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Outline

1. Principles of heat flow
2. Measurement of heat flow;  calorimetry
3. Enthalpy
4. Thermochemical equations
5. Enthalpies of formation
6. Bond enthalpy
7. The first law of thermodynamics

Heat – Some Things to Think About

• What is heat?
• How do we measure heat?
• What connection is there between heat and matter at

the molecular level?

Heat

• Heat will flow from a hotter object to a colder object
• Mix boiling water with ice
• Temperature of the ice rises after it melts
• Temperature of the water falls

Principles of Heat Flow

• Definitions
• The system:  that part of the universe on which

attention is focused
• The surroundings:  the rest of the universe
• Practically speaking, it is possible to consider only the

surroundings that directly contact the system

Figure 6.1 – Systems and Surroundings
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Chemical Reactions

• When we study a chemical reaction, we consider the
system to be the reactants and products

• The surroundings are the vessel (beaker, test tube,
flask) in which the reaction takes place plus the air or
other material in thermal contact with the reaction
system

State Properties

• The state of a system is specified by enumerating:
• Composition
• Temperature
• Pressure

• State properties depend only on the state of the
system, not on the path the system took to reach the
state

• Mathematically for a state property X:
• ΔX is the change in X
• ΔX = Xfinal – Xinitial

Direction and Sign of Heat Flow

• Heat is given the symbol, q
• q is positive when heat flows into the system from

the surroundings
• q is negative when heat flows from the system into

the surroundings
• Endothermic processes have positive q
• H2O (s)  H2O (ℓ) q > 0

• Exothermic processes have negative q
• CH4 (g) + 2O2 (g)  CO2 (g) + H2O (ℓ)  q < 0

Exothermic and Endothermic Processes

Magnitude of Heat Flow

• In any process, we are interested in both the
direction of heat flow and in its magnitude
• q is expressed in joules (or kilojoules)
• James Joule (1818-1889);  calorimetry
• Alternate unit:  calorie
• 1 calorie = 4.184 J
• 1 kilocalorie = 4.184 kJ
• Nutritional calories are kcal

The Calorimetry Equation

• q = C x Δt
• Δt = tfinal – tinitial

• C (uppercase) is the heat capacity of the system:
it is the quantity of heat needed to raise the
temperature of the system by 1 °C

• q = m x c x Δt
• c (lowercase) is the specific heat:  the quantity of

heat needed to raise the temperature of one gram
of a substance by 1°C

• c depends on the identity and phase of the
substance
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Specific Heat

• The specific heat of a substance, like the density or
melting point, is an intensive property that can be
used to identify a substance or determine its purity

• Water
• Water has an unusually large specific heat
• A large quantity of heat is required to raise the

temperature of water
• Climate is moderated by the specific heat of water
• Only two states in the US have never recorded

temperatures over 100°F – one is Alaska (cold North)
and the other is Hawaii (moderated by water)

Table 8.1

Example 8.1 Measurement of Heat Flow:  Calorimetry

• A calorimeter is a device used to measure the heat
flow of a reaction
• The walls of the calorimeter are insulated to block

heat flow between the reaction and the
surroundings

• The heat flow for the system is equal in magnitude
and opposite in sign from the heat flow of the
calorimeter
• qreaction = - qcalorimeter

• qreaction = - Ccal Δt

Figure 8.2 Coffee-cup Calorimeter

• For a reaction performed in a coffee-cup calorimeter

t
Cg

Jmq waterreaction 
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Example 8.2 Example 8.2, (Cont’d)

Figure 8.3 Bomb Calorimeter

• The bomb calorimeter is more versatile than the
coffee-cup calorimeter
• Reactions involving high temperature
• Reactions involving gases

• The bomb is a heavy metal vessel that is usually
surrounded  by water

• qreaction = -qcalorimeter

• qreaction = -CcalΔt
• Ccal is a function of the calorimeter and can be

measured experimentally

Example 8.3 Enthalpy

• The heat flow at constant pressure is equal to the
difference in enthalpy (heat content) between
products and reactants

• The symbol for enthalpy is H
• We measure changes in enthalpy using a

calorimeter and a reaction run at constant pressure:
• ΔH = Hproducts – Hreactants

• The sign of the enthalpy change is the same as for
heat flow:
• ΔH > 0 for endothermic reactions
• ΔH < 0 for exothermic reactions
• Enthalpy is a state variable
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Exothermic Reactions Figure 8.4 – Enthalpy of Reaction

Thermochemical Equations
• A thermochemical equation is a chemical equation with the

ΔH for the reaction included
• Example
• NH4NO3 (s)  NH4

+ (aq) + NO3
- (aq)

• Experiment gives qreaction = 351 J for one gram of ammonium
nitrate

• For one mole, this is

• The thermochemical equation is
• NH4NO3 (s)  NH4

+ (aq) + NO3
- (aq) ΔH = +28.1 kJ

kJJX
mol

g
g
J 1.281081.2

1
05.80

00.1
351 4 

Figure 8.5 – An Endothermic Reaction

Conventions for Thermochemical Equations

1.  The sign of ΔH indicates whether the reaction is
endothermic or exothermic

2.  The coefficients of the thermochemical equation
represent the number of moles of reactant and
product

3.  The phases of all reactant and product species
must be stated

4. The value of ΔH applies when products and reactants
are at the same temperature, usually 25°C

Rules of Thermochemistry

1.  The magnitude of ΔH is directly proportional to the
amount of reactant or product

2. ΔH for the reaction is equal in magnitude but
opposite in sign for ΔH for the reverse of the
reaction

3.  The value of ΔH is the same whether the reaction
occurs in one step or as a series of steps
This rule is a direct consequence of the fact that

ΔH is a state variable
This rule is a statement of Hess’s Law
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Example 8.4 Example 8.4, (Cont’d)

Enthalpy of Phase Changes

• Phase changes involve enthalpy
• There is no change in temperature during a phase change
• Endothermic:  melting or vaporization
• Exothermic:  freezing or condensation

• Pure substances have a value of ΔH that corresponds to
melting (reverse, fusion) or vaporization (reverse,
condensation)

Example 8.5

Example 8.6 Example 8.6, (Cont’d)
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Recap of the Rules of Thermochemistry

• ΔH is directly proportional to the amount of reactant
or product
• If a reaction is divided by 2, so is ΔH
• If a reaction is multiplied by 6, so is ΔH

• ΔH changes sign when the reaction is reversed
• ΔH has the same value regardless of the number of

steps

Enthalpies of Formation

• The standard molar enthalpy of formation,      , is equal to the
enthalpy change
• For one mole of a compound
• At constant pressure of 1 atm
• At a fixed temperature of 25 °C
• From elements in their stable states at that temperature

and pressure
• Enthalpies of formation are tabulated in Table 8.3 and in

Appendix 1 in the back of the textbook


fH

Table 8.3 Table 8.3, (Cont’d)

Table 8.3, (Cont’d) Enthalpies of Formation of Elements and of H+ (aq)

• The enthalpy of formation of an element in its standard state
at 25°C is zero

• The enthalpy of formation of H+ (aq) is also zero

0)()( 22  lOHHlBrH ff
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Calculation of ΔH°

• The symbol Σ refers to “the sum of”
• Elements in their standard states may be omitted, as

their enthalpies of formation are zero
• The coefficients of reactants and products in the

balanced equation must be accounted for

reactantsHproductsHH ff   

Example 8.7

Example 8.7, (Cont’d) Example 8.8

Example 8.8, (Cont’d) Bond Enthalpy

• Chemical bonds store energy
• The bond enthalpy is defined as ΔH when one mole of

chemical bonds is broken in the gaseous state
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Figure 8.9 Notes on Bond Enthalpy

• The bond enthalpy is always a positive quantity
• Energy is required to break a chemical bond

• When a chemical bond forms, the sign of the
enthalpy change is negative

• For endothermic reactions
• The bonds are stronger in the reactants than in

the products, and/or
• There are more bonds in the reactants than in

the products

Figure 8.9 Table 8.4

Bond Enthalpies and Multiple Bonds

• As the order of a bond increases from single to
double to triple, the bond enthalpy also increases
• C-C single, 347 kJ/mol
• C-C double, 612 kJ/mol
• C-C triple, 820 kJ/mol

• Whenever a bond involves two different atoms, the
enthalpy is an approximation, because it must be
averaged over two different species
• H-O-H (g)  H (g) + OH (g) ΔH = +499 J
• H-O (g)  H (g) + O (g) ΔH = +428 kJ

Bond Enthalpy vs. Enthalpy of Formation

• When ΔH is calculated, we can use enthalpies of
formation or bond enthalpies
• Using enthalpy of formation, results are accurate

to 0.1 kJ
• Using bond enthalpies, results can produce an

error of 10 kJ or more
• Use enthalpies of formation to calculate ΔH

wherever possible
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The First Law of Thermodynamics

• Thermodynamics
• Deals with all kinds of energy effects in all kinds of

processes
• Two types of energy
• Heat (q)
• Work (w)

• The Law of Conservation of Energy
• ΔEsystem = - ΔEsurroundings

• The First Law
• ΔE = q + w
• The total change in energy is equal to the sum of the

heat and work transferred between the system and
the surroundings

Conventions

• q and w are positive
• When the heat or work enters the system from the

surroundings
• q and w are negative
• When the heat or work leaves the system for the

surroundings

Figure 8.10 Example 8.9

Heat

• Ordinarily, when a chemical reaction is carried out in
the laboratory, energy is evolved as heat
• CH4 (g) + 2O2 (g)  CO2 (g) + H2O (ℓ) ΔE = -885

kJ
• The combustion of methane in a Bunsen burner

produces nearly 885 kJ of heat per mol
• The decrease in volume that takes place is a 1%

work effect

Work

• In an internal combustion engine, a significant
fraction of the energy of combustion is converted to
useful work
• The expansion of the combustion gases produces

a volume and a pressure change
• The system does work on its surroundings
• Propels the car forward
• Overcomes friction
• Charges battery

• Like ΔH, ΔE is a state variable
• q and w are not state variables
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Figure 8.11 – Pressure-Volume Work ΔH and ΔE

• Constant pressure
• Coffee-cup calorimeter
• ΔH = qp

• Constant volume
• In a bomb calorimeter, there is no pressure-

volume work done
• ΔE = qv

ΔH and ΔE, (Cont’d)

• H = E + PV
• ΔH = ΔE + PΔV
• The PV product is important only where gases are

involved;  it is negligible when only liquids or
solids are involved

• ΔH = ΔE + ΔngRT
• Δng is the change in the number of moles of gas

as the reaction proceeds

Example 8.10

Key Concepts

1.  Relate heat flow to specific heat, m and Δt
2.  Calculate q for a reaction from calorimetric data.
3.  Apply the rules of thermochemistry
4.  Apply Hess’s law to calculate ΔH
5.  Relate ΔH°to the enthalpies of formation
6.  Relate ΔE, q and w
7.  Relate ΔH and ΔE


