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Thermodynamics  

Thermodynamic is the field of chemistry that study equilibrium processes. This is important since all systems are 

in or close to equilibrium. Liquid water is in equilibrium with water vapor or at lower temperatures with ice. All 

water in the atmosphere comes from evaporation of liquid water. In clouds gas phase water condense to small 

(cloud)droplets which may rain down. 

 

 

Figure 1: The numbers refer to the amount of water. 

 

prof. Kari Laasonen, Department of Chemistry and Materials Science  

The course will follow mostly the Engel book Physical Chemistry 4th edition (Part 1, Thermodynamics), which is 

available in the Pearson web page.  

See instructions how to login to the book from the MyCourse course front pages 

The course will cover chapters 1-9 and 18 (Elementary Chemical Kinetics)  

This materials are in the MyCourse page.  

 There will also be exercises in the course.   

 



 

 

Every chemical process is close to equilibrium and the equilibrium of the process will depend on the 

environment, like temperature and pressure.  In real life (like in atmosphere) the temperature and pressure 

change continuously. In fact, the very complex problem is the conditions of the environment. In addition, 

thermodynamics will not tell how long the equilibration will take  

 

liquid-gas co-existence  

 

low temperature  (darker means higher density) high temperature  

 

 

 

Phase diagrams help to understand how material is distributed. It is a map of possible phases some material 

can have.  Different phases have different (mechanical) properties. Example:  FeC phase diagram.  

 

 



 

 

 

 

 

We can derive the ideal gas law from very simple concepts of molecular collisions.  

When a molecule with velocity v and with x-component with vx collide to the container wall it will 

give a momentum, p, of  2mvx to the wall. This will also create a force to the wall. F=ma 

 

 

𝑎 =  
𝑑𝑣

𝑑𝑡
= 2𝑣𝑥/Δ𝑡  for each collision so F = 2mvx /Δt but how many collisions there are in a second. 

This depends on the density of the system. The molecules from 𝛥𝑥 = 𝑣𝑥𝛥𝑡 from the wall can collide 

Thermodynamics applies to all systems, and it will also set limits to many chemical processes, 

which cannot be broken how smart processes or catalyst we use. Usually, we are not at the 

thermodynamical limits since friction and other imperfect processes limit the system.   

The thermodynamics will determine the efficiency of all the energy processes. It explains why the 

gasoline engine have maximum efficiency of ca. 35 % but electrical engines have efficiency close 

to 100 %. 

Thermodynamics can be applied to continuous material (like water, ethanol, iron-carbon system) 

or to group of molecules of the same material.  This is convenient since all material consist of 

molecules and we can choose the most convenient point of view. In this course we mostly focus 

to the continuous material. 

Ideal gas from molecular perspective     Engel & Reid chapter 1.2 



to the wall within 𝛥𝑡 if the velocity is towards the wall. The area of the surface is A and the number 

of molecules in the 𝐴𝛥𝑥 volume is 𝐴𝛥𝑥𝜌, where 𝜌𝑁 = 𝑁/𝑉 is the gas number density (not the mass 

density or density). The molecules vx velocity can be either towards or away from the surface so only 

half of the molecules will collide so  

𝑁𝑐𝑜𝑙𝑙 =
1

2
𝜌𝑁  𝐴 𝑣𝑥𝛥𝑡  

and the force is  

 𝐹 = 2𝑚𝑣𝑥𝑁𝑐𝑜𝑙𝑙 /Δ𝑡 = 𝑚 𝜌𝑁  𝐴 𝑣𝑥
2 

and the pressure  (note that 𝐸𝑘𝑖𝑛 =
𝑚𝑣2

2
  and  𝑣2 = 𝑣𝑥

2 + 𝑣𝑦
2 + 𝑣𝑧

2  

𝑃 =
𝐹

𝐴
= 𝜌𝑁𝑚𝑣𝑥

2 = 𝜌𝑁2/3 ∗ 𝐸𝑘𝑖𝑛 

The molecules kinetic energy is related to temperature. We do not proof it here but 𝐸𝑘𝑖𝑛 = 3𝑘𝑏𝑇/2 

where kb is the Boltzmann constant.  So  

here the R is ideal gas constant. The temperature here is in Kelvins. This equation does not depend 

on the type of gas used.  The ideal gas equation can be used to estimate the absolute zero 

temperature.  Here the pressure of dilute gas is measured in fixed volume on different 

temperatures.  

 

 

 

𝑃 = 𝜌𝑁 𝑘𝑏𝑇 =
𝑁𝑘𝑏𝑇

𝑉
=  

𝑛𝑁𝐴𝑘𝑏𝑇

𝑉
=

𝑛𝑅𝑇

𝑉
 



 

The key concept in thermodynamics is that systems need to be in 

equilibrium with respect of some variable like pressure P, 

temperature T, volume V and particle number N (or 

concentration). Some of them (P,T,V,N) or total energy E 

can/should be constant.  

Two different systems can be in thermal equilibrium if they can 

change energy, case (c). If the systems have insulating walls, they 

can be in contact but the temperature is different, case (b). The 

case (b) is called adiabatic. Here we assume that the containers 

have the same volume and number of gas molecules. The meter 

can indicate the pressure or temperature of the system.   

 

Zeroth law of thermodynamics:  

If two systems are separately in thermal equilibrium with 

a third system, they also are in equilibrium.   

  

 

 

 

 

All thermodynamical variables are either intensive – they do not depend on the system size – or 

extensive – they depend on the system size. Pressure P and temperature T are intensive whereas 

volume V and particle number N are extensive.  If a thermodynamical equation, have extensive 

variable on the left side also on the right side need to be an extensive variable.  

𝑃 = 𝜌𝑁 𝑘𝑏𝑇 =
𝑘𝑏𝑁𝑇

𝑉
=

𝑛𝑅𝑇

𝑉
,    𝑃𝑉 = 𝑘𝑏𝑁𝑇 = 𝑛𝑅𝑇 

 

Partial pressures  

Almost always the systems contain several different gases or molecules, so does the ideal gas 

pressure depend on the different molecules? Answer: No. The total pressure is the sum of the 

pressure of each molecule type.  

Some definitions of Thermodynamics      Engel & Reid chapter 1.3 

 

Intensive and extensive variables   Engel & Reid chapter 1.4 

 



𝑃 =   ∑ 𝑃𝑖

𝑖

 ;   𝑃𝑖 = 𝑛𝑖𝑅𝑇 

here the Pi  are the partial pressures of each gas and ni are the molecular density of each type of gas. 

One can also define the mole fraction as  xi = ni/n.  

 

Examine the Problem 1.2  

What are the final pressure and partial pressures when the separating walls have been removed? 

The temperature is fixed to 298.15 K. 

 

There is a quiz of this.   

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

The ideal gas is an idealization since all molecules will interact and 

they have some size. This can be seen in several experiments. E.g. 

in the estimation of the absolute zero temperature. At finite 

pressures the estimation differs from one gas to another. Note 

these are very weakly interacting gases with low boiling points.  

 

One can sketch a qualitative molecule-molecule interaction curve. 

When the molecules are far away (rtransition) they do not interact and 

this the case in dilute gases. When they get closer there is an 

attractive part up to distance r(V=0) and then the  interaction 

become repulsive.  This interaction model is schematic and the 

details differ from molecule to molecule.  

Question: which is more ideal gas – water vapor or Argon. Why? 

There is a quiz of this.    

The molecular interactions will modify the ideal gas law and there 

are several different real gas laws. One of the often used is the van 

der Waals equation 

𝑃 =
𝑛𝑅𝑇

𝑉 − 𝑛𝑏
−

𝑛2𝑎

𝑉2
 

where a and b are gas dependent parameters. There are quite many 

of them listed in Table 7.4.  The parameter b is related to molecules 

volume and it will increase the pressure. The a is related to the 

attractive interaction. The second term is negative and thus it 

reduce the pressure. The parameters a and b are empirical.  

 

Examine the Problem 1.4 

For N2 the vdW parameters are a = 1.37 bar dm6 mol-2 and b = 0.0387 dm3 mol-1 . Compute the 

pressure at 300 K, for 1 mol of gas and V = 250 L and 0.1 L. Note that in the book example the molar 

volume Vm is given. This is the volume 1 mol of gas will take. The final results are the same.  

Answer: at V= 250 L,  ideal gas: P= 9.98*10-2 bar, vdW: P = 9.98*10-2 bar  (almost no difference) 

                at V = 0.1 L,  ideal gas: P= 249 bar, vdW: P = 270 bar  (high pressure and rather big 

difference, vdW predict higher pressure)  

 

Paradox:  If the molecules are infinitely small and they do not interact (ideal gas) the system cannot 

be in equilibrium.  Put 0.5 mol of molecules with temperature of 1 K and 0.5 mol of molecules with 

Real gases        Engel & Reid chapter 1.5 

 



temp. of 599 K in an ideal box (of 24.79 L). The pressure is 1 atm and average temperature is 300 K 

but the hot molecules remain hot and cold molecules cold.   

 

 

Energy is a fundamental quantity in many chemical systems. In thermodynamics, there are several 

energies. We start with the Internal Energy U.  U contain all possible energy forms of the molecules. 

These include the  

• kinetic energy 

• molecular interactions 

• possible bond energy 

• rotation and vibration energy 

The distribution of energies in U can vary but in a closed system U cannot change.  Also in 

equilibrium each degree of freedom will have the same amount of energy.   

This is the first law of thermodynamics  

In isolated system, the internal energy U is constant   

The internal energy can be divided to Usystem and Uenvironment .  For an isolated system ΔUsystem = -

ΔUenvironment . We are mostly interested of the system and subindex is usually leaved out.  

Internal Energy and First Law of thermodynamic         Engel & Reid 

chapter 2.1 

 



If some work w is introduced to a system, it will heat q. The 

internal energy is a sum of these 

Δ𝑈 = 𝑞 + 𝑤 

If we compress an isolated container with weight M with distance 

x the work is 

                           𝑤 = ∫ 𝐹. 𝑑𝑥
𝑥2 

𝑥1
= 𝑀𝑔𝑥  

for isolated system Δ𝑈 = 0 so the heat is w=-q 

We can also compute the work when the system volume change 

in constant pressure (Pext) 

𝑤 = −𝑃𝑒𝑥𝑡 ∫ 𝑑𝑉

𝑉2

𝑉1

 

A more complex example with electrochemical water splitting 

reaction.  This is more complex since the current will produce 

gases, H2 and O2 but all the work put into the system will go to 

heat. Note that the piston with mass will increase.   

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

The heat is rather mysterious object  

• The heat only appears during the change of state 

• The net effect of heat is to change the internal energy of 

the system.  

• The heat flow from hot to cool. If the system is heating the 

q is positive and vice versa.   

 

Warning the paragraph 2.3. is difficult and I did not find it very 

helpful. Read it carefully.  

 

Examine the Problem 2.2 

You heat 100 g of water in an isolated system at 1 bar pressure 

with a coil with 2 A current and 12 V for 1000 s. Then 10 % of the 

water has evaporated. The temperature is 100 oC and the 

densities of water and gas is 997 and 0.590 kg/m3. 

The work done by the coil is q = IUt = 24.0 kJ the expansion work is -1.70 kJ.  

Where has the extra energy gone?  

There is a quiz of this.    

 

 

 

 

 

 

 

 

 

 

Heat         Engel & Reid chapter 2.3 

 



 

The heat capacity is the ability of the system to store heat (or energy). When energy is added to the 

system its temperature increases   

𝐶 = lim
𝑇→0

𝑞

𝑇𝑓 − 𝑇𝑖
=

𝑑𝑞

𝑑𝑇
 

The heat capacity depends on the systems. For example, water 

have high heat capacity whereas gases have very low one. The 

C also depends on the experimental conditions. If the pressure 

P or volume V is kept constant where have two different heat 

capacities, CV  and CP. Often the molar C is used, so the C is 

divided by the amount of material, it symbol is  Cm (and also 

CP,m  and CV,m). Some values of  CP,m   are given in Appendix A 

Tables 2.3 and 2.4.  

On the left, there are heat capacities of some gases at different 

temperatures. Note that the values change quite a lot (except 

for He). Read the explanation form the textbook.  

The heat capacity depends on the degrees of freedom (dof) of 

the molecules. He has only translation dof and each atom have 

(kinetic) energy of 3kbT/2 then the molar heat capacity of He is 

3R/2 = 12.741 J/(K mol). CO molecule can also rotate 

but at low temperatures the vibrations are not active 

so CO have  CV,m = 5R/2 = 20.785 J/(K mol) 

The heat capacity can be measured of any system. 

Below is the CP,m for Cl2. The higher CP,m for solid and 

liquid is due to molecular interactions. Note: the 

sharp changes in the phase transitions.  

The CP,m and CV,m  are related. In dilute gases  CP,m = 

CV,m  + R 

 

 

 

 

 

 

Heat Capacity        Engel & Reid chapter 2.5 

 



 

 

So called state functions are very useful in thermodynamics. They depend only on the initial and 

final values of the system not how we get there. Importantly the internal energy U is a state 

functions.  

Δ𝑈 = ∫ 𝑑𝑈

𝑓

𝑖

= 𝑈𝑓 − 𝑈𝑖 

That is simple but the work, w, and heat, q, are not state functions. They depend how the system 

has been changed.    

Let’s look the example in chapter 2.6. We start with container that has gas at pressure P1, volume V1 

and temperature T1. When this is compressed to P2 ,V2  and T2  the work done is  

𝑤 = − ∫ 𝑃𝑒𝑥𝑡𝑑𝑉 = 𝑃𝑒𝑥𝑡  Δ𝑉

𝑉𝑓

𝑉𝑖

 

by varying the mass on top of the piston we can modify the Pext  so the work depend on the mass or 

the procedure we choose. Work (and heat) are not state functions, they are called path functions. If 

we know w in the process we can compute the heat as  

𝑞 = Δ𝑈 − 𝑤 = Δ𝑈 + 𝑃𝑒𝑥𝑡 Δ𝑉 

 

 

 

State and Path Functions               Engel & Reid chapter 2.6 

 

Reversible and Irreversible process     Engel & Reid chapter 2.8 



 

This is an important example of the 

thermodynamical processes. We look a constant 

temperature compression cycle. The container is 

assumed to be part of large temperature reservoir 

and it’s temperature is always constant.  

Let us look fist the irreversible cycle. We start at 

T1, P1, and V1, then the pressure is rapidly reduced 

to P2, and then the volume will expand to V2. (The 

temperature is constant, T1 = T2 = T).  (Note that 

the left and right figures are conflicting.)  

Then at P2, V2 the pressure is rapidly changed to P1, 

and the volume will compress back to V1.  

The work done in expansion is −𝑃2Δ𝑉 =

−𝑃2(𝑉2  − 𝑉1) and in the compression −𝑃1Δ𝑉 =

−𝑃1(𝑉1  − 𝑉2) and the total work is 

𝑤𝑡𝑜𝑡 = 𝑤𝑒𝑥𝑝 + 𝑤𝑐𝑜𝑚𝑝 = −(𝑃2 − 𝑃1)(𝑉2  − 𝑉1) > 0 

because the process is cyclic (the initial and final states are same) Δ𝑈 = 0    and the 

total heat is qtot = −wtot.   

In the reversible process the pressure change is 

slow and P=Pext . For ideal gas we can compute 

the expansion work  

𝑤𝑒𝑥𝑝 = − ∫ 𝑃𝑒𝑥𝑡  𝑑𝑉 =

𝑉2

𝑉1

− 𝑛𝑅𝑇 ∫
 𝑑𝑉

𝑉
= −𝑛𝑅𝑇 ln

𝑉2

𝑉1

𝑉2

𝑉1

  

and similarly for the compression work  

𝑤𝑐𝑜𝑚𝑝 = −𝑛𝑅𝑇 ln
𝑉1

𝑉2
 

Now the wcomp = −wexp and wtot =0.  Also qtot =  0 

The example problem 2.4. illustrates the differences of the reversible and irreversible processes.  

 

 

 



 

Often in chemical systems (reactions) the change in energy is important. How can we measure the 

energy. If the process is at constant volume the work = 0,  𝑤 = − ∫ 𝑃𝑒𝑥𝑡  𝑑𝑉 = 0 and then the  

 Δ𝑈 = 𝑞𝑣 

The q can be measured from the heat flow of the system. The problem is that usually it is difficult to 

keep the system in constant volume. The pressures may become high. The more natural control 

variable is pressure. (Like in normal lab conditions.)  

Now the change in internal energy at constant pressure is    

 Δ𝑈 = ∫ 𝑑𝑈
𝑓

𝑖

= 𝑈𝑓 − 𝑈𝑖 = ∫ 𝑑𝑞𝑃 − 𝑃 ∫ 𝑑𝑉
𝑓

𝑖

𝑓

𝑖

= 𝑞𝑃 − 𝑃(𝑉𝑓 − 𝑉𝑖) 

we can rearrange them a bit  

𝑈𝑓 + 𝑃𝑉𝑓 − (𝑈𝑖 + 𝑃𝑉𝑖) = 𝑞𝑃 

now we can define a new “energy” the enthalpy 

.  

 

The enthalpy is the relevant “energy” in the constant pressure case and that is usually reported in 

chemical reactions. When we define a reaction endo- or exothermic we refer to the enthalpy.  

Enthalpy is a state function. 

 

 

 

For ideal gas the internal energy and enthalpy can easily be formulated with the heat capacity:  

In constant volume system:   

Δ𝑈 = 𝑞𝑣 = 𝐶𝑉(𝑇𝑓 − 𝑇𝑖) 

For ideal gas this holds also for non-constant volume systems.  

In constant pressure systems.  

Δ𝐻 = 𝑞𝑃 = 𝐶𝑃(𝑇𝑓 − 𝑇𝑖) 

For ideal gas the two heat capacities have simple relation  

𝐶𝑃 − 𝐶𝑉 = 𝑛𝑅 

Enthalpy       Engel & Reid chapter 2.9 

 

H = U + PV 

Internal energy, Enthalpy and Heat capacity        Engel & Reid 

chapter 2.10  

 



Go through example 2.7.  

 

Compute q, w, Δ𝑈 and Δ𝐻  of the different segments of the cycle. There is 2.5 mol of ideal gas which 

have CV,m = 20.79 J/(mol K). The ideal gas law holds on the curved path, T = T1 =T3.  R = 0.081314 L 

bar/(K mol) 

what are the total q, w, Δ𝑈 and Δ𝐻  over the cycle.  

Path 1 -> 2: P = const,    

Δ𝑈 = 𝑞𝑣 = 𝐶𝑉(𝑇2 − 𝑇1) =  𝑛𝐶𝑉.𝑚(𝑇2 − 𝑇1) = 2.5 𝑚𝑜𝑙 20.79
𝐽

(𝑚𝑜𝑙 𝐾) 
 (2000 − 80)𝐾 = 99.79 kJ 

𝑇1 =
𝑃1𝑉1

𝑛𝑅
=  

16.6 𝑏𝑎𝑟  1 𝐿

2.5 𝑚𝑜𝑙 0.081314 L
bar

K mol

=  80 K,     𝑇2 =
𝑃2𝑉2

𝑛𝑅
=  

16.6 𝑏𝑎𝑟  25 𝐿

2.5 𝑚𝑜𝑙 0.081314 L
bar

K mol

=  2000 K  

work done  𝑤 = −𝑃(𝑉2 − 𝑉1) = −16.6 𝑏𝑎𝑟 ∗ (25 − 1)𝐿 = 16.6 ∗ 24 ∗ 105𝑁𝑚−2 ∗ 10−3𝑚3 =

−39.8 𝑘𝐽.    (note 1 bar = 105𝑁𝑚−2 and L = 10−3𝑚3)  

heat: 𝑞 = Δ𝑈 − 𝑤 = (99.79 + 39.9)kJ = 139.4 kJ.  

enthalpy  Δ𝐻 = Δ𝑈 + Δ(𝑃𝑉) =  Δ𝑈 + 𝑃ΔV =  (99.79 +  39.9)kJ =  139.4 kJ = 𝑞 

Path 2 -> 3, V const,  T3 =T1 

Δ𝑈 = 𝐶𝑉(𝑇3 − 𝑇2) =  -99.79 kJ,   𝑤 = −𝑃(𝑉3 − 𝑉2) = 0, Δ𝐻 = Δ𝑈 + 𝑉Δ𝑃 =  Δ𝑈 + 𝑛𝑅Δ𝑇 =

 (−99.79 −  39.9)kJ =  −139.4 kJ  

Path 3 -> 1, T const  

Δ𝑈 = 𝐶𝑉(𝑇1 − 𝑇3) = 0, 𝑤 = −∫ 𝑃(𝑉)𝑑𝑉 = −𝑛𝑅∫
𝑑𝑉

𝑉
=  −𝑛𝑅 ln (

𝑉1

𝑉3
) = 5.35 𝑘𝐽, Δ𝐻 = Δ𝑈 +

𝑛𝑅Δ𝑇 = 0, because Δ𝑈 = 0  -> q = -w.  

Total cycle  

 Δ𝑈 = 0  and Δ𝐻 = 0,   w = -34.5 kJ,  q = -w     

This is a long one but important to go through.  The table at the end of the example summarize the 

results   

There is a quiz of this.    

 



 

In atmospheric conditions, the reversible adiabatic q=0 processes are important. The air masses 

moves quite slowly and  𝑃 = 𝑃𝑒𝑥𝑡𝑒𝑟𝑛𝑎𝑙 =
𝑛𝑅𝑇

𝑉
.   

The change of internal energy  ∆U = w or on difference form 𝐶𝑉𝑑𝑇 = −𝑃𝑒𝑥𝑡𝑑𝑉 =
𝑛𝑅𝑇

𝑉
𝑑𝑉 =>

 
𝐶𝑉𝑑𝑇

𝑇
= 𝑛𝑅

𝑑𝑉

𝑉
  and this can be integrated  

−𝑛𝑅 ∫
𝑑𝑉

𝑉

𝑉𝑓

𝑉𝑖

=  ∫ 𝐶𝑉

𝑑𝑇

𝑇

𝑇𝑓

𝑇𝑖

 

if  CV is close to constant  

−𝑛𝑅 ln
𝑉𝑓

𝑉𝑖
 = 𝐶𝑉 ln

𝑇𝑓

𝑇𝑖
    =>   (𝐶𝑉 − 𝐶𝑃) ln

𝑉𝑓

𝑉𝑖
 = 𝐶𝑉 ln

𝑇𝑓

𝑇𝑖
   =>   (1 −

𝐶𝑃

𝐶𝑉
) ln

𝑉𝑓

𝑉𝑖
 = ln

𝑇𝑓

𝑇𝑖
 

we have used the relation  CP - CV = nR  (which is valid for ideal gas). We can define 𝛾 = 𝐶𝑃/𝐶𝑉  

𝑇𝑓

𝑇𝑖
= (

𝑉𝑓

𝑉𝑖
)

1−𝛾

,     
𝑇𝑓

𝑇𝑖
=

𝑃𝑓𝑉𝑓

𝑃𝑖𝑉𝑖
=  (

𝑉𝑓

𝑉𝑖
)

1−𝛾

=>    𝑃𝑖𝑉𝑖
𝛾

=  𝑃𝑓𝑉𝑓
𝛾

 

The equation provides convenient tool to estimate the P-V-T 

behavior in the adiabatic process.  

 

Go through example 2.9 

The initial temperature of the air at 2000 m is 288 K and 

pressure is 0.802 atm. It will rise adiabatically to 3500 m and 

pressure 0.602 atm. The 𝐶𝑃,𝑚 of air is 28.86 J/(K mol) and 

𝐶𝑉,𝑚 =  𝐶𝑃,𝑚 − 𝑅. What is the temperature at 3500 m.  

Answer: 265 K (below freezing)   

 

 

 

 

Reversible adiabatic expansion of ideal gas        Engel & Reid 

chapter 2.11 

 


