/or pH of the 

solution.
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16.8

Calculate the pH of a 0.036 M nitrous acid (HNO2) solution:

HNO2(aq)        H+(aq) +          (aq)-
2NO



Example
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16.8

Strategy Recall that a weak acid only partially ionizes in water. 

We are given the initial concentration of a weak acid and asked 

to calculate the pH of the solution at equilibrium. It is helpful to 

make a sketch to keep track of the pertinent species.

As in Example 16.6, we ignore the ionization of H2O so the 

major source of H+ ions is the acid. The concentration of OH-

ions is very small as we would expect from an acidic solution so 

it is present as a minor species.
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16.8

Solution We follow the procedure already outlined.

Step 1: The species that can affect the pH of the solution are 

HNO2, H
+, and the conjugate base         . We ignore 

water’s contribution to [H+].

Step 2: Letting x be the equilibrium concentration of H+ and        

ions in mol/L, we summarize:

HNO2(aq) H+(aq) + (aq)

Initial (M): 0.036 0.00 0.00

Change (M): -x +x +x

Equilibrium (M): 0.036 - x x x

-
2NO

-
2NO

-
2NO
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16.8

Step 3: From Table 16.3 we write

Applying the approximation 0.036 - x ≈ 0.036, we obtain

+ -
2

a

2

2
-4

[H ][NO ]
            =  

[HNO ]

4.5 × 10  = 
0.036-

K

x

x

2 2
-4

2

4.5 × 10  =   
0.036- 0.036

                                 1.62  10

                                   =  4.0  10  







 



x x

x

x

x M

5

3
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16.8

To test the approximation,

-34.0 × 10  
 × 100% = 11%

0.036 

M

M

Because this is greater than 5%, our approximation is not 

valid and we must solve the quadratic equation, as follows:

 

2 -4 -5

2
-4 -4 -5

-3 -3

 + 4.5 × 10  - 1.62 × 10  = 0

-4.5 × 10  ± 4.5 × 10  - 4(1)(-1.62 × 10 )
 = 

2(1)

   = 3.8 × 10   or -4.3 × 10  

x x

x

M M
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16.8

The second solution is physically impossible, because the 

concentration of ions produced as a result of ionization cannot 

be negative. Therefore, the solution is given by the positive 

root, x = 3.8 x 10-3 M.

Step 4: At equilibrium

[H+] = 3.8 x 10-3 M

pH = -log (3.8 x 10-3 )

= 2.42

Check Note that the calculated pH indicates that the solution is 

acidic, which is what we would expect for a weak acid solution. 

Compare the calculated pH with that of a 0.036 M strong acid 

solution such as HCl to convince yourself of the difference 

between a strong acid and a weak acid.
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16.9

The pH of a 0.10 M solution of formic acid (HCOOH) is 2.39. 

What is the Ka of the acid?



Example

47

16.9

Strategy Formic acid is a weak acid. It only partially ionizes in 

water. Note that the concentration of formic acid refers to the 

initial concentration, before ionization has started. The pH of the 

solution, on the other hand, refers to the equilibrium state. To 

calculate Ka, then, we need to know the concentrations of all 

three species: [H+], [HCOO-], and [HCOOH] at equilibrium. As 

usual, we ignore the ionization of water.  The following sketch 

summarizes the situation.
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16.9

Solution We proceed as follows.

Step 1: The major species in solution are HCOOH, H+, and the 

conjugate base HCOO-.

Step 2: First we need to calculate the hydrogen ion 

concentration from the pH value

pH = -log [H+]

2.39 = -log [H+]

Taking the antilog of both sides, we get

[H+] = 10-2.39 = 4.1 x 10-3 M
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16.9

Next we summarize the changes:

HCOOH(aq) H+(aq) + HCOO-(aq)

Initial (M): 0.10 0.00 0.00

Change (M): −4.1 x 10-3 +4.1 x 10-3 +4.1 x 10-3

Equilibrium (M): (0.10 − 4.1 x 10-3) 4.1 x 10-3 4.1 x 10-3

Note that because the pH and hence the H+ ion concentration 

is known, it follows that we also know the concentrations of 

HCOOH and HCOO- at equilibrium.
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16.9

Step 3: The ionization constant of formic acid is given by

+ -

a

-3 -3

-3

[H ][HCOO ]
            =  

[HCOOH]

(4.1 × 10 )(4.1 × 10 )
                = 

(0.10 - 4.1 × 10 )

                =   -4
1.8 × 10

K

Check

The Ka value differs slightly from the one listed in Table 16.3 

because of the rounding-off procedure we used in the 

calculation.
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percent ionization = 
Ionized acid concentration at equilibrium

Initial concentration of acid
x 100%

For a monoprotic acid HA,

Percent ionization = 
[H+]

[HA]0
x 100% [HA]0 = initial concentration
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Diprotic and Triprotic Acids

• May yield more than one hydrogen ion per molecule.

• Ionize in a stepwise manner; that is, they lose one proton at

a time. 

• An ionization constant expression can be written for each

ionization stage.

• Consequently, two or more equilibrium constant  expressions

must often be used to calculate the concentrations  of

species in the acid solution.
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16.10

Oxalic acid (H2C2O4) is a poisonous substance used chiefly as 

a bleaching and cleansing agent (for example, to remove 

bathtub rings). Calculate the concentrations of all the

species present at equilibrium in a 0.10 M solution.
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Strategy

Determining the equilibrium concentrations of the species of a 

diprotic acid in aqueous solution is more involved than for a 

monoprotic acid. We follow the same procedure as that used for 

a monoprotic acid for each stage, as in Example 16.8.  Note 

that the conjugate base from the first stage of ionization 

becomes the acid for the second stage ionization.

16.10
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16.10

Solution We proceed according to the following steps.

Step 1: The major species in solution at this stage are the 

nonionized acid, H+ ions, and the conjugate base,                 

.

Step 2: Letting x be the equilibrium concentration of H+ and

ions in mol/L, we summarize:

-
2 4HC O

-
2 4HC O

H2C2O4(aq) H+(aq)   + (aq)

Initial (M): 0.10 0.00 0.00

Change (M): -x +x +x

Equilibrium (M): 0.10 - x x x

-
2 4HC O
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16.10

Step 3: Table 16.4 gives us

2
a

2 2 4

2
-2

[H ][HC O ]
            =  

[H C O ]

6.5 × 10  = 
0.10 - 

4
 

K

x

x

Applying the approximation 0.10 - x ≈ 0.10, we obtain

2 2
-2

2

6.5 × 10  =   
0.10 - 0.10

                                 6.5  10

                                   =  8.1  10  

3

2







 



x x

x

x

x M
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To test the approximation,

-28.1 × 10  
 × 100% = 81%

0.10 

M

M

Clearly the approximation is not valid. Therefore, we must 

solve the quadratic equation

x2 + 6.5 x 10-2x - 6.5 x 10-3 = 0

The result is x = 0.054 M.
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16.10

Step 4: When the equilibrium for the first stage of ionization is 

reached, the concentrations are

[H+] = 0.054 M

[           ] = 0.054 M

[H2C2O4] = (0.10 - 0.054) M = 0.046 M

Next we consider the second stage of ionization.

Step 1: At this stage, the major species are             , which acts 

as the acid in the second stage of ionization, H+, and 

the conjugate base          .

-
2 4HC O

-
2 4HC O

2-
2 4C O
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Step 2: Letting y be the equilibrium concentration of H+ and           

ions in mol/L, we summarize:2-
2 4C O

(aq) H+(aq)   + (aq)

Initial (M): 0.054 0.054 0.00

Change (M): -y +y +y

Equilibrium (M): 0.054 - y 0.054 + y y

-
2 4HC O 2-

2 4C O

Step 3: Table 16.4 gives us

2
a

2

-5

[H ][C O ]
            =  

[HC O ]

(0.054 + )( )
6.1 × 10  = 

(0.054 - )

2
4

4

 


K

y y

y
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16.10

Applying the approximation 0.054 + y ≈ 0.054 and 0.054 - y ≈

0.054, we obtain

-5(0.054)( )
 =  = 6.1 × 10  

(0.054)

y
y M 

and we test the approximation,

-56.1 × 10  
 × 100% = 0.11%

0.054 

M

M

The approximation is valid.
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16.10

Step 4: At equilibrium,

[H2C2O4] = 0.046 M

[           ] = (0.054 - 6.1 x 10-5) M = 0.054 M

[H+] = (0.054 + 6.1 x 10-5) M = 0.054 M

[         ] = 6.1 x 10-5 M

[OH-] = 1.0 x 10-14/0.054 = 1.9 x 10-13 M

-
2 4HC O

2-
2 4C O
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NH3 (aq) + H2O (l) NH4
+ (aq) + OH- (aq)

Weak Bases and Base Ionization Constants

Kb =
[NH4

+][OH-]

[NH3]

Kb is the base ionization constant

Kb

weak base

strength

Solve weak base problems like weak acids except solve 

for [OH-] instead of [H+].



Example
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What is the pH of a 0.40 M ammonia solution?

16.11



Example
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16.11

Strategy The procedure here is similar to the one used for a 

weak acid (see Example 16.8). From the ionization of ammonia, 

we see that the major species in solution at equilibrium are

NH3,         ,and OH-. The hydrogen ion concentration is very 

small as we would expect from a basic solution, so it is present 

as a minor species. As before, we ignore the ionization of water. 

We make a sketch to keep track of the pertinent species as 

follows:

+
4NH



Example
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Solution We proceed according to the following steps.

Step 1: The major species in an ammonia solution are NH3,       , 

and OH-. We ignore the very small contribution to OH-

concentration by water.

Step 2: Letting x be the equilibrium concentration of           and 

OH- ions in mol/L, we summarize:

16.11

+
4NH

+
4NH

NH3(aq) +  H2O(l) (aq) +   OH-(aq)

Initial (M): 0.40 0.00 0.00

Change (M): -x +x +x

Equilibrium (M): 0.40 - x x x

+
4NH
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16.11

Step 3: Table 16.5 gives us Kb:

Applying the approximation 0.40 - x ≈ 0.40, we obtain

2 2
-5

2

1.8 × 10  =   
0.40 - 0.40

                                 7.2  10

                                   =  2.7  10  

6

3







 



x x

x

x

x M

-

b

3

2
-5

[NH ][OH ]
            =  

[NH ]

1.8 × 10  = 
0.40 - 

4


K

x

x
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16.11

To test the approximation, we write

-32.7 × 10  
 × 100% = 0.68%

0.40 

M

M

Therefore, the approximation is valid. 

Step 4: At equilibrium, [OH-] = 2.7 x 10-3 M. Thus,

pOH = -log (2.7 x 10-3 )

= 2.57

pH = 14.00 - 2.57

= 11.43
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Check

Note that the pH calculated is basic, which is what we would 

expect from a weak base solution. Compare the calculated pH 

with that of a 0.40 M strong base solution, such as KOH, to 

convince yourself of the difference between a strong base

and a weak base.

16.11
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Ionization Constants of Conjugate Acid-Base Pairs

HA (aq) H+ (aq) + A- (aq)

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

Ka

Kb

H2O (l) H+ (aq) + OH- (aq) Kw

KaKb = Kw

Weak Acid and Its Conjugate Base

Ka = 
Kw

Kb

Kb = 
Kw

Ka
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Molecular Structure and Acid Strength

H   X H+ + X-

The 

stronger 

the bond

The 

weaker 

the acid

HF << HCl < HBr < HI

acidity

increases
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Acid-Base Properties of Salts

Neutral Solutions:

Salts containing an alkali metal or alkaline earth metal 

ion (except Be2+) and the conjugate base of a strong

acid (e.g. Cl-, Br-, and NO3
-).

NaCl (s) Na+ (aq) + Cl- (aq)
H2O

Basic Solutions:

Salts derived from a strong base and a weak acid.

CH3COONa (s) Na+ (aq) + CH3COO- (aq)H2O

CH3COO- (aq) + H2O (l) CH3COOH (aq) + OH- (aq)



Example
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Calculate the pH of a 0.25 M solution of potassium fluoride 

(KF). What is the percent hydrolysis?

16.13



Example
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16.13

Strategy

What is a salt? In solution, KF dissociates completely into K+

and F− ions. The K+ ion does not react with water and has no 

effect on the pH of the solution because potassium is an alkali 

metal. The F− ion is the conjugate base of the weak acid HF 

(Table 16.3). Therefore, we expect that it will react to a certain 

extent with water to produce HF and OH−, and the solution will 

be basic.



Example
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16.13

Solution

Step 1: Because we started with a 0.25 M potassium fluoride 

solution, the concentrations of the ions are also equal 

to 0.25 M after dissociation:

KF(aq) → K+(aq) + F−(aq)

Initial (M): 0.25 0 0

Change (M): −0.25 +0.25 +0.25

Final (M): 0 0.25 0.25

Of these ions, only the fluoride ion will react with water

F−(aq) + H2O(l)         HF(aq) + OH−(aq)
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16.13

At equilibrium, the major species in solution are HF, F−, and 

OH−. The concentration of the H+ ion is very small as we would 

expect for a basic solution, so it is treated as a minor species. 

We ignore the ionization of water.

Step 2: Let x be the equilibrium concentration of HF and OH−

ions in mol/L, we summarize:

F−(aq) +   H2O (l) HF(aq) + OH−(aq)

Initial (M): 0.25 0.00 0.00

Change (M): −x +x +x

Equilibrium (M): 0.25 − x x x
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16.13

Step 3: From the preceding discussion and Table 16.3 we write 

the equilibrium constant of hydrolysis, or the base 

ionization constant, as

Because Kb is very small and the initial concentration of the 

base is large, we can apply the approximation 0.25 − x ≈ 0.25:



Example

80

16.13

Step 4: At equilibrium:

[OH−] = 1.9 x 10-6 M

pOH = -log (1.9 x 10-6 )

= 5.72

pH = 14.00 − 5.72

= 8.28

Thus the solution is basic, as we would expect. The percent 

hydrolysis is given by

% hydrolysis =

=                       × 100% 

=  0.00076%

[F−]hydrolyzed

[F−]initial

1.9 × 10−6

0.25
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16.13

Check 

The result shows that only a very small amount of the anion 

undergoes hydrolysis. Note that the calculation of percent 

hydrolysis takes the same form as the test for the 

approximation, which is valid in this case.
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Acid-Base Properties of Salts

Acid Solutions:

Salts derived from a strong acid and a weak base.

NH4Cl (s) NH4
+ (aq) + Cl- (aq)

H2O

NH4
+ (aq) NH3 (aq) + H+ (aq)

Salts with small, highly charged metal cations (e.g. Al3+, 

Cr3+, and Be2+) and the conjugate base of a strong acid.

Al(H2O)6 (aq) Al(OH)(H2O)5 (aq) + H+ (aq)
3+ 2+
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Acid Hydrolysis of Al3+
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Acid-Base Properties of Salts

Solutions in which both the cation and the anion hydrolyze:

• Kb for the anion > Ka for the cation, solution will be basic

• Kb for the anion < Ka for the cation, solution will be acidic

• Kb for the anion  Ka for the cation, solution will be neutral
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Example
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16.14

Predict whether the following solutions will be acidic, basic, or 

nearly neutral: 

(a)NH4I

(b) NaNO2

(c) FeCl3

(d) NH4F



Example
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Strategy

In deciding whether a salt will undergo hydrolysis, ask yourself 

the following questions: Is the cation a highly charged metal ion 

or an ammonium ion? Is the anion the conjugate base of a 

weak acid? If yes to either question, then hydrolysis will occur. 

In cases where both the cation and the anion react with water, 

the pH of the solution will depend on the relative magnitudes of 

Ka for the cation and Kb for the anion (see Table 16.7).

16.14



Example

88

16.14

Solution

We first break up the salt into its cation and anion components 

and then examine the possible reaction of each ion with water.

(a)The cation is       , which will hydrolyze to produce NH3 and 

H+. The I- anion is the conjugate base of the strong acid HI. 

Therefore, I- will not hydrolyze and the solution is acidic.

(b) The Na+ cation does not hydrolyze. The          is the 

conjugate base of the weak acid HNO2 and will hydrolyze to 

give HNO2 and OH-. The solution will be basic.

+
4NH

-
2NO
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16.14

(c) Fe3+ is a small metal ion with a high charge and hydrolyzes 

to produce H+ ions. The Cl- does not hydrolyze. 

Consequently, the solution will be acidic.

(d) Both the        and F- ions will hydrolyze. From Tables 16.5 

and 16.3 we see that the Ka of          (5.6 x 10-10) is greater 

than the Kb for F- (1.4 x 10-11). Therefore, the solution will be 

acidic.

+
4NH

+
4NH
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Arrhenius acid is a substance that produces H+ (H3O
+) in water

A Brønsted acid is a proton donor

A Lewis acid is a substance that can accept a pair of electrons

A Lewis base is a substance that can donate a pair of electrons

Definition of An Acid

H+ H   O   H
••

••
+   OH-••

••

••

acid base

N   H••

H

H

H+ +

acid base

N   H

H

H

H
+
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Lewis Acids and Bases

N   H••

H

H

acid base

F   B

F

F

+ F   B

F

F

N   H

H

H

No protons donated or accepted!
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Identify the Lewis acid and Lewis base in each of the following 

reactions:

(a) C2H5OC2H5 + AlCl3 (C2H5)2OAlCl3

(b) Hg2+(aq) + 4CN-(aq)                     (aq)

16.15

2-
4Hg(CN)
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16.15

Strategy

In Lewis acid-base reactions, the acid is usually a cation or an 

electron-deficient molecule, whereas the base is an anion or a 

molecule containing an atom with lone pairs.

(a) Draw the molecular structure for C2H5OC2H5. What is the          

hybridization state of Al in AlCl3?

(b) Which ion is likely to be an electron acceptor? An electron  

donor?



Example
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16.15

Solution 

(a) The Al is sp2-hybridized in AlCl3 with an empty 2pz orbital. It 

is electron deficient, sharing only six electrons. Therefore, 

the Al atom has a tendency to gain two electrons to 

complete its octet. This property makes AlCl3 a Lewis acid. 

On the other hand, the lone pairs on the oxygen atom in 

C2H5OC2H5 make the compound a Lewis base:



Example
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16.15

(b) Here the Hg2+ ion accepts four pairs of electrons from the 

CN- ions. Therefore, Hg2+ is the Lewis acid and CN- is the 

Lewis base.



Thermochemistry

Chapter 6

Copyright © The McGraw-Hill Companies, Inc. Permission required for reproduction or display.
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Energy is the capacity to do work.

• Radiant energy comes from the sun and is 

earth’s primary energy source

• Thermal energy is the energy associated with 

the random motion of atoms and molecules

• Chemical energy is the energy stored within the 

bonds of chemical substances

• Nuclear energy is the energy stored within the 

collection of neutrons and protons in the atom

• Potential energy is the energy available by virtue 

of an object’s position
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Heat is the transfer of thermal energy between 

two bodies that are at different temperatures.

Energy Changes in Chemical Reactions

Temperature is a measure of the 

thermal energy.

Temperature = Thermal Energy
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Thermochemistry is the study of heat change in chemical 

reactions.

The system is the specific part of the universe that is of 

interest in the study.

open

mass & energyExchange:

closed

energy

isolated

nothing
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Exothermic process is any process that gives off heat –

transfers thermal energy from the system to the surroundings.  

Endothermic process is any process in which heat has to be 

supplied to the system from the surroundings.  

2H2 (g) + O2 (g) 2H2O (l) + energy

H2O (g) H2O (l) + energy

energy + 2HgO (s) 2Hg (l) + O2 (g)

energy + H2O (s) H2O (l)
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Schematic of Exothermic and Endothermic Processes
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Thermodynamics is the scientific study of the 

interconversion of heat and other kinds of energy.

State functions are properties that are determined by the state 

of the system, regardless of how that condition was achieved.

Potential energy of hiker 1 and hiker 2

is the same even though they took 

different paths.

energy, pressure, volume, temperature

DE = Efinal – Einitial

DP = Pfinal - Pinitial

DV = Vfinal - Vinitial

DT = Tfinal - Tinitial
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First law of thermodynamics – energy can be 

converted from one form to another, but cannot be 

created or destroyed.

DEsystem + DEsurroundings = 0

or

DEsystem = -DEsurroundings

S(s) + O2(g)  →  SO2(g)

Exothermic chemical reaction!

Chemical energy lost by combustion = Energy gained by the surroundings
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Another form of the first law for DEsystem

DE = q + w

DE is the change in internal energy of a system

q is the heat exchange between the system and the surroundings

w is the work done on (or by) the system
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Work Done By the System On the Surroundings

w = F x d

w = -P DV

DV > 0

-PDV < 0

w < 0

Work is not a 

state 

function. 

Dw = wfinal - winitial

initial final

when a gas expands against a constant external pressure



Example 6.1

A certain gas expands in volume from 2.0 L to 6.0 L at constant 

temperature.  

Calculate the work done by the gas if it expands 

(a) against a vacuum

(b) against a constant pressure of 1.2 atm



Example 6.1

Strategy A simple sketch of the situation is helpful here:

The work done in gas expansion is equal to the product of the 

external, opposing pressure and the change in volume.  

What is the conversion factor between L · atm and J?



Example 6.1

Solution

(a) Because the external pressure is zero, no work is done in 

the expansion.

w = −PDV

= −(0)(6.0 − 2.0) L

= 0

(b) The external, opposing pressure is 1.2 atm, so

w = −PDV

= −(1.2 atm) (6.0 − 2.0) L

= −4.8 L · atm



Example 6.1

To convert the answer to joules, we write

Check Because this is gas expansion (work is done by the 

system on the surroundings), the work done has a negative 

sign.



Example 6.2

The work done when a gas is compressed in a cylinder like that 

shown in the figure below is 462 J.  

During this process, there is a heat transfer of 128 J from the 

gas to the surroundings.  

Calculate the energy change for this process.



Example 6.2

Strategy

Compression is work done on the gas, so what is the sign for 

w? 

Heat is released by the gas to the surroundings. 

Is this an endothermic or exothermic process?

What is the sign for q?



Example 6.2

Solution To calculate the energy change of the gas, we need 

Equation (6.1).  Work of compression is positive and because 

heat is released by the gas, q is negative.  Therefore, we have

DE= q + w

= −128 J + 462 J

= 334 J

As a result, the energy of the gas increases by 334 J.
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Enthalpy and the First Law of Thermodynamics

DE = qp + w

DE = DH – PDV   

DH = DE + PDV 

qp = DH and w = -PDV

At constant pressure: 

Enthalpy (H) is used to quantify the heat flow into or out of a 

system in a process that occurs at constant pressure.

As most chemical reactions are constant pressure processes

DH = DE + RTΔn    for ideal gas 
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DH = H (products) – H (reactants)

DH = heat given off or absorbed during a reaction at constant pressure

Hproducts < Hreactants

DH < 0 exothermic 

Hproducts > Hreactants

DH > 0   endothermic
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A Comparison of DH and DE

2Na(s) + 2H2O(l)        2NaOH(aq) + H2(g)  DH = -367.5 kJ/mol

DE = DH - PDV At 25 oC, 1 mole H2 = 24.5 L at 1 atm

PDV = 1 atm x 24.5 L = 2.5 kJ

DE= -367.5 kJ/mol – 2.5 kJ/mol = -370.0 kJ/mol
DH is less than DE, as some of energy used to do gas expansion work  

For reactions that do not involve gases, DV is usually very 

small and so DE is practically the same as DH
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H2O (s) H2O (l) DH = 6.01 kJ/mol

• The stoichiometric coefficients always refer to the number 

of moles of a substance

Thermochemical Equations

• If you reverse a reaction, the sign of DH changes

H2O (l) H2O (s) DH = -6.01 kJ/mol

• If you multiply both sides of the equation by a factor n, 

then DH must change by the same factor n.

2H2O (s) 2H2O (l) DH = 2 x 6.01 = 12.0 kJ
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H2O (s) H2O (l) DH = 6.01 kJ/mol

• The physical states of all reactants and products must be 

specified in thermochemical equations.

Thermochemical Equations

H2O (l) H2O (g) DH = 44.0 kJ/mol



Example 6.3

Given the thermochemical equation

2SO2(g) + O2(g) → 2SO3(g) ΔH = −198.2 kJ/mol

calculate the heat evolved when 87.9 g of SO2 (molar mass = 

64.07 g/mol) is converted to SO3.



Example 6.3

Strategy

The thermochemical equation shows that for every 2 moles of 

SO2 reacted, 198.2 kJ of heat are given off (note the negative 

sign.)  Therefore, the conversion factor is

How many moles of SO2 are in 87.9 g of SO2?

What is the conversion factor between grams and moles?

−198.2 kJ

2 mol SO2



Example 6.3

Solution We need to first calculate the number of moles of 

SO2 in 87.9 g of the compound and then find the number of 

kilojoules produced from the exothermic reaction.  The 

sequence of conversions is as follows:

Therefore, the enthalpy change for this reaction is given by

and the heat released to the surroundings is 136 kJ.



Example 6.4

Calculate the change in internal energy when       

2 moles of CO are converted to 2 moles of CO2 at 

1 atm and 25°C:

Carbon 

monoxide burns 

in air to form 

carbon dioxide.



Example 6.4

Strategy

We are given the enthalpy change, DH, for the reaction and are 

asked to calculate the change in internal energy, DE.  

Therefore, we need Equation (6.10). 

What is the change in the number of moles of gases? 

D H is given in kilojoules, so what units should we use for R?



Example 6.4

Solution From the chemical equation we see that 3 moles of 

gases are converted to 2 moles of gases so that

Using 8.314 J/K · mol for R and T = 298 K in Equation (6.10), 

we write
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The specific heat(s) of a substance is the amount of heat (q) 

required to raise the temperature of one gram of the 

substance by one degree Celsius.

The heat capacity (C) of a substance is the amount of heat 

(q) required to raise the temperature of a given quantity (m) 

of the substance by one degree Celsius.

C = m x s

Heat (q) absorbed or released:

q = m x s x DT

q = C x DT

DT = Tinal - Tinitial



Example 6.5

A 466-g sample of water is heated from 8.50°C to 74.60°C. 

Calculate the amount of heat absorbed (in kilojoules) by the 

water.



Example 6.5

Strategy We know the quantity of water and the specific heat 

of water.  With this information and the temperature rise, we 

can calculate the amount of heat absorbed (q).

Solution Using Equation (6.12), we write

Check The units g and °C cancel, and we are left with the 

desired unit kJ.  Because heat is absorbed by the water from 

the surroundings, it has a positive sign.



32

Constant-Volume Calorimetry

(usually used to measure heat of combustion)

No heat enters or leaves!

qsys = qcal + qrxn

qsys = 0

qrxn = - qcal

qcal = Ccal x DT

(Ccal comprises both the bomb

And the surrounding water)

Reaction at Constant V
DH = qrxn



Example 6.6

A quantity of 1.435 g of naphthalene 

(C10H8), a pungent-smelling 

substance used in moth repellents, 

was burned in a constant-volume 

bomb calorimeter.  

Consequently, the temperature of the 

water rose from 20.28°C to 25.95°C. 

If the heat capacity of the bomb plus 

water was 10.17 kJ/°C,  calculate the 

heat of combustion of naphthalene on 

a molar basis; that is, find the molar 

heat of combustion.

C10H8



Example 6.6

Strategy

Knowing the heat capacity and the temperature rise, how do we 

calculate the heat absorbed by the calorimeter? 

What is the heat generated by the combustion of 1.435 g of 

naphthalene? 

What is the conversion factor between grams and moles of

naphthalene?



Example 6.6

Solution The heat absorbed by the bomb and water is equal to 

the product of the heat capacity and the temperature change. 

From Equation (6.16), assuming no heat is lost to the 

surroundings, we write

Because qsys = qcal + qrxn = 0, qcal = −qrxn.  The heat change of 

the reaction is − 57.66 kJ.  This is the heat released by the 

combustion of 1.435 g of C10H8; therefore, we can write the 

conversion factor as



Example 6.6

The molar mass of naphthalene is 128.2 g, so the heat of 

combustion of 1 mole of naphthalene is
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Constant-Pressure Calorimetry

No heat enters or leaves!

qsys = qcal+ qrxn

qsys = 0

qrxn = -qcal 

qcal = m x s x DT

qcal = Cwater x DT 

Reaction at Constant P

DH = qrxn



Example 6.7

A lead (Pb) pellet having a 

mass of 26.47 g at 89.98°C 

was placed in a constant-

pressure calorimeter of 

negligible heat capacity 

containing 100.0 mL of water. 

The water temperature rose 

from 22.50°C to 23.17°C.  

What is the specific heat of 

the lead pellet?



Example 6.7

Strategy A sketch of the initial and final situation is as follows:

We know the masses of water and the lead pellet as well as the 

initial and final temperatures.  Assuming no heat is lost to the 

surroundings, we can equate the heat lost by the lead pellet to 

the heat gained by the water.  Knowing the specific heat of 

water, we can then calculate the specific heat of lead.



Example 6.7

Solution Treating the calorimeter as an isolated system (no 

heat lost to the surroundings), we write

or

The heat gained by the water is given by

where m and s are the mass and specific heat and 

Dt = tfinal − tinitial



Example 6.7

Therefore,

Because the heat lost by the lead pellet is equal to the heat 

gained by the water, qPb = −280.3 J.  Solving for the specific 

heat of Pb, we write
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Example 6.8

A quantity of 1.00 × 102 mL of 0.500 M HCl was mixed with  

1.00 × 102 mL of 0.500 M NaOH in a constant-pressure 

calorimeter of negligible heat capacity.  The initial temperature 

of the HCl and NaOH solutions was the same, 22.50°C, and the 

final temperature of the mixed solution was 25.86°C.  Calculate 

the heat change for the neutralization reaction on a molar basis:

Assume that the densities and specific heats of the solutions 

are the same as for water (1.00 g/mL and 4.184 J/g · °C, 

respectively).



Example 6.8

Strategy 

Because the temperature rose, the neutralization reaction is 

exothermic. 

How do we calculate the heat absorbed by the combined 

solution? 

What is the heat of the reaction?

What is the conversion factor for expressing the heat of 

reaction on a molar basis?



Example 6.8

Solution Assuming no heat is lost to the surroundings, 

qsys = qsoln + qrxn = 0, so qrxn = −qsoln, where qsoln is the heat 

absorbed by the combined solution.  Because the density of the 

solution is 1.00 g/mL, the mass of a 100-mL solution is 100 g. 

Thus,

Because qrxn = −qsoln, qrxn = −2.81 kJ.



Example 6.8

From the molarities given, the number of moles of both HCl and 

NaOH in 1.00 × 102 mL solution is
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Because there is no way to measure the absolute value of 

the enthalpy of a substance, must I measure the enthalpy 

change for every reaction of interest?

Establish an arbitrary scale with the standard enthalpy of 

formation (DH0) as a reference point for all enthalpy 

expressions.
f

Standard enthalpy of formation (DH0) is the heat change 

that results when one mole of a compound is formed from 

its elements at a pressure of 1 atm.

f

The standard enthalpy of formation of any element in its 

most stable form is zero.

DH0 (O2) = 0f

DH0 (O3) = 142 kJ/molf

DH0 (C, graphite) = 0f

DH0 (C, diamond) = 1.90 kJ/molf
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The standard enthalpy of reaction (DH0    ) is the enthalpy of 

a reaction carried out at 1 atm.
rxn

aA + bB          cC + dD

DH0
rxn dDH0 (D)fcDH0 (C)f= [ + ] - bDH0 (B)faDH0 (A)f[ + ]

DH0
rxn nDH0 (products)f= S mDH0 (reactants)fS-

Hess’s Law: When reactants are converted to products, the 

change in enthalpy is the same whether the reaction takes 

place in one step or in a series of steps.

(Enthalpy is a state function.  It doesn’t matter how you get 

there, only where you start and end.)
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C (graphite) + 1/2O2 (g) CO (g)

CO (g) + 1/2O2 (g) CO2 (g)

C (graphite) + O2 (g) CO2 (g)



Example 6.9

Calculate the standard enthalpy of formation of acetylene 

(C2H2) from its elements:

The equations for each step and the corresponding enthalpy 

changes are

C2H2



Example 6.9

Strategy Our goal here is to calculate the enthalpy change for 

the formation of C2H2 from its elements C and H2.  The reaction 

does not occur directly, however, so we must use an indirect 

route using the information given by Equations (a), (b), and (c).

Solution Looking at the synthesis of C2H2, we need 2 moles of 

graphite as reactant.  So we multiply Equation (a) by 2 to get

Next, we need 1 mole of H2 as a reactant and this is provided 

by Equation (b).  Last, we need 1 mole of C2H2 as a product.



Example 6.9

Equation (c) has 2 moles of C2H2 as a reactant so we need to 

reverse the equation and divide it by 2:

Adding Equations (d), (b), and (e) together, we get



Example 6.9

Therefore, 

This value means that when 1 mole of C2H2 is synthesized from 

2 moles of C(graphite) and 1 mole of H2, 226.6 kJ of heat are 

absorbed by the reacting system from the surroundings.  Thus, 

this is an endothermic process.



Example 6.10

The thermite reaction involves 

aluminum and iron(III) oxide

This reaction is highly exothermic 

and the liquid iron formed is used to 

weld metals.  

Calculate the heat released in 

kilojoules per gram of Al reacted 

with Fe2O3.  The        for Fe(l) is 

12.40 kJ/mol.

The molten iron formed in a 

thermite reaction is run 

down into a mold between 

the ends of two railroad 

rails. On cooling, the rails 

are welded together.
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Strategy

The enthalpy of a reaction is the difference between the sum of 

the enthalpies of the products and the sum of the enthalpies of 

the reactants.  

The enthalpy of each species (reactant or product) is given by 

its stoichiometric coefficient times the standard enthalpy of 

formation of the species.



Example 6.10

Solution Using the given        value for Fe(l) and other 

values in Appendix 3 and Equation (6.18), we write

This is the amount of heat released for two moles of Al reacted. 

We use the following ratio

to convert to kJ/g Al.
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The molar mass of Al is 26.98 g, so

Check Is the negative sign consistent with the exothermic 

nature of the reaction?  As a quick check, we see that 2 moles 

of Al weigh about 54 g and give off about 823 kJ of heat when 

reacted with Fe2O3.  Therefore, the heat given off per gram of Al 

reacted is approximately −830 kJ/54 g or −15.4 kJ/g.
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Entropy, Free Energy and 

Equilibrium 
Chapter 17
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Spontaneous Physical and Chemical Processes

• A waterfall runs downhill

• A lump of sugar dissolves in a cup of coffee

• At 1 atm, water freezes below 0 oC and ice melts above 0 oC

• Heat flows from a hotter object to a colder object

• A gas expands in an evacuated bulb

• Iron exposed to oxygen and 

water forms rust
spontaneous

nonspontaneous
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spontaneous

nonspontaneous
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Does a decrease in enthalpy mean a reaction proceeds 

spontaneously?

H+ (aq) + OH- (aq) H2O (l) DH0 = -56.2 kJ/mol 

H2O (s) H2O (l) DH0 = 6.01 kJ/mol

NH4NO3 (s) NH4
+(aq) + NO3

- (aq) DH0 = 25 kJ/mol
H2O

Spontaneous reactions

CH4 (g) + 2O2 (g) CO2 (g) + 2H2O (l) DH0 = -890.4 kJ/mol
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Entropy (S) is a measure of the randomness or disorder of a 

system.

order SdisorderS

As entropy is state function   ΔS = Sf - Si

If the change from initial to final results in an increase in randomness

Sf > Si DS > 0

For any substance, the solid state is more ordered than the 

liquid state and the liquid state is more ordered than gas 

state.
Ssolid < Sliquid << Sgas

H2O (s) H2O (l) DS > 0
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W = number of microstates

(number of possible arrangements 

Of the system) 

S = k ln W

DS = Sf - Si

DS = k ln
Wf

Wi

Wf > Wi then DS > 0

Wf < Wi then DS < 0

Entropy
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Processes that lead to an increase in entropy (DS > 0)
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DS > 0

Example:   Br2(l)          Br2(g)

DS > 0

Example:   I2(s)          I2(g)
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Entropy Changes in the System (DSsys)

When gases are produced (or consumed)

• If a reaction produces more gas molecules than it 

consumes, DS0 > 0.

• If the total number of gas molecules decrease, DS0 < 0.

• If there is no net change in the total number of gas 

molecules, then DS0 may be positive or negative BUT 

DS0 will be a small number.



Example
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18.1

(a) freezing ethanol

(b) evaporating a beaker of liquid bromine at room

temperature 

(c) dissolving glucose in water

(d) cooling nitrogen gas from 80°C to 20°C

Predict whether the entropy change is greater or less than 

zero for each of the following processes:



Example
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18.1

Strategy

To determine the entropy change in each case, we examine 

whether the number of microstates of the system increases or 

decreases. The sign of ΔS will be positive if there is an increase 

in the number of microstates and negative if the number of 

microstates decreases.

Solution

(a) Upon freezing, the ethanol molecules are held rigid in 

position. This phase transition reduces the number of 

microstates and therefore the entropy decreases; that is, 

ΔS < 0.



Example
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18.1

(b) Evaporating bromine increases the number of microstates 

because the Br2 molecules can occupy many more positions 

in nearly empty space. Therefore, ΔS > 0.

(c) Glucose is a nonelectrolyte. The solution process leads to a 

greater dispersal of matter due to the mixing of glucose and 

water molecules so we expect ΔS > 0.

(d) The cooling process decreases various molecular motions. 

This leads to a decrease in microstates and so ΔS < 0.
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First Law of Thermodynamics

Energy can be converted from one form to another but 

energy cannot be created or destroyed.

Second Law of Thermodynamics

The entropy of the universe increases in a spontaneous 

process and remains unchanged in an equilibrium process.

DSuniv = DSsys + DSsurr > 0Spontaneous process:

(Irreversible)
DSuniv = DSsys + DSsurr = 0

Equilibrium process:

(Reversible)
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Entropy Changes in the System (DSsys)

aA + bB          cC + dD

DS0
rxn dS0(D)cS0(C)= [ + ] - bS0(B)aS0(A)[ + ]

DS0
rxn nS0(products)= S mS0(reactants)S-

The standard entropy of reaction (DS0    ) is the entropy 

change for a reaction carried out at 1 atm and 250C.
rxn
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18.2

From the standard entropy values in Appendix 2, calculate the 

standard entropy changes for the following reactions at 25°C.

(a) CaCO3(s)             CaO(s) + CO2(g)

(b) N2(g) + 3H2(g)            2NH3(g)

(c) H2(g) + Cl2(g)             2HCl(g)



Example
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18.2

Strategy

To calculate the standard entropy of a reaction, we look up the 

standard entropies of reactants and products in Appendix 2 and 

apply Equation (18.7). As in the calculation of enthalpy of 

reaction [see Equation (6.18)], the stoichiometric coefficients 

have no units, so ΔS°rxn is expressed in units of J/K·mol.
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18.2

Solution

(a) ΔS°rxn = [S°(CaO) + S°(CO2)] - [S°(CaCO3)]

= [(39.8 J/K·mol) + (213.6 J/K·mol)] - (92.9 /K·mol)

= 160.5 J/K·mol

Thus, when 1 mole of CaCO3 decomposes to form 1 mole of 

CaO and 1 mole of gaseous CO2, there is an increase in entropy 

equal to 160.5 J/K·mol.
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18.2

(b) ΔS°rxn = [2S°(NH3)] - [S°(N2) + 3S°(H2)]

= (2)(193 J/K·mol) - [(192 J/K·mol) + (3)(131 J/K·mol)]

= -199 J/K·mol

This result shows that when 1 mole of gaseous nitrogen reacts 

with 3 moles of gaseous hydrogen to form 2 moles of gaseous 

ammonia, there is a decrease in entropy equal to -199 J/K·mol.
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18.2

(c) ΔS°rxn = [2S°(HCl)] - [S°(H2) + S°(Cl2)]

= (2)(187 J/K·mol) - [(131 J/K·mol) + (223 J/K·mol)]

= 20 J/K·mol

Thus, the formation of 2 moles of gaseous HCl from 1 mole of 

gaseous H2 and 1 mole of gaseous Cl2 results in a small 

increase in entropy equal to 20 J/K·mol.

Comment The ΔS°rxn values all apply to the system.
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Predict whether the entropy change of the system in each of 

the following reactions is positive or negative.

(a) 2H2(g) + O2(g)  2H2O(l)

(b) NH4Cl(s) NH3(g) + HCl(g)

(c) H2(g) + Br2(g) 2HBr(g)

18.3
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18.3

Strategy

We are asked to predict, not calculate, the sign of entropy 

change in the reactions. The factors that lead to an increase in 

entropy are: (1) a transition from a condensed phase to the 

vapor phase and (2) a reaction that produces more product 

molecules than reactant molecules in the same phase. It is also 

important to compare the relative complexity of the product and 

reactant molecules. In general, the more complex the molecular 

structure, the greater the entropy of the compound.
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Solution

(a) Two reactant molecules combine to form one product 

molecule. Even though H2O is a more complex molecule 

than either H2 and O2, the fact that there is a net decrease 

of one molecule and gases are converted to liquid ensures 

that the number of microstates will be diminished and hence 

ΔS° is negative.

(b) A solid is converted to two gaseous products. Therefore, 

ΔS° is positive.
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18.3

(c) The same number of molecules is involved in the reactants 

as in the product. Furthermore, all molecules are diatomic 

and therefore of similar complexity. As a result, we cannot 

predict the sign of ΔS°, but we know that the change must 

be quite small in magnitude.
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Entropy Changes in the Surroundings (DSsurr)

Exothermic Process

DSsurr > 0

Endothermic Process

DSsurr < 0



The minus sign is used because if the process is exothermic, ΔHsys is negative and Δ 

Ssurr is a positive quantity, indicating an increase in entropy. On the other hand, for 

an endothermic process, Δ Hsys is positive and the negative sign ensures that the 

entropy of the surroundings decreases. 

26
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Third Law of Thermodynamics

The entropy of a perfect crystalline substance is zero at the 

absolute zero of temperature (0 kelvin= -273 °C).

S = k ln W

W = 1

S = 0
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DSuniv = DSsys + DSsurr > 0Spontaneous process:

DSuniv = DSsys + DSsurr = 0Equilibrium process:

Gibbs Free Energy

For a constant temperature and 

constant pressure process:

DG = DHsys -TDSsys
Gibbs free 

energy (G)

DG < 0     The reaction is spontaneous in the forward direction.

DG > 0     The reaction is nonspontaneous as written.  The 

reaction is spontaneous in the reverse direction.

DG = 0     The reaction is at equilibrium.
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aA + bB          cC + dD

DG0
rxn dDG0 (D)fcDG0 (C)f= [ + ] - bDG0 (B)faDG0 (A)f[ + ]

DG0
rxn nDG0 (products)f= S mDG0 (reactants)fS-

The standard free-energy of reaction (DG0 ) is the free-

energy change for a reaction when it occurs under standard-

state conditions.

rxn

Standard free energy of formation (DG0) is the free-energy 

change that occurs when 1 mole of the compound is formed 

from its elements in their standard states.

f

DG0 of any element in its stable form is zero.
f
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18.4

Calculate the standard free-energy changes for the following 

reactions at 25°C.

(a) CH4(g) + 2O2(g) CO2(g) + 2H2O(l)

(b) 2MgO(s) 2Mg(s) + O2(g)
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18.4

Strategy

To calculate the standard free-energy change of a reaction, we 

look up the standard free energies of formation of reactants and 

products in Appendix 2 and apply Equation (18.12). Note that 

all the stoichiometric coefficients have no units so ΔG°rxn is 

expressed in units of kJ/mol, and ΔG°f for O2 is zero because it 

is the stable allotropic element at 1 atm and 25°C.
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Solution 

(a)According to Equation (18.12), we write

ΔG°rxn = [ΔG°f (CO2) + 2ΔG°f (H2O)] - [ΔG°f (CH4) + 2ΔG°f (O2)]

We insert the appropriate values from Appendix 2:

ΔG°rxn =[(-394.4 kJ/mol) + (2)(-237.2 kJ/mol)] -

[(-50.8 kJ/mol) + (2) (0 kJ/mol)]

= -818.0 kJ/mol
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(b) The equation is

ΔG°rxn = [2ΔG°f (Mg) + ΔG°f (O2)] - [2ΔG°f (MgO)]

From data in Appendix 2 we write

ΔG°rxn = [(2)(0 kJ/mol) + (0 kJ/mol)] - [(2)(-569.6 kJ/mol)]

= 1139 kJ/mol
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DG = DH - TDS
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CaCO3 (s) CaO (s) + CO2 (g)

DH0 = 177.8 kJ/mol

DS0 = 160.5 J/K·mol

DG0 = DH0 – TDS0

At 25 oC, DG0 = 130.0 kJ/mol

DG0 = 0 at 835 oC

Temperature and Spontaneity of Chemical Reactions

Equilibrium Pressure of CO2
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Gibbs Free Energy and Phase Transitions

H2O (l) H2O (g)

DG0 = 0 = DH0 – TDS0

DS = 
T

DH

= 109 J/K·mol

= 
40.79 kJ/mol

373 K

= 1.09 x 10-1 kJ/K·mol
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The molar heats of fusion and vaporization of benzene are 

10.9 kJ/mol and 31.0 kJ/mol, respectively. Calculate the entropy 

changes for the solid → liquid and liquid → vapor transitions for 

benzene. At 1 atm pressure, benzene melts at 5.5°C and boils 

at 80.1°C.
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Strategy

At the melting point, liquid and solid benzene are at equilibrium, 

so ΔG = 0.  From Equation (18.10) we have ΔG = 0 = 

ΔH - T ΔS or ΔS = ΔH/T. To calculate the entropy change for the 

solid benzene → liquid benzene transition, we write 

ΔSfus = ΔHfus/Tf. Here ΔHfus is positive for an endothermic 

process, so ΔSfus is also positive, as expected for a solid to 

liquid transition. The same procedure applies to the liquid

benzene → vapor benzene transition. What temperature unit 

should be used?
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Solution

The entropy change for melting 1 mole of benzene at 5.5°C is

fus
fus

f

Δ
Δ  = 

(10.9 kJ/mol)(1000 J/1 kJ)
         = 

(5.5 + 273)K

         = 39.1 J / K mol

H
S

T
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Similarly, the entropy change for boiling 1 mole of benzene at 

80.1°C is

Check Because vaporization creates more microstates than the 

melting process, ΔSvap > ΔSfus.

vap

vap

b

Δ
Δ  = 

(31.0 kJ/mol)(1000 J/1 kJ)
         = 

(80.1 + 273)K

         = 87.8 J / K mol

H
S

T
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Gibbs Free Energy and Chemical Equilibrium

DG = DG0 + RT lnQ

R is the gas constant (8.314 J/K•mol)

T is the absolute temperature (K)

Q is the reaction quotient

At Equilibrium

DG = 0 Q = K

0 = DG0 + RT lnK

DG0 = - RT lnK
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Free Energy Versus Extent of Reaction

DG0 < 0 DG0 > 0
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DG0 = - RT lnK
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18.6

Using data listed in Appendix 2, calculate the equilibrium 

constant (KP) for the following reaction at 25°C:

2H2O(l)        2H2(g) + O2(g)
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Strategy

According to Equation (18.14), the equilibrium constant for the 

reaction is related to the standard free-energy change; that is, 

ΔG° = -RT ln K. Therefore, we first need to calculate ΔG° by 

following the procedure in Example 18.4. Then we can

calculate KP. What temperature unit should be used?
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Solution According to Equation (18.12),

ΔG°rxn = [2ΔG°f(H2) + ΔG°f(O2)] - [2ΔG°f(H2O)]

= [(2)(0 kJ/mol) + (0 kJ/mol)] - [(2)(-237.2 kJ/mol)]

= 474.4 kJ/mol

Using Equation (18.14)

o
rxn p

p

p

p

                            Δ  = - ln

1000 J
474.4 kJ/mol ×  = -(8.314J/K mol)(298 K)ln

1 kJ

                             ln  = -191.5

                                  = . -847 × 10-





G RT K

K

K

K e 1915
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Comment

This extremely small equilibrium constant is consistent with the 

fact that water does not spontaneously decompose into 

hydrogen and oxygen gases at 25°C. Thus, a large positive 

ΔG° favors reactants over products at equilibrium.
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18.7

In Chapter 17 we discussed the solubility product of slightly 

soluble substances. Using the solubility product of silver 

chloride at 25°C (1.6 x 10-10), calculate ΔG° for the process

AgCl(s)        Ag+(aq) + Cl-(aq)
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Strategy

According to Equation (18.14), the equilibrium constant for the 

reaction is related to standard free-energy change; that is, 

ΔG° = -RT ln K. Because this is a heterogeneous equilibrium, 

the solubility product (Ksp) is the equilibrium constant. We 

calculate the standard free-energy change from the Ksp value of 

AgCl. What temperature unit should be used?

18.7
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Solution The solubility equilibrium for AgCl is 

AgCl(s)         Ag+(aq) + Cl-(aq)

Ksp = [Ag+][Cl-] = 1.6 x 10-10

Using Equation (18.14) we obtain

ΔG° = -(8.314 J/K·mol) (298 K) ln (1.6 x 10-10)

= 5.6 x 104 J/mol

= 56 kJ/mol

Check The large, positive ΔG° indicates that AgCl is slightly 

soluble and that the equilibrium lies mostly to the left.
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The equilibrium constant (KP) for the reaction

N2O4(g)          2NO2(g)

is 0.113 at 298 K, which corresponds to a standard free-energy 

change of 5.40 kJ/mol. In a certain experiment, the initial 

pressures are PNO2
= 0.122 atm and PN2O4

= 0.453 atm.

Calculate ΔG for the reaction at these pressures and predict the 

direction of the net reaction toward equilibrium.
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Strategy

From the information given we see that neither the reactant nor 

the product is at its standard state of 1 atm. To determine the 

direction of the net reaction, we need to calculate the free-

energy change under nonstandard-state conditions (ΔG) using 

Equation (18.13) and the given ΔG° value. Note that the partial 

pressures are expressed as dimensionless quantities in the 

reaction quotient QP because they are divided by the

standard-state value of 1 atm (see Table 18.2).
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Solution Equation (18.13) can be written as

Because ΔG < 0, the net reaction proceeds from left to right to 

reach equilibrium.

2

2 4

o
p

2
NOo

N O

2
3

3 3

3

Δ  = Δ  + ln

      = Δ  + ln

(0.122)
      = 5.40 × 10  J/mol + (8.314J/K mol)(298 K) × ln

0.453

      = 5.40 × 10  J/mol - 8.46 × 10  J/mol

      = -3.06 × 10 J/mol = - 3.06kJ / mol



G G RT Q

P
G RT

P
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Check

Note that although ΔG° > 0, the reaction can be made to favor 

product formation initially by having a small concentration 

(pressure) of the product compared to that of the reactant. 

Confirm the prediction by showing that QP < KP.
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Redox Reactions and Electrochemistry

Chapter 19

Copyright © The McGraw-Hill Companies, Inc. Permission required for reproduction or display.
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2Mg (s) + O2 (g)          2MgO (s)

2Mg          2Mg2+ + 4e-

O2 + 4e- 2O2-

Oxidation half-reaction (lose e-)

Reduction half-reaction (gain e-)

-Electrochemistry is the branch of chemistry that deals with the 

interconversion of electrical energy and chemical energy

- The conversion between chemical energy and electrical energy is carried 

out in an electrochemical cells

-Electrochemical processes are oxidation-reduction reactions in which:

• The energy released by a spontaneous reaction is converted to 

electricity …..Take place in voltaic cell (Galvanic cell)

• Or electrical energy is used to cause a nonspontaneous reaction to 

occur……Take place in electrolytic cell
0 0 2+ 2-

Redox reaction
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2Mg (s) + O2 (g)          2MgO (s)

2Mg          2Mg2+ + 4e-

O2 + 4e- 2O2-

Oxidation half-reaction (lose e-)

Reduction half-reaction (gain e-)

-Electrochemistry is the branch of chemistry that deals with the 

interconversion of electrical energy and chemical energy

-Electrochemical processes are oxidation-reduction reactions (redox 

reaction) in which:

• the energy released by a spontaneous reaction is converted to 

electricity or

• Or electrical energy is used to cause a nonspontaneous reaction to 

occur
0 0 2+ 2-
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Oxidation number

The charge the atom would have in a molecule (or an

ionic compound) if electrons were completely transferred.

1. Free elements (uncombined state) have an oxidation 

number of zero.

Na, Be, K, Pb, H2, O2, P4 = 0

2. In monatomic ions, the oxidation number is equal to 

the charge on the ion.

Li+, Li = +1; Fe3+, Fe = +3;  O2-, O = -2

3. The oxidation number of oxygen is usually –2.  In H2O2 

and O2
2- it is –1. 
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4. The oxidation number of hydrogen is +1 except when 

it is bonded to metals in binary compounds.  In these 

cases, its oxidation number is –1.(ex: NaH, KH…..)

6.  The sum of the oxidation numbers of all the atoms in a 

molecule or ion is equal to the charge on the 

molecule or ion.

5. Group IA metals are +1, IIA metals are +2 and fluorine is 

always –1.



6

Galvanic Cells

spontaneous

redox reaction

anode

oxidation

cathode

reduction
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Galvanic Cells

The difference in electrical 

potential between the anode 

and cathode is called:

• cell voltage

• electromotive force (emf)

• cell potential

Cell Diagram

Zn (s) + Cu2+ (aq) Cu (s) + Zn2+ (aq)

[Cu2+] = 1 M and [Zn2+] = 1 M

Zn (s) | Zn2+ (1 M) || Cu2+ (1 M) | Cu (s)

anode cathodesalt bridge

phase boundary
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Standard Reduction Potentials

Standard reduction potential (E0
red ) is the voltage 

associated with a reduction reaction at an electrode when 

all solutes are 1 M and all gases are at 1 atm.

E0
H+/ H2 = 0 V

Standard hydrogen electrode (SHE) [Reference electrode ]

2e- + 2H+ (1 M)           H2 (1 atm)

Reduction Reaction
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Standard Reduction Potentials

Zn (s) | Zn2+ (1 M) || H+ (1 M) | H2 (1 atm) | Pt (s)

2e- + 2H+ (1 M)           H2 (1 atm)

Zn (s)          Zn2+ (1 M) + 2e-Anode (oxidation):

Cathode (reduction):

Zn (s) + 2H+ (1 M)           Zn2+ (1 M) + H2 (1 atm)
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E0 = 0.76 Vcell

Standard emf (E0 )cell

0.76 V = 0 - EZn   /Zn
0

2+

EZn   /Zn = -0.76 V0
2+

Zn2+ (1 M) + 2e- Zn E0 = -0.76 V

E0 = EH /H - EZn  /Zncell
0 0

+ 2+
2

Standard Reduction Potentials

E0 = Ecathode - Eanodecell
0 0

Zn (s) | Zn2+ (1 M) || H+ (1 M) | H2 (1 atm) | Pt (s)
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Standard Reduction Potentials

Pt (s) | H2 (1 atm) | H+ (1 M) || Cu2+ (1 M) | Cu (s)

2e- + Cu2+ (1 M)         Cu (s)

H2 (1 atm)          2H+ (1 M) + 2e-Anode (oxidation):

Cathode (reduction):

H2 (1 atm) + Cu2+ (1 M)           Cu (s) + 2H+ (1 M)

E0 = Ecathode - Eanodecell
0 0

E0 = 0.34 Vcell

Ecell = ECu    /Cu – EH  /H 2+ +
2

0 0 0

0.34 = ECu    /Cu - 00
2+

ECu    /Cu = 0.34 V2+0



For the Daniell cell shown in Figure 19.1, we can now write 

Anode (oxidation):   Zn(s) Zn2+(1 M) + 2e

Cathode (reduction):   Cu2+(1 M) + 2e Cu(s) 

Overall:   Zn(s) + Cu2+(1 M) Zn2+(1 M) + Cu(s) 

The emf of the cell is

E°cell = E°cathode - E°anod

= 0.34 – (- 0.76)

= 1.1 V

12
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• E0 is for the reaction as written

• -The more positive E0 the greater the 

tendency for the substance to be 

reduced

• -The half-cell reactions are reversible

• -The sign of E0 changes when the 

reaction is reversed

• -Changing the stoichiometric 

coefficients of a half-cell reaction does 

not change the value of E0 (as E0 is 

intensive property) 

• -Under standard-state conditions, any 

species on the left of a given half-cell 

reaction will react spontaneously with 

a species that appears on the right of 

any half-cell reaction located below it 

in Table 19.1. This principle is 

sometimes called the diagonal rule
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19.2

Predict what will happen if molecular bromine (Br2) is added to 

a solution containing NaCl and NaI at 25°C. Assume all species 

are in their standard states.
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Strategy To predict what redox reaction(s) will take place, we 

need to compare the standard reduction potentials of Cl2, Br2, 

and I2 and apply the diagonal rule.

Solution From Table 19.1, we write the standard reduction 

potentials as follows:

Cl2(1 atm) + 2e- 2Cl-(1 M) E° = 1.36 V

Br2(l) + 2e- 2Br-(1 M) E° = 1.07 V

I2(s) + 2e- 2I-(1 M) E° = 0.53 V

19.2
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Applying the diagonal rule we see that Br2 will oxidize I- but will 

not oxidize Cl-. Therefore, the only redox reaction that will occur 

appreciably under standard-state conditions is

Oxidation: 2I-(1 M)               I2(s) + 2e-

Reduction: Br2(l) + 2e- 2Br-(1 M)

______________________________________________

Overall: 2I-(1 M) + Br2(l)           I2(s) + 2Br-(1 M)

Check We can confirm our conclusion by calculating E°cell. Try 

it. Note that the Na+ ions are inert and do not enter into the 

redox reaction.
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19.3

A galvanic cell consists of a Mg electrode in a 1.0 M Mg(NO3)2

solution and a Ag electrode in a 1.0 M AgNO3 solution. 

Calculate the standard emf of this cell at 25°C.
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19.3

Strategy At first it may not be clear how to assign the 

electrodes in the galvanic cell. From Table 19.1 we write the 

standard reduction potentials of Ag and Mg and apply the 

diagonal rule to determine which is the anode and which is the 

cathode.

Solution The standard reduction potentials are

Ag+(1.0 M) + e- Ag(s) E° = 0.80 V

Mg2+(1.0 M) + 2e- Mg(s) E° = -2.37 V
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19.3

Applying the diagonal rule, we see that Ag+ will oxidize Mg:

Anode (oxidation): Mg(s)            Mg2+(1.0 M) + 2e-

Cathode (reduction): 2Ag+(1.0 M) + 2e- 2Ag(s)

_________________________________________________

Overall: Mg(s) + 2Ag+(1.0 M)            Mg2+(1.0 M) + 2Ag(s)
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19.3

Note that in order to balance the overall equation we multiplied 

the reduction of Ag+ by 2. We can do so because, as an 

intensive property, E° is not affected by this procedure. We find 

the emf of the cell by using Equation (19.1) and Table 19.1:

E°cell = E°cathode - E°anode

= E°Ag+/Ag - E°Mg2+/Mg

= 0.80 V - (-2.37 V)

= 3.17 V

Check The positive value of E° shows that the forward reaction 

is favored.
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Spontaneity of Redox Reactions

DG = -nFEcell

DG0 = -nFEcell
0

n = number of moles of electrons in reaction

F = 96,500
J

V • mol 
= 96,500 C/mol

(F) Faraday constant

DG0 = -RT ln K = -nFEcell
0

Ecell
0 =

RT

nF
ln K

(8.314 J/K•mol)(298 K)

n (96,500 J/V•mol)
ln K=

=
0.0257 V

n
ln KEcell

0

=
0.0592 V

n
log KEcell

0
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Spontaneity of Redox Reactions

DG0 = -RT ln K = -nFEcell
0
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19.4

Calculate the equilibrium constant for the following reaction at 

25°C:

Sn(s) + 2Cu2+(aq)         Sn2+(aq) + 2Cu+(aq)
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19.4

Strategy 

The relationship between the equilibrium constant K and the 

standard emf is given by Equation (19.5): 

E°cell = (0.0257 V/n)ln K

Thus, if we can determine the standard emf, we can calculate 

the equilibrium constant. We can determine the E°cell of a 

hypothetical galvanic cell made up of two couples (Sn2+/Sn and 

Cu2+/Cu+) from the standard reduction potentials in Table 19.1.
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19.4

Solution 

The half-cell reactions are

Anode (oxidation): Sn(s)              Sn2+(aq) + 2e-

Cathode (reduction):   2Cu2+(aq) + 2e- 2Cu+(aq)

E°cell = E°cathode - E°anode

= E°Cu2+/Cu+ - E°Sn2+/Sn

= 0.15 V - (-0.14 V)

= 0.29 V
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19.4

Equation (19.5) can be written

In the overall reaction we find n = 2. Therefore,

o

ln  = 
0.0257 V

nE
K

22.6

(2)(0.29V)
ln  =  = 22.6

0.0257 V

 =  = 

K

K e 9
7×10
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19.5

Calculate the standard free-energy change for the following 

reaction at 25°C:

2Au(s) + 3Ca2+(1.0 M)              2Au3+(1.0 M) + 3Ca(s)
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19.5

Strategy 

The relationship between the standard free energy change and 

the standard emf of the cell is given by Equation (19.3): 

ΔG° = -nFE°cell. Thus, if we can determine E°cell, we can 

calculate ΔG°. We can determine the E°cell of a hypothetical

galvanic cell made up of two couples (Au3+/Au and Ca2+/Ca) 

from the standard reduction potentials in Table 19.1.
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19.5

Solution 

The half-cell reactions are

Anode (oxidation): 2Au(s)              2Au3+(1.0 M) + 6e-

Cathode (reduction): 3Ca2+(1.0 M) + 6e- 3Ca(s)

E°cell = E°cathode - E°anode

= E°Ca2+/Ca - E°Au3+/Au

= -2.87 V - 1.50 V

= -4.37 V
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19.5

Now we use Equation (19.3):

ΔG° = -nFE°

The overall reaction shows that n = 6, so

G° = -(6) (96,500 J/V · mol) (-4.37 V)

= 2.53 x 106 J/mol

= 2.53 x 103 kJ/mol

Check The large positive value of ΔG° tells us that the reaction 

favors the reactants at equilibrium. The result is consistent with 

the fact that E° for the galvanic cell is negative.
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The Effect of Concentration on Cell Emf

DG = DG0 + RT ln Q DG = -nFE DG0 = -nFE 0

-nFE = -nFE0 + RT ln Q

E = E0 - ln Q
RT

nF

Nernst equation

At 298 K

-
0.0257 V

n
ln QE0E = -

0.0592 V
n

log QE0E = 
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19.6

Predict whether the following reaction would proceed 

spontaneously as written at 298 K:

Co(s) + Fe2+(aq)            Co2+(aq) + Fe(s)

given that [Co2+] = 0.15 M and [Fe2+] = 0.68 M.
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19.6

Strategy 

Because the reaction is not run under standard-state conditions 

(concentrations are not 1 M), we need Nernst’s equation 

[Equation (19.8)] to calculate the emf (E) of a hypothetical 

galvanic cell and determine the spontaneity of the reaction. The 

standard emf (E°) can be calculated using the standard 

reduction potentials in Table 19.1. Remember that solids do not 

appear in the reaction quotient (Q) term in the Nernst equation. 

Note that 2 moles of electrons are transferred per mole of 

reaction, that is, n = 2.
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19.6

Solution 

The half-cell reactions are

Anode (oxidation): Co(s)              Co2+(aq) + 2e-

Cathode (reduction):    Fe2+(aq) + 2e- Fe(s)

E°cell = E°cathode - E°anode

= E°Fe2+/Fe - E°Co2+/Co

= -0.44 V – (-0.28 V)

= -0.16 V
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From Equation (19.8) we write

Because E is negative, the reaction is not spontaneous in the 

direction written.

19.6

o

2+
o

2+

0.0257 V
 =  - ln

0.0257 V [Co ]
    =  - ln

[Fe ]

0.0257 V 0.15
    = -0.16 V - ln

2 0.68

    = -0.16 V + 0.019 V

    = -0.14 V

E E Q
n

E
n
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Concentration Cells

Galvanic cell from two half-cells composed of the same 

material but differing in ion concentrations.


