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Chapter 2 & 3: The First Law of  Thermodynamics

CHM3400 Resources

1

•The study of  energy in chemical reactions
•It is a sub-discipline of  Thermodynamics (study of  the movement of  heat)
•It is the study of  the bulk properties of  matter and deduces a few general laws
–It does not require any knowledge or assumptions of  molecules

Thermochemistry
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System – The part of  the universe we chose to study
Surroundings – The rest of  the universe (normally we only worry about the immediate surroundings)
Process – A physical occurrence (usually involving energy flow)
Open System – A system where energy and matter can be exchanged with the surroundings
Closed System – A system where energy (but not matter) can be exchanged with the surroundings

Thermochemistry Definitions
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Systems and Energy
•All systems contain energy
– In thermodynamics we are interested in the flow of  energy, particularly in the forms of  heat and work

•The system has energy (often described as the ability to do work).  It does not have heat or energy
*Note: Heat and work only occur when there is a process.  They only exist when something happens.

Thermochemistry Definitions
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Heat
•Energy that is transferred between a system and its surroundings as a result of  temperature differences
•Heat transfer can change the temperature of  somethings, but does not always do (only) that.
•Heat transfer can cause a phase change (eg – melt or vaporize material).

Thermochemistry Definitions
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• In the case of  a material that does not change phase, the increase in temperature (DT) due to the input of  a given amount of  heat ‘q’ is given by:
ݍ ൌ ܿ∆ܶ

•The heat capacity (c) is a constant that depends on the system, so, it’s not useful.  It has units J/K
• It is better to be able to define the heat capacity in terms of  a specific material or compound.  This is defined by:

ݍ ൌ ,ܶ∆ܥ݊ ݍ ݎ݋ ൌ ݉ܿ∆ܶ
With no phase change: qsystem + qsurroundings = 0

Heat
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•Often when a chemical reaction occurs work is done.
•Since work and heat are both forms of  energy, we must consider both!
W > 0 when work is done ON the system.
W < 0 when work is done BY the system.  
Pressure-Volume Work
•This is the most common type of  work
•Remember your physics equations: ܹ ൌ ׬ റܨ ·  റݎ݀

  , where F = PA
Therefore: W = -PAd, or 

W = -PDV
*It takes energy to move against a force.

Work
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•Piston is compressing a given amount of  gas.  It exerts a constant force, such that the pressure is 1.1 atm.  If  the initial volume of  the gas in the cylinder was 1.0 L and is compressed it to 0.5 L, how much work was done to compress the gas?
W = -PDV

W = -P(Vf – Vi)W = -1.1 atm (0.5 L – 1.0 L)
W = -1.1 atm (-0.5 L)

W = +0.55 L.atm
Work was done on the system

Pressure-Volume Work Example: Gas Compression
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•Excess hydrochloric acid is added to an open beaker containing 1 mole of  zinc, which produces H2. (P = 1 atm, T = 300 K)
A) Provide a balanced chemical reaction.

2HCl + Zn(s) ZnCl2 + H2B)   How much work is done from this process?
W = -PDV

W = -P(Vf – Vi)W = -P(nfRTf/P – niRTi/P)
W = -RT(nf – ni)W = -RT(1.0 mole – 0 mole)

W = -2.48 kJ

Pressure-Volume Work Example 2: Gas expansion through production
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Remember:PV = nRT, or… V = nRT/P

Or… W = -RTDn

•Imagine that the pressure in a cylinder is the same as the external pressure.  If  the external pressure increases just a bit, the piston will move to compress the gas.  The opposite is also true.  When this happens without a temperature change, it is an example of  a reversible isothermal process.
•Remember that ܹ ൌ ׬ റܨ ·  റݎ݀

  , where F = PA
•This can be re-written as ܹ ൌ ׬ െܸܲ݀ 

  , where P = nRT/V
ܹ ൌ න െ௡ோ்௏ ܸ݀

 

 
ܹ ൌ െܴ݊ ଵ௏ܸ݀

 

 ܹ ൌ െܴ݊ܶ ln ௏೑௏೔

Pressure-Volume Work Example 3: Reversible Isothermal Expansion
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This represents the MOST work that can be achieved from a process.
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The total energy of  an isolated system is constant.  Energy can be transformed from one form to another, but cannot be created or destroyed.
The is described by the following equation:

DU - internal energy of  the closed system
Q - the heat supplied to the system
W - the work done on the system

The First Law of  Thermodynamics
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∆ܷ ൌ ܳ ൅ ܹ
When heat flows between the system and the surroundings, we define:

q > 0 when heat is transferred/supplied TO the system
q < 0 when heat is withdrawn/removed from the system

If  there are no phase changes, conservation of  energy requires that:
qsys + qsurr = 0

1st Law and Sign Convention
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• Imagine a perfect gas that undergoes isothermal expansion (T is constant)
–Since T is constant, the Kinetic energy of  the gas molecules must also be constant (E ∝ܴܶ)
–Therefore, the total energy of  the gas must also be constant.  This means: 

DU = 0
As a result, q = -w

• If  the container is of  fixed volume, no work can be performed.  Therefore:
DU = q

•This is the basis for the use of a bomb calorimeter.
ݍ ൌ ܷ∆ ௏∆ܶ, orܥ ൌ ܶ∆௏ܥ

௏ܥ ൌ ∆௎∆்Since C is dependent upon multiple variables, we can say:
௏ܥ ൌ డ௎డ் 13

Implications of  the First Law

Slope of  the variation of  the Internal Energy with Temperature

14

Implications of  the First Law
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ܪ ൌ ܷ ൅ ܸܲ
•This is true for any system (not just a perfect gas).
•Like U, P, and V, enthalpy (H) is a state function.
–This means that we don’t care about the path taken, only the origin and destination.

•Changes in enthalpy therefore can be expressed as:
ܪ∆ ൌ ∆ܷ ൅ ∆ሺܸܲሻ

•If  constant Pressure:            ∆ܪ ൌ ∆ܷ ൅ ܲ∆ܸ
•Remember though that:       ∆ܷ ൌ ݍ െ ܲ∆ܸ
•Therefore:                                 ∆ࡴ ൌ ࢗ
•This is not unexpected, but means that we can express enthalpy as a transfer of  heat between the system and surroundings 15

Enthalpy

For constant Pressure:
ࡴ∆ ൌ ࢗ

•If ܪ∆  ൐ 0 heat is transferred from the surroundings to the system (endothermic).
•If ܪ∆  ൏ 0 heat is transferred from the system to the surroundings (exothermic).

16

Enthalpy
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௉ܥ ൌ ∆ಹ
∆೅, or ܥ௉ ൌ ങಹ

ങ೅ ು
Estimation:   ܥ௉ ൌ ܽ ൅ ܾܶ ൅ ೎

೅మ
Remember: ܪ∆ ൌ ∆ܷ ൅ ∆ሺܸܲሻ
This means that enthalpy will always be greater than the internal energy.
Recall also that for a perfect gas PV=nRT
Therefore, for one mole:             ∆ܪ ൌ ∆ܷ ൅ ∆ ܴܶ

∆ு∆் ൌ ∆௎∆் ൅ ܴ
Rearranged, this becomes:              ܥ௉ െ ௏ܥ ൌ ܴ
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Temperature Dependence of  the Enthalpy

•Phase: A state of  Matter (Solid, Liquid, Gas)
•The standard state of  a substance is the pure substance at 1 bar (100 kPa)
•We use a superscript ‘ o ’ to denote standard state
•A phase transition is when the state of  matter of  a 
substance changes

ଶܱܪ ݏ → ଶܱܪ ݈ ௢ܪ∆ = 6.01 kJ/mol
•The reverse reaction will therefore have the opposite enthalpy change
ଶܱܪ      ݈ → ଶܱܪ ݏ ௢ܪ∆ = -6.01 kJ/mol

18

Physical Change
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H2O(s) H2O(l) H2O(g)DHfus DHvap+6 kJ/mol +44 kJ/mol

19

Phase Transitions (Sublimation)

VaporizationFusion

Sublimation
DHsub+50 kJ/mol

•Remember, enthalpy is a state function.  The path is irrelevant!  
•The path may be helpful though as we may not be able to directly measure the enthalpy as a single step.

Mg(s)Mg2+(g)

20

Combining Enthalpy Changes

Mg(s)

En
tha

lpy
 (kJ

/mo
l)

Mg(g)

Mg+(g) + e-

Mg2+(g) + 2e-

+148
+738

+1451 +2337 Mg(s) Mg2+(g)

Mg(s)Mg(g)Mg(g)Mg+(g) + e-
Mg+(g) + e-Mg2+(g) + 2e-
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Some definitions:
Bond dissociation – The process of  breaking a chemical bond
HCl H + Cl DHo = 431 kJ/mol
This is known as the bond enthalpy
•Breaking chemical bonds requires energy
•Making chemical bonds releases energy
Na + Cl  NaCl DHo = -411 kJ/mol

21

The Enthalpy of  Chemical Changes

•Not all bonds are created equal, and, every O-H bond for example is different, depending upon the rest of  the molecule.
H2O H + OH, DHo = 499 kJ/mol, this involves breaking one O-H bond

OH H + O,    DHo = 428 kJ/mol, this involves breaking one O-H bond
•We often average the bond enthalpies from a variety of  molecules to determine the mean bond enthalpy.
•In this case, we would conclude that the O-H mean bond enthalpy is:
•(499+428)/2 kJ/mol, or 463 kJ/mol
•This is useful when examining a new reaction where data may not be available. 22

More about Bond Enthalpies
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•Enthalpy is a state function that does not depend upon the process
that transforms A  B (for example).
Hess stated:

The standard enthalpy of  a reaction is the sum of  the standard 
enthalpies of  the reactions into which the overall reaction may be divided.

DHrxn = SHrxnsFor ABCD
DHA->D = DHA->B + DHB->C + DHC->D

This is not new to us, though this is a new way of  thinking about it.
23

Hess’s Law

•We often express Hess’s Law in the following way:
௥௫௡ܪ∆ ൌ ෍ ௠ܪߥ

 

products
െ ෍ ௠ܪߥ

 

reactants
What is the DT if  the initial temperature was 30 °C, and the final temperature is 65 °C?
DT = Tf-TiDT = 65 – 30 °C
DT = 35 °C
What is the DT if  the initial temperature was 300 K, and the final temperature is 335 K?
DT = Tf-TiDT = 335 – 300 K
DT = 35 K 24

Hess’s Law

*This example shows that what we arbitrarily set as zero does not matter, provided it doesn’t change!

30 °C 65 °C0 °C

300 K 335 K0 K
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Since what we select as ‘zero’ doesn’t matter, (remember, we’re only interested in the difference), we can express Hess’s Law as:
௥௫௡ܪ∆ ൌ ෍ ௠௢ܪߥ

 

products
െ ෍ ௠௢ܪߥ

 

reactants
Or

௥௫௡ܪ∆ ൌ ෍ ௙௢ܪߥ
 

products
െ ෍ ௙௢ܪߥ

 

reactants

25

Hess’s Law

Products

En
tha

lpy
 (kJ

/mo
l)

Reactants

Elements

௥௫௡ܪ∆

௥௘௔௖௧௔௡௧௦ܪ∆ ௣௥௢ௗ௨௖௧௦ܪ∆

Determine DHo for the conversion of  graphite into diamond using the enthalpies of  the combustion of  each below.
C(graphite) C(diamond)

C(graphite) + O2 CO2 DHo = -393.5 kJ/mol
CO2 C(diamond) + O2 DHo = +395.14 kJ/mol

C(graphite) C(diamond) DHo = +1.64 kJ/mol

26

Hess’s Law – Worked Example

C(graphite) + O2 CO2 DH = -393.5 kJ/molC(diamond) + O2 CO2 DH = -395.14 kJ/mol
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Determine the Enthalpy of  the following reaction:CH4(g) + 2 O2(g) CO2(g) + 2 H2O(l)
Approach 1: Mean bond enthalpies
Bonds Broken:2O2 4 O DH = 994 kJ (2 mol × 497 kJ/mol)CH4 C + 4 H DH = 1740 kJ (4 ×435 kJ/mol)Bonds Formed:C + 2O  CO2 DH = -1486 kJ (2×-743 kJ/mol)4H + 2O  2H2O DH = -1968 kJ (4 × -492 kJ/mol)
DHr = 994 +1740-1486-1968 kJ/molDHr = -720 kJ/mol

27

First Law – Worked Example 

Determine the Enthalpy of  the following reaction:
CH4(g) + 2 O2(g) CO2(g) + 2 H2O(l)

Approach 2: DHfCH4(g) + 2 O2(g) CO2(g) + 2 H2O(l)DHf -74.8 0 -393.5 -285.8
DHr = SpDHf – SrDHfDHr = [(2×-285.8 kJ/mol) + (-393.5 kJ/mol)] – [-74.8 kJ/mol + 0]
DHr = -890.3 kJ/mol

28

First Law – Worked Example 
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Recall that: ܥ௉ ൌ ∆ಹ
∆೅, or ܥ௉ ൌ ೏ಹ

೏೅In terms of  enthalpy however, it is expressed as:
ܪ ൌ ௉ܶܥ

Differentiating both sides yields:
ܪ݀ ൌ ௉݀ܶܥ

With a temperature difference this becomes:
ܪ∆ మ்ൌ ܪ∆ భ் ൅ න ௉݀ܶమ்ܥ∆

భ்

29

Variation of  Reaction Enthalpy with Temperature
Recall also that we expressed Cpas a function of Temperature.

௉ܥ ൌ ܽ ൅ ܾܶ ൅ ௖்మ

This is DCp since we areexamining the difference in Cpbetween the products andreactants.

What is the enthalpy of  the following gas-phase reaction at 80 °C:
H2 + ½O2 H2OSolution:

ܪ∆ మ்ൌ ܪ∆ భ் ൅ න ௉݀ܶమ்ܥ∆

భ்∆଼ܪ଴஼ൌ ଶହ஼ܪ∆ ൅ ܶ∆௉ܥ∆
DH80C = -241.82 kJ mol-1 + (-9.945×10-3 kJ mol-1 K-1)(80 C – 25 C)

DH80C = -241.82 kJ mol-1 – 0.547 kJ mol-1
DH80C = -242.37 kJ mol-1

30

Worked Example of  The Variation of  Reaction Enthalpy with Temperature

௉ൌܥ∆ ෍ ݌ܥݒ െ
 

௣௥௢ௗ௨௖௧௦
෍ ݌ܥݒ

 

௥௘௔௖௧௔௡௧௦∆ܥ௉ൌ[33.58]– [28.84 + 0.5 × 29.37] J K-1 mol-1
௉ൌ-9.945 J K-1ܥ∆ mol-1


