
CHAPTER 10: 
THERMOCHEMISTRY

• Definition of heat
• Calorimetry and relationship between heat 

and temperature changes
• Enthalpy
• Hess’s Law
• Bond enthalpies
• First Law of Thermodynamics
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The Zeroth Law

• “Zeroth Law” of Thermodynamics: Different objects at 
different temperatures which are in contact will 
eventually reach the same temperature

• Thermal insulators like styrofoam cups try to slow down 
this process

• Pan cools down & water heats up because the pan 
transfers energy in the form of heat to the water
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Exothermic and Endothermic  
Reactions

• Exothermic reactions 
(example, right) give 
off heat. 

• Endothermic 
reactions require 
heat. 

• How exactly do we 
define heat?
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Heat
• Heat is a randomized form of energy which is 

transferred between materials, accompanied by 
a temperature change.  Denoted by q.

• (Recall kinetic theory of gases gave us a 
connection between temperature and kinetic 
energy of gas molecules.)

• How much heat is transferred for a given 
temperature change ∆T = Tf – Ti ?  Depends on 
the heat capacity of a substance
heat capacity = Cp = q / ∆T  (in J/K)
for constant pressure and assuming Cp is 
constant with respect to T.
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Related quantitites

• Molar heat capacity: cp = Cp / n (in J K-1 mol-1).  
Heat capacity per mole.

• Specific heat capacity: cs = Cp / m (J K-1 kg-1 or J 
K-1 g-1).  Heat capacity per unit mass (kg for SI 
units, but frequently given per g)

• A high heat capacity means it takes a lot of heat 
to change the temperature of a substance; a low 
heat capacity means a little heat will change the 
temperature a lot.
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Typical Summer in San Francisco
• Solar radiation hits the 

whole region equally, but 
inland area gets hotter.  
Why?

• Heat capacity of water to 
the west is much higher 
than that of rock/land to 
the east

• cs(H2O) = 4.18 J K-1 g-1, 
cs(SiO2) = 0.74 J K-1 g-1 .

• SiO2 quartz in granite, 
sandstone

• .
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Equilibration temperatures

• A 4kg iron skillet at 100oC is immersed in 5L of H2O at 
25oC.  If we wait until the skillet and water reach the 
same temperature T2, what is T2?  The specific heat 
capacities are cs(Fe(s)) = 0.449 J K-1 g-1, cs(H2O(l)) = 
4.18 J K-1 g-1.
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Example, cont’d
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Calorimeters
• Device to measure heat 

absorbed or given off by a 
chemical process

• Thermometer records ∆T
• Insulated container to minimize 

heat flow to/from outside
• In example to right, measure 

heat given off by dissolving a 
solute in H2O by recording ∆T of 
water and knowing Cp of water.  
In practice, calorimeter also 
absorbs some heat; can use 
“calorimeter constant” C, q=C∆T
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Enthalpy
• Enthalpy is a quantity 

which is a thermodynamic 
property of a system.  At 
constant pressure, heat 
absorbed by a system is 
equal to the change in 
enthalpy,
qp = ∆H

• Enthalpy is a “state 
function” that does not 
depend on path; similar to 
altitude, for example.

Mountain climbers taking paths 1 or 
2 still experience same change 
in altitude, ∆h.  Likewise, can 
reach a given enthalpy Hf via 
several different chemical 
processes
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Enthalpy of Reaction
• For constant pressure, the heat absorbed is the change 

in enthalpy for the reaction
∆H > 0   endothermic (heat absorbed)
∆H < 0   exothermic   (heat given off)

• N2H4(l) + 2Cl2(g) → 4HCl(g) + N2(g)
∆H = -420 kJ 

• How much does the enthalpy change when 25.4g of 
hydrazine (N2H4) reacts with excess chlorine?
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Thermodynamics of 
Phase Changes

• A change of phase (e.g., solid to liquid) typically either 
consumes or gives off heat

solid → liquid   endothermic
liquid → solid   exothermic

at const P, heat absorbed is “enthalpy of fusion,” ∆Hfusion
Reverse process is ∆Hfreezing

∆Hfreezing = -∆Hfusion
• Liquid vs gas

liquid → gas    endothermic
gas → liquid    exothermic
∆Hcondensation = -∆Hvaporization

• Enthalpies of fusion ~ 1-30 kJ/mol (6.007 kJ/mol for H2O)
• Enthalpies of vaporization ~1-200 kJ/mol (40.7 kJ/mol for 

H2O)
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Hess’s Law
• Suppose we wish to know the enthalpy of reaction for

(1)  Cs(s) + O2(g) → CsO2(s)  ∆H1 = ?
• Suppose also this reaction is much easier to perform 

with liquid cesium… how could we get ∆H1 ?
• Recall H is a state function … we can take any path. 

(2)         Cs(s) → Cs(l)                   ∆H2
(3)         Cs(l) + O2(g) → CsO2(s)  ∆H3
-------------------------------------------------------------
(2)+(3)  Cs(s) + O2(g) → CsO2(s)  ∆H2 + ∆H3

But (2)+(3) is just (1)!  So ∆H1 = ∆H2 + ∆H3.  Can 
measure ∆H for reactions (2) and (3) if that’s easier than 
measuring it for reaction (1).
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Hess’s Law, cont’d
• Two ways to get from A 

to B --- straight there, or 
via a detour through C.  
∆H is the same either 
way!

• Hess’s Law: ∆H is the 
same whether a reaction 
occurs “directly” or as 
several steps.  When we 
add/subtract equations, 
we add/subtract their ∆H 
values.
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Standard-state Enthalpies
In physics and chemistry, we need to define the “zero” of 

energy.  For enthalpy, the zero is defined for the 
“standard state” of an element.

• For solids and liquids, the standard state is at 1atm and 
a given temperature

• For gases, the standard state is at a pressure of 1atm, 
the specified temp, and assuming ideal-gas behavior

• For solvated species, the standard state is 1 molar, 1 
atm, specified T, and ideal solution

• Ho = 0 for each element (in its most stable form) at 
298.15 K.  Superscript o means standard state.
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Standard enthalpies of compounds

• Now we can define a zero level for 
standard states of elements.  What about 
compounds?

• The standard molar enthalpy of formation, 
denoted ∆Ho

f, is the enthalpy change for 
the reaction producing 1 mol of the 
substance in a standard state from the 
most stable forms of its constituent atoms, 
also in their standard states.
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Standard molar enthalpies of 
formation, example

C (graphite) + O2(g) → CO2(g)
∆Ho

f(CO2(g)) = Ho(CO2(g))-Ho(graphite)
- Ho(O2(g))
= Ho(CO2(g)) - 0 – 0

Measure enthalpy change for this reaction, 
get -393.5 kJ per mol of CO2(g).

Therefore, ∆Ho
f(CO2(g)) = -393.5 kJ/mol.  

[And Ho(CO2(g)) = ∆Ho
f(CO2(g)) ]
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Standard molar enthalpies of 
formation, cont’d

• So typically we work enthalpy problems in 
terms of ∆Ho

f, which defines our “enthalpy 
scale”.

a A + b B → c C + d D
∆Ho = c ∆Ho

f ( C) + d∆Ho
f(D) 

– a ∆Ho
f(A) – b ∆Ho

f(B)
• Note: ∆Ho

f (H2) = 0 because H2 is already 
the most stable form of elemental 
hydrogen; same for Cl2(g), etc.
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Heats of formation example
2 CaSO4(s) + C(graphite) →

2 CaO(s) + 2SO2(g) + CO2(g)
204.2g of CaSO4(s) reacts with excess graphite at 

25oC and 1atm and absorbs 456 kJ of heat.  
What’s ∆Ho

f  for CaSO4(s)? 
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Bond Enthalpies
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• Bond enthalpy: 
The change in 
enthalpy 
associated with 
breaking a 
chemical bond 
(always > 0)

• Example:
CH4(g) →
CH3(g) + H(g) 
∆Ho = 438 kJ/mol



Bond enthalpy example
Example: estimate the standard enthalpy change for the 

gas-phase reaction
CH4(g) + H2O(l) → CH3OH(g) + H2(g)
using bond enthalpies.

break one C-H bond:   413 kJ/mol
break one O-H bond:   463 kJ/mol
form one H-H bond:   -436 kJ/mol
form one C-O bond:   -351 kJ/mol

-----------------
+89 kJ/mol

Actual answer: +116 kJ/mol.  Using bond enthalpies is only 
an approximation.
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Work in Thermodynamics
• Relates the change in 

internal energy, ∆E, to the 
heat flow q and the work 
w done on the system.

• w = F d = (kg m / s2) m = 
kg m2 s-2 or N m or J 
(Joule).  Units of energy. 

• Other kinds of work: 
accelerating a mass 
(without friction), 
w=∆(0.5mv2); lifting a 
weight, w=mg∆h.

• In chemistry, an important 
type of work is pressure-
volume work

Recall from physics w = F d.  
Pushing a box along the floor 
requires work because of the 
frictional force.  More work 
done for larger distance d.
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Pressure-Volume Work
• Heating a gas cylinder makes 

the volume increase at 
constant pressure (Pext)

• The gas pushes the cylinder 
up by some amount ∆h = h2-h1.  
The gas is pushing against the 
external pressure Pext, so the 
gas is doing work

• Convention in chemistry: w>0 
means work done on the 
system; w<0 means system 
does work

• w = -Fd, and P=F/A, so 
w = -A Pext ∆h, or w = -Pext ∆V.

• Increase in volume means w<0 
or system does work 
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First Law of Thermodynamics
• ∆E = q + w

∆E is change in internal energy
q is heat (flows into system if q>0)
w is work (done on system if w>0)

• Energy is conserved, so any energy gained by the 
system must be taken from the universe (∆Esys = -∆Esurr)

• Is this internal energy E the same as the enthalpy?  NO!  
But it’s related.  H = E + PV.

• Therefore ∆H = ∆E + ∆(PV), and from the first law, this 
becomes ∆H = q + w + ∆(PV).  

• For PV-type work, and at constant pressure, w = -Pext ∆V 
and ∆(PV) = Pext ∆V, so ∆H = qp - Pext ∆V + Pext ∆V = qp.

• We already had ∆H = qp at constant pressure.  
Consistent!
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