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Energy & Chemistry
ENERGY (E) is the capacity to do work or 

transfer heat.
Work (w): Energy used to cause an object that has 
mass to move.

HEAT (q) is the form of energy that flows 
between 2 objects because of their 
difference in temperature.

Heat: Energy used to cause the temperature of an 
object to rise.

Other forms of energy are
 light
 electrical
 kinetic and potential



Potential & Kinetic Energy
Potential energy

Energy a motionless body 
has by virtue of its position:
Due to gravity
Charges between particles apart
Bond energy

Kinetic energy
Energy an object possesses 
by virtue of its motion:
Mechanical enery
Thermal energy



• Positive and 
negative particles 
(ions) attract one 
another.

• Two atoms can 
bond 

• As the particles 
attract they have a 
lower potential 
energy

Potential Energy
on the Atomic Scale

NaCl — composed of 
Na+ and Cl- ions.



• Positive and 
negative particles 
(ions) or two 
atoms attract one 
another.

• The two atoms 
can bond 

• As the particles 
attract they have a 
lower potential 
energy

Potential Energy
on the Atomic Scale



Area of attraction

Area of 
repulsion

Point of minimum E
Max overlap, max attraction, 
min repulsion. 



Potential and Kinetic Energy on 
the Molecular Scale

• Molecules exhibit several types of motion:
Vibrational:  Periodic motion of atoms within a 

molecule.
Rotational:  Rotation of the molecule on about an 

axis or rotation about  bonds.
Translational:  Movement of the entire molecule from 

one place to another.



Internal Energy (U)

• PE + KE = Internal energy (U)
• Internal energy of a chemical 

system depends on
number of particles
type of particles
temperature



Internal Energy (U)
PE + KE = Internal energy (U)

• The higher the T 
the higher the 
internal energy

• Changes in T 
(∆T) are used to 
monitor 
changes in 
energy (∆U).



Components of Internal Energy
Contributions to the kinetic energy:

• The molecule moving through space, Ek(translation)
• The molecule rotating, Ek(rotation)
• The bound atoms vibrating, Ek(vibration)

• The electrons moving within each atom, Ek(electron)

Contributions to the potential energy:
• Forces between the bound atoms vibrating, Ep(vibration)
• Forces between nucleus and electrons and between electrons       

in each atom, Ep(atom)
• Forces between the protons and neutrons in each nucleus, 

Ep(nuclei)

• Forces between nuclei and shared electron pair in each bond, 
Ep(bond)



Components of internal 
energy (E)



Kinetic Energy

Energy an object possesses by virtue of its 
motion.

1
2KE =  mv2



Work

• Energy used to 
move an object over 
some distance.

w = F  d
where:
w is work
F is the force
d is the distance over 

which the force is 
exerted.



Transfer of Energy
a) The potential energy of a ball of clay is increased 

when it is moved from the ground to the top of the 
wall.

b) As the ball falls, its potential energy is converted to 
kinetic energy.

c) When it hits the ground, its kinetic energy falls to zero 
(since it is no longer moving); some of the energy 
does work on the ball, the rest is dissipated as heat.

d) The ball has a lower potential energy than it  had on 
the top of the wall. 

NOTE: Potential energy, due to gravity, is measured with 
regard to the object’s distance from the center of the earth.



Heat

• Energy can be 
transferred as 
heat.

• Heat flows from 
warmer objects to 
cooler objects.



Heat and Temperature

Heat causes the mercury to expand

Heat flows from 
water to 
thermometer

Temperature of thermometer increases



Temperature 
Scales



UNITS OF ENERGY
1 calorie = heat required to raise 

temp. of 1.00 g of H2O by 1.0oC. 
(from 14.5°to 15.5°C)

1000 cal = 1 kilocalorie = 1 kcal
1 kcal  =  1 Calorie (a food 

“calorie”)
The S.I unit used is the  JOULE (J)

1 cal =  4.184 joules 
In chemical problems the kilojoule kJ is 

most commonly used  (1kJ = 1000J)

James Joule
1818-1889



Some interesting 
quantities of 
energy.



System and Surroundings

• SYSTEM
The object under 

study

• SURROUNDINGS
Everything outside 

the system



System and Surroundings

In this diagram:
• The system includes 

the molecules we want 
to study (here, the 
hydrogen and oxygen 
molecules).

• The surroundings are 
everything else (here, 
the cylinder and 
piston).



Directionality of Energy Transfer
• Energy transfer as heat is always 

from a hotter object to a cooler one.
• EXOthermic: energy transfers from 

SYSTEM to SURROUNDINGS.

T(system) goes down
T(surr) goes up



Directionality of Energy Transfer
• Energy transfer at heat is always from 

a hotter object to a cooler one.
• ENDOthermic: heat transfers from  

SURROUNDINGS to the SYSTEM.

T(system) goes up
T (surr) goes down



ΔE positive: internal energy 
increases

Systems can gain or lose E:

Efinal

SURROUNDINGS

SYSTEM

Einitial

ΔE > 0 E in

ΔE negative: internal energy 
decreases

Calculating Thermodynamic Changes

Einitial

Efinal

ΔE < 0 E out

SYSTEM

SURROUNDINGS

Energy change = final E – initial E
ΔE = Efinal – Einitial



Energy & Chemistry
All of thermodynamics depends on the 

law of 
CONSERVATION OF ENERGY.
• The total energy is unchanged in a 

chemical reaction.
• If PE of products is less than 

reactants, the difference must be 
released as KE.



HEAT CAPACITY
The heat required to raise an object’s 

temperature by 1ºC. 
Specific heat capacity is the heat needed to 

raise the temperature of a specific 
substance by 1ºC

Which has the larger heat capacity?



Specific Heat Capacity
Substance Spec. Heat (J/g•K)

H2O 4.184
Ethylene glycol 2.39
Al 0.897
glass 0.84

Aluminum

Ethylene glycol

A network of silicon 
dioxide



Substance c (J g-1 °C-1)   cm (J mol-1 °C-1)

Elements
C (graphite) 0.720 8.65
Al(s) 0.902 24.3
Fe(s) 0.451 25.1
Cu(s) 0.385 24.4
Au(s) 0.129 25.4 
Compounds
NH3(ℓ) 4.70 80.1
H2O(ℓ) 4.184 75.3
H2O(s) 2.06 37.1
CCl4(ℓ) 0.861 132.
CCl2F2(ℓ) 0.598 72.3
Common solids
wood 1.76
concrete 0.88
glass 0.84
granite 0.79

Heat Capacity

Note: Heat capacities are measured by different methods by different researchers.  As a result values 
may differ slightly from one compilation to another.  Always use values from a single compilation.



Specific Heat Capacity

If 25.0 g of Al is cooled 
from 310oC to 37oC, 
what amount of energy 
(J) is lost by the Al?

Specific heat capacity  =

                 heat lost or gained by substance (J)
(mass, g)(T change, K)



Specific Heat Capacity
If 25.0 g of Al is cooled from 310oC to 37oC, what 

amount of energy (J) has been lost by the Al? 

heat gain/lose = q = (sp. ht.)(mass)(∆T)
From previous table, Sp. Ht. of Al is 0.897 J/g K

and where ∆T  =  Tfinal – Tinitial

q = (0.897 J/g•K)(25.0 g)(37 - 310)K

q = - 6120 J

Note that the negative sign on q signals heat “lost by” or 
transferred OUT of Al.

∆T= (37C - 310C)
= -273C°

AND  1C= 1K



Heat Capacity and Specific Heat

• The amount of energy required to raise 
the temperature of a substance by 1 K 
(1C) is its heat capacity.

• We define specific heat capacity (or 
simply specific heat) as the amount of 
energy required to raise the temperature 
of 1 g of a substance by 1 K.



Heat Capacity and Specific Heat

Specific heat is

Specific heat =
heat transferred

mass  temperature change

s =
q

m  T



Heat/Energy Transfer
No Change in State

q transferred = (sp. ht.)(mass)(∆T)



Calorimetry

Since we cannot 
know the exact 
enthalpy of the 
reactants and 
products, we 
measure H through 
calorimetry, the 
measurement of 
heat flow.



This illustration shows the principle of calorimetry.  

• A piece of metal is heated and then placed in water.
• The metal cools – heat is transferred to the water.
• The water is warmed by the hot metal
• Both the metal and the water will end up at the same

temperature.



Specific Heat Capacity
How much energy is transferred 

due to temperature difference?

The heat, q, “lost” or “gained” is 
related to 
a) sample mass, m
b)  change in Temperature, ΔT
c)  specific heat capacity, c

Specific heat capacity  =

                 heat lost or gained by substance (J)
(mass,  g)(T change,  K)

q = m c ΔT



Constant Pressure Calorimetry
By carrying out a reaction in 
aqueous solution in a simple 
calorimeter, such as this one, one 
can indirectly measure the heat 
change for the system by 
measuring the heat change for the 
water in the calorimeter.

Because the specific heat for water 
is well known (4.184 J/mol-K), we 
can measure H for the reaction 
with the equation:

q = m  s  T



In a calorimetry experiment: 
• We take a known mass of a 

substance.
• Heat it. 
• Measure its temperature.
• Immerse the metal into a known mass 

of water at a known temperature 
(usually room temperature).

• Measure the final temperature of the
metal and water.

In the experiment shown here, 55.0 g Fe 
is heated to 99.8˚C.  The iron is put into 
225 g water at 21.0˚C.  The water and 
metal come to an equilibrium 
temperature of 23.1˚C.  Calculate the 
specific heat capacity of the metal.

Energy Transfer and Calorimetry



Because of conservation of energy,

q(Fe) [heat lost by Fe] = – q(H2O) [heat gained byH2O]

or q(Fe) + q(H2O) = 0

Heat lost by Fe: q(Fe) = (55.0 g)(Cp)(23.1 ˚C – 99.8 ˚C)

q(Fe) = (– 4219 g-C ) • Cp

Heat gained by water: q(H2O) = (225 g)(4.184 J/g•K)(23.1 ˚C – 21.0 ˚C)

q(H2O) = 1977 J

q(Fe) + q(H2O) = ( – 4219 g-C  Cp ) + 1977 = 0

Cp = 0.469 J/g•K

Energy Transfer and Calorimetry
55.0 g Fe is heated to 99.8˚C.  The iron is put into 225 g water at 
21.0˚C.  The water and metal come to an equilibrium temperature 
of 23.1˚C.  Calculate the specific heat capacity of the metal.



Assume that the sp. ht. of the solution is the same as for water.
Assume that the volume is 100.0 mL and 1.0 mL has a mass of 1.0 g
Heat lost by solution (water):

q(sol’n) = - (250.0 g)(4.184 J/g•K)(15.6 ˚C – 23.0 ˚C)

q(sol’n) = 7740. J  (Note: This reaction was endothermic)

𝒎𝒐𝒍 NH4Cl 𝟐𝟓. 𝟎 𝒈 𝒙 
𝟏. 𝟎𝟎 𝒎𝒐𝒍 NH4Cl

𝟓𝟑. 𝟓 𝒈 NH4Cl
𝟎. 𝟒𝟔𝟕 𝒎𝒐𝒍 NH4Cl

𝚫𝑯𝒇  
𝟕𝟕𝟒𝟎 𝑱

𝟎. 𝟒𝟔𝟕 𝒎𝒐𝒍 𝟏𝟔𝟓𝟕𝟒
𝑱

𝒎𝒐𝒍 𝟏𝟔. 𝟔
𝒌𝑱

𝒎𝒐𝒍 

Chemical Reactions and Calorimetry
25.0 g solid NH4Cl is added to 250. mL H2O at 23.0C in a 
calorimeter.  After all the solid is dissolved, the final temperature 
is 15.6C.  Calculate ΔHf for the reaction.



Assume that the sp. ht. of the solution is the same as for water.
Assume that the volume is 100.0 mL and 1.0 mL has a mass of 1.0 g
Heat gained by solution (water):

q(sol’n) = - (100.0 g)(4.184 J/g•K)(27.5 ˚C – 20.5 ˚C)

q(sol’n) = - 2928.8 J  (Note: This reaction was exothermic)

𝒎𝒐𝒍 𝑯𝑪𝑳 𝟓𝟎 𝒎𝑳 𝒙 
𝟏. 𝟎𝟎 𝒎𝒐𝒍 𝑯𝑪𝒍

𝟏𝟎𝟎𝟎 𝒎𝑳 𝟎. 𝟎𝟓𝟎𝟎 𝒎𝒐𝒍 𝑯𝑪𝒍

𝚫𝑯𝒇  
𝟐𝟗𝟐𝟗𝑱

𝟎. 𝟎𝟓𝟎𝟎 𝒎𝒐𝒍 𝟓𝟖𝟓𝟖𝟎 𝑱 𝟓𝟖. 𝟔 𝒌𝑱

Chemical Reactions and Calorimetry
50.0 mL of 1.00 M HCl and 50.0 mL of 1.00 M NaOH are added to a 
calorimeter. Both solutions were at 20.5C.  The resulting mixture, 
after the reaction, was 27.5C. Calculate ΔHf for the reaction.



Bomb Calorimetry
Reactions can be carried 
out in a sealed “bomb,” 
such as this one, and 
measure the heat 
absorbed by the water.
Because the volume in 

the bomb calorimeter is 
constant, what is 
measured is really the 
change in internal 
energy, E, not H.

For most reactions, the 
difference is very small.





or
−qreaction = qbomb + qwater

with
qbomb = mcalccalΔT = CcalΔT

Constant Volume Calorimetry in a 
Bomb Calorimeter

Measure ΔT of the water.  Constant V: qV = ΔrE

Conservation of E:
qreaction + qbomb + qwater = 0

A constant for a calorimeter



Constant Volume Calorimetry
Octane (0.600 g) was burned in a bomb calorimeter containing 751 g of water. 
T increased from 22.15 C to 29.12 C. Calculate the heat evolved per mole of 
octane burned. Ccal = 895 JC-1.

2 C8H18(ℓ) + 25 O2(g)  → 16 CO2(g)  +  18 H2O(ℓ)

qbomb = CcalΔT = (895 JC-1 ) (29.12 – 22.15)C
= + 6238 J

qwater = m c ΔT
= 751 g (4.184 J g-1 C-1)(29.12 – 22.15)C
= +2.190 x 104 J

− qreaction = + 6238 J + 2.190 x 104 J 
= 2.81 x 104 J 
= 28.1 kJ

qreaction = −28.1 kJ

qreaction + qbomb + qwater = 0



Constant Volume Calorimetry
Octane (0.600 g)…  Calculate the heat evolved per mole of octane burned

Molar mass of C8H18 = 114.23 g/mol.
nC8H18 = (0.600 g) / (114.23 g/mol)

=  0.00525 mol C8H18

Heat evolved /mol octane = - 28.1 kJ
0.00525 mol

= - 5.35 x 103 kJ/mol

= - 5.35 MJ/mol



Bomb calorimetry can be used to 
determine the caloric content of foods



Energy in Foods
Most of the fuel in the food we eat comes from 
carbohydrates and fats.



Fuels
The vast majority of the energy consumed in this country comes 
from fossil fuels.



Energy Transfer 
with Change of State

Changes of state involve energy (at constant T)
Ice + 333 J/g (heat of fusion) f Liquid water

q = (heat of fusion)(mass)



Energy Transfer and 
Changes of State

Requires energy (heat).
This is the reason
a) you cool down after 

swimming 
b) you use water to put out a 

fire.

+ energy

Liquid   Vapor



Heating/Cooling Curve for Water
Note that T is constant 
as ice melts

Note that T is constant 
as water evaporates



Heat of fusion of ice = 333 J/g
Specific heat of water = 4.2 J/g•K
Heat of vaporization = 2260 J/g

What quantity of heat is required to melt 500. g 
of ice and heat the water to steam at 100 oC?

Heat & Changes of State

+333 J/g +2260 J/g



What quantity of energy as heat is required 
to melt 500. g of ice and heat the water to 
steam at 100 oC?

1. To melt ice
q  =  (500. g)(333 J/g)  =  1.67 x 105 J

2. To raise water from 0 oC to 100 oC
q = (500. g)(4.2 J/g•K)(100 - 0)K  =  2.1 x 105 J

3. To evaporate water at 100 oC
q  =  (500. g)(2260 J/g)  =  1.13 x 106 J

4. Total energy = 1.67 x 105 + 2.1 x 105 + 1.13 x 106 J
= 1.507 x 106 J = 1510 kJ

Heat & Changes of State



First Law of Thermodynamics
• Energy is neither created nor destroyed.
• In other words, the total energy of the universe is 

a constant; if the system loses energy, it must be 
gained by the surroundings, and vice versa.

Use Fig. 5.5



Internal Energy
The internal energy of a system is the sum of all kinetic 
and potential energies of all components of the system; it 
is given the symbol E.

By definition, the change in internal energy, E, is the 
final energy of the system minus the initial energy of the 
system:

E = Efinal − Einitial

Use Fig. 5.5



Changes in Internal Energy

• If E > 0, Efinal > Einitial
Therefore, the system 

absorbed energy from 
the surroundings.
This energy change is 

called endergonic.



Changes in Internal Energy

• If E < 0, Efinal < Einitial
Therefore, the system 

released energy to the 
surroundings.
This energy change is 

called exergonic.



Changes in Internal Energy

• When energy is 
exchanged between 
the system and the 
surroundings, it is 
exchanged as either 
heat (q) or work (w).

• That is, E = q + w.



E, q, w, and Their Signs



Exchange of Heat between 
System and Surroundings

• When heat is absorbed by the 
system from the surroundings, 
the process is endothermic.

• When heat is released by the 
system to the surroundings, the 
process is exothermic.



State Functions
• Usually we have no way of knowing the internal energy of a 

system; finding that value is too complex a problem.
• However, we do know that the internal energy of a system 

is independent of the path by which the system achieved 
that state. 

• In the system below, the water could have reached room 
temperature from either direction.



State Functions
• Therefore, internal energy is a state function.
• It depends only on the present state of the system, not 

on the path by which the system arrived at that state.
• And so, E depends only on Einitial and Efinal.



State Functions

• However, q and w are 
not state functions.

• Whether the battery is 
shorted out or is 
discharged by running 
the fan, its E is the 
same.
But q and w are different 

in the two cases.



Work

When a process 
occurs in an open 
container, commonly 
the only work done is a 
change in volume of a 
gas pushing on the 
surroundings (or being 
pushed on by the 
surroundings).

Upper plate in apparatus is not 
fixed in place. It is free to move as 
volume expands or contracts.



Work
We can measure the work done by the gas if the 
reaction is done in a vessel that has been fitted with a 
piston.

w = −PV



Enthalpy
• If a process takes place at constant pressure 

(as the majority of processes we study do) and 
the only work done is this pressure-volume 
work, we can account for heat flow during the 
process by measuring the enthalpy of the 
system.

• Enthalpy is the internal energy plus the product 
of pressure and volume:

H = E + PV



Enthalpy
• When the system changes at constant pressure, the 

change in enthalpy, H, is
H = (E + PV)

• This can be written as
H = E + PV

• Since E = q + w and w = −PV, we can substitute 
these into the enthalpy expression:

H = E + PV
H = (q+w) − w
H = q

• So, at constant pressure the change in enthalpy is
the heat gained or lost.



Endothermicity and Exothermicity

• A process is endothermic 
when H is positive.

Heat flows from the surroundings
to the system. The temperature
of the system will increase.

• A process is exothermic 
when H is negative.

Heat flows from the system to 
the surroundings. The 
temperature of the system will 
decrease.



Enthalpies of Reaction

The change in 
enthalpy, H, is the 
enthalpy of the 
products minus the 
enthalpy of the 
reactants: 

H = Hproducts − Hreactants



Enthalpies of Reaction

This quantity, H, is called the enthalpy of 
reaction, or the heat of reaction.



Some Important Types of Enthalpy Change

heat of combustion (Hcomb)

heat of formation (Hf)

heat of fusion (Hfus)

heat of vaporization (Hvap)

C4H10(l)  + 13/2 O2(g)           4 CO2(g) + 5 H2O(g)

K(s) + 1/2 Br2(l)             KBr(s)

NaCl(s)                 NaCl(l)

C6H6(l)            C6H6(g)

Each of these equations are written for 1 mol of substance.



Enthalpy diagrams for exothermic and 
endothermic processes

CH4(g) + 2O2(g)         

CO2(g) + 2H2O(g)
H2O(l)           H2O(g)



Drawing Enthalpy Diagrams and 
Determining the Sign of H

PROBLEM: In each of the following cases, determine the sign of H, state 
whether the reaction is exothermic or endothermic, and draw and 
enthalpy diagram.

SOLUTION:

PLAN: Determine whether heat is a reactant or a product.  As a reactant, the 
products are at a higher energy and the reaction is endothermic.  The 
opposite is true for an exothermic reaction

(a) H2(g) + 1/2 O2(g)              H2O(l) + 285.8kJ

(b) 40.7kJ + H2O(l)               H2O(g)

(a) The reaction is exothermic.
( Heat is a product of the reaction.)

H2(g) + 1/2O2(g) (reactants)

H2O(l) (products)

EXOTHERMIC

H2O(g)

H2O(l)

H = -285.8kJ H = +40.7kJENDOTHERMIC

(b) The reaction is endothermic.
(Heat is a reactant in the reaction.)



Important Information about 
Enthalpy

1. Enthalpy is an extensive property.
2. H for a reaction in the forward direction 

is equal in size, but opposite in sign, to 
H for the reverse reaction.

3. H for a reaction depends on the state of 
the products and the state of the 
reactants.



Hess’s Law

Hess’s law states: 
“If a reaction is carried 
out in a series of steps, 
H for the overall 
reaction will be equal to 
the sum of the enthalpy 
changes for the 
individual steps.”

H is well known for many reactions, and it is inconvenient to 
measure H for every reaction in which we are interested.

However, we can estimate H using H values that are published 
and the properties of enthalpy.



Hess’s Law

Because H is a state 
function, the total enthalpy 
change depends only on 
the initial state of the 
reactants and the final state 
of the products.

To do this, we use standard
enthalpies of formation of
the reactants and the
products.



Enthalpies of Formation
An enthalpy of formation, Hf, is defined as the 
enthalpy change for the reaction in which a 
compound is made from its constituent elements in 
their elemental forms.
The heat of formation for an element in its standard 
state is set to be 0

For example, the ΔHf for H2O(l) is -285.8 kJ/mol
The reaction for the formation of water is:

H2 (g) +  ½ O2 (g)  H2O (l)

Reacting elements in 
their elemental form

Note:  The elemental form of the common gases are H2 , O2 , N2 , Cl2 , Br2 , I2 , F2



Enthalpies of Formation

This example is for glucose, C6H12O6 (s) , the ΔHf for 
glucose is -1273 kJ/mol

The reaction for the formation of glucose is:
6 C (graphite) + 6 H2 (g) + 3 O2 (g)  C6H12O6 (s)

Note: The elemental form of carbon is graphite.



Standard Enthalpies of Formation
Standard enthalpies of formation, Hf 

 , are measured under 
standard conditions (25C and 1.00 atm pressure).

Some standard states (at 25C):
Carbon = graphite (not diamond).
Nitrogen = N2(g)
Bromine = Br2 (i) , not gas
Iodine = I2 (s) , not gas



Standard Enthalpies of Formation

Hess’s law problems often use a combustion 
reaction for a Formation Reaction

but the formation reaction for 1 mole of H2O is:
H2(g) + ½ O2(g)  →  1 H2O(ℓ)   ΔfH =  −285.83 kJ/mol

The H2 combustion reaction is:
2 H2(g) + O2(g) → 2 H2O(ℓ)      ΔrH = −571.66 kJ/mol

Formation reaction for H2O (l)

Make 1 mol of compound from its elements in their standard 
states.



ΔrH ={(nproducts)(ΔfHproducts)} – {(nreactants)(ΔfHreactants)}

Using ΔfH values from a table:

ΔrH = {ΔfH(HCN) + 3 ΔfH(H2)} − {ΔfH(NH3) – ΔfH(CH4)}
= {+134 + 3(0)} – {(-46.11) – (-74.81)} kJ/mol 
= 255 kJ/mol

Example
Calculate ΔrH for:

CH4(g) + NH3(g)   HCN(g) + 3 H2(g)

Calculation of ΔrH Using
Standard Enthalpies of Formation

H = nHf(products) - mHf(reactants)

where n and m are the stoichiometric coefficients.



Calculation of H

Imagine this as occurring in 
3 steps:

C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

C3H8 (g)  3 C(graphite) + 4 H2 (g)

3 C(graphite) + 3 O2 (g)  3 CO2 (g)

4 H2 (g) + 2 O2 (g)  4 H2O (l)

Step 1 indicated here.



Calculation of H

Imagine this as occurring in 
3 steps:

C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

C3H8 (g)  3 C(graphite) + 4 H2 (g)

3 C(graphite) + 3 O2 (g)  3 CO2 (g)

4 H2 (g) + 2 O2 (g)  4 H2O (l)

Step 2 indicated here.



Calculation of H

Imagine this as occurring in 
3 steps:

C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

C3H8 (g)  3 C(graphite) + 4 H2 (g)

3 C(graphite) + 3 O2 (g)  3 CO2 (g)

4 H2 (g) + 2 O2 (g)  4 H2O (l)

Step 3 indicated here.



Calculation of H

To get the net reaction, we 
add the 3 reactions:

C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

C3H8 (g)  3 C(graphite) + 4 H2 (g)

3 C(graphite) + 3 O2 (g)  3 CO2 (g)

4 H2 (g) + 2 O2 (g)  4 H2O (l)

This is the net reaction.

C3H8 (g) + 5 O2 (g)  3 CO2 (g) + 4 H2O (l) 



Calculation of H

To get the net reaction, we add the 3 reactions:

C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

C3H8 (g)  3 C(graphite) + 4 H2 (g)

3 C(graphite) + 3 O2 (g)  3 CO2 (g)

4 H2 (g) + 2 O2 (g)  4 H2O (l)

C3H8 (g) + 5 O2 (g)  3 CO2 (g) + 4 H2O (l) 

Cancel out substances 
from both sides of the 
equation.
Then add the remaining 
substances.



C3H8 (g) + 5 O2 (g) 3 CO2 (g) + 4 H2O (l)

Calculation of H

H =  [3(-393.5 kJ) + 4(-285.8 kJ)] - [1(-103.85 kJ) + 5(0 kJ)]
=  [(-1180.5 kJ) + (-1143.2 kJ)] - [(-103.85 kJ) + (0 kJ)]
=  (-2323.7 kJ) - (-103.85 kJ)
=  -2219.9 kJ

Use the equation:

ΔrH ={(nproducts)(ΔfHproducts)} – {(nreactants)(ΔfHreactants)}

and the ΔHf values for each of the compounds



Hess’s Law
“If the equation for a reaction is the sum of 
the equations for two or more other 
reactions, then ΔrH for the 1st reaction must 
be the sum of the ΔrH°values of the other 
reactions.”
Another version:
“ΔrH for a reaction is the same whether it takes 
place in a single step or several steps.”

H is a state function



Hess’s Law
If you multiply a reaction, multiply ΔrH by the same amount.

If you reverse a reaction, change the sign of ΔrH

2 CO2(g) → 2 CO(g) + O2(g)   ΔrH = -1(-566.0 kJ/mol)
= +566.0 kJ/mol

If you multiply the equation by 2, then:
4 CO2(g) → 4 CO(g) + 2 O2(g) ΔrH = -2(-566.0 kJ/mol)

= +1132.0 kJ/mol

For the equation:
2 CO(g) + O2(g) → 2 CO2 (g)      ΔrH = −566.0 kJ/mol
If you reverse it, then:



Hess’s Law
Use Hess’s Law to find kJ/mol for unknown reactions.

Example
It is difficult to measure ΔrH for:

2 C(graphite) + O2(g)  2 CO(g)
Some CO2 always forms.  Calculate ΔrH given:

C(graphite) + O2(g)  CO2(g)     ΔrH° = -393.5 kJ/mol
2 CO(g)  + O2(g)  2 CO2(g)    ΔrH° = -566.0 kJ/mol

No phase confusion (i.e., same phases), then drop phases when rewriting 
the equation.



+2 x A 2C   +  2O2 →  2CO2 2(-393.5) = -787.0

−1 x B 2CO2 → 2CO  + O2 -1(-566.0) = +566.0

Want: 2 C    +    O2 →  2 CO ???
Have: A C       +    O2 →    CO2 -393.5 kJ/mol

B 2CO   +   O2 →   2 CO2 -566.0 kJ/mol

2C + 2O2 + 2CO2 → 2CO2 +  2CO +  O2 -221.0

2 C + O2 →  2 CO ΔrH = -221.0 kJ/mol

Hess’s Law



Hess’s Law
Determine ΔH° for the production of coal gas:

2 C(s) + 2 H2O(g)  CH4(g) + CO2(g)

C(s)  + H2O(g)  CO(g)  + H2(g) ΔH° = 131.3 kJ/mol

CO(g)  + H2O(g)  CO2(g) + H2(g)         ΔH° = -41.2 kJ/mol

CH4(g)  + H2O(g)  CO(g) + 3 H2(g)      ΔH° = 206.1 kJ/mol

A

B

C

Using:

No phase confusion (all are gases) - drop phases



+2 x A 2 C  + 2 H2O →   2 CO  + 2 H2 +262.6 kJ

+1 x B CO  + H2O →  CO2 + H2 -41.2 kJ

-1 x C CO  + 3 H2 →  CH4 + H2O -206.1 kJ

Hess’s Law
Want: 2 C + 2 H2O  →  CH4 + CO2 ???
Have: A C       + H2O  →  CO  + H2 131.3 kJ/mol

B CO    + H2O  →  CO2 + H2 -41.2 kJ/mol
C CH4 + H2O  →  CO  + 3 H2 206.1 kJ/mol

2C + 2H2O  → CH4 +  CO2       15.3 kJ/mol

(After cancelling and adding)



Calculating ΔH using
Bond Energies

We can also calculate ΔH using 
bond energies



Average Bond Enthalpies
• This table lists the 

average bond enthalpies 
for many different types 
of bonds.

• Average bond 
enthalpies are positive, 
because bond breaking 
is an endothermic 
process.

NOTE:  These are average
bond enthalpies, not 
absolute bond enthalpies; 
the C—H bonds in 
methane, CH4, will be a bit 
different than the

C—H bond in chloroform, 
CHCl3.

Bond enthalpies are expressed in kJ/mol
Note: Average bond enthalpy values will vary slightly in tables from 
different sources. This is a result of how the bond enthalpies were 
originally measured.



Average Bond Enthalpies



Bond Enthalpy
Average bond enthalpies (kJ/mol)

I Br Cl S P Si F O N C H
H 299 366 431 347 322 323 566 467 391 416 436
C 213 285 327 272 264 301 486 336 285 356
N 193 ~200 335 272 201 160
O 201 205 ~340 173 190 146
F 255 326 490 582 158
Si 234 310 391 226 226
P 184 264 319 209
S 213 255 226
Cl 209 217 242
Br 180 193
I 151

Multiple bonds: N-N 160 N=N 418 N≡N 946
C-C 356 C=C 598 C≡C 813
C-N 285 C=N 616 C≡N 866



Enthalpies of Reaction

A method to estimate H
for a reaction is to 
compare the bond 
enthalpies of bonds 
broken to the bond 
enthalpies of the new 
bonds formed.

Hrxn = (bond enthalpies of bonds broken) 
(bond enthalpies of bonds formed)



Enthalpies of Reaction

For the reaction:
CH4(g) + Cl2(g) 

CH3Cl(g) + HCl(g)

In this example:
one C—H bond and one
Cl—Cl bond are broken;   
one C—Cl and one H—Cl  
bond are formed.



Enthalpies of Reaction

Hrxn = [D(C—H) + D(Cl—Cl)  [D(C—Cl) + D(H—Cl)

= [(413 kJ) + (242 kJ)]  [(328 kJ) + (431 kJ)]

= (655 kJ)  (759 kJ)

= 104 kJ

CH4(g) + Cl2(g)  CH3Cl(g) + HCl(g)

These are the bonds broken. These are the bonds formed.



Enthalpies of Reaction
This is a Born-Haber Diagram for the reaction of 
hydrogen and chlorine to form HCl:

2 H2 (g) +  Cl2 (g) →  2 HCl (g)



Enthalpies in Ionic Compound Formation

K(g) K+(g)

F(g) F-(g)

K(s) + ½ F2(g) KF(s)ΔfH°

+

ΔH2 = ½ Bond E

ΔH1 = ΔsubH

ΔH3 = IE

ΔH4 = EA

ΔH5 =
Lattice E

ΔfH° = ΔH1 + ΔH2 + ΔH3 + ΔH4 + ΔH5
(H is a state function)

This is a Born-Haber cycle for the formation of KF



Elattice =   ΔHf – ΔH1 – ΔH2 – ΔH3 – ΔH4

= -567.3 – (+89) – (+79) – (+419) – (-328)

= -826 kJ/mol

Ionic Compound Formation

Compound  Ion Charges r+ +  r- Lattice E (kJ/mol)   Melting Pt. (C)

NaCl +1   -1 102 + 181 = 283 pm -786 800
BaO +2   -2 135 + 140 = 275 pm -3054 1920
MgO +2   -2 66 + 140 = 206 pm -3791 2800

Effect of Ion Size & Charge on Lattice E & Melting Point

ΔH5 K(s) → K(g) F2 → 2F K →K+ F → F-

This calculation is solving for the lattice energy of KF



N2H4 (g)  +    O2 (g) →       N2 (g) +    2H2O (g)

Enthalpies of Reaction
Use bond enthalpies to estimate ΔH for:

ΔH =(bonds broken) – (bonds formed)
= [4(N-H) + (O=O) + (N-N)] – [4(O-H) + (N≡N)]
≈ [4(391)  + 498 + 160] – [4(467) – 946]
≈ -592 kJ/mol

Using ΔfH: ΔH = 2ΔfH (H2O) – ΔfH(N2H4) = 2(-241.8)-(95.4) = -579.0 kJ/mol

H H
N-N

H H
O=O N≡N

H
O

H

.. .. .. ..
.. .. .. ..

exact value



Bond Enthalpies

Endothermic reactions (ΔH > 0)
• E is absorbed.
• New bonds are less stable than the old, or
• Fewer bonds are formed than broken

Overall, heat may be absorbed or released:
Exothermic reactions (ΔH < 0)
• E is released.
• New bonds are more stable than the old, 

or
• More bonds are formed than broken.

reactants
products
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