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Introduction
•We start this chapter with the introduction of the concept of a pure substance and a 
discussion of the physics of phase-change processes. 

•We then illustrate the various property diagrams and P-v-T surfaces of pure 
substances. 

•After demonstrating the use of the property tables, the hypothetical substance ideal 
gas and the ideal-gas equation of state are discussed. 

•The compressibility factor, which accounts for the deviation of real gases from 
ideal-gas behavior, is introduced, and some of the best-known equations of state 
such as the van der Waals, Beattie-Bridgeman, and Benedict-Webb-Rubin equations 
are presented.
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Objectives 
The objectives of Chapter 3 are to:

• Introduce the concept of a pure substance.

• Discuss the physics of phase-change processes.

• Illustrate the P-v, T-v, and P-T property diagrams and P-v-T surfaces of pure 
substances.

• Demonstrate the procedures for determining thermodynamic properties of pure 
substances from tables of property data.

• Describe the hypothetical substance “ideal gas” and the ideal-gas equation of 
state

• Apply the ideal-gas equation of state in the solution of typical problems.

• Introduce the compressibility factor, which accounts for the deviation of real 
gases from ideal-gas behavior.

• Present some of the best-known equations of state.
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Simple System
A simple system is one in which the effects of motion, viscosity, fluid shear, 
capillarity, anisotropic stress, and external force fields are absent.

Homogeneous Substance
A substance that has uniform thermodynamic properties throughout is said to be 
homogeneous.

Pure Substance
A pure substance has a homogeneous and invariable chemical composition and 
may exist in more than one phase. 

Examples: 
 1.  Water (solid, liquid, and vapor phases) 
 2.  Mixture of liquid water and water vapor 
 3.  Carbon dioxide, CO2
 4.  Nitrogen, N2  
 5. Mixtures of gases, such as air, as long as there is no change of phase.
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Liquid air is air that has been cooled 
to extremely low temperatures 
(below -194°C or -317°F) to reach a 
liquid state.

Liquid nitrogen is widely used in 
food preservation and medical 
applications.

Liquid oxygen is used in rocket 
propulsion and welding
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PHASES OF A PURE SUBSTANCE

• We all know from experience that substances exist in different phases. 

• At room temperature and pressure, copper is a solid, mercury is a liquid, 
and nitrogen is a gas. 

• Under different conditions, each may appear in a different phase. 

• Even though there are three principal phases—solid, liquid, and gas—a 
substance may have several phases within a principal phase, each with 
a different molecular structure. 

• Carbon, for example, may exist as graphite or diamond in the solid 
phase. Helium has two liquid phases; iron has three solid phases. Ice 
may exist at seven different phases at high pressures. 

• A phase is identified as having a distinct molecular arrangement that is 
homogeneous throughout and separated from the others by easily 
identifiable boundary surfaces. The two phases of H2O in iced water 
represent a good example of this.
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• Intermolecular bonds are strongest in solids and weakest in gases. 

• One reason is that molecules in solids are closely packed together, whereas in 
gases they are separated by relatively large distances.

• The molecules in a solid are arranged in a three-dimensional pattern (lattice) that 
is repeated throughout (Fig. 3–3). 

• Because of the small distances between molecules in a solid, the attractive forces 
of molecules on each other are large and keep the molecules at fixed positions 
(Fig. 3–4). 

• Note that the attractive forces between molecules turn to repulsive forces as the 
distance between the molecules approaches zero, thus preventing the molecules 
from piling up on top of each other.
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• The molecular spacing in the liquid phase is not much different from that of the 
solid phase, except the molecules are no longer at fixed positions relative to each 
other and they can rotate and translate freely. 

• In a liquid, the intermolecular forces are weaker relative to solids, but still 
relatively strong compared with gases. 

• The distances between molecules generally experience a slight increase as a 
solid turns liquid, with water being a notable exception.

• In the gas phase, the molecules are far apart from each other, and a molecular 
order is nonexistent. 

• Gas molecules move about at random, continually colliding with each other and 
the walls of the container they are in. Particularly at low densities, the 
intermolecular forces are very small, and collisions are the only mode of 
interaction between the molecules.

• Molecules in the gas phase are at a considerably higher energy level than they 
are in the liquid or solid phases. Therefore, the gas must release a large amount 
of its energy before it can condense or freeze.
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PHASE-CHANGE PROCESSES OF PURE 
SUBSTANCES

• There are many practical situations where two phases of a pure substance 
coexist in equilibrium. 

• Water exists as a mixture of liquid and vapor in the boiler 

• The refrigerant turns from liquid to vapor in the freezer of a refrigerator. 

• Attention in this section is focused on the liquid and vapor phases and their 
mixture. 

• As a familiar substance, water is used to demonstrate the basic principles 
involved. 

• Remember, however, that all pure substances exhibit the same general 
behavior.
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Compressed Liquid and Saturated Liquid

• Consider a piston–cylinder device containing liquid 
water at 20°C and 1 atm pressure (state 1, Fig. 3–6). 

• Under these conditions, water exists in the liquid 
phase, and it is called a compressed liquid, or a 
subcooled liquid, meaning that it is not about to 
vaporize. 

• Heat is now transferred to the water until its 
temperature rises to, say, 40°C. As the temperature 
rises, the liquid water expands slightly, and so its 
specific volume increases. 

• To accommodate this expansion, the piston moves 
up slightly. The pressure in the cylinder remains 
constant at 1 atm during this process since it 
depends on the outside barometric pressure and the 
weight of the piston, both of which are constant. 

• Water is still a compressed liquid at this state since it 
has not started to vaporize.
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• As more heat is transferred, the temperature keeps 
rising until it reaches 100°C (state 2, Fig. 3–7). 

• At this point water is still a liquid, but any heat 
addition will cause some of the liquid to vaporize. 
That is, a phase-change process from liquid to vapor 
is about to take place. A liquid that is about to 
vaporize is called a saturated liquid. Therefore, 
state 2 is a saturated liquid state.
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Saturated Vapor and Superheated Vapor

• Once boiling starts, the temperature stops rising until
the liquid is completely vaporized.

• That is, the temperature will remain constant during the
entire phase-change process if the pressure is held
constant. This can easily be verified by placing a
thermometer into boiling pure water on top of a stove.

• At sea level (P = 1 atm), the thermometer will always
read 100°C if the pan is uncovered or covered with a
light lid.

• During a boiling process, the only change we will
observe is a large increase in the volume and a steady
decline in the liquid level as a result of more liquid
turning to vapor.

• Midway about the vaporization line (state 3, Fig. 3–8),
the cylinder contains equal amounts of liquid and
vapor. As we continue transferring heat, the
vaporization process continues until the last drop of
liquid is vaporized (state 4, Fig. 3–9).
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• At this point, the entire cylinder is filled with
vapor that is on the borderline of the liquid
phase.

• Any heat loss from this vapor will cause
some of the vapor to condense (phase
change from vapor to liquid).

• A vapor that is about to condense is called
a saturated vapor. Therefore, state 4 is a
saturated vapor state.

• A substance at states between 2 and 4 is
referred to as a saturated liquid–vapor
mixture since the liquid and vapor phases
coexist in equilibrium at these states.

• Once the phase-change process is
completed, we are back to a single- phase
region again (this time vapor), and further
transfer of heat results in an increase in
both the temperature and the specific
volume (Fig. 3–10).
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• At state 5, the temperature of the vapor is, let us say, 300°C; and if we 
transfer some heat from the vapor, the temperature may drop somewhat 
but no condensation will take place as long as the temperature remains 
above 100°C (for P = 1 atm). 

• A vapor that is not about to condense (i.e., not a saturated vapor) is 
called a superheated vapor. Therefore, water at state 5 is a superheated 
vapor. 

• This constant-pressure phase-change process is illustrated on a T-v 
diagram in Fig. 3–11.

• If the entire process described here is reversed by cooling the water while 
maintaining the pressure at the same value, the water will go back to state 
1, retracing the same path, and in so doing, the amount of heat released 
will exactly match the amount of heat added during the heating process.

• In our daily life, water implies liquid water and steam implies water vapor. 
In thermodynamics, however, both water and steam usually mean only 
one thing: H2O.
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Saturation Temperature and Saturation Pressure

• It probably came as no surprise to you that water started to boil at 100°C. 
Strictly speaking, the statement “water boils at 100°C” is incorrect. The 
correct statement is “water boils at 100°C at 1 atm pressure.” The only 
reason water started boiling at 100°C was because we held the pressure 
constant at 1 atm (101.325 kPa). 

• If the pressure inside the cylinder were raised to 500 kPa by adding weights 
on top of the piston, water would start boiling at 151.8°C. That is, the 
temperature at which water starts boiling depends on the pressure; therefore, 
if the pressure is fixed, so is the boiling temperature.

• At a given pressure, the temperature at which a pure substance changes 
phase is called the saturation temperature Tsat. Likewise, at a given 
temperature, the pressure at which a pure substance changes phase is called 
the saturation pressure Psat. 

• At a pressure of 101.325 kPa, Tsat is 99.97°C. Conversely, at a temperature 
of 99.97°C, Psat is 101.325 kPa. (At 100.00°C, Psat is 101.42 kPa)
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How Pressure Affects Boiling Temperature

• Boiling and Vapor Pressure:

1. A liquid boils when its vapor pressure matches the external 
pressure acting on it.

2. Vapor pressure is the pressure exerted by the molecules that escape 
from the liquid into the gas phase above the liquid.

• Increasing the pressure raises the boiling temperature because the liquid 
needs a higher temperature (and thus more kinetic energy) to generate 
enough vapor pressure to overcome the external pressure.
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• Saturation tables that list the saturation pressure against the temperature (or 
the saturation temperature against the pressure) are available for practically all 
substances. A partial listing of such a table is given in Table 3–1 for water. 

• This table indicates that the pressure of water changing phase (boiling or 
condensing) at 25°C must be 3.17 kPa, and the pressure of water must be 
maintained at 3976 kPa (about 40 atm) to have it boil at 250°C. Also, water can 
be frozen by dropping its pressure below 0.61 kPa.

• It takes a large amount of energy to melt a solid or vaporize a liquid. The 
amount of energy absorbed or released during a phase-change process 
is called the latent heat.

• More specifically, the amount of energy absorbed during melting is called 
the latent heat of fusion and is equivalent to the amount of energy released 
during freezing. 

• Similarly, the amount of energy absorbed during vaporization is called the 
latent heat of vaporization and is equivalent to the energy released during 
condensation. 
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• The magnitudes of the latent heats depend on the temperature or pressure at 
which the phase change occurs. At 1 atm pressure, the latent heat of fusion 
(the amount of energy absorbed during melting) of water is 333.7 kJ/kg 
and the latent heat of vaporization (the amount of energy absorbed 
during vaporization) is 2256.5 kJ/kg.

• During a phase-change process, pressure and temperature are obviously 
dependent properties, and there is a definite relation between them, that is, 
Tsat = f (Psat). 

• A plot of Tsat versus Psat, such as the one given for water in Fig. 3–12, is 
called a liquid–vapor saturation curve. A curve of this kind is characteristic of 
all pure substances.

• It is clear from Fig. 3–12 that Tsat increases with Psat. Thus, a substance at 
higher pressures boils at higher temperatures. 

• In the kitchen, higher boiling temperatures mean shorter cooking times and 
energy savings. A beef stew, for example, may take 1 to 2 h to cook in a 
regular pan that operates at 1 atm pressure, but only 20 min in a pressure 
cooker operating at 3 atm absolute pressure (corresponding boiling 
temperature: 134°C).
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• The atmospheric pressure, and thus the boiling temperature of water, 
decreases with elevation. Therefore, it takes longer to cook at higher 
altitudes than it does at sea level (unless a pressure cooker is used). 

• For example, the standard atmospheric pressure at an elevation of 2000 m is 
79.50 kPa, which corresponds to a boiling temperature of 93.3°C as opposed 
to 100°C at sea level (zero elevation). 

• The variation of the boiling temperature of water with altitude at standard 
atmospheric conditions is given in Table 3–2. For each 1000 m increase in 
elevation, the boiling temperature drops by a little over 3°C. 

• Note that the atmospheric pressure at a location, and thus the boiling 
temperature, changes slightly with the weather conditions. But the 
corresponding change in the boiling temperature is no more than about 1°C.
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Some Consequences of Tsat and Psat Dependence

• We mentioned earlier that a substance at a specified pressure boils at the 
saturation temperature corresponding to that pressure. This phenomenon 
allows us to control the boiling temperature of a substance by simply 
controlling the pressure, and it has numerous applications in practice. Below 
we give some examples. The natural drive to achieve phase equilibrium by 
allowing some liquid to evaporate is at work behind the scenes.

TABLE 3–2
• Consider a sealed can of liquid refrigerant-134a in a room at 25°C. If the can 

has been in the room long enough, the temperature of the refrigerant in the 
can is also 25°C. Now, if the lid is opened slowly and some refrigerant is 
allowed to escape, the pressure in the can will start dropping until it reaches 
the atmospheric pressure.

• If you are holding the can, you will notice its temperature dropping rapidly, 
and even ice forming outside the can if the air is humid. A thermometer 
inserted in the can will register -26°C when the pressure drops to 1 atm, 
which is the saturation temperature of refrigerant-134a at that pressure. 

• The temperature of the liquid refrigerant will remain at -26°C until the last 
drop of it vaporizes.
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• Another aspect of this interesting physical phenomenon is that a liquid can-
not vaporize unless it absorbs energy in the amount of the latent heat of 
vaporization, which is 217 kJ/kg for refrigerant-134a at 1 atm. 

• Therefore, the rate of vaporization of the refrigerant depends on the rate of 
heat transfer to the can: the larger the rate of heat transfer, the higher 
the rate of vaporization. 

• The rate of heat transfer to the can and thus the rate of vaporization of 
the refrigerant can be minimized by insulating the can heavily. In the 
limiting case of no heat transfer, the refrigerant will remain in the can as a 
liquid at -26°C indefinitely.
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• The boiling temperature of nitrogen at atmospheric pressure is -196°C
(see Table A–3a). This means the temperature of liquid nitrogen exposed to 
the atmosphere must be -196°C since some nitrogen will be evaporating.

• The temperature of liquid nitrogen remains constant at -196°C until it is 
depleted. 

• For this reason, nitrogen is commonly used in low-temperature scientific 
studies such as cryogenic applications to maintain a test chamber at a 
constant temperature of -196°C. Biological Samples, Food Preservation

• This is done by placing the test chamber into a liquid nitrogen bath that is 
open to the atmosphere. Any heat transfer from the environment to the test 
section is absorbed by the nitrogen, which evaporates isothermally and 
keeps the test chamber temperature constant at -196°C (Fig. 3–13). 

• The entire test section must be insulated heavily to minimize heat transfer 
and thus liquid nitrogen consumption. 
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• A practical way of cooling leafy vegetables is vacuum cooling, which is 
based on reducing the pressure of the sealed cooling chamber to the 
saturation pressure at the desired low temperature, and evaporating some 
water from the products to be cooled. 

• The heat of vaporization during evaporation is absorbed from the products, 
which lowers the product temperature. The saturation pressure of water at 
0°C is 0.61 kPa, and the products can be cooled to 0°C by lowering the 
pressure to this level. 

• The cooling rate can be increased by lowering the pressure below 0.61 kPa, 
but this is not desirable because of the danger of freezing and the added 
cost.
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• In vacuum cooling, there are two distinct stages. In the first stage, the 
products at ambient temperature, say at 25°C, are loaded into the chamber, 
and the operation begins. The temperature in the chamber remains constant 
until the saturation pressure is reached, which is 3.17 kPa at 25°C. 

• In the second stage that follows, saturation conditions are maintained inside 
at progressively lower pressures and the corresponding lower temperatures 
until the desired temperature is reached (Fig. 3–14).

• Vacuum cooling is usually more expensive than the conventional refrigerated 
cooling, and its use is limited to applications that result in much faster 
cooling. Products with large surface area per unit mass and a high tendency 
to release moisture such as lettuce and spinach are well-suited for vacuum 
cooling. 

• Products with low surface area to mass ratio are not suitable, especially 
those that have relatively impervious peels such as tomatoes and 
cucumbers. Some products such as mushrooms and green peas can be 
vacuum cooled successfully by wetting them first.
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• The vacuum cooling just described becomes vacuum freezing if the vapor 
pressure in the vacuum chamber is dropped below 0.61 kPa, the saturation 
pressure of water at 0°C. The idea of making ice by using a vacuum pump is 
nothing new. 

• Dr. William Cullen actually made ice in Scotland in 1775 by evacuating the 
air in a water tank (Fig. 3–15).
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Sublimation
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• Package icing is commonly used in small-scale cooling applications to 
remove heat and keep the products cool during transit by taking advantage 
of the large latent heat of fusion of water, but its use is limited to products 
that are not harmed by contact with ice. Also, ice provides moisture as well 
as refrigeration.
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PROPERTY DIAGRAMS FOR PHASE-CHANGE PROCESSES

• The variations of properties during phase-change processes are best studied 
and understood with the help of property diagrams. Next, we develop and 
discuss the T-v, P-v, and P-T diagrams for pure substances.

The T-v Diagram

• The phase-change process of water at 1 atm pressure was described in detail 
in the last section and plotted on a T-v diagram in Fig. 3–11. Now we repeat 
this process at different pressures to develop the T-v diagram.

• Let us add weights on top of the piston until the pressure inside the cylinder 
reaches 1 MPa. At this pressure, water has a somewhat smaller specific 
volume than it does at 1 atm pressure. 

• As heat is transferred to the water at this new pressure, the process follows a 
path that looks very much like the process path at 1 atm pressure, as shown 
in Fig. 3–16, but there are some noticeable differences. 

• First, water starts boiling at a much higher temperature (179.9°C) at this 
pressure. 
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• Second, the specific volume of the saturated liquid is larger and the specific 
volume of the saturated vapor is smaller than the corresponding values at 1 
atm pressure. 

• That is, the horizontal line that connects the saturated liquid and saturated 
vapor states is much shorter.

• As the pressure is increased further, this saturation line continues to shrink, as 
shown in Fig. 3–16, and it becomes a point when the pressure reaches 22.06 
MPa for the case of water. 

• This point is called the critical point, and it is defined as the point at which 
the saturated liquid and saturated vapor states are identical.

• The temperature, pressure, and specific volume of a substance at the critical 
point are called, respectively, the critical temperature Tcr, critical pressure Pcr, 
and critical specific volume vcr. 

• The critical-point properties of water are Pcr = 22.06 MPa, Tcr = 373.95°C, 
and vcr = 0.003106 m3/kg.
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• For helium, they are 0.23 MPa, -267.85°C, and 0.01444 m3/kg. 

• The critical vcr properties for various substances are given in Table A–1 in the 
appendix.

• At pressures above the critical pressure, there is not a distinct phase- change 
process (Fig. 3–17). Instead, the specific volume of the substance continually 
increases, and at all times there is only one phase present. 

• Eventually, it resembles a vapor, but we can never tell when the change has 
occurred. 

• Above the critical state, there is no line that separates the compressed liquid 
region and the superheated vapor region. However, it is customary to refer to 
the substance as superheated vapor at temperatures above the critical 
temperature and as compressed liquid at temperatures below the critical 
temperature.

• The saturated liquid states in Fig. 3–16 can be connected by a line called the 
saturated liquid line, and saturated vapor states in the same figure can be 
connected by another line, called the saturated vapor line. These two lines 
meet at the critical point, forming a dome as shown in Fig. 3–18. 
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• All the compressed liquid states are located in the region to the left of the 
saturated liquid line, called the compressed liquid region. 

• All the superheated vapor states are located to the right of the saturated vapor 
line, called the superheated vapor region. 

• In these two regions, the substance exists in a single phase, a liquid or a 
vapor. All the states that involve both phases in equilibrium are located under 
the dome, called the saturated liquid–vapor mixture region, or the wet 
region.
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The P-v Diagram

• The general shape of the P-v diagram of a pure substance is very much 
like the T-v diagram, but the T = constant lines on this diagram have a 
downward trend, as shown in Fig. 3–19.

• Consider again a piston–cylinder device that contains liquid water at 1 MPa 
and 150°C. Water at this state exists as a compressed liquid. Now the 
weights on top of the piston are removed one by one so that the pressure 
inside the cylinder decreases gradually (Fig. 3–20). The water is allowed to 
exchange heat with the surroundings so its temperature remains constant. 

• As the pressure decreases, the volume of the water increases slightly. 
When the pressure reaches the saturation-pressure value at the specified 
temperature (0.4762 MPa), the water starts to boil. During this vaporization 
process, both the temperature and the pressure remain constant, but the 
specific volume increases. 
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• Once the last drop of liquid is vaporized, 
further reduction in pressure results in a 
further increase in specific volume. Notice 
that during the phase-change process, we 
did not remove any weights. Doing so 
would cause the pressure and therefore the 
temperature to drop [since Tsat = f (Psat)], 
and the process would no longer be 
isothermal.

• When the process is repeated for other 
temperatures, similar paths are obtained 
for the phase-change processes. 

• Connecting the saturated liquid and the 
saturated vapor states by a curve, we 
obtain the P-v diagram of a pure 
substance, as shown in Fig. 3–19.
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Extending the Diagrams to Include
the Solid Phase

• The two equilibrium diagrams developed so far represent the equilibrium 
states involving the liquid and the vapor phases only. However, these 
diagrams can easily be extended to include the solid phase as well as the 
solid–liquid and the solid–vapor saturation regions. 

• The basic principles dis- cussed in conjunction with the liquid–vapor phase-
change process apply equally to the solid–liquid and solid–vapor phase-
change processes. Most substances contract during a solidification (i.e., 
freezing) process. 

• Others, like water, expand as they freeze. The P-v diagrams for both groups 
of sub- stances are given in Figs. 3–21 and 3–22. These two diagrams differ 
only ithe solid–liquid saturation region. The T-v diagrams look very much like 
the P-v diagrams, especially for substances that contract on freezing.

• The fact that water expands upon freezing has vital consequences in nature. If 
water contracted on freezing as most other substances do, the ice formed 
would be heavier than the liquid water, and it would settle to the bottom of 
rivers, lakes, and oceans instead of floating at the top. 
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• The sun’s rays would never reach these ice layers, and the bottoms of many 
rivers, lakes, and oceans would be covered with ice at times, seriously 
disrupting marine life.

• We are all familiar with two phases being in equilibrium, but under some 
conditions all three phases of a pure substance coexist in equilibrium (Fig. 3–
23). On P-v or T-v diagrams, these triple-phase states form a line called the 
triple line. 

• The states on the triple line of a substance have the same pressure and 
temperature but different specific volumes. The triple line appears as a point on 
the P-T diagrams and, therefore, is often called the triple point. 

• The triple-point temperatures and pressures of various sub- stances are given in 
Table 3–3. For water, the triple-point temperature and pressure are 0.01°C and 
0.6117 kPa, respectively. 
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• That is, all three phases of water coexist in equilibrium only if the temperature 
and pressure have precisely these values. No substance can exist in the liquid 
phase in stable equilibrium at pressures below the triple-point pressure. The 
same can be said for temperature for substances that contract on freezing. 
However, substances at high pressures can exist in the liquid phase at 
temperatures below the triple-point temperature. 

• For example, water cannot exist in liquid form in equilibrium at atmospheric 
pressure at temperatures below 0°C, but it can exist as a liquid at �20°C at 200 
MPa pressure. Also, ice exists at seven different solid phases at pressures 
above 100 Mpa

• There are two ways a substance can pass from the solid to vapor phase: either 
it melts first into a liquid and subsequently evaporates, or it evaporates directly 
without melting first. 

• The latter occurs at pressures below the triple- point value, since a pure 
substance cannot exist in the liquid phase at those pressures (Fig. 3–24). 
Passing from the solid phase directly into the vapor phase is called 
sublimation. For substances that have a triple-point pressure above the 
atmospheric pressure such as solid CO2 (dry ice), sublimation is the only way to 
change from the solid to vapor phase at atmospheric conditions.
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The P-T Diagram

• Figure 3–25 shows the P-T diagram of a pure substance. This diagram is 
often called the phase diagram since all three phases are separated from 
each other by three lines. 

• The sublimation line separates the solid and vapor regions, the 
vaporization line separates the liquid and vapor regions, and the melting 
(or fusion) line separates the solid and liquid regions. 

• These three lines meet at the triple point, where all three phases coexist in 
equilibrium. The vaporization line ends at the critical point because no 
distinction can be made between liquid and vapor phases above the critical 
point. 

• Substances that expand and contract on freezing differ only in the melting 
line on the P-T diagram.
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The P-v-T Surface
The state of a simple 
compressible substance is fixed 
by any two indepen- dent, 
intensive properties. Once the 
two appropriate properties are 
fixed, all the other properties 
become dependent properties. 
Remembering that any equation 
with two independent variables 
in the form z = z(x, y) represents 
a surface in space, we can 
represent the P-v-T behavior of 
a substance as a surface in 
space, as shown in Figs. 3–26 
and 3–27. Here T and v may be 
viewed as the independent 
variables (the base) and P as the 
dependent variable (the height).
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All the points on the surface represent 
equilibrium states. All states along the path of a 
quasi-equilibrium process lie on the P-v-T 
surface since such a process must pass through 
equilibrium states. The single-phase regions 
appear as curved surfaces on the P-v-T surface, 
and the two-phase regions as surfaces 
perpendicular to the P-T plane. This is expected 
since the projections of two-phase regions on 
the P-T plane are lines.
All the two-dimensional diagrams we have 
discussed so far are merely projections of this 
three-dimensional surface onto the appropriate 
planes. A P-v diagram is just a projection of the 
P-v-T surface on the P-v plane, and a T-v 
diagram is nothing more than the bird’s-eye 
view of this surface. The P-v-T surfaces present 
a great deal of information at once, but in a 
thermodynamic analysis it is more convenient 
to work with two-dimensional diagrams, such 
as the P-v and T-v diagrams.
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PROPERTY TABLES

• For most substances, the relationships among thermodynamic properties are 
too complex to be expressed by simple equations. Therefore, properties are 
frequently presented in the form of tables. 

• Some thermodynamic properties can be measured easily, but others cannot 
and are calculated by using the relations between them and measurable 
properties. The results of these measurements and calculations are presented 
in tables in a convenient format. 

• In the following discussion, the steam tables are used to demonstrate the use 
of thermodynamic property tables. Property tables of other substances are 
used in the same manner.

• For each substance, the thermodynamic properties are listed in more than one
table. In fact, a separate table is prepared for each region of interest such as
the superheated vapor, compressed liquid, and saturated (mixture) regions.
Property tables are given in the appendix in both SI and English units.
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Enthalpy—A Combination Property

Enthalpy is a key thermodynamic quantity that represents the total heat content 
of a system. It combines the internal energy with the energy associated with 
pressure and volume. 

h = u + Pv

H = U + PV

The change in enthalpy is used to quantify the heat transferred during phase 
changes, chemical reactions, and other processes 
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• Saturated Liquid and Saturated Vapor States

• The properties of saturated liquid and saturated vapor for water are 
listed in Tables A–4 and A–5. Both tables give the same information. 

• The only difference is that in Table A–4 properties are listed under 
temperature and in Table A–5 under pressure. 

• Therefore, it is more convenient to use Table A–4 when temperature is 
given and Table A–5 when pressure is given. The use of Table A–4 is 
illustrated in Fig. 3–30.

• The subscript f is used to denote properties of a saturated liquid, and 
the subscript g to denote the properties of saturated vapor. 

• These symbols are commonly used in thermodynamics and originated 
from German. 

• Another subscript commonly used is fg, which denotes the difference 
between the saturated vapor and saturated liquid values of the same 
property. 
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For example,

• The quantity hfg is called the enthalpy of vaporization (or latent heat of 
vaporization). It represents the amount of energy needed to vaporize a 
unit mass of saturated liquid at a given temperature or pressure. It 
decreases as the temperature or pressure increases and becomes zero 
at the critical point.
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Saturated Liquid–Vapor Mixture
• During a vaporization process, a substance 

exists as part liquid and part vapor. That is, 
it is a mixture of saturated liquid and 
saturated vapor (Fig. 3–34). 

• To analyze this mixture properly, we need to 
know the proportions of the liquid and vapor 
phases in the mixture. 

• This is done by defining a new property 
called the quality x as the ratio of the mass 
of vapor to the total mass of the mixture:
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• Quality has significance for saturated mixtures only. It has no meaning in 
the compressed liquid or superheated vapor regions. Its value is between 0 
and 1. 

• The quality of a system that consists of saturated liquid is 0 (or 0 percent), 
and the quality of a system consisting of saturated vapor is 1 (or 100 
percent). 

• In saturated mixtures, quality can serve as one of the two independent 
intensive properties needed to describe a state. Note that the properties of 
the saturated liquid are the same whether it exists alone or in a mixture with 
saturated vapor. 

• During the vaporization process, only the amount of saturated liquid 
changes, not its properties. The same can be said about a saturated vapor.
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• A saturated mixture can be treated as a combination of two subsystems: 
the saturated liquid and the saturated vapor. However, the amount of 
mass for each phase is usually not known. 

• Therefore, it is often more convenient to imagine that the two phases are 
mixed well, forming a homogeneous mixture (Fig. 3–35). Then the 
properties of this “mixture” will simply be the average properties of the 
saturated liquid–vapor mixture under consideration. Here is how it is 
done.
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• Based on this equation, quality can be related to the horizontal distances on a P-v or 
T-v diagram (Fig. 3–36). 

• At a given temperature or pressure, the numerator of Eq. 3–5 is the distance between 
the actual state and the saturated liquid state, and the denominator is the length of the 
entire horizontal line that connects the saturated liquid and saturated vapor states. 

• A state of 50 percent quality lies in the middle of this horizontal line.

• The analysis given above can be repeated for internal energy and enthalpy with the 
following results:
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Finally, all the saturated-mixture states are located under the saturation curve, and to 
analyze saturated mixtures, all we need are saturated liquid and saturated vapor data 
(Tables A–4 and A–5 in the case of water).
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Superheated Vapor

• In the region to the right of the saturated vapor line and at temperatures above the 
critical point temperature, a substance exists as superheated vapor. 

• Since the superheated region is a single-phase region (vapor phase only), temperature 
and pressure are no longer dependent properties and they can conveniently be used as 
the two independent properties in the tables. The format of the superheated vapor 
tables is illustrated in Fig. 3–40.

• In these tables, the properties are listed against temperature for selected pressures 
starting with the saturated vapor data. The saturation temperature is given in 
parentheses following the pressure value.
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Compressed Liquid

• Compressed liquid tables are not as commonly available, and Table A–7 is the 
only compressed liquid table in this text. The format of Table A–7 is very much 
like the format of the superheated vapor tables. 

• One reason for the lack of compressed liquid data is the relative independence of 
compressed liquid properties from pressure. 

• Variation of properties of compressed liquid with pressure is very mild. 

• Increasing the pressure 100 times often causes properties to change less than 
1 percent.
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• In the absence of compressed liquid data, a general approximation is to 
treat compressed liquid as saturated liquid at the given temperature (Fig. 
3–42). This is because the compressed liquid properties depend on 
temperature much more strongly than they do on pressure. Thus,

• for compressed liquids, where y is v, u, or h. Of these three properties, 
the property whose value is most sensitive to variations in the pressure 
is the enthalpy h. Although the above approximation results in negligible 
error in v and u, the error in h may reach undesirable levels. However, 
the error in h at low to moderate pressures and temperatures can be 
reduced significantly by evaluating it from

• instead of taking it to be just hf. Note, however, that the approximation in 
Eq. 3–9 does not yield any significant improvement at moderate to high 
temperatures and pressures, and it may even backfire and result in 
greater error due to overcorrection at very high temperatures and 
pressures (see Kostic, Ref. 4).
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Is Water Vapor an Ideal Gas?

• This question cannot be answered with a simple yes or no. The error involved 
in treating water vapor as an ideal gas is calculated and plotted in Fig. 3–49. 

• It is clear from this figure that at pressures below 10 kPa, water vapor can be 
treated as an ideal gas, regardless of its temperature, with negligible error (less 
than 0.1 percent). 

• At higher pressures, however, the ideal- gas assumption yields unacceptable 
errors, particularly in the vicinity of the critical point and the saturated vapor line 
(over 100 percent). 

• Therefore, in air-conditioning applications, the water vapor in the air can be 
treated as an ideal gas with essentially no error since the pressure of the water 
vapor is very low. 

• In steam power plant applications, however, the pressures involved are usually 
very high; therefore, ideal-gas relations should not be used.
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COMPRESSIBILITY FACTOR—A MEASURE OF DEVIATION FROM IDEAL-GAS 
BEHAVIOR

• The ideal-gas equation is very simple and thus very convenient to use. 
However, as illustrated in Fig. 3–49, gases deviate from ideal-gas behavior 
significantly at states near the saturation region and the critical point. 

• This deviation from ideal-gas behavior at a given temperature and pressure can 
accurately be accounted for by the introduction of a correction factor called the 
compressibility factor Z defined as
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where videal = RT/P. Obviously, Z = 1 for ideal gases. For real gases Z can be greater 
than or less than unity (Fig. 3–50). 

The farther away Z is from unity, the more the gas deviates from ideal-gas behavior.
We have said that gases follow the ideal-gas equation closely at low pressures and 
high temperatures. 

But what exactly constitutes low pressure or high temperature? Is -100°C a low 
temperature? It definitely is for most substances but not for air. Air (or nitrogen) can be 
treated as an ideal gas at this temperature and atmospheric pressure with an error 
under 1 percent. 

This is because nitrogen is well over its critical temperature (-147°C) and away from 
the saturation region. At this temperature and pressure, however, most substances 
would exist in the solid phase. Therefore, the pressure or temperature of a 
substance is high or low relative to its critical temperature or pressure.
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• Gases behave differently at a given temperature and pressure, but they 
behave very much the same at temperatures and pressures normalized 
with respect to their critical temperatures and pressures. 

The normalization is done as

• Here PR is called the reduced pressure and TR the reduced 
temperature. 
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• The Z factor for all gases is approximately the same at the same reduced 
pressure and temperature. 

• This is called the principle of corresponding states. In Fig. 3–51, the 
experimentally determined Z values are plotted against PR and TR for several 
gases. 

• The gases seem to obey the principle of corresponding states reasonably well. 
By curve-fitting all the data, we obtain the generalized compressibility chart that can 
be used for all gases (Fig. A–15).
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FIGURE A–15
Nelson–Obert generalized compressibility chart.
Used with permission of Dr. Edward E. Obert, University of Wisconsin.
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FIGURE A–15
Nelson–Obert generalized compressibility chart.
Used with permission of Dr. Edward E. Obert, University of Wisconsin.
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Other Equations of State

• Many attempts have been made to keep the simplicity of the ideal gas equation of 
state but yet account for the intermolecular forces and volume occupied by the 
particles.  Three of these are 

van der Waals: 
( )( )P a

v
v b RT+ - =2

where

a R T
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b RT
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cr

cr

cr

cr

= =
27
64 8

2 2

     and     
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Beattie-Bridgeman: 

where

The constants a, b, c, Ao, Bo for various substances are found in Table 3-4.

Benedict-Webb-Rubin: 

The constants for various substances appearing in the Benedict-Webb-Rubin 
equation are given in Table 3-4.
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