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                                          CHAPTER-05
                       STATES OF MATTER: GASES & LIQUIDS
LECTURE-1
Matter exists in three different states, i.e, solids, liquids & gases. According to the kinetic molecular theory, all forms of matter are composed of small, rapidly moving particles. The same substance can exist in three different states. For examples, at room temperature, water is in a liquid state. On heating, it changes into water vapours. When cooled, it solidifies to give ice.
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 Intermolecular Forces Versus Thermal Energy: 
i. If the thermal energy is much greater than the forces of attraction, then the matter exists in the gaseous state.
ii. If the forces of attraction are greater than the thermal energy, matter exists in the liquid state.
iii. If the forces of attraction between molecules are much greater than the thermal energy, then the matter exists in the solid state.
· Increase in temperature increases the kinetic energy of the particles resulting in an increase in  randomness. This increase in temperature changes a solid into a liquid & a liquid into a gas. Conversely, decrease in temperature lowers the kinetic energy & reduces the degree of randomness. This results in the change of gaseous state into a liquid & liquid state into  solid state. In a solid, particles are closely packed and the cohesive forces between them are very strong as a result of which the particles in a solid move very little. Therefore, the molecules in a solid possess very small kinetic energy and associated only with vibratory motion.
· Liquid state is an intermediate state between solids & gases. In this state, the molecules are not very closely packed as in solids.
· The intermolecular cohesive forces are weak & the molecules can move freely. These are associated with translatory & rotatory motion in addition to vibratory motion. Thus, liquid state is much less ordered & the molecules are associated with greater kinetic energy.
· Gaseous state is the least ordered state. The molecules are separated from each other by large distances. The intermolecular forces are the weakest in them. The gases have all the three types of motion, i.e. translatory, rotatory, & vibratory & possess high kinetic energy.
· The physical state of a substance  is largely determined by temperature considerations. A substance exists in the solid state if its melting point is above the room temperature at the atmospheric pressure. It exist as a liquid if its boiling point is higher than the room temperature but its melting point is lower than the room temperature. It exists as a gas if its boiling point is below the room temperature.
COMARISON OF PROPERTIES OF SOLIDS, LIQUIDS, & GASES: 
	Property
	Solids
	Liquids
	Gases

	1. Particle arrangement
	Molecules occupy fixed positions & are packed close together.
	Molecules do not occupy fixed positions & are less closely packed.
	Molecules do not occupy fixed positions & are widely separated.

	2. Movement
	Molecules have very little movement & are associated only with vibratory motion.
	Molecules move freely but slower than gases. These have all the three types of motion.
	Molecules move very freely & are associated with all three types of motion.

	3. Energy
	Molecules possess minimum energy.
	Molecules possess higher energy.
	Molecules possess very high energy.

	4. Shape & Volume
	Due to the fixed position of particles and lack of translatory motion, solids have definite shapes and volumes.
	Due to the absence of fixed position, liquids have no definite shape. They have definite volumes because the intermolecular forces though weaker, are powerful enough to prevent the separation of molecules from one another.
	Since, particles of gases are not held in fixed position & move freely, gases neither have definite shapes nor definite volumes.

	5. Density 
	Due to close packing of molecules solids have small volumes & thus high density.
	Liquids also have high densities but generally lower than that of solids.
	Due to large separation of molecules, gases have large volume & thus low densities.

	6. Diffusion
	Solids do not diffuse readily.
	Liquids diffuse slowly than gases but move rapidly than solids.
	Gases diffuse very readily  due to the free movement of the molecules.

	7. Compressibility
	Solids can only be compressed under extremely high pressure due to the absence of empty spaces.
	Liquids can also be compressed only under high pressure.
	Gases can be compressed readily due to presence of large empty spaces between the molecules.


 LECTURE-2

Intermolecular forces:
· It is the attractive interaction between the different molecules of a substance. Attractive intermolecular forces are known as Vander Waals forces.
· The magnitude of these forces is maximum in the solids & minimum in the gases. These forces are purely electrostatic & thus physical in nature.
Types of Intermolecular forces:
 Following are the different types of intermolecular forces.
a) Dispersion forces (or) London forces.
b) D ipole-dipole attractions (or) Keesom forces.
c) Ion-dipole attractions
d) Ion-induced dipole interactions
e) Dipole induced dipole interactions
f) Hydrogen bonding.
Dispersion forces: 
· These forces exist between non-polar atoms like inert gases & non-polar molecules like H2, N2 etc.
· Atoms & non-polar molecules are electrically symmetrical & have no dipole moment because their electronic charge cloud is symmetrically distributed.
· Let us consider two atoms ‘A’ & ‘B’ which are close to each other. Suppose symmetrical movement of the electron cloud in atom ‘A’ becomes unsymmetrical for fraction of a second. As a result, one end of the atom gets positive charge & the other end gets negative charge.
· This results in the development of instantaneous dipole on the atom ‘A’ for a very short time, which distorts the electron density of the other atom ’B’ which is close to it as a consequence, a dipole is induced in the atom ‘B’.
· The temporary dipoles of atom A & B attract each other.This fore of attraction between to temporary dipoles is known as London force or dispersion force. This force is short range (~500pm) & depends on the polarisability of the particle.
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Dipole-dipole attractions:
· These forces exist between polar molecules like HF, H2O etc. Such molecules have a partial positive charge at one end & a  partial negative charge at the other end. These are called dipoles. The positive end of one dipole attracts the negative end of other.
· In HCl molecule, ‘Cl’ being more electronegative acquires a slight negative charge whereas the ‘H’ end acquires the same amount of positive charge. The dipole-dipole interaction then take place among the HCl molecule as shown below.
                                     [image: image4.png]More charge density
towards chlorine

(a)

5





· Generally dipole-dipole interactions are about 1% as strong as a covalent bond & the attractions between the opposite poles are greater than repulsions between the like poles. Thus the molecules have net attraction to each other. These forces are also weaker than ion-ion and ion-dipole attractions.
Ion-dipole attractions:
· These forces exist between an ion (cation or anion) & a polar molecule. The strength of this interaction depends upon the charge & the size of the ion & on the size and magnitude of dipole moment of the polar molecule.
· The charge density on cations is higher (due to their smaller size) than on anions, therefore, these interactions are stronger between a cation & a dipole as compared to the interaction between a dipole and an anion having same charge but bigger size.
Ion-induced dipole interactions & Dipole induced dipole interactions(Debye forces)
· These interactions exist between an ion or a polar molecule (e.g.[image: image6.png]


) & an induced dipole (nonpolar molecules such as H2O2 etc.). The attractive interaction between an ion & the induced dipole is called ion-induced dipole interactions & the attractive interaction between a polar molecule & the induced dipole is called dipole-induced dipole interaction.
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                                     [INDUCED DIPOLE-DIPOLE INTERACTION]
· Magnitude of induced dipole depends not only on the charge on the ion or strength of the dipole but also on the polarisability of the atom or molecule. Large atoms or molecules can be polarised more easily than the smaller atoms or molecules.
· A cation or positive end of a polar molecule attracts the mobile electron cloud of the non-polar molecules towards itself. Thus the non-polar molecules become polar due to induction. The result is that the polar & nonpolar molecules are attracted together by dipole & induced dipole interaction.
Hydrogen bonding:
· It is a special case of dipole-dipole interactions & exist in molecules containing a ‘H’ atom linked by a covalent bond to a highly electronegative atom having a small size. Bond between hydrogen atom & a small but highly electronegative element such as F, O, or N is highly polar.
· This is because the bonding electron pair in a covalent bond is largely attracted towards the more electronegative element. Consequently, electronegative element acquires partial negative charge while the ‘H’ atom acquires the same amount of positive charge. Hydrogen atom acts as a bridge between two electronegative atoms of adjacent molecules. 
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Strength of hydrogen bond:   It is stronger than ordinary dipole-dipole interactions but much weaker than ordinary covalent bonds.
 Types of bonding:-  The nature of binding forces which hold the constituent particles together are described below.
1) Molecular solids: The constituent units of molecular solids are small  molecules held together by weak Vander-Waal’s forces. Examples are solid CO2, Ice, Sugar, Iodine etc.
Characteristics:
· They are soft.
· They have low melting points.
· They have low heats of vaporization & are volatile.
· Bad conductors of electricity due to the absence of mobile electrons.
2)  Ionic solids:  The constituent units in ionic solids are oppositely charged ions, held together by strong electrostatic force of attraction. Examples are NaCl, CsCl, BaCl2 etc.
Characteristics:
· They have very high melting & boiling points.
· They have high heats of fusion.
· Bad conductors of electricity in solid state but conduct electricity in fused or dissolved state.
· They are hard & brittle.
3) Network or covalent solids:  
The constituent particles in covalent solids are atoms which are held by strong covalent bonds. Examples are diamond, quartz (SiO2), carborundum(SiC) etc.
Characteristics:
·  They are generally hard due to the presence of strong covalent bonds.
· They have high heats of fusion.
· Bad conductors of electricity.
 Metallic solids:  The constituent units are positive ions surrounded by free moving electrons. Examples are Cu, Ag, Au, Al etc.
Characteristics:
· They are malleable & ductile.
· Good conductors of heat & electricity.
· They have metallic structure.
· They have moderate heats of fusion.
LECTURE-3

Boyle’s law (by Robert Boyle in 1662)
Statement:  At a constant temperature, the pressure of a given mass of gas is inversely proportional to its volume.
Mathematically,      [image: image10.png]p o<
v



   (at constant T & n)
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     where K is a proportionality constant.
It means that at constant temperature, product of pressure and volume of a fixed amount of gas is constant.
If the pressure of the gas is changed to P1 & the corresponding volume be V1, then 
P1V1=K. Similarly, P2V2= K. 

                             In general, P1V1 = P2V2
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                        PV vs P graph
Practical implications of Boyle’s law:
· It follows from the Boyles’s law that gases are compressible. When a given mass of gas is compressed, the same number of molecules occupy a smaller volume. Hence, density of gas increases.
We know that density, [image: image15.png]



For a fixed mass of gas, [image: image17.png]



Therefore, Boyle’s law can be written as; [image: image19.png]poxd



 i.e; at a constant temperature,
pressure of a fixed mass of gas is directly proportional to the density.
Problem -1:  A balloon is filled with hydrogen at room temperature. It will burst if pressure exceeds 0.2bar. If at 1 bar pressure, the gas occupies 2.27L volume, up to what volume can the balloon be expanded?
Solution:   According to Boyle's law, P1V1 = P2V2
                   Here,    P1=1bar                 V1=2.27L
                                 P2=0.2bar              V2=?
                   V2= [image: image21.png]PV _ 1:227
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  Since balloon bursts at 0.2bar pressure, the volume of balloon should be less than 11.35L.
Problem -2:  A sample of air has a volume of 500dm3 & a pressure of 1bar. What additional pressure is required to reduce the volume to 200dm3 at 30°C?
Solution:   Given,      P1= 1bar       V1=500dm3
                                     P2= ?            V2=200dm3
                  According to Boyle’s law, P1V1 = P2V2
                                    P2= [image: image23.png]fiVy _ 1:500
V2 20



=2.5bar
                  Additional pressure required=2.5-1.0=1.5bar.
Charle’s law: (by Jacque Charles in 1787)
Statement:  Pressure remaining constant, the volume of a fixed mass of gas increases or decreases by  [image: image25.png]27315



 of its volume at 0°C for every 1°C rise or fall of temperature.
Let V0 be the volume of a given mass of gas at 0°C.
Volume of the gas at 1°C, V1= [image: image27.png]Vo +
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Similarly, Volume of the gas at t°C, [image: image29.png]
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At-273.15°C, the volume of a gas becomes zero. This temperature at which volume of a gas becomes zero called absolute zero.
· Lord Kelvin has introduced a new scale of temperature called Kelvin temperature scale or absolute temperature scale, the zero of which corresponds to -273.15°C.
                                      -273.15°C = 0K
                                   Or, 0°C = 273.15K
                                          t°C = (273.15+t)K
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 is t°C in Kelvin scale & [image: image39.png]


 is 0°C in kelvin scale.
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In general,                  [image: image49.png]oS

S




· Thus, Charle’s law may be put in the form. ‘’Pressure remaining constant, the volume of a fixed mass of gas is directly proportional to its absolute temperature.”
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    Each line of the volume vs. temperature (O°C) graph is called isobar. 
· The Volume of the gas at -273.15°C will be zero. Actually, all the gases condense before this temperature is reached. The lowest hypothetical or imaginary temperature at which gases are supposed to occupy zero volume is called absolute zero.
Problem -1:  On a ship sailing in Pacific Ocean where temperature is 23.4°C, a balloon is filled with 2L air. What will be the volume of the balloon when the ship reaches Indian Ocean, where temperature is 26.1°C?
Solution:           V1=2L                              V2=?
                         T1=23.4°C                        T2=26.1°C
                           = (23.4+273)K                =(26.1+273)K
                                  =296.4K                           =299.1K
From Charle’s law, [image: image52.png]Y
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=2.018L.
Problem -2: A Student forgot to add the reaction mixture to the round bottomed flask at 27°C. However, he placed the flask on the flame. After a lapse of time, he recorded the temperature of the flask with the help of a pyrometer & it was found to be 477°C. What fraction of air would have been expelled out?  
Solution:  In case of open vessels, the pressure is equal to atmospheric pressure is equal to atmosphere pressure. 
              Given,       T1=23.4°C =(27+273)K=300K
                                T2=477°C=(273+477)K=750K
               Applying Charle’s law,    [image: image56.png]
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  Thus air left in the vessel =[image: image64.png]


                
  Fraction of air expelled = 1- [image: image66.png]
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 =60%    .           
LECTURE-4
Gay Lussac’s law: (Pressure-Temperature Relationship By Joseph Gay Lussac)
Statement:  
At a constant volume, the pressure of a fixed mass of gas is directly proportional to its absolute temperature.
Mathematically, [image: image70.png]PoT
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          (Where K is proportionality constant)
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In general,            [image: image77.png]W
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                             [Pressure vs. Temperature (k) graph of a gas]
· Each line of this graph is called isochore.
Avogadro law: (By Amedeo Avogadro in 1811)
Statement:  Equal volumes of all gases under similar conditions of temperature & pressure contain equal number of molecules.
Mathematically,    [image: image79.png]VoaN



       (at constant T & P)
Number of moles, [image: image81.png]=
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 is the Avogadro number.
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Hence, volume of a gas is also directly proportional to the number of moles (at constant temperature & pressure).
Or       [image: image87.png]Van



      (at constant T & P)
Combined gas laws:
We know that             [image: image89.png]


                 (When T is constant)
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                 (When P is constant)
Combining these two laws,      [image: image93.png]
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  (Where K is proportionality constant)
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Problem -1: A steel tank contains CO2 at 27°C & a pressure of 10 bar. Calculate the internal gas pressure when the tank & the gas are heated to 100°C.
Solution:   Given,     P1= 10bar                                          T2= 100°C = (100+273) K
                                   T1= 27°C = (27+273) K =300k                                        = 373K                                                                                                                          P2=?
              According to Gay-Lussac’s law,
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Problem -2: At 25 degree Celsius and 760mm of Hg pressure, a gas occupies 600ml volume. What will be its pressure at a height where temperature is 10 degree celsius & volume of the gas is 640ml?
Solution:   Given,   T1= 25°C = (25+273) K                         T2= 10°C = (10+273) K
                                                 = 298K                                                    = 283K
                                  P1= 760mm of Hg                                 P2=?
                                  V1= 600ml                                             V2= 640ml
Applying combined gas law,
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Problem -3: What will be the volume of a gas at 17°C & 730mm pressure if it occupies a volume of 22.4L at NTP?
Solution:  Given,         At NTP                     At given conditions
                                       V1=22.4L                       V2=?
                                       P1= 760mm                   P1= 730mm
                                       T1= 273K                        T1= 290K
From the relation,  
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LECTURE-5

Ideal gas equation:  
This equation is derived by combining Boyle's law, Charles’s law & Avogadro’s law. We know that,     [image: image113.png]


             (at constant T & n) ------ Boyle's law
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              (at constant P & n) ------ Charles’s law
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              (at constant P & T) ------ Avogadro’s law
Combining the above laws,           [image: image119.png]T
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        (Where R is proportionality constant called 
                                                                                       Universal gas constant)
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 --------- This equation is called ideal gas equation 
Numerical Values of ‘R’:  The numerical value of R depends on the units in which P, V & T are measured. We know that volume of one mole of an ideal gas under STP conditions (273.15K & 1bar pressure) is 22.710Lmol-1.
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Density and molar mass of a gaseous substance:  
                       We know that,  [image: image137.png]
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              (Where‘d’ is the density =  [image: image149.png]v



 )
Dalton’s law of partial pressure: (By John Dalton in 1801)
Statement: The total pressure exerted by the mixture of non-reactive gases is equal to the sum of the partial pressures of individual gases.
Mathematically,    [image: image151.png]


 ----------- (at constant T & V)
Where, PT is the total pressure exerted by the mixture of gases & P1, P2, P3 etc. are the partial pressures of the individual gases.
Partial pressure in terms of mole fraction: 
From ideal gas equation,  
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Where P1, P2 & P3 are the partial pressures of three gases and n1, n2, n3 are number of moles of these gases. 
                 The total pressure of the mixture, 
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                  On dividing P1 by PT, we get,
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 is the mole fraction of first gas.
                  Thus,    [image: image175.png]



Similarly, for other two gases, [image: image177.png]P, = Prx,
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Applications: Determination of the pressure of the dry gas 
The partial pressure exerted by the vapours of water is called aqueous tension.
[image: image180.png]+ Aqueous tension
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Kinetic molecular theory of gases:
Postulates:
1. A gas is composed of minute particles called molecules each having the same mass.
2. The volume occupied by a molecule is so small that it can be neglected in comparison to the total volume of the gas.
3. There is no intermolecular force of attraction & molecules behave as perfectly elastic bodies.
4. The molecules move in random motion with high velocities in all possible directions undergoing elastic collision with one another & with the walls of the containing vessel.
5. The collisions between the molecules are perfectly elastic such that the total kinetic energy of the gas remains unchanged. Only a redistribution of energy between the colliding molecules takes place.
6. The pressure exerted by the gas is due to the bombardment of the moving molecules on the wall of the vessel containing the gas.
7. The average kinetic energy of the molecules of the gas is directly proportional to the absolute temperature.
LECTURE-6

Behaviour of Real gases: (Deviation from ideal gas behaviour)
Ideal gas: A gas which obeys the general gas equation & other gas laws under all conditions of temperature & pressure is known as ideal gas or perfect gas. In fact, the concept of ideal gas is only hypothetical.
Real gas: A gas which does not obey general gas equation and all other gas laws strictly but tends towards ideality at low pressure & high temperature is known as a real gas.
Behaviour of Real gases:
· To test the behaviour of real gases, plots of PV vs. P are drawn at constant temperature.
· According to Boyle's law, PV will be constant & PV versus P plots at all pressures will be a straight line parallel to x-axis, which is an ideal behaviour.
                             [image: image181.png]



                                                 [Plot of PV vs. F]
· Two types of curves are obtained.
i.  For gases like H2 & He, the value of PV increases as the pressure increases.
ii.  For gases like CO & CH4, we see negative deviations from Ideal behaviour and PV decreases with increase in pressure.
· It reaches a minimum & after this, it starts increasing. Then it crosses the line of ideal behaviour & shows positive deviations continuously. Clearly, the real gases do not follow ideal equation perfectly under all conditions.
· Deviations from Ideal behaviour also become clear when plot is drawn between pressure & volume. It is clear from the graph that at a very high pressure, the measured volume is more than the calculated volume. But at low pressure, measured & calculated volumes approach each other.
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 Causes of deviation: 
· The following assumptions of the kinetic theory seem to be faulty and they are probably the cause of deviation.
a) There is no intermolecular force of attraction in a gas.
b) Volume occupied by a molecule is so small which can be neglected in comparison to the total volume of the gas.
· The above two assumptions hold good under conditions of low pressure & high temperature. At low pressure and high temperature, the volume of the gas is large as a result the distance between molecules increases.
· As the volume of the gas is large, the volume of a molecule can be neglected in comparison to the total volume of gas.
· Real gases behave as ideal gases only at low pressure & high temperature. Higher the pressure and lower the temperature, real gases deviate from ideal behaviour. The temperature above which a gas behaves like an ideal gas & obeys the gas laws is called Boyle temperature.
· The deviation from ideal behaviour can be measured in terms of compressibility factor Z. Mathematically,          [image: image184.png]EIE




For ideal gas Z=1 at all temperatures & pressures.
· However this is not the case for actual gases. In this given graph, we find that the curves obtained on plotting ‘Z’ against pressure for different gases have the following characteristics.                                                                [image: image185.png]0" 200 400 600 800 1000
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                   [Plot of Z against P for some gases at 0°C] 
i. All the curves approach the ideal value as the pressure approaches zero. Thus at low pressure, all gases behave as ideal gases.
ii. At moderate pressure, Z < 1 i.e. there is negative or under perfect deviation. It means that the gas is more compressible than expected from Ideal behaviour.
iii. At high pressure, Z > 1 i.e., there is positive or over perfect deviation. It means that the gas is less compressible than expected from ideal behaviour.
iv. For H2 & He, ‘Z’ is always greater than one. This means that these gases are less compressible than expected from ideal behaviour at all pressures.
v. Extent of deviation at any temperature or pressure depends upon the nature of the gas. Gases like CO2 which can be liquefied easily, show larger deviations.
LECTURE-7

Correction of deviation: (Vander Waal’s equation of state)
· J.D Vander Waal incorporated two corrections in the  ideal gas equation, taking into account the molecular volume & the intermolecular forces.
· The modified gas equation formulated by him is popularly called the Vander Waal’s equation of state.
Mathematically, it is written as:
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Where, P = Pressure (atmospheres), V = Volume (litre), n = number of moles. a & b are constants for corrections in pressure & volume respectively.
· For one mole of gas, the equation is
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i. Volume Correction(b):
· If the molecules are assumed to be spherical with a radius ‘r’, the volume of the molecule will be  [image: image191.png]


 . The closest approach of two molecules will be 2r.
· Hence, the excluded volume for two molecules is [image: image193.png]Sm(2r®)
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. For one molecule, the excluded volume is[image: image197.png]


. i.e., four times the molecular volume.
· Hence, for one mole of the gas, i.e., N molecules, [image: image199.png]


. Where b is stated in litre/mole & r is given in cm, while N, i.e., Avogadro’s number of all gases at STP is constant (6.023x1023), r is different for different gases & can be determined experimentally.
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· In simple words, b is the non-compressible volume of gas. 
Therefore, Ideal volume = Available volume – Non-compressible volume
             Or, Correct volume = (V-b)
ii. Pressure Correction:
· Intermolecular attraction i.e., Vander Waal’s forces between molecules of gases cannot be ignored, through their magnitude is extremely small. When taken into account, these will increase the pressure.
· A gas molecule at the centre of a vessel is attracted by other molecules surrounding it. But when a molecule is about to strike a wall of the vessel, its velocity or momentum decreases, due to inward pull, since there is no attraction towards the wall. 
· Thus the molecule will exert less pressure than the ideal pressure.
[image: image202.png]


 Ideal pressure = Actual pressure+ P
Where, P is the correction in pressure applied. Now the inward pull on one molecule depends upon the molecules per unit volume behind it.
i.e.
Total number of molecules which are about to collide the wall [image: image204.png]
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  --- (i)
Where, n = fraction of the total number of molecules (N) = number of moles
Also total number of molecules which are attracting such molecules [image: image210.png]
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 - (ii)
From (i) & (ii),            total inward pull [image: image216.png]
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i.e.      P [image: image220.png]
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     Where ‘a’ is a constant 
Hence, ideal pressure = P+[image: image224.png]



Or, for one mole of a gas, ideal pressure = P+[image: image226.png]e




Now applying the volume & pressure corrections, the Vander Waal’s equation of state will be:
            [image: image228.png](P+‘%)(V—b):)rr



         (For one mole) 
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   (For ‘n’ moles of the gas)
The constant ‘a’ & ‘b’ are different for different gases & can be determined experimentally.
Unit of ‘a’ & ‘b’:   Unit of a:      a = [image: image232.png]


 = atmlit2mol-2 (or) atmdm6mol-2
                                Unit of b:     b = m3mol-1 or Litmol-1
Significance of ‘a’ & ‘b’:  
Gases having greater value of ‘a’ can be liquefied more easily & vice versa. The constant ‘b’ is related to the size of the molecule. Larger the value of ‘b’, larger is the size of the molecule.
LECTURE-8

Liquefaction of gases:             
· A number of gases such as CO2, NH3, and SO2 etc. get liquefied when subjected to low temperature & high pressure. Under these conditions, the slow moving molecules come nearer to each other due to the forces of attraction. They aggregate & get converted into liquid.
· Out of the two factors (low temperature & high pressure), the effect of temperature is more important.
· Andrew discovered the essential conditions for the liquefaction of gases. He studied pressure-volume –temperature relationship for CO2.  
· As a result of his studies, he found that above a certain temperature (called critical temperature), it was impossible to liquefy a gas whatever the pressure was applied. Every gas has a certain fixed value of temperature.
Critical temperature (TC):  It is defined as the temperature below which the gas can be liquefied by the application of pressure above it.   
Critical pressure (PC): It is the pressure needed to liquefy the gas at the critical temperature.
Critical volume (VC): It is the volume occupied by one mole of the gas at critical temperature.
· Andrew plotted pressure against volume at various temperatures for CO2. Each pressure-volume curve at certain temperature is called isotherm.
· Consider the curve at 13.1°C. At low pressure, CO2 is purely gaseous & is shown by a point A. As the pressure is increased, the volume decreases (see AX portion of isotherm) as per Boyle’s law.
· At X, deviations from Boyle’s law begin & the volume decreases rapidly as the gas is converted into liquid. The horizontal portion XY shows the vapour pressure of the liquid at 13.1°C.
· Now consider the isotherm at 21.5°C. Similar behaviour is shown except that liquefaction occurs at high pressure & also horizontal portion BC is shorter. Thus, we see that as the temperature is raised, the horizontal portion becomes smaller & smaller and at 30.98°C, it reduces to a point E.
· E is called the critical point. Here the boundary between the liquid & gas phase disappears & both the phases have identical characteristics.
· The isotherm for CO2 at 30.98°C is called critical isotherm at pressure 73atm. At this temperature, the pressure is PC called critical pressure & volume VC is critical volume.
· This means that above 30.98°C, CO2 gas cannot be liquefied, however, high the pressure may be applied. 
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                                        [Isotherms of CO2 at various temperatures]
LECTURE-9
Liquid State:  
Vapour pressure:
· When a liquid is taken in a closed vessel, the more energetic molecules near the liquid surface change into vapours. As a result, the kinetic energy of remaining molecules decreases (& temperature falls) & the rate of evaporation decreases with time, while that that of condensation increases.
· Ultimately, the rate of evaporation, at a particular temperature, becomes equal to the rate of condensation & an equilibrium gets established.
· In such a state, there is no observable change in the liquid system. The amount of the liquid in the vessel remains constant. The number of molecules in the vapour above the liquid is also constant, because on an average for every molecule that evaporates there is another which condenses. The molecules in the vapour phase exert pressure.
· The pressure exerted by the vapours of a liquid at the equilibrium state is called the vapour pressure of the liquid at the given temperature.  
Factors affecting vapour pressure: The vapour pressure of liquid depends on; (a) Nature of liquid (b) Temperature.
(a) Nature of liquid: 
· Each liquid has a characteristics vapour pressure at a given temperature. This is because each liquid has different magnitude of inter-molecular attractive forces. Thus each liquid has a different tendency to evaporate.
· Liquids having small inter-molecular attractive forces have high tendency to evaporate & therefore, have high vapour pressure. On the other hand, liquids having large intermolecular attractive forces have a small tendency to evaporate & therefore have low vapour pressure.
· For example, ether having small intermolecular forces has a vapour pressure equal to 44.2mm of Hg while water having large intermolecular forces has a vapour pressure equal to 17.5mm of Hg at 298K. 
(b) Temperature: 
· Vapour pressure of a  liquid is directly proportional to its temperature. With the increase in temperature, the average kinetic energy of the liquid molecules increases.
· Thus, the number of energetic molecules capable of escaping into the vapour state also increases. As a result, the number of molecules present in the vapour state at equilibrium will also be more.
· Consequently, the vapour pressure will also be higher.
·  Effect of temperature on the vapour pressure of some liquid is shown in the figure.
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· The temperature at which the vapour pressure of a liquid becomes equal to the atmospheric pressure is called the boiling point of the liquid.

· As the atmospheric pressure may be different at different places, the boiling point of the same liquid may be different at different places.

· The boiling point of a liquid increases with increase in pressure & vice versa. For example, the boiling point of water is 368K when the atmospheric pressure is 634mm but is 373K when the atmospheric pressure is 760mm. Therefore, to avoid confusion, the term ‘normal boiling point’ is used.

· The normal boiling point is the temperature at which the vapour pressure of liquid is the normal atmospheric pressure, i.e., 760 mm of Hg.      

· If pressure is 1bar, then the boiling point is called standard boiling point of the liquid, which is slightly lower than the normal boiling point because 1bar pressure is slightly less than 1atm pressure.
· The normal boiling point of water is 100°C (373K) & standard boiling point is 99.6°C (372.6K). At high altitudes, atmospheric pressure is low. Therefore, liquids at high altitudes boil at lower temperature in comparison to that at sea level.
· Since water boils at low temperature on hills, the pressure cooker is used for cooking food. Boiling does not occur when liquid is heated in a closed vessel.
· On heating, continuously vapour pressure increases. At first, a clear boundary is visible between liquid & vapour phase because liquid is more dense than vapour.
· As the temperature increases, more & more molecules  go to vapour phase & density of vapours rises. At the same time, liquid becomes less dense. It expands because molecules move apart.
· When density of liquids & vapours becomes the same, the clear boundary between them disappears. This temperature is called critical temperature.  
Viscosity: 
· Viscosity of a liquid is its property by virtue of which it tends to oppose the relative motion between two adjacent layers.
· When a liquid is flowing through a cylindrical tube, layers just touching the sides of the tube are stationary, & velocities of the adjacent layers increases towards the centre of the tube. The layer in the centre of the tube will have a maximum velocity.
· Thus, there exists a velocity gradient. In order to maintain a uniform velocity gradient, we have to apply force acting along the direction of movement of the layer. 
· This applied force is a measure of internal friction or viscosity of the liquid. 
                    In case of liquids, this internal friction arises due to the presence of intermolecular attractive forces.
· Let us consider a fluid as being made of parallel layers or planes of molecules. Let the area of each layer be A & the distance between the layers be dx. Further consider each of the layers to be moving to the right with velocities u-du, u, u +du etc.
· Where each succeeding velocity is greater than preceding by an amount du. This type of flow in which the different layers are parallel to each other is called laminar flow.
· In laminar flow, the force ‘F’ required to maintain a steady velocity difference du between any two parallel layers separated by distance dz will depend upon:
i. Area of contact A between the two layers
ii. Velocity gradient, du/dz. 
LECTURE-10

Co-efficient of viscosity: (η)
The force required to maintain the flow of layers,    [image: image236.png]F oA
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               [Gradation of velocity in the laminar flow]
Where,η is a proportionality constant & is called co-efficient of viscosity.
When A=1cm2, du= 1cm/sec, dz=1cm.  Then [image: image245.png]



· So, co-efficient of viscosity ([image: image247.png]n)



 may be defined as the force when velocity gradient is unity & the area of contact is unit area.
Unit of η : 
· In SI Unit:  1 Newton second per square meter
                    = (Nsm-2)
                    = Pascal second
                    = Pa. s
                    = Kgm-1s-1
· In CGS Unit:  dynes s cm-2 = Poise
Factors affecting viscosity: Viscosity of a liquid depends upon the following factors:
i. Nature of liquids: Liquids having stronger intermolecular attractive forces have high viscosity & vice versa. e.g. glycerol, honey & concentrated H2SO4 are highly viscous due to stronger inter-molecular attractive forces.
ii. Temperature: At high temperature, the intermolecular forces in liquid become weak & these become less viscous, i.e. [image: image249.png]na
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iii. Pressure: At high pressure, the inter-molecular forces in liquids become a bit stronger. Thus liquids become a bit more viscous at high pressure.
iv. Shapes of molecules: Organic molecules with branched chains are more viscous than with normal chains, e.g. isopropyl alcohol is more viscous than n-propyl alcohol.
Surface tension: 
· It is also related to the intermolecular forces. Consider a molecule ‘A’ somewhere in the body of the liquid. This is attracted equally in all directions by the surrounding molecules.
· However, a molecule ‘B’ on the surface of the liquid is attracted only by molecules below & besides it. The downward attractive forces are greater than the upward forces because there are more molecules of the liquid below than in the air above the surface.
· Consequently, molecules at the surface are pulled inward & the surface area of the liquid tends to be minimum, as a result the surface of the liquid behaves as if it were in a state of tension. 
· This effect is called surface tension which may be defined as the force that acts at right angles to an imaginary line of unit length at the surface of the liquid at rest.   
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Unit: Nm-1
Surface energy: 
· Due to surface tension, liquids tend to minimise their surface area. Therefore, in order to increase the surface area, force must be exerted to overcome the surface tension.
· In other words, work will have to be done to increase the surface area. Therefore, surface energy of the liquid may be defined as the work that is required to be done in order to expand the area of the surface of a liquid by 1cm2.
Unit: Jm-2 (In SI System)
          Erg.cm-2(In CGS)
Interfacial tension: The force acting per unit length along the interface of two immiscible liquids is called interfacial tension.
Factors affecting surface tension:
i. Attractive forces between molecules: Surface tension is directly proportional to the attractive force between the molecules.
ii. Temperature: Surface tension is inversely proportional to temperature.
iii. Addition of solute to liquid: On adding solutes like methanol, ethanol, acetone & acetic acid to water, surface tension of water decreases. Such substances which when added to water, lower its surface tension are called surface active agents. Surface active agents also act as detergents. 
Applications: 
i. Spherical shape of liquid drops.
ii. Filling a water glass above the rim.
iii. Cleansing action of soap & synthetic detergents.
iv. Efficiency of toothpastes.
v. Rise or fall of  liquids in a capillary tube. 
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