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Topic 11 – States of Matter – Liquids and Solids

KINETIC MOLECULAR THEORY AS IT APPLIES TO GASES, LIQUIDS, AND SOLIDS


A. Gases



1. Gases are compressible fluids.



2. Gases are composed of particles that are in constant random 

    motion.



3. Gases are mostly empty space.



4. Gases are easily compressible because there is so much empty 

                            space into which the gas particles can be squeezed.



5. Gases can flow because the individual particles in constant 

                            random motion can move easily in relation to each other.

6. The average kinetic energy of the molecules is great enough to 

    overcome the attractive forces between particles.




a. This allows a gas to expand to fill its container.

b. When the attractive forces between particles become 

    large enough, then the gases exhibit non-ideal behavior.


B. Liquids



1. Liquids are relatively incompressible fluids.



2. Liquids are composed of particles that are in constant random 

                            motion, but those particles are more tightly packed than in 

                            gases – the result is temporary clumps of particles.

3. Liquids have much less free space available than do gases.

4. Liquids are relatively incompressible because there is almost no 

    empty space into which the liquid particles can be squeezed.

5. Liquids can flow because the particles in constant random 

    motion are free to move in relation to each other.

6. Unlike gases, the attractive forces cannot be ignored.

7. Unlike solids, however, the attractive forces are not strong 

    enough to keep neighboring particles in a fixed position.

 
a. This allows the particles to move past each other.

b. This allows liquids to be poured and to assume the shape 

    of their container.


C. Solids



1. Solids are nearly incompressible.



2. Solids are composed of particles that are in constant motion, but 

                            each particle is locked in place and oscillates “side to side” or 

                            vibrates “forwards and backwards” at one fixed location.



3. Solids do not have free space.



4. Solids are nearly incompressible because there is no empty 

                            space into which the solid particles can be squeezed.



5. Solids are rigid and cannot flow because, while the particles are 

                            in constant motion, they are not free to move in relation to each 

                            other.

6. Unlike liquids, the intermolecular forces are strong enough to 

    lock neighboring particles into position.


D. The relationship between state and the balance between kinetic energy 

                  and intermolecular forces.

1. Kinetic energy tends to keep the particles apart and to keep them 

    in motion.

2. Intermolecular forces tend to bring the particles together and 

    prevent them from moving freely.

3. When kinetic energy overcomes intermolecular forces the 

    substance will be in the gaseous state, but when intermolecular 

    forces overcome kinetic energy the substance will be in the solid 

    state.

E. Changing the state of a substance can be accomplished by changing 

    temperature or by changing pressure.



1. Heating and cooling change the kinetic energy of the particles.

a. Cooling a gas sufficiently will cause the kinetic energy 

    of the substance to decrease enough that intermolecular 

    
                            forces cause it to condense into a liquid.

b. Cooling a liquid sufficiently will cause the kinetic energy 

    of the substance to decrease enough that intermolecular 

    forces cause it to solidify into a solid.



2. Increasing and decreasing the pressure changes the average 

                            distance between particles and so changes the strength of the 

                            intermolecular forces that the particles experience.

a. Increasing the pressure of a gas sufficiently will cause 

    the increased intermolecular forces to overcome the 

    kinetic energy of the substance sufficiently to cause it to 

    condense into a liquid.

b. Increasing the pressure of a liquid sufficiently will cause 

    the increased intermolecular forces to overcome the 

    kinetic energy of the substance sufficiently to cause it to 

    solidify into a solid.

INTERMOLECULAR FORCES


A. Definition and description



1. Definition

Intermolecular forces are the forces existing or acting between molecules.  



2. Description




a. Intermolecular forces are electrostatic interactions or 

                                        electrodynamic interactions.





(1) Electrostatic interactions






(a) Electrostatic interactions are forces that 

     are exerted by a static, that is 

     unchanging, electric field.

(b) These would include

[1] Ionic interactions

[2] Hydrogen bonds

[3] Dipole-dipole interactions





(2) Electrodynamic interactions






(a) Electrodynamic interactions are forces 

     that are exerted by a dynamic, that is 

     changing, electric field.

(b) This would include dispersion forces.


B. Types of intermolecular forces


1. Van der Waals forces



a. Description




(1) Van der Waals forces are named for a Dutch 

       chemist.

(2) Van der Waals forces involve dipoles.

(a) Permanent dipoles

Permanent dipoles arise when two atoms in a molecule have a significant difference in electronegativity.

The atom with the greater electronegativity draws the electrons more to itself, becoming slightly negative.

The atom with the smaller electronegativity becomes slightly positive.


(b) Instantaneous dipoles

Instantaneous dipoles arise due to the 

random “motion” of electrons.

Very briefly the electrons shift more to one side of an atom, or one end of a molecule, than the other.

The side or end that has the greater electron density is temporarily slightly negative and the other side or end is temporarily slightly positive.

(c) Induced dipoles

Induced dipoles arise when the slightly negative side of one atom, or end of a one molecule, repels the electrons in a second nearby atom or molecule to the other side or end of that second atom or molecule.

The dipole of the first induces a dipole in the second with opposite polarity.

As a result, there is a temporary, but not permanent, attraction between the two atoms or molecules.

Electrons are continually “moving” so different instantaneous dipoles will arise, resulting in different induced dipoles. 

However, over the long run, there is a net attraction.




b. There are two types of van der Waals forces

(1) Dipole-dipole forces

(a) These are also known as Keesom 

      interactions after the man who, in 1921, 

      developed the first mathematical 

      description of dipole-dipole interactions.

(b) Dipole-dipole forces are the stronger of 

      the two van der Waals forces, but 

      weaker than hydrogen bonding.


(c) Dipole-dipole forces exist between polar 

                  molecules

(d) Dipole-dipole forces involve a 

      permanent dipole

(e) Polar molecules attract one another when 

     the partial negative charge on molecule is 

     near the partial positive charge on 

     another molecule.
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(f) The strength of the dipole-dipole force 

      increases as the polarity of the molecule 

    




      increases.







Polarity increases as the 

electronegativity difference increases.

(2) Dispersion forces


(a) Dispersion forces are also called London

                 forces, named after the man who showed 

                 that he could account for a weak 

                 attraction between any two atoms or 

                 molecules by suggesting that the motion 

                of an atom’s or a non-polar molecule’s 

                electrons, could, for an instant, result in a 

                temporary dipole.

(b) Dispersion forces are the weakest of the 

      three intermolecular attractions.

(c) Dispersion forces are caused by the 

     probabilistic motion of electron density 

     about an atom or molecule (“sloshing”).


[1] The average electron distribution 

                  is symmetrical.


[2] At any instant, however, there is 

                  a large probability that the 

                  electron density will NOT be 

                  symmetrical.


[3] The result is an instantaneous 

                  (fleeting and temporary) dipole.






(d) The strength of dispersion forces 

      increases as the polarizability increases.







[1] Polarizability is the ease with 

      which the electron cloud of an 

      atom or molecule can be 

      distorted from its normal shape

      by the presence of a nearby ion 

      or dipole (either permanent or 

      instantaneous).

[2] The greater the polarizability of 

      an atom or molecule the easier it 

      is to induce an instantaneous 

      dipole and the stronger the 

      force of attraction.

[3] Polarizability increases as the 

     number of electrons on the atom 

     increases.

The electrons are farther away from the nucleus.

The effective nuclear force is smaller.

The volume over which the electrons can be found is greater.

Examples


Cl2 is a gas.


Br2 is a liquid.


I2 is a solid.

[4] Polarizability increases as the 

      size of the molecule increases.

[a] Volume is a factor.

The number of electrons is larger, and the molecule provides a larger volume over which the electrons can be found.

This makes it easier to distort the electrons.

Examples


     CH4 is a gas.


     C8H18 is a liquid.

     C30H62 is a solid.








[b] Shape is a factor.









Long chains make it 

easier to distort the electrons than more compact shapes.

Example
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	pentane (C5H12)

boiling point 36 (C
	
	neopentane (C5H12)

boiling point 9 (C







(c) Involves an instantaneous dipole and an 

     induced dipole.
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2. Hydrogen bonds




a. Hydrogen bonds are the strongest of the three 

                                        intermolecular forces.




b. A hydrogen bond is the force between hydrogen bonded 

                                        to a small, very electronegative atom, and an unshared 

    pair of electrons.
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c. For hydrogen bonding to occur three conditions must 

    be met.

(1) There must be a hydrogen covalently bonded. 


(2) The hydrogen must be bonded to F, O, or N.



(a) These are very electronegative. 




F is 3.98, O is 3.44, and N is 3.04.




This high electronegativity gives the 

H a large partial positive charge.

(b) However, Cl, at 3.16, has a slightly    

      higher electronegativity than nitrogen,  

      but it does NOT form hydrogen bonds.


(3) There must be an unshared pair of electrons on 

                  the F, O, or N atom.

(a) The unshared pair must be in the second 

      principal energy level.

(b) Unshared pairs in the second principal 

      energy level are constrained to a fairly 

      small volume of space.


[1] This gives them a fairly high 

                  density of negative charge.

[2] Unshared pairs in the third

      principal energy level (and 

      higher) are spread over a 

      greater possible volume 

      and have a much lower 

      density of negative charge.

As a consequence they do not interact as strongly with the partial positive charge on the hydrogen.

Remember the Stephen Spielberg movie “ET”:  

“H bond, FON home”

d. A hydrogen bond has about 5% of the strength of a 

      covalent bond



3. Identifying intermolecular forces




a. Procedure





(1) Determine whether the molecules are held 

                                                      together by hydrogen bonds.






(a) The presence of a hydrogen covalently 

      bonded to F, O, or N.  

(b) The presence of an unshared pair of 

      electrons on the F, O, or N atom.






(2) If not, determine whether the molecules are held 

                  together by dipole-dipole forces.






(a) The presence of one or more polar 

      bonds – one with an electronegativity 

     difference greater than 0.4.






(b) The absence of symmetry that would 

      cause the dipole moments to cancel out.





(3) If not, then the atoms or molecules will be held 

     together by dispersion forces.




b. Examples





What is the primary intermolecular force in:

(1) PF3

There is an “F, O, or N,” but there are no 

hydrogens.

The electronegativity difference is 1.79

= polar.

The molecule is trigonal pyramidal and not symmetrical.


Therefore, dipole-dipole

(2) C6H6

There are no F, O, or N atoms.

The electronegativity difference is 0.35 

= non-polar.

Therefore, dispersion





(3) CO2

There are no hydrogens.

The electronegativity difference is 0.89 

= polar.

The molecule is symmetrical.






Therefore, dispersion


C. The relationship between intermolecular forces and the properties 

                 of liquids



1. Five properties of liquids reflect the strength of that liquid’s 

                intermolecular forces.



a. Heat of vaporization




This is the amount of heat energy that must be 

supplied to convert one mole of a liquid to a vapor.

The greater the heat of vaporization, the greater amount of heat energy that must be supplied to convert the liquid to a vapor.

The greater the amount of heat energy that must be supplied, the stronger the attraction between atoms or molecules, and the stronger the intermolecular force holding them together.



b. Vapor pressure

Vapor pressure is the partial pressure of a vapor over a liquid (or solid in some cases) measured at equilibrium.

Vapor pressure is most often used to describe a liquid’s tendency to evaporate, and is the tendency of molecules and atoms to escape from a liquid or a solid.

The lower the vapor pressure, the more difficult it is for the atoms or molecules to escape the liquid phase and enter the gas phase.

The more difficult it is for particles to escape, the stronger the attraction between atoms or molecules, and the stronger the intermolecular force holding them together.



c. Boiling point

Boiling point is the temperature at which the vapor pressure of a liquid equals the pressure of the surroundings, which is atmospheric pressure in an open container.

Since boiling point is related to vapor pressure, the lower the vapor pressure, the higher the temperature must be raised for the vapor pressure to equal atmospheric pressure and for boiling to begin.

The higher the boiling point, the stronger the intermolecular force holding the atoms or molecules together.



d. Surface tension

Surface tension is the amount of energy required to increase the surface area of a liquid by a unit amount.

To increase the surface area requires pulling one atom or molecule away from another.

The stronger the surface tension, the greater the force that must be applied to separate atoms or molecules, and the stronger the intermolecular force holding the atoms or molecules together.



e. Viscosity

Viscosity is a measure of the resistance to flow exhibited by all fluids (liquids and gases).

In part viscosity depends on how much “tangling” of particles occurs as the fluid flows.

In part also, viscosity depends on the attractive forces between particles causing a resistance to flowing.

In part, the greater the viscosity, the stronger the intermolecular force holding the atoms or molecules together.



2. Ranking substances in terms of the properties of liquids on the 

    basis of intermolecular forces




a. Which of the following would have the lower vapor 

    pressure? 

	dimethyl ether
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Both have identical molecular formulas, C2H6O, 

so in terms of dispersion forces they would be 

identical.

The carbon-oxygen bond is polar, and neither one is symmetrical about its central atom.

However, ethanol can form hydrogen bonds while dimethyl ether cannot.

The stronger intermolecular force belongs to ethanol so it would have the lower vapor pressure.




b. Which of the following would have the higher boiling 

     point, SO2 or CO2?

Both the sulfur-oxygen bond and the carbon-oxygen bond are polar (electronegativity differences of 

0.86 and 0.89, respectively).

However, CO2 is symmetrical, canceling the dipole moments, while SO2 is not symmetrical.

Therefore CO2 is held together by dispersion forces while SO2 is held together by the stronger dipole-dipole forces.

SO2 should (and does) have the higher boiling

point.

A STRUCTURAL MODEL FOR LIQUIDS


A. Closeness

The particles in a liquid are relatively close together:

The particles in a liquid are not as close together as the particles in the corresponding solid.

The particles in a liquid are much closer than the particles in the corresponding gas.


B. Intermolecular forces

The intermolecular forces in a liquid are relatively strong:

The intermolecular forces in a liquid are almost as strong as those in the corresponding solid.

While the particles of a gas are far apart, the particles 

of a liquid are much closer together, therefore the intermolecular forces of a liquid are much stronger than those in the corresponding gas and cannot be ignored.


C. Motion of the particles

The motion of the particles in a liquid are more like that of a solid:

The particles in a liquid travel faster than those in the corresponding solid and travel somewhat greater distances.

The particles in a liquid travel much slower than those in the corresponding gas and travel much smaller distances.


D. Kinetic energy of the particles

The kinetics energy of the particles is more like that of a solid:

The kinetic energy of the particles is somewhat higher than the corresponding solid.

The kinetic energy of the particles is not nearly as high as the corresponding gas.


E. The “regional model” of a liquid

1. The difference in properties between a liquid and a gas is 

    explained by a model that has regions where the liquid is like 

    that of the corresponding solid, and regions where it is like the 

    corresponding gas.

2. A liquid contains two types of regions




a. A “solid” region





(1) This is the vastly predominant type.





(2) This is a region where the particles are arranged 

                  somewhat as they are in a solid, but with more 

                  disorder.




b. A “gas” region





(1) This is the much less predominant type. 

(2) This is a region where the particles are free to 

      move somewhat as they are in a gas, but with 

      much, much less empty space.



3. This model presupposes that there are small, particle-sized 

    “holes” randomly distributed through the liquid.


a. Particles that are far away from a “hole” act more like 

                the particles in a solid.


b. Particles that are close to a “hole” act more like the 

                particles in a gas.



4. In liquids the arrangement of the particles is highly dynamic 

     and rapidly fluctuating (changing extremely rapidly).

SOLID STATE


A. Classification of solids by type of attraction of units



1. Molecular solid




A solid consisting of atoms or molecules that are held

together by intermolecular forces




Many solids are this type.




Examples





Solid hydrogen





Solid water





Solid carbon dioxide



2. Metallic solid

A solid consisting of the positive inner core of atoms (positively charged metal ions, that is, nuclei and inner electrons) held together by a surrounding “sea” of free-floating valence electrons.




This is metallic bonding.




Examples





Aluminum





Copper





Iron



3. Ionic solid

A solid consisting of cations and anions held together by electrostatic attraction of opposite charges.




This is ionic bonding.




Examples






Sodium fluoride





Calcium chloride





Lithium bromide



4. Covalent network solid

A solid consisting of atoms held together in large networks or chains by covalent bonding

There are no molecular units – the whole assembly is essentially one huge molecule.




Examples

Graphite – carbon in two-dimensional sheets

Diamond – carbon in three-dimensional networks

Quartz – silicon dioxide in three-dimensional networks



See handout “Types of Crystalline Solids”.


B. Physical properties of solids



1. Melting point and structure




a. Molecular solids





For molecular solids to melt the weak molecular 

forces holding the molecules in place must be 

overcome.

These forces are weak so that leads to low melting points (usually below 300 (C). 

b. Metallic solid

For metallic solids to melt the mutual attraction of the positive inner cores for the “sea” of valence electrons must be overcome.

Metals GENERALLY have a high melting point, but there is a wide variation in melting points – i.e., mercury is a liquid at room temperature.

c. Ionic solid

For ionic solids to melt ionic bonds must be broken.

The forces are strong so that leads to high to very high melting points.

The strength of these bonds depends on the magnitude of the charge (+1, +2, etc.) and the distance that separates them in the crystal lattice.

d. Covalent network solid

For covalent network solids to melt multiple covalent bonds must be broken.

These forces are strong so that leads to very high melting points.

2. Hardness, brittleness, and structure




a. Molecular solids

For molecular solids to break the weak

intermolecular forces holding one molecule to those beside it must be overcome enough for one molecule to move relative to another.

These forces are weak so the molecules can shift easily, making them soft.

b. Metallic solid

While the mutual attraction of the positive inner 

cores for the “sea” of valence electrons is strong, 

the cores can easily “slide” on the valance electrons, 

shifting from one place to the one beside it.

This makes metals malleable – they can be shaped or formed by hammering or pressure.

c. Ionic solid

While there is a strong attraction of the cation for the anion near it, if a small shift in position occurs, then the cation will find itself near another cation, and likewise, the anion will find itself near another anion.

This allows crystals of ionic solids to fracture easily along certain planes – so they are described as brittle.

d. Covalent network solid

For covalent network solids to break, for one unit to shift relative to another, multiple covalent bonds must be broken.

These forces are strong, so that leads to them being 

very hard.

3. Electrical conductivity and structure




a. Molecular solids

Because the electrons are tied to the nuclei,

molecular solids are very poor conductors.



b. Metallic solid

Because the valence electrons are free to move through the metal, metallic solids are good conductors.

c. Ionic solid

Because the electrons are tied to the nuclei, and the ions are tightly bound together, ionic solids are very poor conductors.


Note: Ionic solids will only conduct electricity in the molten state because the ions are free to move.

d. Covalent network solid

Because the electrons are tied to the nuclei, covalent network solids are very poor conductors.


See the handout “Types of Crystalline Solids”

CHANGES OF STATE


A. Types of phase transitions



1. Melting




a. The process of a solid changing to a liquid




b. Also called fusion



2. Freezing




The process of a liquid changing to a solid 



3. Vaporization




The process of a solid or liquid changing 

to a gas



4. Condensation

The process of a gas changing to a liquid

5. Sublimation

The process of a solid changing directly to a gas without passing through an intermediate liquid state



6. Deposition




The process of a gas changing directly to a 

solid without passing through an intermediate liquid state


B. Kinetic Molecular Theory and changes of state



1. At any temperature above absolute zero the 

    particles of a solid, liquid, or gas have a range 

    of kinetic energies.
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2. Liquid-gas and gas-liquid phase changes




a. Evaporation

As long as some particles in the liquid phase have at least the minimum amount of kinetic energy to overcome the intermolecular forces, the particles 

with the highest kinetic energy will escape first.

The result is a decrease in the average kinetic energy of the liquid.

This is observed as a decrease in temperature.

This is why evaporation is a cooling process.




b. Condensation

The particles in the gas phase with the lowest kinetic energy (that approach the particles in the liquid phase) will not be able to overcome the intermolecular forces and will be “trapped” by the liquid phase.

Although these particles have a kinetic energy smaller that of the average for the gas phase, their kinetic energy will be greater than the average for the gas phase of the liquid phase.

When intermolecular forces cause these former gas particles to join the liquid phase, the result is an increase in the average kinetic energy of the liquid.

This is observed as a increase in temperature.

This is why condensation is a heating process.




c. Equilibrium

Eventually, for a sealed container, the rate of the evaporation process will equal the rate of the condensation process.

3. Solid-liquid and liquid-solid phase changes




Similar statements can be made about these.


C. Heat of phase transition



1. Heat of fusion




a. This is also called the standard enthalpy 

            of fusion – (Hfus
b. The heat of fusion is the amount of thermal energy which 

    must be absorbed or evolved for 1 mole of a substance to 

    change states from a solid to a liquid or vice versa at its 

    melting point.

c. Melting point


(1) The melting point of a crystalline solid is the 

                  temperature at which it changes state from solid 

                  to liquid. 

(2) The melting point is also the temperature at 

      which the solid and liquid phases of a substance 

      are in equilibrium at atmospheric pressure.

(3) The freezing point will be the same as the 

      melting point – just the reverse process will be 

      taking place.



2. Heat of vaporization




a. This is also called the standard enthalpy of vaporization

(Hvap

b. The heat of vaporization is the amount of thermal energy 

    that must be absorbed or evolved for 1 mole of a 

    substance to change states from a liquid to a gas or vice 

    versa at its boiling point.

c. Boiling point


(1) Boiling compared with evaporation

(a) Any change of state from a liquid to a 

      gas is considered vaporization.

(b) Evaporation is a surface phenomenon 

      while boiling takes place throughout the 

      liquid.



Only particles located at the 

surface of the liquid can evaporate.

Particles throughout a boiling liquid can and do vaporize – usually forming vapor bubbles in the liquid.

(2) The boiling point is also the temperature at 

      which the vapor pressure of a liquid is equal to 

      pressure on the liquid – in other words the vapor 

      pressure of liquid equals the pressure of the 

      surroundings.

(3) Condensation can take place over a wide range 

      of temperatures so there is no corresponding 

      “condensation point” – unlike the “freezing 

      point.”




d. Heat of vaporization may not always be used to measure 

    the strength of the intermolecular forces.





These forces may also be present in the gas phase.






Examples

Water molecules may form small clumps in the gas phase.

Metals often form covalently bonded molecules in the gas phase.



3. Comparing heat of fusion and heat of vaporization

The heat of vaporization will be much higher than the heat of fusion.

To melt a solid only requires adding enough energy to allow the particles to move out of their fixed positions in the solid.

To vaporize a liquid requires adding enough energy to allow the particles break free of most of the intermolecular forces holding them together.



4. Heating curves




Here is the heating curve for water:
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1st region (heating ice)

q = n
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2nd region (melting ice)





q = n (Hfus



3rd region (heating water)

q = n
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4th region (boiling water)





q = n (Hvap




5th region (heating steam)

q = n
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Where





q is the heat in kJ





n is the number of moles of water





(T is the change in temperature
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D. Vapor pressure



1. Definition

The partial pressure of the vapor of the liquid, measured at equilibrium at a given temperature



2. Description at the molecular level




a. Particles in a liquid have a wide range of kinetic

    energies.

b. Those with a high enough kinetic energy escape the

    liquid phase and go into the open space above the liquid.

c. The amount of kinetic energy needed to escape depends 

    on the strength of the intermolecular forces and the 

    temperature.

(1) Comparing two different substances at the same 

      temperature the relative strength of the 

      intermolecular forces is the point of interest.

The weaker the intermolecular forces, the larger the number of particles that are able to escape.
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(2) Comparing the same substance at two different 

                  temperatures the temperature is the point of 

                  interest.

The higher the temperature, the larger the number of particles that are able to escape.

	
[image: image23.png]escape

les in energy band

energy

‘molecular kinetic energy





	http://www.padfield.org/tim/cfys/wetstuff/energy_ss.png


d. Those particles with a high enough energy escape the 

    liquid phase and go into the open space above the liquid 

    begin to collide with the walls of the container, exerting 

    pressure.




e. As more and more of the particles escape the liquid, 

                                        the pressure increases.




f. Meanwhile the particles in the vapor are colliding with 

    the surface of the liquid.

Those particles in the vapor with the lowest kinetic energy cannot overcome the force of attraction and return to rejoin the liquid state.




g. If this is taking place in a closed container, then 

    eventually the rate at which particles escape the liquid 

    state will come to equal the rate at which the particles 

    rejoin the liquid state.



This results in a state of dynamic equilibrium.

A dynamic equilibrium is said to exist when two opposing processes are occurring simultaneously at 

equal rates.

The vapor pressure of a liquid, then, is the pressure exerted by the vapor when the liquid and the vapor states are in dynamic equilibrium.


h. If this is taking place in an open container, then the 

                escaped particles are not physically constrained to 

                remain near the surface of the liquid and will diffuse 

                far enough away so that the probability of their being 

                recaptured is infinitesimally small.



Equilibrium is never reached.

The particles continue to escape from the liquid phase into the vapor phase until the liquid has completely evaporated.

3. Volatility

Liquids that evaporate easily and quickly are said to be volatile.

They will have a high vapor pressure.



4. Solids and vapor pressure

The equilibrium vapor pressure of solids is the pressure when the rate of sublimation of a solid matches the rate of deposition of its vapor phase.

All solid materials have a vapor pressure, however, for most solids this pressure is extremely low.

Notable exceptions are


Naphthalene – moth balls


Solid CO2 – dry ice 

5. Clausius-Clapeyron equation

a. Background derivation for the Clausius-Clapeyron 

    equation

Experiments have determined that vapor pressure increases as Kelvin temperature increases and obeys the proportion:





log P ( (
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Providing constants gives:





log P = (
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where A and B are positive constants.

Using partial derivatives (calculus) and thermodynamics, and assuming that the vapor behaves as an ideal gas we get:




ln P = ( 
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P is the vapor pressure




R is the ideal gas law constant



8.314472 x 10(3 kJ/mol(K




(Hvap is the heat of vaporization




T is the Kelvin temperature

b. Derivation of the slope-intercept form of 

    the Clausius-Clapeyron equation

ln P = ( 
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Converting this to the equation for a straight line we get:
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[image: image28.wmf]÷

ø

ö

ç

è

æ

÷

÷

ø

ö

ç

ç

è

æ

D

-

T

H

vap

1

R

 + B


 

 y    =         m       x    + b

Thus a plot of the natural logarithm versus the reciprocal of Kelvin temperature will yield a straight line with a slope of  (
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This allows the graphical determination of the (Hvap as well as interpolation and extrapolation for values not experimentally measured.

c. Derivation of the two-point form of the 

    Clausius-Clapeyron equation

Equation 1:
ln P1 = ( 
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Equation 2: 
ln P2 = ( 
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      Subtracting Equation 2 from Equation 1:

ln P1 ( ln P2  = ( 
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The two-point form allows the calculation of the vapor pressure at another temperature given the heat of vaporization and the vapor pressure at another temperature.

The two-point form also allows the calculation of the heat of vaporization given the vapor pressure at two temperatures.

d. The calculated values will differ somewhat from the 

    measured values because the assumptions involved 

    in solving the calculus are only approximately true:

(1) That the change in the volume of the vapor that ‘  

      results from evaporation is assumed to be equal 

      to the volume of the vapor produced

True at low to moderate pressures

(2) That enthalpy of vaporization is constant with 

      changes in temperature

These changes in (Hvap are pretty small at low to moderate pressures

(3) That the external pressure does NOT have an 

      effect on the vapor pressure 

There is a slight dependence on external pressure

(4) In short, that the vapor behaves as an ideal gas

This is truer the farther the system is from the critical point


e. The student should review logarithms.

See your math text or the handout 

“Logarithm Rules”

f. Examples





(1) Calculating the heat of vaporization

A liquid has a vapor pressure of 88 mm Hg at 45(C and 39 mm Hg at 25(C.  What is its heat of vaporization?

	Given
	Find

	P1 = 88 mm Hg


P2 = 39 mm Hg

T1 = 45(C


T2 = 25(C

R = 8.314472 x 10(3 kJ/mol(K
	 T1 in K = ? 

 T2 in K = ? 

(Hvap = ?


T1 = 45 + 273.15 = 318.15 K

 



T2 = 25 + 273.15 = 298.15 K

R = 8.314472 x 10(3 kJ/mol(K

ln
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(2) Calculating the vapor pressure

The molar heat of vaporization for water is 40.657 kJ/mol.  By definition it has a vapor pressure of exactly 1 atm at exactly 100 °C.  What is its vapor pressure at 27.00 °C?

	Given
	Find

	(Hvap = 40.657 kJ/mol

P1 = 1 atm


T1 = 100.00 (C


T2 = 27.00 (C

R = 8.314472 x 10(3 kJ/mol(K
	 T1 in K = ? 

 T2 in K = ? 

 P2 = ?


T1 = 100.00 + 273.15 = 373.15 K

 



T2 = 27.00 + 273.15 = 300.15 K
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A. Definitions and description



1. Definitions

a. Phase diagram

A phase diagram is a graphic representation of the equilibria among the solid, liquid, and gaseous phases of a substance as function of temperature and pressure.




b. Triple point

The triple point of a substance is the temperature and pressure at which all three phases (gas, liquid, and solid) of that substance may coexist in thermodynamic equilibrium.




c. Critical point

The critical point of a substance is the temperature and pressure at which the liquid phase can no longer exist.




d. Critical temperature

The critical temperature is the temperature above which the liquid phase of a substance no longer exists, regardless of the pressure exerted on it.




e. Critical pressure


The critical pressure is the vapor pressure at the critical temperature.

It is the pressure required to liquefy a gas at its critical temperature.

It is the maximum pressure that can be applied to cause a gas to liquefy.



2. Description of a phase diagram

The vertical axis of a phase diagram corresponds to pressure.

The horizontal axis of a phase diagram corresponds to temperature.

The lines represent combinations of pressure and temperature at which equilibrium exists between phases.

Any point on the diagram that does not fall on a line corresponds to conditions under which only one phase is present.


B. A phase diagram contains three important curves.



1. The sublimation curve



The line from the triple point down to the left is a plot of (equilibrium) vapor pressure P as a function of temperature T for the solid-gas equilibrium.

This is the boundary between the solid state and the gas state.

For a given temperature it gives the vapor pressure of the solid as it sublimes at different temperatures.

2. The vaporization curve

This curve from the triple point to the critical point is a plot of (equilibrium) vapor pressure P as a function of temperature T for the liquid-gas equilibrium.

This is the boundary between the liquid state and the gas state.

For a given temperature it gives the vapor pressure.

This curve ends at the critical point.

This is the temperature above which the gas cannot be forced to condense, no matter how great a pressure is applied.

The kinetic energy of the particles is so large that the intermolecular forces cannot overcome it – regardless of the pressure that is applied.



3. The melting curve

The curve from the triple point sharply up to the top is a plot of melting point as a function of temperature for the solid-liquid equilibrium.

This is the boundary between the solid state and the liquid state.

It represents the change in melting point of the solid as pressure increases.

For most substances this line usually slopes slightly to the right as pressure increases.  

For most substances the solid is denser than the liquid.

Therefore, an increase in pressure usually favors the more dense solid phase.  

Thus higher temperatures are required to melt the solid at higher pressure.

However, for water this line usually slopes slightly to the left as pressure increases.  

It has a negative slope due to the fact that when ice melts, its volume decreases.

Remember that water is most dense at 4 (C and begins to lock into a more organized and less dense crystal form as the temperature decreases from there.

Therefore, an increase in pressure favors the more dense liquid phase. 

Increasing pressure will thus lower the temperature at which the solid will melt. 


C. Conditions for liquefaction



1. If liquefaction is to take place the temperature must be below the

                           critical temperature for that substance.



2. Examples

Given the following table, which of these substances, which are usually found as gases, can be liquefied at room temperature with the application of pressure, and which must have their temperature reduced as well as pressure applied:

	Substance
	Tc
Critical Temperature

in C
	Pc
Critical Pressure

in atm

	ammonia
	132
	112

	ethylene
	9
	50

	methane
	(83
	45

	freon CCl2F2
	112
	41


a. Ammonia

The critical temperature is above room temperature = pressure only to liquefy

b. Ethylene

The critical temperature is below room temperature = pressure and cooling to liquefy

c. Methane

The critical temperature is below room temperature = pressure and cooling to liquefy

d. Freon CCl2F2 

The critical temperature is above room temperature = pressure only to liquefy
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