
CHAPTER 5  

5.1.  The Gay-Lussac-Joule Experiment 

 



Therefore, the internal energy of an ideal gas is a function of its temperature only. 

 That is, the internal energy, U, is the same, regardless of the pressure or the volume.  This 

agrees with kinetic theory, where U is the sum of the kinetic and potential energies of all the atoms or 

molecules comprising the system.  In an ideal gas, there are no particle interactions and therefore no 

potential energy stored in the gas. 

 In a free expansion, P decreases but T remains the same.  P decreases because there are fewer 

atomic collisions with an imaginary or real surface in the gas per second. 

 In an isothermal compression, work is done on the gas and therefore heat must be removed at 

the same rate for T to remains the same.  P increases because there are more atomic collisions per 

second with a surface, real or imaginary, not because the atoms are moving faster.   We derive later 

that P =  ὲάὺ, where n is the number density. 

  Hence, for an ideal gas ὧ   ,  rather than a partial derivative, and du = cvdT, or  

ό  ό  ᷿ ὧὨὝ. 

Here, u = uo at To and is unknown.  Thermodynamics does not predict a value for absolute zero.  If we 

assume cv is constant, then  

ό ό  ὧ Ὕ  Ὕ                                  (5-1.5) 

 

In the above diagram, u is the area under the curve.  The diagram below shows the energy surface for 

an ideal gas in uTv-space, with the assumption that cv is constant.  The partial derivatives of u are the 

slopes of the tangent lines to the curve at a point uvT on the curve. The fact that cv is constant means 

that the curve connecting the points b, a, and c is a straight line lying in the planar energy surface. 

At the point ñaò, (µu/µT)v is the slope of this line or cv.  That is cv = tan a = du/dT.  Also (µu/µv)T at 

the ñaò is the slope of the connecting the points d, a and e, which is zero at all points along this line.   

 

 



 

 

This is because this line is parallel to the v-axis (though it does not appear so in the diagram).  Hence, 

u does not vary with v when T is held constant. 

5-2. The Difference of Specific Heats for an Ideal Gas 

  From equation (4-6) we have: 

For an ideal gas, (µu/µT)v = 0.0, so 
 

cP ς Cv = P(dv/dt)P 



 
Now  cP ï cv = R,   so    ρ ὙȾὧ.  Let g ¹  , then g -ρ ὙȾὧ.  We can now write the above 

adiabatic equations as 

Ὕὺ ὥȟύὬὩὶὩ ὥ Ὥί ίέάὩ ὧέὲίὸὥὲὸ                             (5.3-2) 

 We can find 2 other adiabatic equations involving two other independent variables.  For 

example Pv
x
 = constant.  What is x?  Start with (5.3-2 and substitute T=Pv/R: 

(Pv/R)ὺ ὥ.  Multiply both sides by R and combine the powers of v: 

ὖὺ ὦ                                                            (5.3-3) 

If we had started with ὝὺȾ ὥȟ  we would had to have worked a little harder.  

 

 

 



 



Example Problem 

 

 

 

 

 

 

 

 (a)  The gas on the right undergoes an adiabatic compression.  So: 

 

But g = 1.5 and 1/g = 2/3.  Then Vf = (8/27)
2/3

 Vo = 4/9 Vo.   

From the first law, ȹU = Q ïW.  Since work is done on the gas, W is negative and we may write ȹU = Q + W.  

Since the process is adiabatic, Q = 0.  Therefore, ȹU = W.  But ȹU = ncv(Tf ïTo) = W for an ideal gas.  Now 

find Tf from the ideal gas law. 

Tf = PfVf/nR.  Substitute here the value Pf = (27/8)Po and the value for Vf  found above and we get 

Tf = (27/8)Po(4/9)Vo/nR .  But from the ideal gas law, we also have that PoVo/nR = To.  

 Hence, Tf = (3/2)To.     Therefore, ȹU = ncv(Tf ïTo) = ncv(3/2To ïTo). 

 ȹU = W = ncvTo/2.  But remember, this work is negative. 



 



5.4  

 
 

 

 

 

 



5.5   

 



 
 
 
 
 
 
 
 
 



 
 
 
 
 



 
 
 
 
 
 



 
 
 
 
 



 
 

5.6  The Need for a Second Law 
 

 Some processes do not happen in reverse even though there is no 

violation of the First Law.  The following are some examples of processes 

that do not happen in reverse. 

 

1.  Two blocks of different temperature are brought into contact.  

Experiment shows that heat does not flow from the block of lower 

temperature to the block at higher temperature.  Heat only flows from 

higher to lower temperature. 

 

2. If friction is applied to a rotating wheel, it eventually stops and the 

kinetic energy of the wheel is converted into heat.  If we heat a wheel, 

it will not start rotating. 

 

3. If a gas undergoes a free expansion, it will not undergo a free 

compression.  Work must be done to compress the gas. 

 

 There must be some other law which dictates the direction of all 

processes.  What do these processes have in common to indicate this law.   

 

 It cannot be the internal energy, U, because energy is always conserved,  

even if it is converted to heat.  Something different is needed, something 

about the system that is different at the end of the process than at the 

beginning and is a function of the state of the system.  This was invented or 

devised by R. J. Clausius (1822 ï 1888) and called entropy.  Entropy is 

designated by the letter S and can be intensive as well as extensive. 

 

 In terms of entropy, the 2
nd

 Law is:  In every process taking place in an 

isolated system, the entropy either increases or remains constant. 

 

 Or, processes in which the entropy of an isolated system decreases do 

not occur. 

 

 

 

 



 In a reversible process, the entropies of the two reservoirs are opposite.  

Therefore, ȹS = 0.0 for the universe.  What is the universe here? 

 

 If the entropy of a system is at a maximum when a system is in a 

particular state, no further change in the system can occur.  This is a 

necessary condition for equilibrium to occur. 

 

 All systems spontaneous undergo a process that maximizes the entropy; 

then equilibrium is established. 

 

 From kinetic theory (matter is made of particles that are constant 

motion) we find that S is a state of randomness, namely, the equilibrium of 

the molecular velocity distribution. 

 

 There are other ways of stating the 2
nd

  law; we shall develop the 

mathematical foundation of these other ways. 

 

5.7 The Mathematical Development of the 2
nd

 Law 

 
 We start by considering any arbitrary reversible and cyclical process in 

the P-v plane, as shown in the diagram below: 

 
This process can be closely approximated as closely as desired by 

performing a large number of adjacent, small, carnot cycles, all of which are 

traversed in the same sense.  This is shown as the loops in the above 

diagram.  The results of all the adiabatic processes cancel and what remains 



are the isothermal processes.  We can make this zigzag curve converge to 

the smooth curve by increasing the number of cycles, N. 

 

 

 In the limit, as N goes to infinity, Q goes to d'Q and the summation 

becomes an integral.  Hence, we have 

 

Ὠᴂὗ

Ὕ
πȟ 

where the subscript r reminds us that this is for a reversible process that is 

entirely arbitrary.  The circle on the integral sign means over all cycles. 

 



 
S is called the entropy of the system.  In MKS or SI system, the units of S 

are Joules per Kelvin (J/K).  Entropy can be extensive or intensive as usual.    

 

At this point, only differences in entropy, ȹS or ȹs, can be computed and 

not a specific value for S or s. 

 



5.8  Characteristics of the Entropy Function 

 
1. S is defined for equilibrium states only. 

2. Only changes in entropy can be calculated. 

3. Entropy is function of state variables only and is independent of the 

past history of the system.  That is S = S(p, v, T) 

4. Changes in entropy can only be computed for reversible processes. 

5. Change in entropy for an irreversible process from one equilibrium 

state to another may be computed by several methods.  One method 

is to devise a reversible process between the same two equilibrium 

states.  That is  

                            ȹS = S2(P2, V2, T2) ï S1(P1, V1, T1) 

 

5.9  Calculation of Changes in Entropy 

 

A. Reversible Adiabatic Processes: 

       d'Q = 0, therefore ȹS = 0.  This is an isentropic process. 

 

B.  Reversible isothermal process. 

  ȹT = 0.  Hence T constant and 

  

ȹS = ᷿  Ὠ᷿ὗ                            (5.9-1) 

 

An example of a reversible isothermal process is the change in 

phase of a system and constant pressure.  The heat absorbed by 

a system per mole (or unit mass) equals the heat of 

transformation,  l .   Hence: 

ῳὛ   ᷿Ὠὗ                              (5.9-2) 

C. When T is not constant, T must be expressed as a function of    

  T or Q as a function of T to carry out the integration in (5.9-2). 

 

For example, consider an isochoric process, then ȹv = 0 and  

dôq = cvdTv.  Therefore, 

 



ί  ί  ᷿ ὧ                               (5.9-3) 

To carry out the integration we must know the specific heat as 

a function of temperature. 

 

For an isobaric process, ȹP = 0,  and dôq = cPdTP.  Then, 

 

ί  ί  ᷿ ὧ                                   (5.9-4) 

 

If a process is not reversible, we devise a process were we use 

a large number of reservoirs to slowly change the temperature of 

the system from T1 to T2, so that each stage is a reversible and 

isothermal process.   

The change in entropy of a system depends on only on the end 

points and not on how the system go there. 

 

 

5.10.  Change in Entropy in an Irreversible Process 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 



 
 

 



5.11  Other Statements of the 2
nd

 Law   

  

 

 

 



 
5.12 

 
 

5.13 T-S Diagrams 

 
 The state of a system can be specified by S and 

one other TD variable such as T.  Then every point in 

the T-S plane is a state of the system and any curve in 

the plane is a reversible process. 

 

 For a Carnot cycle, the curve is a rectangle. 

 

 

Ὕ ὨὛ  Ὠᴂὗ  ὗ

ὌὩὥὸ Ὢὰέύ Ὥὲὸέ ίώίὸὩά  
 

The area under the isotherm c to d is the heat flow out of the system.  So the net heat flow into the 

system is the difference between the two areas.  The latter is shown as the area Qr within the 

rectangle. 

 

 

                       

 

 

 


