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General Chemistry
Gaseous State

All matter exists in three states: gas, liquid and solid. A molecular
level representation of gaseous, liquid and solid states is shown in
Figure (1).

A gas consists of molecules separated wide apart in empty space.
The molecules are free to move about throughout the container.

A liquid has molecules touching each other. However, the
intermolecular space, permit the movement of mqlecules
throughout the liquid. -

A solid has moleculeq atoms or 10ns ananged ina certam order in
ir '*ff-oha ‘are not

free to move about but vibrate in theu' fixed pos1t10ns
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GENERAL CHARAUI‘EBISTICS OF GASES

1. Expan31b111ty Gases have limitless expansibility. They expand
to fill the entire vessel they are placed in. _

2. Compressibility: Gases are easily compressed by application of
pressure to a movable piston fitted in the container.

3. Diffusibility: Gases can diffuse rapidly through each other to
form a homogeneous mixture.

4. Pressure: Gases exert pressure on the walls of the container in
all directions.



5. Effect of Heat: When a gas, confined in a vessel is heated, its
pressure increases. Upon heating in'a vessel fitted with a piston,
volume of the gas increases.

The above properties of gases can be easﬂy explained by the
Kinetic Molecular Theory which will be considered later in the
chapter.

The material is not discontinuance for specific state but may
whatever one of three states according to the surrounding
circumstances. Therefore it must be define the circumstances and
and condidions, as example the standard or normal condition
(STP), i.e., standard pressure and temperature, which means; that
the pressure is equal to one atmosphere (1.0 atm) and temperature
is equal to zero centigrade (0.0°C). Also, it was an, ag:;eement that
the 25°C is taken as room temperature in the: entire world
regardless of the real temperature. :

General Physical Properties of ases

The gases are characterized by some propertles tan the other
material states. The gas molecitles exist“at separet distances and
according to that the attractive forcés,between gas molecules are so
weak. These weak attractive fotces permit to continuous, fast,
eternal and random movement of gas particles.

All gases are capable for, mlxmg to each others with any ratio to
form a solution, which is argued to the intermediate distances
between the gas molecules where the gas molecules interpenetrate
between that intermediate distanes for another gas. It follows this
gas can be compressed to less volume and lowering the
intermediate distanes and adjacent the gas molecules to each
others. The low densities of gases give the gases the ability of
diffusion and occupy the total vessel volume. The gas density can
be reduced or increased by changing the gas quanity or the
occupied volume by controlling the pressure or temperature of
‘both of them.

It is clear that gas properties closely related to four vatiables:
Pressure (P), Volume (V), Temperature (T) and Quantity (n)

The Pressure (P): is defined as the effective force to the unit area.
* The gas pressure is a result of the collsion strength of its particle

with to the area walles of the conainting vessel
force

Pressures unite =
area
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P (unit) = l—(g—:%- = kg m1 s2= Pascal (Pa)
The pascal is unit of the international world units. It is defined as
the strength which equivalent to one Neuton (1.0 N = 1.0 kg m s2)
and effective to one square meter area (1.0 m?), The gas pressure
can be measured using a mercury manometer or baromter as in
Figure (2). |

st Vaczuam Vacwum
W ] PY-IPOIIJ = U.WIZ :
;/ Force of Hg

mercury

Pressure = h mm Hg

A mercury barometer is a long glass tube (80 x 1 ¢m), which is
filled with mercury, and then inverted into a reservoir of mercury.
- The“imercuiry in the tube imuediately seeks a height so that the
pressure exerted on the surface of the mercury in the reservoir is
exdttly balanced by the pressure exerted by the mercury column.
The height of the mercury column that will be balanced by a

Fressure of exactly 1 atinosphere is 760 millimeters (mm Hg) at sea
evel. SR

A simple manometer can be made using a U-shaped glass tube
filled with mercury. One end of the tube opens into the container
in which the gas pressure is to be measured. The other end of the
tube is open to the surrounding atmosphere. To determine the
pressure in the container, calculate the difference between
atmospheric pressure and the pressure in the container (the
difference between the heights of the two mercury columns).
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The pressure of the earth is a mixture of gases which exert
pressure is called the atmospheric pressure, it is the compressive
force at earth surface or the weight of atmosphere divided to the
ecarth area under this weight, or the weight (Neuton) the weight of
coloumn of air it cross section 1 m2. But there is differentiation
between the sea bottom, valleys bottom and deep grooves than the
top of high mountains. The weight in deep vally is more than the
weight ate sea leve] which is also more than that in the top of High
Mountain as shown in Figure (3). According to this the
atmosphere will be different and the quantity of air will be more at
Jow temperature and less at higher temperature. Therefore, for
these two resons, come in terms the the atmosphere quantity-at sea
level and at temperature 0.0°C is known as the standard ‘Pressure
which is equal to: I .
Standard Pressure = 101325 Pa=1 atm”

i.e., 1.0 atmosphere (1 atm) is the weight (NeutSn) the air coloumn
of cross section 1m2 at sea level and termper ":'g;,;'e'().(]"i:.

i i
B iy

'l
Top of high mountains

Valleys \

Sea bottoms

Sea lewl\

Deep-gronwn

Figtl:lré"f:(B)' The differentiation of atmosphere with different places.

Measurement of the Atmosphere:

Torrcelli could measure the atmosphere with his inventiveness to
the barometer, which is consisted of glass tube with one meter
length and closed from one side and evacuated and filled with
meréury, then turned over in tank of mercury; it was found that
the hight of mercury in the tube is definit at definit temperature.
" This mercury length can not be stilled without the pressure of the
atmosphere pressure on the mercury in the tank. It was founded
that the mercury length



Measurement of atmosphere; The weight (Neuton) coulmn of air
‘with cross section 1 m2. Torrcelli could to measure the atmosphere
pressure with his invention to the baromter, which is consists of a
evacuated glass tube with 1m length and closed from one side anf
is filled with mercury, then turned over in a tank filled also with
mercury. It is noticed that the mercury column in the glass tube
takes a definite hight. This hight is not possible to stay existing in
the glass tube as a result of atmosphere pressute at the mercury

surface in the tank to bracer the mercury column to be in deflmt

acuum

Nitrogen molecuie, N3
Oxygen molecule, Oy 4 -

Pressure exerted
by the column
of mercury

Atmosphaeric
-pressure

.. Surfate of
mercury

In the s;_\ealed colitmn of a bémm‘eter, the mercury falls until the
pressure exerted by its weight equals the atmospheric pressure

Pam = pHg.g.h
Paim = (13595 kg/em?) (9.807 m/s?) (0.760 m)
" Pan = 101325 Pa = 17696 1b/in?
It was found that the mercury length at sea level and temperature
0.0°C is equal to 76 cm (760 mm), which leads to take this as
atmosphere pressure unite. -
1 atm = 76 cm Hg = 760 mm Hg = 760 torr
1 atm = 101325 Pa = 101.325 kPa
Honoring to Torrcelli the baromter inventor, 1.0 mmHg = 1 torr
The volume of a given sample of gas depends on the temperature
and pressure applied to it. Any change in temperature or pressure
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will affect the volume of the gas. As results of experimentat studies
from 17th to 19th century, scientists derived the relationships
among the pressure, temperature and volume of a given mass of
gas. These relationships, which describe the general behaviour of
gases, are called the gas laws.

Pressure Conversion Factores:

unit | Pa kPa bar atm torr psi

1Pa 1 10° 108 9,86923 x 10< 750062 x 10 1.25038 x 104

1 kPa 10° 1 102 9 86925 x 102 7 50062 0145038

1 bar 10 - 102 1 0.986323 750,062 145.008

Tatm | 101375 101.325 - 1.01325 1 760 44,6959

Ttorr | 133322 | 01333712 | 133322%10¢ 1.31579 x 10 1 1.93567 x10°
1psi | 689476 | 6.89476 6.89476 x 102 6.80460 x 104 51,71507 b

. Pascal kiloPascal bar atmosphite . torr pougﬂﬁg_f !qlﬁl:zdllth

(1) Boyle’s Law
In 1660 Robert Boyle found out expenmentally"the change in
volume of a given sample of gas with .pressure at room
temperature. From his observations heg.formtflatéd a generalisation
known as Boyle's Law. It states that:,% ‘___tmenstant temperature,
the volume of a fixed mass of gas is Wvéfsely proportional to ifs
pressure”. If the pressure is douhlgé’ "i%hiét’ftfolume is halved

Pa L Pa L

v

P1V1 =PV Q%Pav = K1 = constant

Example 1: The va] e, of pressure of quantity of a gas in container

much will be the preﬁsure of the same quantity of gas at the same
temperature if the'volume is changed to “2L"?

'+ The gas quanu’cy ‘and temperature are constant.

Atcdgﬁﬁ}g td Boyie s law: P1V2=PyV2

.......

P1—sz-v— 2atmxz—L- =4 atm

..; a_;r.

(2) [ha le's Law and Gay Lusacs Law

In 1787 Jacques Charles investigated the effect of change of
temperature on the volume of a fixed amount of gas at constant
pressure. He established a generalisation which is called the
Charles” Law.It states that: at constant pressure, the volume of a
fixed mass of gas is directly proportional to the Kelvin
temperature of absolute temperature. If the absolute temperature
is doubled, the volume is doubled.



The Scientist Gay Lusac has put the following law which has been
also obtained before by Charle in 1787, which illustrates the
relation between the gas volume and its temperature at constant
pressure and quantity.

“At constant pressure the volume of a quantity of gas increases

(or decreases) by —— of its volume at the absolute temperature if

the gas temperature increases (or decreases) by one centigrade”.

ie., the gas volume at temperature - 273°C is zero, i.e., the gas is
vanished at this temperature, which definitely conflicts with law of
material. From the experimental side, as lowering tlae gas -
temperature till very low temperature but more than - +273°C; the
gas will be changed to liquid, and Charles and Gay,..Lusae law will
be not applicable any more because it not be a gas anymore also.
But, it is possible to imagine this case theor1t1a11y as shown in

Figure (7). N
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Flg'ure 7) ‘Graph showing that at constant pressure, volume of a given
) mass: of’ gas is directly proportxonal to the Kelvin temperature

Lard Kelvm considerd the degree of temperature - 273°C as base to
new temperature graduation and called it as sbsolute temperature,
at which the volume reachs the zero value. It takes the symbole K
0.0 K=273°C = 273°C =0.0K
00K =t°C+273 = t°C=(273+H)K

Whereas ‘T” is the absolute temperature, the relation between
them and the cellius temperature “t” is as the following equation
{1): )

Vo

V= 273.'1' R V=

r)




where V, = gas volume at 0.0°C = constant.

V.

7 =Ko = V=K T
o= 22 = = = constant
Ty T, K2

Therefore, the Charles and Gay Lusac law can be simply
paraphrased as follows: |

“At constant pressure, the volume of a fixed mass of gas is
directly proportional to the Kelvin temperature of absolute
temperature .
Example 2: A certain quantity of gas has a volume 224 L at
pressure 1.0 atm and temperature 0.0°C, what is the volume of.the
same quantity of a gas at the pressure and room temperatare?

= The gas quantity and pressure are constant.

+ According to Charle and Gay Lusac Law: w L

T1=00+273=273K &
Vi=224L

(3) Amontows Law 5, o

Amonton could dedueced rélﬁafféﬁ""between the gas pressure and
its temperature as followirig:”At constant volume the das
pressure of quantity of gas is directly proportional fo its absolute

temperature”. . = "
PaT' = P=KaT
P P, P, Py
- =Ks- - = = s = 2= _ tant
T 2" = T T = K, = constan

Example 3: Acertain quatity of gas is put in container vessel at
temperature 30°C under pressure 2.0 atm. How much will be the
gas pressure at temperature 0.0°C.

» Thé gas quantity and volume are constant. .

o According to Amonton Law: ? = % o
: 1
T:=30+273=303K & T; =0.0+273=273K
Py = 2.0 atm & P = B
P> =P;x % =2 atm x 23K - 1.8 atm

- 1 303 K
(4) Avogadros Law -
Suppose we have a ballon containing a quantity of gas, by addition
another quatity of a gas and controlling the absolute temperature

9.



(T) and pressure (F) constant internal the ballon. It is noticed that
the ballon volume is increased, i.e., as the number of moles (n) of
the gas increased the gas volume (V) increased at constant
temperature and pressure which means that:

Van = : V=Ksn

v Vv V- vV

-=K4 = A= 2 =-—?'-—K4 constant
ng ng n3

In case of equlity of the volumes at the same conditions of pressure
and temperature;
* Vi=V; = m =nz kﬁgﬁ

constant pressure and temperature, the numbers of molést ._both

gases are equal. This is the principle of Avogadro §qLa§w e
“At the same contition of pressure and tempemtu,ré ‘e equale
volumes of gases containes the same numb%x of mﬁlecules '

The Molar Volume' |

_______

quantity (n} from any gas is ‘@e;ns it constant pressure and
temperature. When this quapfity. Ts, ghe mole only, its volume is
called the molar volume ﬂhtﬁfy“‘%%m“boled by Vm, ie. the molar
volume of any gas at, standaigﬁl conditions (STP) is equal to 22.4
liter. Ay
Example & The, volury gﬁﬁﬂbne mole of a gas at deflrute pressure
and temperaturé";ﬁ B _;f“What is the volume of 5 moles from that
gas at the same cd&i tons? -

+ The gas presure and temperature are constant.

Vo _ mp
Vi om
. =10 L. ' & - V=1
n1='l mol & - 2 = 5 mol
“ & Va=Vix 2=10Lx 22 =501
. - mol

ng . -1

HP-n Belaﬁonship

“At constant volume and temperature, i:he gas pressure is
directly proportional to its quantlty"
Pan b= P=Ks n

10



=Ks = El-=-i-,—2-''=£3---I(s—-(:onstemlr
ng D2 n3
Example 5. At certam tetnperature, an oxygen cylmder contains
15 kg under pressure 28 atm, what will be its pressure at the same
temperature after its half quatity is consumed?
= The gas volume is constant (cylinder volume) and temperature is
constant

« According to the relation between the gas pressure and its

=i

quatlty at constant (V & T): l;i = E—:- |
P; =28 atm & P2 =7
m=nmol & - mp=%n mol
' P; _ n2
Py m :
P2=11 x 22 98 atmx(lS 14atm

ni

5) n-T Relationship

The text relation: “At constant pressure and i'&’mlu“me,, the gas

quantxty is inversely proportional to jts' absolute temperature”.
1

b gy e s Kg
na= S n=--
' T .- T

mTi = naTa .. .. ¥ k¢ = constant
Example 6: A gas ryhnder cottpins 20 kg of nitrogen under
constant pressure at céttain, temperature. ‘How much the
temperature will be: after its half quantity is consumed?
: The gas volumne is ‘egnstant (cylinder volume) and pressure is
constant also (V &EPare @onsta:nts) : -
. According fo the felation between the gas quantlty and its

temperatute n1T1 =mpT>
- = = i
nyg n3 -
mT1 = n2Tz
2 mol
sT=Tix=Tix T =2T:
nz 1 mol
State Equation of Gases:

This equation describes the case of certain quantn'y of gas with the
sense of its volume, pressure and temperature. Sometimes is called
the unified law of gases or the general relation of gases.

Suppose the presence of certain quantity of gas at constant
temperature T1. ' -

At pressure Py The volume is Vy

At pressure Py The volume is V

11



' Temperature and gas quantity are constants (T & n)
~ according to Boyles Law:  PyVy = P2V

_ PV L .
Ve o
If the gas pressure is fixed at pressure P>
At temperature Ty The volume is V
At temperature T, The volume is V

v Pressure and gas quantity are constants (T & n)

« According to Charles and Gay Lusacs law:  —= _V.i‘_z_
| ] =
v
e V = }['2 z (2) .
From equation (1) and (2), we can deduce the followmg '
PrVi _ TiV2 | R 3
Py T, | o : h ( )
P1Vy _ P2V Fm Yy
= - @

Ty T2

Example 7: What is the volume of gas at STP, if it occupies a
volume 250 cm? at room temperature under pressure 85 kPa'?
STP means that:

+ FThe quantity (n) is constant.

T Tr=00+273=273K & T,=25+273=298 K
Pi=101.325 kPa & P> =85 kPa
V1=? & Vz =250 cm3
According to state equation: PLTVl = %3 |
1
85kPa x 273K
= = 3 = 3
Vi=Vaxg P1T3 BOem® X T s kPa x298 K 17% ¢

The Universal Gas Constant (R) and its Value:

Previously, we know :

12



Ta i & Pan & Van
PV PV e
= a n = oT = constant =R
The Values of the Constant (R): 1.0 mol of gas occupies 224 L
at STP, i.e., pressure is equal to 1.0 atm and temperature 273 K.

PV 1 aimx22.4L .
= -1 K-1
=T 1 a3k 0.0821 L atm mol1K

1.0L=10*"m3 & 1atm=101325Pa
101325 Pax 22.4 x 103 m3

= = 3 ;l_ -1
R 1molx 273K 8.314 Pa m? mol K

1.0 Pa = 1.0 kg m1s2
R =8.314 kg m?2 s2 K
1 atm = 1.013 x 105 dyne cro?

1.013 x 10% dyne x22.4 103 cm3
= 3 1 K1
1molx 273 K 8. 31‘5;1_}?116 cifi miol
1 dyne = 1 g cm 5-2 1%2”

' R=8.314 g cm? s*zgmol;ﬂ@l L
1 dyne an = :

R=

8.314 x 107 erglg_chl 0 ;M,

- 1L
4,184 x 107 ergk_' o Lx 1. 988 cal mol1K

R.._

Examp @ 10: Calculate the volume of ammonia gas (INHaj) its
weight is 6.85 g at temperature 24°C underpressure 750 mm Hg.
The molecular weight of ammonia gas =17 g mol-!

PV = nR'I
PV= Y RT
. wRT _6.5g x0.082L atmmol 1K-1x297K-
V=
_ PM 0,987 atm x 17 g mol~1 =39441
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Example 11: Find the number of moles for carbon monoxide gas
COy( in 500 ml container at temperature 50°C under pressure 15
atm. Calculate the gas mass ? | -
The molecular we1ght of carbon monoxide (CO) =28 g mol 1

PV
PV = nRT |==> n= RT
. 15atmx05 L
= ' = 0.028 mol
n= doszL atmmol-1 K~Ix 323K 0.0 N
n_ —

w=nM = 0.028 mol x 28 gmoll=0784g .,
Example 12: What is the volume of 10 g of carbon d10x1c1e -gas
COy at temperature 27°C and pressure 2, Qatm. .

The molecular weight of carbon dioxide (COZ) =44 g mol 1

w
PV = Y RT .
_ wWRT _ 10gx 0.082 Latmmol™1 K~ 1:;,30_(;‘_
v= PM 2 atm x 44 gmol" m=2792 L

Example 13: Dry gas compound -its” volume 120 cm?® at
temperature 22°C and pressure 742 mmHg and it weight is 0.82 g.
Calculate its molecular weight. .

PV = nRT
0.97 atmx 0.12 L

PV _
n= S T ammell K-y 295K - 4842 x10% mol
w w
n = — = M= —
= f = 82 g _ 4
M= B 4842x1073 mol 169 g mol

Example 14 Calculate oxygen volume which is necessary for
oxidation of:45 g of ethane gas (CzHe) at temperature 127°C and
under pressure 3 atm, according to the following equation:

A
2C:Hs + 702 —— 4CO;2 + 6H20 + Energy
The molecular weight of ethane = 30 g mol-!

g : = hid = ——~--—---—4-5 E =
The number of moles of ethane (n) M " 30 g mol? 1.5 mol
20 mol of C2Hs = 7.0 mol O2
1.5 mol of C:Hs = x mol Oz
no, = 7 .molz::nlt-).ls mol =5.25 mo_l

PV =nRT

14



y = PRT _ 525 molx 0.08Z Latmmol ™ K™ x 400K _ ., ,
P 3 atm .

Gas Density and Molar Mass

Material density is defined as the mass of a certain volume at
certain temperature, or the weight of unite volume at certain
temperature. As a result of the higher influence of temperature on
the gas volume than its influence of liquid and solid volumes, it
can be recourse of the universal law of gases at different conditions

as following:

PV = nRT & n= o v
» PV = % RT ' (11)
By arrangement equation (1), we get: S
PM= - RT & da=3
Whereas d is gas density: .
p PM= S
d= 2% (2)

* dynie = v %*%‘ =Efem? or gL

..........

i

To know its unites, from equation{2):
q=MF e gniol~! x atm
RT; Latm mol ! K™1x K

..-..-gL-'I_

Example 25: What 1s the density of methane gas (CHy) at STP?
The molecular weight of methane = 16 g mol-!
Ao = MP _ 16 gmol~1 x 1 atm
CHy™ BT~ 0.0821L atm mol~1 K~1x 273K

= 0.715 g L1

Example 26: The density of_‘la gas is 2.16 x 103 g cm?® at -
temperature 100°C and under pressure 1.5 atm. Find the gas

molecular weight. |
216x1073 gem3 x 103 cm?

= = -1
d o cmdx 1L 216g L
_ PM =dRT
M= IBT 2.16 g L-1x 0,082 Latm mol~* X~* x 300 l{.‘-.= 44 g mol-!

1.5 atm

P
Amagat Law for Partial Yolumes

15



The molar volume of any gas in a mixture of gases is defined as
the volume which can be occupied by the gas alone in a container
under specific pressure and temperature.

RT : - RT RT
viem (3), vem (3), v (T) @
By summation of the last three equations, we get:
T |
Vi+Vi+Vi=(m+n2+m) (-EP—) - 2
Vit Vi+Vy= (';T) - (3)
By compassion equatlon (3) with the universal gas equatlo?n ?
PV =nRT '

V=V1 +V1 +V; o
Equation (5) represents Amgats law of molar gas véﬂ
Dividing equation (1) to equation (4), we get
Vi=XiV "u:;-; \

word kinetic implies; motldn) The kinetic theory makes the
followmg assumptmns :

2. The volume of ‘the olecules is insignificant compared with the
volume occupied b‘y the gas.
Pbetween the molecules are negligible, except when the
meﬂecules cellide with one ancther.

. :'5:-__~Qlec1.ﬂar collisions are perfectly elastic; that is, no energy is lost

4he molecules collide. _

5. The average: kinetic energyof the gas molecules are directly
proportional to the absolute temperature of the gas.

16



FPostulates or Assumptions of Kinetic Theg) 0l
(1) Gases consist of of extremely small identical dﬂscrete partlcles
called molecules of the same mass (n) as shovn in Figure (12).

The actual volumé of the molecules ig negl‘igqb v.compared to the
total volume of the gas. A
(2) Gas molecules are in constant j andﬁm motion: with high
velocities. They move in straighit [ifes “with uniform velocity and
change direction on collision, with“gther molecules or the walls of
the container. "
(3) The d1s{‘ance between th.

molemﬂes is very large and it is

exist. T hus the gas motlecules can move freely, mdependent of each

other. Therefore, “attraction or repulsion forces between gas
molecules are neg];fglble '
(4) All collisions are perfectly elastic. Hence, there is no loss of the
kinetic eméi‘gy of a molecule during a collision.
5)“Th pressure of a gas is caused by the hits recorded by
molecules on the walls of the container. .
(6) T i average kinetic energy of the gas molecules is directly
proportmnel to absolute temperature (Kelvin. temperature). This
implies that the average kinetic energy of molecules is the same at
a given temperature,
The gas molecules interact only when they collide.
“Average kinetic energy (K.E.) of molecules depends on absolute

17
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b Actisal voturne

o fof gas moleoules
. ,/
Figure (12 A) Flgure (12 B)
A gas is made of molecules Actual volume of the gas
dispersed in space in the container.  molecules is negligible Hk’i—g;;..

Figure (12) illustrate the neglible gas volume with comparﬁ;,gn ’Taglth
the container vessel

" Figure (12 D)
Molecules move in straight line and
# change direction on collision with
: another molecule or wall of container.
Figure (1 2) Lustrate, the Bas molecules are in random and continuous
2 mevement with full elasticity

| Figui.“e (12 'é) -

DERIVA,TION 0F' KINETIC GAS EQUATION
Starting from ‘the postulates of the kinetic molecular theory of
gaees we ¢an develop an important equation. This equation
expmssee PV of a gas in terms of the number of molecules,
molectifar mass and molecular velocity. This equation which we
shall namne as the Kinetic Gas Equation may be derived by the
following clauses.
Let us consider a certain mass of gas enclosed in a cubic box (Fig.
14} at a fixed temperature,
the length of each side of the box =1 em
the total numbér of gas molecules=n
the mass of one molecule=m
the velocity of a molecule = v

18



The kinetic gas equation may be derived by the following steps : .
(@) Resolution of Velocity vof a Single Molecule along X,
Yand Z Axes L | S
According to the kinetic theory, a molecule of a gas can move with
velocity v in any direction. -
Velocity is a vector quantity and can be resolved into the
components v along the X, Yand Z axes. These components are
related to the velocity vby the following expression.

ove= R4 vE o+ vE |
Now we can consider the motion of a single molecule moving with
the component velocities independently in each directiop:
(2) The Number of Coltisions per Second on Face A Due to
One Molecule W T |
Consider a molecule moving in X-direction bétween opposite faces
A and B. It will strike the face Awith yglocftwvxand rebound with
velocity - vy as shown in figure (14). Tohjt the:same face again, the
molecule must travel 1 em to collide withi:the opposite face Band
then again 1 cm to return to face A. Therefore, the time between

. 2 .
two collisions of face Ay = —V—l;sgconds
. x“ W

Ne of collisions per second onface A = %
. ?}:?!fi,;c'-"
' 1
Ve
% v
g |
: o o~
Ve g | A
Figure (14) - Figure-.(IS)
Resalution of velocity v into Cubic box showing molecular
Components Vy, Vyand V, collisions along axis

(3) The Total Change of Momentum on All Faces of the Box
Due to One Molecule Cnly '
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Bach impact of the molecule on the face Acauses a change of
momentum (mass % velocity): .
Momentum before the 1mpact mvx
Momentum after the impact =m (- vy) -
» Total change of momentum = mvx - (~-mvx) = 2 mvx

But the number of collisions per second on face A due to one

molecule = Ef

Therefore, the total change of momentum per second n face A
2

caused by one molecule =2m vy . Yz—’; = mlv =

The change of momentum on both the opposxte faces Aand B
2

along X-axis would be double i.e., 2 H;V" sumlaﬂy, e change of

'momentum along Y-axis and Z-axis will be

va%, q 2mvi
an

; 1 1
respectlvely Hence, the overall change of'="m mentum per second

on all faces of the box will be:

; 2 2

m Z2mv Zmv

b 401 ¥XY + i 'y + : z _
T 1 1

2 mv?
|

Momentum change per secnnd =

Momentum change per second = L (Vx + v+ vE) =
v: = VK + vf + v?

'(4) Total ChnngeofMomentnm Due to lmplwts of All the
Molecules on All Faces of the Box |

Suppose there are Nmolecules in the box each of which is moving
- with a different ve10c1ty vi , V2 , v3, etc. The total change of
momentum due to'impacts of all the molecules on all faces of the
box

Total change of momentum— == (VA4 Y2 + 43 + )

Mulmplymg and d1v1d1ng by N, we have o

_ 2mN 2~J—_+%.f—+2\/_+ - 2mNu?
T ( n ) T

Where: u; is the mean square velocity.

(3) Culcalation of Pressure from Change of Momen
Derivation of Kinetic Gas Equation

Since force may be defined as the change in momentum per
second, we can write:

2 m N u?
1

Force ="
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Total force

But "~ Pressure = —————

Total area

2mN u om N u?
= - =1
F { 6 12 /-
Since I3 is the volume of the cube, V, we have
m N u?
P= Y%

v
PV =% m N u?

This is the fundamental equation of the kinetic molecular theory of
gases. It is called the Kinetic Gas equation.This equation, although
derived for a cubical vessel, is equally valid for a vessel.of any
shape. The available volume in the vessel could well be considered
as made up of a large number of 1nf1mte51mally srnall cubes tor
each of which the equation holds.

Significance of the term u, as stated in clause (4) 2 1S'the mean of
the squares of the individual veloc1t1es of all the Nm@lecules of the

..,.

RMS) Velomty

DISTRIBUTION OF MOLECU)
While deriving Kinetic Gas, Equat;ﬁ,__ , it was assumed that all
molecules in a gas have the satfi¢yvelocity. But it is not so. When

any two molecules collide, one molecule transfers kinetic energy

- (¥xmv®) to'the othet’molecule. The velocity of the molecule which

gains energy increases‘and that of the other decreases. Millions of
~ such ‘molecular collmlgns are taking place per second. Therefore,
_ the velocities of ‘molecules are changing constantly. Since the
number of molecules is very large, a fraction of molecules will
have the same particular velocity. In this way there is a broad
dlstrlbutlon of velocities over different fractions of molecules. In
1860 James Clark Maxwell calculated the distribution of velocities
from the laws of probability. He derived the following equation

for the distribution of molecular velocities.
3

4
dN, ( M )E - Mc®
= —_— 2RT
N 4r \ZnRT e Cy dc

where:

dN, = number of molecules having velocmes between C and (C+ dc)
" N= total number of molecules '

M= molecular mass |

T= temperature on absolute scale (K}
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The relation stated above is called Maxwell’s law of distribution
of velocities. The ratio?'i-’:—L gives the fraction of the total number of

molecules having velocities between C and (C+ dc). Maxwell
plotted such fractions against velocity possessed by the molecules.
The curves so obtained illustrate the salient features of Maxwell
distribution of velocities.
Fig. 10.20. Shows the distribution of velocities in nitrogen gas,
2, at 300 K and 600 K. It will be noticed that:
(1) A very small fraction of molecules has either very lvawk Lclose to
zero) or very high velocities. :
(2)Most mtermedlate fractions of molecules have 'urfeIOC1t%Ie§p3e 1?’@6 to

the velocity possessed by the largest f;:achon w.Qf molecules
correspondmg to the hlghest point on the Maf‘i%elhan curve.

more molecules have h1gher velocsltle&
e .!""‘ i

lower velocities ‘
4
;!é .
5
£
s 4w
e L.

Mmmu}aa' velotRy
Flgure 10.20 Distribution of molecular velocities in nitrogen
gas, Nz, at 300 K and 600 K.

DIFFERENT KINDS OF VELOCITIES

In our study of kinetic theory we come across three different kmcls
of molecular velocities:

(1) the Average velocity (V)

(2) the Root Mean Square velocity (p)
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- (3) the Most Probable velocity (Vinn)

Average Velocity

Let there be n molecules of a gas having individual velocities v1, va,
V3 e va. The ordinary average velocity is the arithmetic mean

of the various velocmes of the molecules
7= vi+ vet vy PP Y

From Maxwell equation it has been established that the average
velocity vay is given by the expression -

' o 8RT =
Substltutmg the values of R, T, n and M in thls expressmn, the
average value can be calculated. :
Root Mean Square Velocity
If vi, v, V3 ........ vy, are the velocities of nmcdecules in-a gas, p? the
mean of the squares of all the velocmes is

V1+ \'2+ V3 ......... -FVn

2 =

n

Tdk-ing_ the root

vi + vz i v3 i+ VR

fv?’

i is thus the Root Mean Square veloclty or RMS velocity It is
denoted by u. The value of fthe RMS of velocity u, at a given
temperature can be calculated from the Kinetic Gas Equation

PV % mNu2 (kinetic energy)
_.-"-’"*'._..- 2—.:1.11’
_ TN
For one mole of gas’ _
o PV =RT o

Th:éreféi'fg, uz= %E M is the molar mass

L apv

TN M

By substituting the.values of R, Tand M, the value of u (RMS
velocity) can be determined RMS velocity is superior to the
average velocity considered earlier. With the help.of u, the total
Kinetic energy of a gas sample can be calculated.

Most Probable Velomty
As already stated the most probable velocity is possessed by the
largest number of molecules in a gas. According to the calculations
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made by Maxwell, the most probably velomty Vmp ‘i given by the
expression.
2R :

Vmps MT _ .
'Substltutmg the values of R, Tand M in this expression, the most
probably velocity can be calculated.

Relation between Average Velocity, RMS Velocity and
Most

We know that the average velocﬂ:y, v, is given by the expression

3 fan*r 3RT L
Y 8RT PR
k3 ; LIM f‘;ﬁ—— ’;;—09213

V=ux09213
That is, Average Velocity =0.9213 x RMS Velocu‘y

The expression for the most probably velomty Vmp, is

Vmp JJ 2,9 0?8165

That is, Most Probable Veloclty =0.8165 x RMS Velomty

RMS can be easily: caleulated by the application of Kinetic Gas
equation. Knowing fhe value of RMS, we can find the average
velocity and the” most probable velocity from expressions (1) and

).

CALCULATION OF MOLECULAR VELOCITIES

The velocities of gas molecules are exceptionally high. Thus,
velocity of hydrogen molecule is 1838metres secl. While it may
appear  impossible to measure so high velocities, these can be
easily calculated from the Kinetic Gas equation. Several cases ‘may
arise according to the available data.

While calculating different types of velacities, we can also make
use of the following expressions stated already.

RMS velocity, p= =
Average velocity, V= EEII
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M
Casei. Calculation of Molecular Velncxty when
temperature alone is given
PV = 4 mNu? ~ (Kinetic gas equation)
Where N=N, (Avogadro’s number)
‘Thus we have« . : ._
M = m x N, = molecular mass of the gas

’31’ ’3111' (+ PV = RT for 1 nole)

But: R =8.314 x 107 ergs deg?mol* =0, 83‘14 x 108 ergs degﬁz nol

Js x0.8413%108xT
u—
™

Most Probable velocity, Vmp = \/_‘R I

—-158x104 %m "

at 1000°C
Solution:

1273

- 84985 cnt 51

u=1.58 x 104 I cm s ’m’“‘—“@»;;%k 104
| s U= hgg 65 ms1

E{_k‘ R '{,

Casez. Calculatiﬁn %ﬁ Molecular" Velocity when

-.,..

In such cases wer make use of the followmg relation based on
Kinetic Gas equatlgén

P - { 2PV
u= |j=—
f . M

Wé’;}.gnow that 1 mole of a gas at STP occupies a volume of 22400
ml (kﬁ@'c’vn as molar volume). But before applying this relation the
molar volume is reduced to the given conditions of temperature

and pressure
Problem: Calculate the RMS velocity of chlorme molecules at 12°C

and 78 cm Hg pressure.

Solution: - _
: St STP? At given conditions
V1 = 22400ml- Vo=?
T:=273K T:=12+273K
P1=76 cm Hg P,=78cm Hg
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PV, PV;

Applyving: —_—= = ' ’ .
pplying ol - |
P,VsT, 76 cm Hgx 22400 ml x 285 K
Vo= = =
2=, 273 Kx 78 cm Hg 22785 ml
I
M

P =hdg =78 cm Hg x 13.6 g cm- x 981 m s2 = 1040644.8 dynes cm2
V=22785ml; M =71 g/mol

3PV _ 3x78cm ng 13.6 g cm™3 x 981 m s~2'22785 ml

71 g mol—1 Py

Frig

u = 31652 cm secl or 316,52 m sect

Case 3. Calculation of Molecular Velocity at STP

Here we use the relation

where:

STP.
Solution:
- In this example we haye,
P = Tgint= 76 x’lB 6 x 981 dynes em
V= 224"0& X

|3PV |2 x'fﬁ cm Hgx13. 6gcm~3 x 981 m 5-2 22400 m]
g™ ' - 28 gmol1
“u = 49330 ¢m s
Avreage velocﬂ‘y 0.9213 x 49330 cm 51 = 45447 cm s
Caseg‘ ‘@iCalculation of Molecular Velocity when pressure

anddensitymﬂveu
In this case we have
_ f3pv T ' M _
UESW T UG [7= 1]

where, P is expressed in dynes cm? and D in gm ml?

Problem: Oxygen at 1 atmosphere pressure and 0.0°C has a density
of 1.4290 grams per litre. Find the RMS velocity of caxygen
molecules.
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Solution:
Wehave: P=l1latm=76x 13 6 x 981 dynes cm?

142908 _ 4 001429 g mi-

d=14290 g L1 =~
3x76x136x981 §
J: = J 0001429 461.38 cIm 3.1

1000 ml

COLLISION PROPERTIES

In the derivation of Kinetic gas equation we did not. take into
account collisions between molecules. The molecules in a gas are
constantly colliding with one another. The transport propetrties of
gases such as diffusion, viscosity and mean free’path depend on
molecular collisions. We will now discuss some propertles of gases
which determine the frequency of collisions#;
The Mean KFree Path
Ata given temperature, a molecule travels"n:t streught line before
collision with another molecule. The-Histarice travelled by the
molecule before collision is termed?;free path The free path for a
molecule varies from time to time: The mean distance travelled by
a molecule between two successive: collisions is called the Mean
Free Path.lt is denoted by AwIf By £2, L3 are the free paths for a
molecule of a gas, 1ts free path |

"-,1' - il.+ Po+ 4!3+ fn

-----

molecule colhdes Ev1dent1y, the number of molecular
collisions will be less-at a lower pressure or lower density
and longer will be the mean free path. The mean free path
is also related with the viscosity of the gas
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Figure 10.-21 The mean fre_e path illustrated.

The mean free path, A, is given by the éxp;cession

; “’: -3-";7_;,::‘.__}:. ER -r E

where P = pressure of the gas“.
d= density of the gas ..

1= coefficient of viscosit
By a determination of the viscosity of. thi o the mean free path
can be readily calculated. At STP, the, mean free path for hydrogen
is 1.78 x 10 cm and for oxygen it 5 1. 0 %10 cm.
Effect of Temperature am'l Pressure on Mean Free Path
(a) Temperature L
The ideal gas equation for nmoles of a gasis

' numher of mo]ecules N

: rAvugadro s Number N
Substltutmg thls m equaflon (i) we get:

. PV=gRT (i)
, | N _ PN
or: o VSR
At constant pressure
N a: = o (i)
The mean free path is given by:
1= Distance travelled by the molecule per second _ v
- Number of collosion per c.c. vZno?v N
1 ‘as
= — ii
vZroZ N ' (i)
combining equations (ii) and (iii), we get
AaT

Thus, the mean free path is directly proportlonal to the absolute
temperature.
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(b) Pressure . ' ‘ ,
We know that the pressure of a gas at certain temperature is
directly proportional to the number of molecules per c.c. i.e

Pa N

and mean free path is given by
A= V2 m o2 N
Combining these two equations, We get
A a =

Thus, the mean free path of a gas is directly proportmna
pressure of a gas at constant temperature. ‘

Problem: At 0.0°C and 1 atmospheric pressur

diameter of a gas is 4A. Calculate the fmean fr.

molecule.

Solution: The mean free path is given by
. 1 E

| waTa b,

Where: o is the molecular diarf %ﬁef* agiﬁml{l is the Ne of molecules
perc.c _ L _
Here o = 4 ;%,,x 10% cm

We know 22400 ml of,a gas 0 @’C and 1 atm. pressure contains 6.02

x 102 molecules. & s, .
&- .!.ié
» No. of molecule peﬂs:,c & W = M— = 2.689 x 101° molecules

i 22400
Substltutmg the va ﬁﬂ‘ays weget
"5:‘-‘“' 1
1414::3 14 x G\l-x 10-8}2 x2 639::1019 1414 x3.14 x 16 x 2.689 x 103
n @ o=0.524 x 10" cm

Probldty; The root mean square velocity of hydrogen at STP is 183
X 195 cm% 17and its mean free path is 1.78 x 105 cm. Calculate the
Solunon Here root mean square velocity

p#=1.831 x105 cm s1
We know average velocity 7 = 0.9213 x RMS velocity
average velocity ¥ = 0,9213 x 1.831 x 105 cm = 1.6869 x 10° cm sec?

_ - Average velocity
The me h = — :
- an fre:path C-i:lllision humber ] .
. . verage velocity  1.6869x10° cm s~
» Collision number = . =
: ~°  Meanfree path 1.78x105 em

Collision number = 9.4769 x 107 51
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'The Collison Diameter

When two gas molecules approach one another, they cannot come
closer beyond a certain distance. The closest distance between the
cenfres of the two molecules taking part in a collision is called
the Collision Diameter. It is denoted by a whenever the distance
between the centres of two molecules is g, a collison occurs.

The collision diameter is obviously related to the mean free path of
melecules, The smaller the collision or molecular dlameter the
larger is the mean free path. s

pe

that of oxygen is 3. 61A o "

" The Collision Frequency
The collision frequiency of a gas is defined as:

The number of molecular collisions ta.klng place per second per
unit volume (c.c.) of the gas.

Let a gas: contajn Nmolecules per c.c. From kinetic consideration it
has been estabhshed that the number of molecules, n, with Whlch a

.....

VZ n 02 N-

where: v = average _velomty, = collision diameter.
If the total number of collisions taking place per second is denoted
by Z, we have L

' Z=vZ aVve2NxN=y2 eV o2 N?
Since each collision involves two molecules, the number of
collision per second per c.c. of the gas will be Z/2

Hence the collision frequenc = YZuvo N7 =T o N*

2 73
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Evidently, the collision frequency of a gas increases with increase
in temperature, molecular size and the number of. molecules per

~ Effect of 'Temperature and Pressure on Collision
Frequency
(@) Effect of Temperature
We know collision frequency is given by
- 7V o? N? .
L2 8
From this equation it is clear that | e
but: pavT or Za~T

root of absclute temperature.

(ii) Effect of Pressure
From equation (i), we have:

o Z a N2
Where N is the number of molecules-per c.c. But we know that the
pressure of the gas at a certain terfiperature i.e.

PN (i)
combining equation (i) and (iii) we get

Thus the collision frequeﬂcy is directly proportional to the square
of the pressure of the g aﬁsqL

SPECIFIC HEAT RATIO OF GASES | _

The Specific heat is defined as the amount of heat required to
raisé the temperature of one gram of a substance through 1°C. It
may be measured at constant volume or at a constant pressure and
though the difference in the two values is negligible in case of
solids and liquids, it is appreciable in case of gases and a ratio of
the two values gives us valuable information about the atomicity
of a gas molecule. -

Specific Heat at Constant Volume

It is the amount of heat required to raise the temperature of one
gas through 1°C while the volume is kept constant and the
pressure allowed increasing. It is denoted by the symbol Cy. In
Physical Chemistry it is more common, however, to deal with one
gram mole of the gas and the heat required in such case is called
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Molecular Heat and is represented at constant volume by Cy. It is
possible to calculate its value by making use of the Kinetic theory.
Consider one mole of a gas at the temperature T. Its kinetic energy |
is YamnuZ. From the kinetic gas equation

%mnuz'%x%mnuz*RT

1/zlnnur"- (= KE)-——RT |
If the temperature is raised by 1°C to (T+1) K kinetic energy
becomes > - R(T+1).

» Increase in kinetic energy = 3 R{T +1)- -3~ RT = 2}R
If therefore, it be assumed that the heat supphed tq}sz—' g

.........

for monoatomic gases and vapours beca

execute only I.Tansiatmy motion along, the thredéo-ordinate axes,
Motion of monoatomic gas moleculess f@@ﬁ[‘é_ﬁimplest and can be
resolved inte three perpendf,_ ular ”'~

1/2 mvZ =1/ my ‘;@’z 'nwy + Y2 mv?
The number of sq_uafe !__terrns«mvolved in determmmg the total
kinetic energy of a’ rngle _\_e is often: referred to as the Degrees of

total energy of the melecule is qually distributed among all its
degrees of. freedorn. But in the case of diatomic and polyatomic

moLeoule' k_._the ‘heat supplied may not only increase this kinetic
erfergy 6f trifislation of the molecules as a whole but also cause an
regse in the energy in the inside of the molecules which we may
call asfintramolecular _energy. This intramolecular energy may be
the vibration energy i.e., energy of the atoms executing vibrations
with respect to each other along their line of centres or rotational
energy which manifests itself in the rotation of the molecules
about axes perpendicular to the line of centres. There will be needs
will be complex and are denoted by ‘x’ —a factor which depends
upon vibrational and rotational degrees of freedom. Vibrational
degrees of freedom rapidly increase with the increase in the total

number of atoms in a molecule but the degrees of freedom are two
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for lmear diatomic and three for nonlmear dlatormc molecules in

case of rotational motion.
Consequently in such cases the molecular heat will be greater than

= R by the fator x.

or Cv == R +x
The value of xvaries from gas to gas and is zero for monoatormc
molecules,

Specific Heat at Constant Pressure - W
It may be defined as the amount of heat reqmred to 1‘ ige” the
temperature of one gram of gas through 1°G i,]gke p"i'essure |
remaining constant while the volume is allﬁowed t@f Aincfease. It is
written as Cp and the Molecular heat i in thls_n%EiS is represented as
Cp 3 i ‘%‘@e

Now, whenever a gas expands it has’ 1‘% ‘mfv&ori against external
pressure. It means that when a gag’ i&‘l@l‘}eﬂted under constant
pressure, the heat supplied is utjjsethii: fo ways; -

(Din increasing the kinetic, energ}é} og the moving moleculesand

this has already been shown‘_fo‘%a,, ‘%fal to 3 R+ x cal.

(2)in performing external woﬂ'k donc- by the expanding gas.The
work done by the gas 1Sésg§qu1valent to the product of the pressure
and the change. in voliume’Let this change in volume be AVwhen
the constant pres&lﬁi‘er{%P‘and the initial volume is V.

For 1 g mole of the gas at temperature T,

PV 2RT (i)
At teg\%gexgtureg(T +1) K
Y »-v_ P (V + AV) R (T +1) (ii)
S’tfhtractliag (i) from (ii):
Y PxAV=R

Hence Real must be added to the value of -35 R Rcal in order to get

the thermal equivalent of the energy supplied to one gram mole of
the gas in the form of heat when its temperature is raised by 1°C.

Ce= % R+R = -;- R (for monoatomic molecules)

For di- and polyatomic molecules, it will be -;1 R+x..
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Specific Heat Ratio
The ratio of the molecular heats will be the same as the ratio. of the
specific heats. It is represented by the symbol vy.

. 5
CP ER+X

These results are found to be in accor&L w1th experimental
observations at 15°C given in_the __T bletthat follows and thus
specific heat ratio helps us toudet _-jﬁxne the atomicity of gas
molecules. The theoretical. dlfferenee between Cy and Cyv as
calculated above is R and its ‘Sbserved value also shown in the

table below comes out to about 2 calories.

Gas {8 o | Ce-Cv=R | g=¢° | Atomicity

Helium = | 5. nn,_, 301 199 | 1.661 1
Argon = [+4.97 | 298 1.90 1.667 1

Mercury vapour | 693 | 294 1.99 1.40 2
Nitrogen T 6.95 296 | 199 1.40 2
Oxygen _ 6.82 | 4.83 1.49 1.41 2
Garbon dioxide 875 | 6.71 2.04 1.30 3
Hydrogen sulphide | 8.62 | 6.53 2.09 1.32 3

DEVIATIONS FROM IDEAL BEHAVIOUR

An ideal gas is one which obeys the gas laws or the gas equation
PV = RT at all pressures and temperatures. However no gas is
ideal. Almost all gases show significant deviations from the ideal
behaviour. Thus the gases Hz, N and CO, which fail to obey the
ideal-gas equation are termed nonideal or real gases.
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Compressibility Factor o
‘The extent to which a real gas departs from the ideal behaviour
may be depicted in terms. of a new function called the

Compressibility factor, denoted by Z. It is defined as:

PV
Z= 47

The deviations from ideality may be shown by a plot of the
compressibility factor, Z, against P.

For an ideal gas, Z = 1 and it is independent of temperature and
pressure. The deviations from ideal behaviour of a real gas will be
determined by the value of Z being greater or less than lThe
difference between unity and the value of the compressibility

=
1

factor of a gas is a measure of the degree of nonideality of the
gas. - |

For a real gas, the deviations from ideal behaviour depend on (i)
pressute; and temperature. This will be illustrated by examining
the compressibility curves of some gases discugsed below with the
variation of pressure and temperature.. %,

Effect of Pressure Variation on})aviutmns
Figure (16) shows the compi*eg_ﬁibﬂit‘y factor, Z, plotted against
pressure for Hz, Nz and CO; ata constant temperature.

k2

0 200 400 600 800 1000
' ' Platm) -
Figure (16) Z versus P plots for H;, N2 and CO: at 300 K.

At very low pressures (upto 10 atm), real gases exhibit nearly ideal
behaviour. As the pressure is increased, H, shows a continuous
increase in Z (from Z = 1). Thus the Hy curve lies above the ideal
gas curve at all pressures.
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For N; and CO,, Z first decreases (Z < 1) It passes through a
minimum and then increases continuously with pressure (Z > 1).
For a gas like CO; the dip in the curve is greatest as it is most
easily liquefied.

Effect of Temperature on Deviations

Figure (17) shows plots of Z or PV/RT agamst P for N; at d].fferent
temperatures. It is clear from the shape of the curves that the
‘deviations from the ideal gas behaviour become less and less
with increase of tesmperature. At lower temperature, the’ d@ in the
curve is large and the slope of the curve is negative. Thatds, %.< 1.
As the temperature is raised, the dip in the curve decreaSeB Ata
certain temperature, the minimum in the curve va" "fj_'e Y éﬁénd the
curve remains horizontal for an appreciable, range df préssures. At
this temperature, PV/RT is almost unity aerl the E"oyle s law is
obeyed. Hence this temperature for the” ’gas s called Boyle's
temperature. The Boyle temperature f eﬁr;h Eg::ls is characteristic
e.g.,for Na it is 332 K.

Conclnsions

(1) At low pressures: and £ rly h]gh temperatures, real _gases
show nearly ideal: behaviou
obeyed. e

(2) At low temp%i‘?amrg and sufficiently high pressures, a real
gas dev1ates sx" 1cantly from ideality and the ideal-gas
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van der Waals (1873) attributed the deviatjons of fgal gases from
 ideal behaviour to two erroneous postulatesif the kinetic theory
These are: Co ; % @3*‘3

isges’ and possesses no

gfla-g_ I

(1} the molecules in a gas are point m
volume. j
(2) there are no intermolecular attraati%ns 'in a gas.

Therefore, the ideal gas qua’aon V = nRT derived from kinetic
theory could not hold for redls

“gases. van der Waals pointed out
that both the pressure (P) ancﬁ'frolume (V) factors in the ideal gas
equa‘aon needed ce re :011 inforder to make it applicable to real
gases %
Volume Correéﬁn ¥
The volume of at gas A5 the free space in the container in which
molecules move about. Volume V of an ideal gas is the same as
the volum% of the container. The dot molecules of ideal gas have
Blum » and the entire space in the container is available for

i‘he,u- mor ,_,..ement However, van der Waails assumed that molecules

"""""

of a %éal sgas are I'lgld spherical partlcles which possess a definite
volume.

igsatvolume =V Yolume = V—-h Exciugied volime {b).
- 2 1 :.g__ L4
- T FRL IR
es e ReatGEs

Figure (18) Volume of a Real gas
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The volume of a real gas is, therefore, ideal volume minus the
volume occupied by gas molecules (Figure 18). If b is the effective
volume of molecules per mole of the gas, the volume in the ideal
gas equation is corrected as: (V- b) :
For n moles of the gas, the corrected volume is: (V - nb)

where b is termed the excluded volume which is constant and
characteristic for each gas.

Excluded volume is four tifnes the_;»actual volume of molecules.

The excluded volume is not thﬁ‘“*to the actual volume of the gas
molecules. In fact, it i§ four tunes the actual volume of molecules
and can be calculat® i'ias "i’:allows
Let us consider ty 0 mcﬂecules of radius r colliding with each other
(Figure 19) Obv ot "135; they cannot approach each other closer

2

] ""‘"Qf the gas. In other words the dotted spherical space is
extlude ivoliime per pair of molecules. Thus,

Efxclu;.ied volume for two molecules = n (2t)3 = (3 i3 r3)

Excluded volume per molecule (V) = 1/2 x 8 ( Tr ) 4V

Where: V,, is the actual volume of a single molecule. -
Therefore, in general, excluded volume cf the gas molecules is fau_r
times the actual volume of molecules
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Pressure Correction - |
A molecule in the interior of a gas is attracted by other molecules
on all sides. These attractive forces cancel out. But a molecule
about to strike the wall of the vessel is aitracted by moleculeson
one side only. Hence it experiences an inward pull (Figure 20).
Therefore, it strikes the wall with reduced velocity and the actual
pressure of the gas, P, will be less than the ideal pressure. If the
actual pressure P, is less than Pideal by a quaritity p, we have:

P = Pideat — P "
or -~ Pdema =P +p ' T

Molecutar atitractions ‘
balanoed

S
T

(b}

Figure (20) - B R

{(a) A molecule about to strike the wall has a net inward pull;
(b) A molecule in the‘interior of gas has balanced attractions.

p is deterrninedff}fjj‘?f?_mgﬁﬁrce of attraction between molecules (A)
striking the wall of container and the molecules (B) pulling them
inward. The net force of attraction is, therefore, proportional to the
concentration of (A) type molecules and also of (B) type of
moleculés. That is, |
- paCaxCs
n n

or - a - xX—
. P Vv v

_ an’?
or P =37
where # is total number of gas molecules in volume V and a is
proportionality constant characteristic of the gas. Thus the
pressure P in the ideal gas equation is corrected as:

a I'l2
(p+5%)

for n moles of gas,
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van der Waals Equation

Substituting the values of corrected pressure and volume in the
ideal gas equation, PV = nRT, we have

(P + —-) (V-nb) =nRT
This is known as van der Waals equation for n moles of a gas. For
~ 1 mole of a gas (n = 1), van der Waals equation becomes

(P + &) (V-b) =RT

Constant 4 and b in van der Waals equation are called van der
Waals constants. These constants are characteristic of eaclt gas
Determination of a and b B T
From the expression (1), the value of ais glven by th&’fél&tl()ﬂ

If the pressure is expressed in atmospheres’ anﬁ volume in litres,
_ (pressure) (volume)® atm'?
- (meol)? mol?

Figuie: (21) The stnkmg molecule A is pulled inward by molecules B
which reduces the velocity of A and causes the decrease of pressure

Thus 45 expressed in atm litre2 mol-2 units.
Since nb is excluded volume for 7 moles of gas,
volume L

b= - = 1=Lmol'1

n mo
If volumne is expressed in litres, b is expressed in litre mol-* units.

SI units of 4 and b. If pressure and volume are taken in SI units,
we have: .

_ (pressure) (volume)? B (Nm'z) (ms_)z
h (mﬂl)z - (mﬂl)z

=N mtmol2
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and b = Volume mol? = m? mol!

The equation of van der Waals can explain the general behaviour
of gases more correctly than the ideal equation PV = RT.

(1) At very small pressures: Volume (V) of the gas is very large

and both correction terms (ﬁ) and (b) are negligible according to

Boyle's law. It states that: “At constant temperature, the volume of
a fixed mass of gas is inversely proportional to its pressure”.
Therefore the van der Waals gas equation is reduced to PV = RT
for one mole of the gas.

(2) At slightly higher pressure: The term (b) is neglected
compared with the volume (V) and eqution of van dei’ Waals is
reduced to for one mole of the gas -

- (P £ ) VERT .,
PV + 2 =RT

Thus the value of PV is less than the 1;:1 alue by (—) and the

decrease in the value of PV incréase vith the increase of pressure.
This explains the falling bxapch tn’ the PV - P isotherm as
llustrated in figure (22) e

e

'

.

r j
Figure (22) Effect of slightly higher pressure
on van der Waals isotherm

(3) At higher pressures: The effect of attraction forces is negligible
. compared with the effect of the volume of molecules. Thus, van

der Waals equation for one mole of the gas is reduced to:
P{V-b)=
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PV=RT +Pb , ‘

Thus PV is greater than ideal gas value by (Pb) and increase in its
value increases with increase of the pressure, Therefore, the
increase in (PV) after the minium in the PV - P isptherms is due to
the effect of the term (b). This explains the rising branch of the
(PV — P) isothem as illustrated in Figure (23). In case of hydrogen
(Hz) and helium (He) gases the value (a) is very small compared
with the value (b) even at small pressures. That is why PV
increases continuously with pressure at ordinary temperature.

Solved Froblem: Calculate t.;,_?e pressure exerted by 1.00 mole of
methane (CH,) in 2,250 mL coritainer at 300 K using van der Waals
equation. What pressuge will be predicted by ideal gas?

a = 2.253 L2 atm'fnel 2, b%0.0428 L mol-1; R = 0.082 L atm mol-1 K.
Solution:

van der W’;mbs eqé*i'ition' (P + —) (V-nb) = nRT
iding by (V‘ nb) and solving for P:

2 p2 ) nRT
P+ — = .
yZ (V_—-nb)
Gt T p= nRT an®
(V~nb) v2

Substituting n =1, R = 0.0821 L atm mol-! K-1, V = 0 250 L, T = 300
K and the values of a and b, we have:
p= 1,0 mol x 0.0821 L atm mol~? K=1x 300X _ 2253 L2 atm mol~2 x (1)2
025L- (1x0.428L mol~1) (0.25L)%
P = 82.8 alin
The ideal gas equation predicts that:
tRT _ 1.0 molx0.0821 Latm mol~* k-1 x 300 K

P= v 0250 L = 98.5 atm
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Graham's Law of Diffasion:

When two gases are placed in contact; they mix spontaneously
This is due to the movement of molecules of one gas into the other
gas. This process of mixing of gases by random motion of the
molectles is called Diffusion. Thomas Graham observed that

‘molecules with sma]ler masses diffused faster than heavy

molecules

In 1829 Graham formulated what is now known as Graham's Law
of Diffusion. It states that

rates of diffusion of different gases areﬁiversely proportional to
the square roots of their molequ n*masﬁes“ Mathematically the

Where ry and r» aré: .thea;ates f diffusion of gases 1 and 2, while
%l”ecular masses. When a gas escapes

process is called: ‘Eff%{ismn The rate of effusxon of a gas also
depends, on the molecular mass of the gas.

{a) lefusmn (b) Effuswn
Figure {25} (a) Diffusion is mixing of gas molecules by random
motion under conditions where molecular collisions occur. (b)
Effusmn is escape of a gas through a pinhole without molecular
collisions. :
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Dalton applied a matimatical equation for effusion for the gases
which is known as Dalton's law of effusion.

! ZJ"TZ 2 f M (P &T constant)
d; M, .

Distance
The veloaty = —
_ tlme
On making a comparison between the velocity of two different
gases, it must be measured for the same distance, therefore the

velocity of gas diffusion is inversely proportional to the’ chffusmn
time (t) (the distance constancy), i.e.: |

1 r t2
ra- = wo o 2=2

Whereas r is the velocity of gds. chffuswn, t is the diffusion time
(the effusion time from very 1 httle ‘pore), d is the gas density, M. is
the gas molecular weight an S
temperature.

form pm-hole is' 112 2 s #nd the necessary time for effusion of the

same volume of oxygen gas is 84.7 s. Find the molecular weight of
the unknown gas.

.ty 2 M2 = . 1122s 2 M,
rz "ty . Mj T B847s 32 gmol—1

L a2k
"ﬂ 1(874)2 32 g mol~1

= &Mx =56.15g mol™

Example 30: The ratio of w}elocity of hydrogen gas effusion to
another non-inert gas is 3.996. What is the other gas?

2Ny - iy 2 [Mx
T2 My 'y MHZ

3991y _ 2 [My 2 R z
— 5 = /M, = 3.996 x V2

My = 16x2=32 gmol!
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v The gas is not inert gas, it is in dual form.
The gas is oxygen O

Dalton's Liaw of Partial Pressure

By using the ideal gas law, we can determine many properties of
an individual gas. In many instances, however, we encounter
interesting situations with more than one gas present. Our
consideration of the levels of pollutants in air is an obvious
example. Even if we ignore any pollutants present, clean air is
already a mixture of gases. A side from the possibility of éhemical
reactions, how do the observed properties of a gas mixture differ
from those of pure gases? . &

The answer to this question is actually suggested by, fliegas law. In
particular, note that none of the terms in the gas’ law equation
depends on the identity of the gas. Considet-a sample of air and
for simplicity assume that it consists efitirelyr of Na and Oq.
leillys.its pressure can be

o

Assuming that the air behaves ided
expressed using the gas law: ;

p il
Here n is the total number of mole§ of air present. But this total

number of moles will simply "be ‘the sum of the moles of each
component: o =
S ‘., Towl = Ny, + Mo,
We can insert this.into the expression above, giving;
_ oRT- (i, + no,)RT _ ny, RT , Moz RT

v v v Vv
Each of those last two nRT/V terms has a special significance; they
are-the pressures that we would see if only one of the components
of the gas miixture werepresent. If the nitrogen were the only gas
present, 1y, would be zero, and we would be left with:

nn, RT

P= PNz = v

If only oxygen were present, we could write a similar result forPy,.

For a mixture, the observed pressure is the sum of the hypothetical
partial pressuresof the individual gases.

This concept, first established by John Dalton,- is sometimes
referred to as Dalton’s law of partial pressures: The pressure of a
mixture of gases is the sum of the partial pressures of the
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component gases. In simple terms, the partial pressure is what the
pressure would be if only that component were present. As long as
‘the component gases behave ideally and do not actually react with
one another, this relationship will hold for any gas mixture.
Suppose the presence of a mixture of gases do not react with each
others, 1, 2, 3, ... in a certain volume V at constant
temperature T, and their quanties are my , nz, ns, .... And the
total of the gases is n.. The partial pressures of gases are P1, P2, Ps,

And the total pressure of the mixture is Py

S PP Pa+Pst i

nt n1+m+m+ [EL B LA N EENENNE ELNEENN S [ E NN LLN)

RT RT RT
Pl“V m & Pz—?nz & Ps-—v-na _

It is evident from the last equations the the gf}s
dependent on its quantity (n) only, and¥j callégi the partial
pressure of the gas, e

Taking the summation of the equations(l), i

4% veeny) (@)

Pr+Pa+Pat . = (Il1+l'lz+p3
. RT Ay é@nﬁﬁ* )
P = T E - (5
By dividing equation (3) to eQﬂat;on“fS)
Bhom Pa oM
P Dy _ & & N " Ny
ie.; : ¥ :
Pi — oi
Pt 373 (6)

These expressiong SLfggest another way to understand partial
pressurer' We m1ght choose to express the concentrat:lon of each

- T_xTn +n 7
1% N2+ nz...(y)
The’*t tal/mole fraction of the mixture is equal to one:
| 2 Pi=XaP & P=XoP & Pi=Xs P (8)
By summation of the last relations in equation (8):
Pi4Pr+Pi+ v = (Xa 4+ X2+ Xa + oo} P
Xi+Xo+Xa=1
o P1+P+ Pt iiiviiinnnn =B

Figure (17) illustrate Daltons law of partial pressures of a mixture
of gases experimentally. As shown in figure (17 a) There are two
separate gases in two flasks connected through a valve, each gas
has a partial pressure. Addition of oil through a funnel with
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opening the valve to permit the gas to transfere to another flask
with ‘the othe gas. It is noticed that the total pressure is the
summation of the partial pressure of the two gases as illustrated in-
figure (17 b)...

w,qir.mmm;
ubiff Blask s filled:

' Bressure =
Trassure =

_ 132 mm¥g He +
152 smovHyp He - 6lG% mmHg H, =
: 760 el

FaskA HekB . - HakA Fiagk B
. Before Mixing _ Alter Miing | b
. Figure (26) An Experiment toi] tgjf’ . Dalton's Law of partial
pressure of 1 "fﬁ reﬂﬁof gases
~ Example 31: Calculate the paﬂﬂal pressure for both of oxygen and
nitrogen gases in a, sample OE"atmosphere air; its pressure is 50
kPa, knowing that the oxﬁ‘!gen percentage is 20% in this sample.

4
& XN, = 5 =0.8
T Pp = Xi. Pt
Po,#= Xo,. XProtat = 0.2x 50 kPa =10 kPa
BN = qu X Pt = 0.8 x50 kPa = 40 kPa

2

Exii %ple;SZ A mixture of two gases consists of 40 g.oxygen and 40

T

g helitirty, its pressure is 0.9 atm. What is the partial pressure of
both of the two gases? .
L
% mg, = m =1.25 mol
S NHe = Ig-i:-fi:—l =_.10 mol
| fg, 1.25 mol .
Xo, =-'ﬁ - (1.2‘5’-—:-1‘:) ol - 011
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Nfe _ 10 mol
ng, + Die (1.25+10) mol
: P = Xi. Py
Pg, = Xp, X Piotar = 0.111 x 0.9 atm = 0.0999 atm.
Pae = Xpyo X Pror = 0.899 x 0.9 atm = 0.8001 atm

XHe = = (0.889

Example 33: 370 ml of oxygen gas is collected over water surface
at temperature 23°C under pressure 0.992 atm. What is the volume
of the same volume of dry oxygen at STF? Knowmg that the
pressure of water vapour at 23°C is 0.0277 atm.
Piotal = Poz + PHZD = EE
Py, = P; - Pyyo =0.992-0.0277 = 0964@ atrn e
T, =00+273=273K & T,=23+273= 296K

P, =0.9643 atm & P,=10 atm
V, = 370 ml & V,=?
PV _ P2V, v o P1Ta
T, Tz = V2 = Vi x P, Ty

0.9643 atm X 296 K
V; = ?70 ml x — 0atmx273 K = 386 85 ml

Example 34: A magnesmmﬁmeta p;ut in quantity of water, on

addition of dilute hydrochleri#" amd ahydrogen gas is evolved

according to the following equatmn -
Mg:+ 2HCl — Hot + Mg + 2Cl

The gas was collected over Awater surface in a container of volume

10 L and the measured Pressure is equal to 488.61 torr, knowing

that the water vapour pressure at the same temperature is 23.76

torr. Calculate the following; |

(i) Tt}e hy&rogen gas pressure .

(it) Th“"’éluamtlty of water vapoue which is accompamed the

collection. operation. -

(iii) The-experiment temperature.

(iv) The necessary mass of magnesium to produce 0.5 g hydrogen

gas,
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Hydnogen
(partial pressuee = F52 mmilg)
with wator vagwr

(pastial pressure = 17 mabg)

Water a [9";:

Figure (18) Collecti

bn of gas over water: hydrogen gas is prepared by the

reaction of zinc witl

’1 fivdrochloric acid. Is led to an inverted tube nutmlly

filled with water, Wher the gas-collecnon tube is adjusted so that the water

levelisigt fi‘ue sarfie heigh
tube equals “#the Barometric pressure (769 mmHg). The total gas pressure‘

t as the level in the beaker, the gas pressure in the

equa;ls the'sum of the partial pressure of the hydrogen (752 mmHg) and the
vapouf pressure of watér 917 mmhg0. For darity, hydrochloric acid is shown
in the light and hydrogen gas in light blue. ;

Potat = Pu, + Puyo

Pa, = Py - Py o =488.61-23.76 = 464.85 torr
v Py, = X, - Prom
Pu, 464.85 torr _
~ Xu Protal 488.61 terr 0.951
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XH, - 0951
. (11) Migial = I'le + nHzO = (0.263 mol
Ng,0 = Neotar = Ny, = 0.263 -0.25 = 0.013 mol
(iii) w P, V=n, RT
488.61 torr atm x 10 L

P. V 760 t F
T= = orr =298 K-
n. R 0.263 mol x0.082 atm L. mol~1K™1

T K=t°C+273
=T K-273 = 298 - 273 = 25°G,_°

(iv) |
24 g Mg. xOSgHz N k2
~ X gMg= ng%E 6g

> The necessary magnesium metal t iﬁ 6 g

E

Student Exercises -
1- What is the differeiice be@een (i) Air (iiy atmosphere
2- Shall increasing the temperature of quantity of gas from 100°C to
200°C at constanit: pressure the volume will be duplicated? Why'?

changed from 100"51. to 200 K. Shall the gas volume is increased and
why? :

4- Shall the increasing the temperature of quantity of gas from
100°C to 200"(: at constant volume the pressure will be duphcated7
Why? ;

5- The” temperature of quantity of gas at constant volume is
changed from 100°C to 200 K. Shall the gas pressure is increased
and why?

6- A sample of gas under pressure 0.814 atm in container 300 cm?
at temperature 20°C. What is the pressure for the same quantity of
gas in container 500 cm? at temperature 50°C?

7- It was found that the pressure of certain quantity of gas in
container its volume is 4 L under pressure 3 atm and temperature
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30°C. The gas is compressed to 1.5 atm in container. its volume 7.5
L. What will be the temperature in this case? o
8- What is meant by the molar volume for a gas? What is its value
at standard conditions (STP)?

9- Deduce the relation between the gas density and its molar
weight.

10- If you have equal masses of oxygen gas O, hydrogen gas Hy
and methane gas CHy at the same conditions of temperature and
pressure. Calculate the ratio between their volumes.

12- What is the density of a gas its effusion velocity is 1%@; tlrnes
of effusion velocity of sulpher dioxide gas (SO2) at,*ﬁs' at
conditions? '
13- Compare between the velocity of effusion of iﬁ'h
10°C and at 90°C. '
14- Gas A is effused through a pin-hole with time 1 M min, and at
the conclitions of pressure and temperat ,ré%‘%&the same volume of
oxygen gas is effused in time 1.8 min"r% :
and its molecular weight? .

15~ You have two gases, hydro“gﬁgmb“mﬁu&e (HBr) and methan gas
(CHa), the hydrogen brormdg is efﬁ:;,?eél through pin-hole with rate
4 ml/s. What is the rate of l"'_%__ : %g&rate of methane gas through the
~ same pore’r’ | |

(A) |

19- A 0.1 mole of an ideal gas was collected over the water in a
container of volume 2.5 L till the pressure 645 is reached. If you
know that the effusion velocity of the gas is equal to 83.5% of the
effusion velocity of nitrogen gas (Nj) at the same conditions of
pressure and temperature, find the molecular weight of the gas.

20- The density of nitrogen gas (N2) is 0.572 g/ at temperature
25°C and pressure 0.5 atm and the rate of diffusion of the nitrogen
gas is 9.5 ml/s. What is the density of a certain sapmle of gas
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which is diffuses with rate 6.28 ml/s through the same pore and at
the same conditions of temperature and pressure and what is its
molecular weight?
21- Compare between the density and diffusion rate for both of
hydrogen and oxygen gases at the same conditions of pressure and
temperature.
22- A mixture of two gases consists of 2 g of hydrogen gas (Hz) and
8 g of oxygen gas (O). Compare between the following at the
same conditions of pressure and temperature:
i} Their volumes (i) Their diffusion rates (iii) Thet %lensﬁes
23- A mixture of two gases consists of 2 g of helium gag.(¥ ), and
16 g of sulpher dioxide gas (S0). Compare between the foltowing
at the same conditions of pressure and temperatur
i) Their volumes (i) Their diffusion rates (111)-&'i'heir densites
24- The pressure of quantity of nitrogen gas in a*container -its
volume is 1.0 L is 2!0 atm at temperatyre 20"@'Fw“h.11e the pressure of
another quantity of oxygen gas in coﬁ;tamqr its volume is 5.0 L
under pressure 1.5 atm and temperatiire @2@90 The twa quantities
are collected in a container its 1‘4&:@1&&@“"*15;“510 L. How much will be
the total pressure of the mlxture m, tl:ils container at temperature
25°C? g
25~ Flask has a capacity of 20‘0 cm3 containes n mole of nitrogen
gas (Np) under pressuge 36tmHg and temperature T K. At
addition of 0.32 g of oxgg‘éa gas (O,), it was necessary to lower the
temperature to ﬁ@ﬁ@ i order to get the same last pressure.
Calculate both of" tem%érature (T) and number of moles (n).
- 26- Flask has a capacity of 2.0 L containes (n) mole of nitrogen gas
(Ng) undef pregsure 0.5 atm and temperature T K. At addition of

27- A gds mixture has équal grams of ethane gas (Csz) and
carbondioxide (CO,), the partial pressure of ethane gas is 22
mrmHg. What is the partial pressure of carbon dioxide gas?

28- The partial pressure of methane gas (CHy) is 0.225 atm and for
ethane gas (CoHp) is 0.165 atm in a mixture of them.

i) What is the mole fraction for each gas in the mixture?

ii) If the mixture occupies a volume 9.73 L at temperature 35°C.
What is the total number of mixture moles?

iii) How many grams of each gas in the mixture?

52



29- A sample of nitrogen gas (Na) is collected using the electrolysis
‘method of water, its volume 152 cm? at temperature 25°C under
pressure 758 mmHg. If you know that the vapour pressure of
waterat the same temperature is 23.76 mmIg. Calculate:
i) The partial pressure of hydrogen gas.

'~ ii) The number of moles of hydrogen gas produced.
iii) The mole fraction for both hydrogen and water vapour in gas
mixture.

30- Axrange the followmg gases according to their velocity
diffusion. Compare between the diffusion velocity of the faster one
and the slower one at the same conditions: (He H,, Ar, _N;H@ COz,
31- Out of the following pairs of gases, which wﬂliﬁi* fuse t'hrough
a porous plug with the same diffusion rate 2, !

(a) NO, CO (B CH;, 02 (c)NO, 6@2 (ﬂ) NO, C:He
32- The pressure of a gas mixture of twe “equal weights, its
summation is 1.12 g of oxygen and nitrg ety gases is 0.6 atm. What
is the partial pressure of every gas? . )
33- The pressure of a mixture ofiwo- equal welghts of gases is 2.24
g of helium and nitrogen 8as is'- 0 7 atm. Calculate the partial
pressure of each gas. ' -
34- The pressure of a certain quantity of gas is' 450 torr in a
container 200 ¢m3 at 30@ K Héw much its pressure will be at the
same temperature if:
(i) Its quantity is* doubled; (11) The gas is transferred to another
container its voluire is300 cm?. (iii) Find the original gas quantlty
35- 14 g of nitrogen gas are put with 16 g of oxygen gas in a
container; its yolume is 10 L at room temperature. Shall their
partial’ pressure are equal and why? What is the total pressure of
.the___mlxture?

36- A 10 liter vessel containd 14 g of nitrogen gas (Na), 0.4 g
‘hydrogen gas (FHy) and 8 g of oxygen gas (O} and at temperature

27°C. What is the total pressure of the vessel?

37-Consider the composite system, which is held at 298 K, shown
in the following Figure, assuming ideal gas behavior; calculate the
total pressure and the partial pressure of each component by bar
units, if. the barriers separating the compartments are removed.
Assume that the volume of the barriers is negligible.
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201 | 300 L 1.00L
1.50 ba: 2.5# Baz 1.00 bar

38- Why real gas deviats from the ideal gas behaviour = wnte the
equation which expresses the behaviour of real gas and ideal gas -
which circumstances can be the real gas behaves 1::ﬁ=,r:111y'1 and why?

MULTIPLE CHOICE QUESTIONS

1- According to Boyle's law the volume of 3 fixed 'masd:of a gas, at constant
temperature, is: - '
. (a) directly proportional to its pressure
(b) inversely proportional to its pressure. :
() the square root of its pressure “
(d) none of these
Answer: (b)

i,

2- Mathematlcally, Boy]e s law ca '_‘__be represented as

(a) V OC— (b) V= --—_ () VP=k  (d) all of these

Answet. () Ca L

3- At constant temperature, the pressure of the gas is reduced to one third,
the volume

(a) reduces to one thii‘d (b) increases by three times
(c) remains the same (d) cannot be predicted
Answer: (b)

4- At cofistafit ptessure, the volume of a fixed mass of a gas is
(a): du‘eetljr proportional to its temperature
(b) directly proportional to its absolute temperature
(c) inversely proportional to its temperature
(d) inversely proportional to its absolute temperature
Answer: (b}
5- Which of the following is the correct mathematical relation for Charle’s
law at constant pressure!
(@QVeT (bVuxt {c} V=kt (d) none of these
Answer: (a) |

6~ Accordmg to Gay Lussac’s law for a flxed volume of a given gas
(a) = = a constant (b} P« z (c) P= (d) PT=k

Answer: (a)
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7- "Equal volume of all gases at the same temperature and- pressure contam
equal nurnber of molecules” is the statement of:

(a) combined gas law : {b) Charle’s law
{c} Avogadro's law () Boyle"s'law
Answer: {c) ' '

8~ For one mole of a gas, the ideal gas equahon is
(a) PV=RT (b} PV="4RT {(c) pv=_ sRT  {(Q)PV=; RT

Answer: {a)

9- The units of R, the gas constant are

(a) erg Kt mol? (b} cal K1 mol-!

(¢) joule K mol1 {d) all of these

Answer, (d}

10- In Iit atm K- mol? the numerical value of R, the gas constant;
(a) 0.821 (b) 0.0821  (c) 0. 00821 (d) 0.000821 S
Answer: {b} N

11- "The fotal pressure of a nuxl*ure of gases {non—reactm@ 18 equal to the
sum of the partial pressures of all the gases presefft;” is the statement of:

(a) Graham's law of diffusion (b) Daltox_‘lms l*%w of parhal pressures
{c). Avogadro’s law of partial pressures (d), a;onefo
Answer: (b) -
12- Under same conditions of temperatgre an
diffusion of different gases are & . *w §
(a) directly proportional to the square’igots of the molecular masses
(b) directly proportional to the sgu roa!;s*of their  vapour. densmes
(c) inversely proportional to the éq
(d) inversely proportmnal to the sé};tare roots of their molar volumes

Answer: (¢ ; ,..FEEE,,.Q ’

{c) equal to the squa-jfe.of iis absolute temperature
{d) directly proportmpal to the square root of its absolute temperature
Answer {l:i?]

ﬁ;ule of a gas the kinetic energy is given by |
fb)E-—RT (]E-—RT (d}E--z- RT

Ansv\f [b)

15- Thé‘n’kmeﬁc gas equation is given by the relatmn
(@ PV=Y%mNpu2 (b) PV =% mN p?
(c)I’?V=§mN'112 () PV=%mNpn?
Answer: (a)

16- The average velocity of a gas is given by

@v= P2 =M@= B s (B

Answer: (a)
17- The root mean square velocity of gas molecules is given by the relation
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@e=%  @e= 2 a2 @u

Answer: (c)
18- The roct mean square velocity gas molecules is given by the relation

(@un= \F"’ B p= o (@u=_5 (d)alothese
Answer: id)

19- The free path is the distance travelled by the molecule
{a) before collision (b) in one second

{c) after collision {d) in one minute

Answer: (a)

20- The mean free path is

{a) directly proportional to the pressure of the gas

{b) directly proportional to the root mean square velocity of gas:
(¢) direcily proportional to the temperature of the gas it %
(d) directly proportional to the absolute temperature of tha%ﬁas _
Answer: (d) M, .
21- The collision frequency of a gas is - W

(a) directly proportional to the square root of abse}qte Eiaﬂ;,ul:»emture
(b} directly proportional to the absolute teﬁ%ﬁﬁraﬁé;;e 4

(©) mversely proportional to the pressure of Hhdigay="

3

{a) 0.0 (b) 1.40
Answer: {a) .

23~ The compressibility factor, z 1"’&fthe extent to which a real gas dewates
from ideal behaviouris; ‘%W nby '

(© 1. 557

@z=r%  (b)g= z" ©z= 2 (d) z=22
Answer: (c) e

24- The real gases slibw néarly ideal behaviour at
(a) low pressures and low temperatures
(b) high pl:eSsures and low temperatures

41% 1T

() l}ow pr assdres and high temperatures

Answer: (d)

ZS-Excigded volurne is times the actual volume of molecules.
@Y~ (b)two {c) three (d) four -

Answer: {d) . '

26- The pressure Pin the ideal gas equation is replaced by

2z 4 Z
@F+E) ©F-7F) ©F+F) @F+5)
Answer: {a) : o
27- The units of ‘a” the van der Waal’s constant are
(a) atm L mol*  (b) atm L mol?
(c) atm L2 mol? (d) atm L? mol2
Answer: {c)
28- Which one of the following relations is con'ectf
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{e) T =

{8} Vc=3b {b)Pc= (d] none of these
Answer: (d}

29- How many molecules are present in 0.2 g of hydmgen?

(2) 6.023 x 1022 (b) 6. 023 x 102 {c) 3.0125 x 1023 (d) 3.0125 x 102
Answer: (b}

30- Gas A diffuses twme as fast as another gas B. If the vapour density of

the gas A is 2, the molecular mass of gas B is:

(@2 (a (8 ()16

Answer: (d)

31- A container contains a gas at 1 atm pressure. To compzress 1t to 1/3rd of
its initial volume, pressure to be applied is ¥,
{a) 1 atm (b)2atm  (c) 3 atm (d) 6 atm

Answer: {c) :

32- The ratio of most probable velocity, average velocﬂy and ;
square velocity of molecules of a gas is : SR
() 1:1.128:1.224 © (b)1.128:1:1.224 -

(c) 1.128:1.224.:1 (d) 1.224:1:1.128

Answer: (a)

33- Which of the following gases will have the hlghest Fate of diffusion®
(a) CHy (b) NH; {(c) N2 (d) CO» -
Answer: (a)

34- 290 ml of a gas at 17°C is- cooledq,}"lo
volime of the gas will be: s
(a) 260 ml (b)270ml  (¢)280 ] ml K
Answer: (a) % '
35- The volume of a gas at 0°C is® 273 mL Its vnlume at 12°C and the same
pressure w111 be: &

() 273 + — mL (b) 273‘ 3 -2-23 mL (c) 273 +12mL  (d) 273 -12mL
Answer: (c) Mg "

36- If the pressure and absolute temperature of 3 litres of a gas are doubled,
its volume would be:,

(a) 2litres (b) 3 litres c) 6 Iitres L (d) 12 litres

Answer: ) N

37- The root‘mean square velocity of a certam gas at 27°C is y cm s1. .The

temperature at which its velocity will be 2y is:

{a)54°C (b} 108°C (c) 600K (d) 1200K

Answeri (d)

38- Out of the following pairs of gases, which will diffuse through a porous
plug with the same rate of diffusion?

(a) NO,CO  (b)CHg, 02 - ()NOz, CO2 (d) NO, C:Hs

Answer: (d)

39- 8 g of CHy and 2 g of hydrogen are mixed and kept at 760 mm pressure
at 273 K. The total volume occupied by the mixture will be:

(a) 11.2 litres (b} 22.4 litres (c) 33.6 litres (d) 44.8 litres
Answer: (c) o :

40- The root mean square velocity of a certain gas at 27°C is am s Its root
mean square velocity at 927°C is '

27Rb2 2'7Rb

t*mean

t.constant pressure. The new.

g

«13°C:a

(d) 290 ml
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(a}cms (b)2ams? (c) 3ams (d) 6a m s
Answer: (b). ‘
41- In a closed flask of one litre, 2.0 g of hydrogen gas is heated from 27°C to
327°C. Which of the following is incorrect?
(a) the pressure of the gas increases
{b) the kinetic energy of gaseaus molecules increases
(c) the rate of collision increases
(d) the number of moles of the gasi increases
Answer: {d)
42- Which of the following gases will have the lowest rate of dlffuslon"

(a) H: (b)N: () F2 (d) O2
Answer: (c) :
43- A gas is heated at constant temperature. Then:
(a) the ne. of molecules of the gas increases
(b) the kinetic energy of the gas molecules decreases
(c) the kinetic energy of the gas molecules remains unaltere.
{(d) the kinetic energy of the gas molecules i mcreaseg_
Answer. (c)
44- Equal volumes of methane and ethane are mlxeﬂ

@% % © ()-_
Answer: (a)

()i,‘f B) P+ (b)P-*‘*“

Answer: (a) ¥

46- The compresmb!.hl'y Eactor, z, for an ideal gas is
(a) zero Gty “{b) Iess than one

(c) greater thanone. "%« (d) equal to one
Answer: (d) S
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Thermochemistry

It is noticed that energy in the form of heat (thermal energy) is
generally evolved or absorbed as a result of a chemical change.
Thermochemistry is the branch of physical chemistry which
deals with the thermal or heat changes caused by chemical
reactions. :
Thermochemistry is concerned with the heat that accompanies
chemical reactions. Thermochemical data are usually expressed
bty writing the equation for the chemical reaction and giving the
value of the enthalpy change (AH) after the reaction,

Concerning the following reaction: e
Co+Onyg —— COng + 94keal  AHspe,= -9 keal
Which implies that when 12 g of solid carbon-(€) redctswith 32 g
of oxygen gas (O:) at constant pressurdtand temperature an
amount of heat (equivalent to 94 kcal), 1sﬁp1; duced? In other
words the increase of the heat content:of tig,iéjrgé”é}tion is AH =-94
kcal, at temperature 25°C. |
The enthalpy change (AH) is algo fa‘éwﬁél‘é_im & heat of reaction and it -
is the difference between the Hiat content of the resultant and

reactants at constant pressufesa ‘mff*ife‘filperamre, if AH is negative
as in the above equation, the’héatEontent of the resultants are less
than the heat content of the réactants, i.e.; carbon and oxygen are

in high energy level than‘carbon dioxide gas (CO,). This reaction is

described as “exothermic reaction” in character. Most reactions are

taking place at otdinary temperature are exothermic, and .

exothermic compaunds, ie.; their formation is accompanied by

evolution of heat are stable at ordinary temperature and they

decompose only at higher temperatures. Endothermic compounds,

on the other hand, are stable only at higher temperatures and

decompose at ordinary temperature.

Heat of reaction depends on the state under which the reaction

taking place according to:

(i) Heat of the reaction under constant volume, AE:

It is the amount of heat evolved or absorbed when the reaction

taking place under constant volume. In this case the heat evolved

or absorbed is on the expense of the internal energy of the system:
AE = Bresultant - Ereactants

Where: E is the internal energy.
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(ii) Heat of reaction under constant pressure, AH:
If the system is allowed to expand during the reaction, it does
work against the atmosphere and extra heat is evolved or absorbed
in doing this work. Therefore AH differs from AE by the amount of
work done.
. Relatlon between AH and AE:
AH=AE+w (1)
Where w is the work done, when the system expands aginst a
constant pressure, P. "
The work done (w) = PAV (2)
Where AV is the change in volume,
If the products and reactants have the same volume &H s the
same as AE. R .

sign according to the system is doing work on the sﬁrroundmg or
vice versa. If the the sydtem has done work:or;the surrounding,
the the work has a negative sign because" the the system has lost

energy and vice versa. Ny
Itis clear the the work units is energy umts (]oule) in international

\\\\\\

dlstance Also, the wrk can be expressed with other units such as
erg or calorie .... etc, The relation between these units is given as
following; e |

uly X 107 erg =1.0Joule
. 10 calorie = 4.184 Joule
1.0 Litér atmosphere (L atm) = 101.39 Joule
Example 1: If the change in internal enrgy under constant volume
forthe fo]l@wmg reaction:
NH4Cl(aq) + NaNOz@q — N: @ + 2 H20p + NaClg)
Is equal to (- 333 kJ) when one mole of nitrogen gas is produced. If
the production of one mole of nitrogen gas is making the volume
system to be increased by 22.4 L at pressure 1.0 atm, calculate the
heat of reaction with joule units at constant pressure.
Solution:
PAV = (224 L) . (1.0 atm)} =224 L atm

101.3
PAV =224 Latm x 1 =2.27x10°} = 2.27 K]

Applying the relation: AH = AE + PAV
= AE + PAV =-333k] +227k}J = - 330 k]
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Example 2: The first law of thermodynamic can be represented as
following formulas: |

(i) AE=q-w - ({i) AE=q+w
Which conditions for using these two formulas?

Solution:

(i) Can be used if the surrounding is doing work on the system,
i.e; the system acquired energy.

(ii) Can be used if the system is doing work on the surroundmg,
i.e.; the system loses energy.

(5) Frora the following three sentences, illustrate which’ % correct
(¥) or false (x) when the gas is escaping reve:;&b@’% and
isotherraally against space with ' 1llustratm§ the i “;*ageﬁsons
(3 marks) o, s

(i) w = PAV + VAP (...) (o)
() w =PAV () ()
) w=00 (...); » q= 00( ) &E‘Hh@( ) (o))
(iv) w=0.0(..); AE=gq =+ véﬁéf%@% (o)
™) q=-w=+ve (..); AE=00(.J %, : (...
- Solution: Ay %ﬁ%&, bl
' The process is isothermal @A&j =0.0 ~AE=0.0
The gas escape agamst s‘%ﬁ o o~ P=00
w ¥-PAV =00

‘From the mathemaﬁj:ahi eg‘presﬁ'ﬁ fon of first law of thermodynamic:
i{igs i%;:"aE = q + W

Tl

() w=PAV + VA"vP( xy7 | (%)
(") w=PAV (v); % AE=00(v),  q=-PAV(¥) (%)
yw =00 (V) q=00 () AE =0.0 (V) )
(w) w%@m«) AE=q=+ve (%) (%)
g =-w="tve (¥); AE=0.0(¥) (*)

fhi 'qu 3 If you have the following processes occurring at
constant pressure:
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P =FfA

initial Ctrons Saction . F!'ﬂﬂ:'
Ltake. Argas A . SBhate . -
Figure (1) Pressure Volume®ork

]
(i) Hgsy — Hge
(111) H? @+ F2@— ZHP ®

System on surrouhdjhg
(ii) 302 () — 2034, AR

W Surroundong on system
(iti) Ha (g + F2 g 2 52(5) An=2-2=00 No work
(iv) C + Oz — G:DZ w An=1-1=0.0 - No work

(v) AgNOgiaqg) + NaCl(aq; — AgClg) | + NaNOs g )  No work
31Tk Sl(s) + 21 ) An 2 -1=1 Systemon surroundmg

(1x Sp(s; +§ 2Fz () —% SnF 5 An= 0.0-2=-2 Surroundong on system

Example 4: As a result of adr:htlon an acid to a metal 30 liters of
hydrogen gas is evolved. Calculate the excerted work of the gas
with kilo joule unites to overcome the applied standard
atmosphere {1.0 atm), assuming temperature constancy.
Solution:
*» where the atmospheric pressure is constant
. The gas expansion is against this pressure
w—-P(Vz-V1)——1 atm x (30 - OD)L
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w=-30L atm x —2:30Joules _ 3041, 7]
Latm

| | . w=-30417k]
Example 5: If the gas is expanded at temperature 25°C fro the
-volume “2 L” to the volume “5L” at constant pressure. Calculate
the excerted work with joules when the gas is expanded:

(i) Against the space (ii) Against pressure equal to 3.0 atm.
. Solution:
(i) + whereas the the gas expansmn is aginst space |
~ P=0.0 “‘i‘m
. The work done (w) = PAV =0.0xAV =0.0 %,
(if). w= PAV . & AV=(L-3L)2L %, ¥
— 10130 Joules - i’iwf"‘*
w=-9Latmx — == 9125%%%

Example 6: Calculate the excerted work when 50 g’ ‘of iron is
dissolved in hydrochloric acid as the followﬁg%reach' n:
Few * 2HClug — FeClg in**@,lﬁ*ﬂy‘[‘

{1} In closed container %(1i)dn open contatiner
Solution: - g heo f,

‘From the equation, it is clear“that*ég@mhole of hydrogen gas is
liberated for every consumed onésgrgm mole of iron. The gas is
doing work on the surrounds . "the work has a negative sgin
(-). Assuming ideal gas behav%‘"éur and neglectmg the initial system
volume, we get thegigllg%nng

S,

""‘%:g %ﬁ ¥ PV(g) nRT

(@) In closed cont gL, ¥
WOl A AV=00
wark done (w) PAV=Px00=00

(u] In oggn coptatiner

‘%H w=~PAV=- ny, RT
- 08 1K1
w 56 g mol-1 x 8.314 ] mol1 K-1x 298 K

F w=-0893 x 8314 J x 298 = 2212 &J
w This work does not represent the quantity of maximium
excerted work because the expansion against external pressure is
constant (irreversible process).

Since, liquids and solids occupy very small volumes; the texm PAV
for them is considerd equal to zero. Therefore, the term PAV is
only used in the case of gases. By applymg the uviversal gas
equation:
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PV = aRT (3)

and

P(V +AV) = (n+ An) RT ®

PAV = AnRT (3

Where, An is the change in number of moles of the resulting and
reacting gases only. .
- Ang = (Dproducts ~ TNreactants) gas
Therefore:

AH = AE + AnRT (6)
Example 7: The heat of combustion of n-heptane at’ cqnstant
volume at temperature 25°C is 1148.93 kcal, accordmg to the
following equation: '

CrHis g + 1102y — 7CO25 + 8H20(r)
What is the value of reaction heat under constant pressure?
Solution: 4

R =1.,987 cal mol1 K1 _
Ang) = (npmducts - nreactants)gas -
AH = AE + An RT,
4.184 k], 4-?m0i<€x 8314 Jmol 1K 1x298K
k cal B _
AH = - 4807 kj’fi 910. K] =- 4816.9 15]
i
Example 8: The accgmpamed ‘heat of combustion for one mole of
benzene at constant Violume and temperature (298 K) is equal to -
3264.3 k. Calculate AH*for the benzene conbusion in presence of
oxygen accordlng_::to the followmg ewuation:
' CsHe.() + 7.502 (5 — 6CO2 (g + 3H20¢
What is the value of reaction heat under constant pressure?
Solutmn

AH =-1148.93 kcal x

. AE=-32643K]
An{g} = (npmducts - nreactants)gas =6 -75=-15 mol
| AH = AE + Ang RT

1.5 mol x 8.314 1"1K"1 x 298K
AH = - 32643 K - 2B x 338 100 X

k)
AH = - 3264.3 kJ - 3.71636 kJ = - 3268.02 k]

Example 9: Calculate the heat of combustion of hydrogen gas at

constant volume at temperature 27°C for the following reactiorn:
Hzp + Y2024 — HOp AH = -2418 K]

- Solution:



An{g] = (npmducts - I'lreactants)gas =1=15=-05 mol
AH = AE + Ang RT

. 0.5molx8.314]Jmol"*K"1x300K
_241.8 k] = AE - L

| Lo
-241.8kJ = AE - 1.2471K]
AE =-241.8 k] +1.2471 k] =- 2405529 k]

Example 10: Calculate the heat of combustion of hydrogen gas at
constant volume at temperature 227°C for the following reaction:
CsHs@g +502¢9 — 3CO2p + 4H20¢ AH =~ 2200 KJ/mol

- : ke AT P
¥

] o o %
gig: i
i k o
i
‘ i
e T
L3

Solution: i :
Ang = (nproducts - Ilrear;ﬁ;_ants}

a - 5+1) = - 3 mol
AH =AE+ Al RT

3 mol'x 8314 Jmol~1 K1 x 500K
- 2200 kJ = AL - - 1000 §

12200k = AE-124711J |
AE ='5:2200 k] + 12471 kJ = - 2187.529 K]

Example 11: Cal'cuia‘tel_’:che excreted work with joule units when thé
gas volumte is increased by “1 em®” under pressure 1 atm.
Solution: .

1emdx 1L 10139
w=sPAV==-Tatmx e

1000 cm3 X Latm 0'101_39 J

Example.li:?-Calculate the excreted work with k] units when gas
volume is increased to one mole at standard condititions (STP).

Solution:
STP means that P =1 atm and temperature is 273 K

1.0 mole of gas has a volume 22.4 L at (STF)

we=-224Latmx 23320 = _231937=-23K
L atm
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Example 13: Calculate the heat change at constant volume for
vaporization of one mole of water at 100°C, knowing that the

absorbed quantity of heat at constant pressure is 9.8 kcal.
Solution: - - |
AH = 9.8 kcal

98x4.184 k] = AE + 10002 T

equa’ﬂon - :
At temperature 17°C, the accompamed heate is 36.2 kcal at
constant pressure. Calculate the heat at constant volume for this

system
Solution:

Vv "-\,z:._

AH AE + An(g] RT

An(g) (ﬂproducts - nrcactants)gas = 1 0.0 =1 mol

1 mol x 8.314 "1 Kk-1x290K
: 362x4184k] AE+ Smolx 83 IEL X

,,,,, o
151.46 kJ = AE + 2.411 k]
AE=15146kJ - 2.411 K] =149.04 kJ

Example 13: The combustion of one mole of propane gas (CsHs) at
constant pressure 2198.7 k] at temperature 25°C and 1.0 atm,
calculate the internal energy change at constant volume.
CHigry +5020 —3CO2np+ 4H20¢
Solution: - L
- AH = AE + Ang RT
Ang = (nproducts - nreactanis)gas =3~-(1+ 5) = -3 mol
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| : 8. I"1Kk1x 298 K-
21987 k] =AE. 2PCXESEIOE R X

21987 k] =AE-7.4327 k]
AE=2198.7 K] +7.4327 k] '=2206.13K]

The change in reaction heat is differing from one reaction to the
other according to the following:

Different Types of Heat (Enthalpy) of Reaction

The heat or enthalpy changes accompanying chemical reagtions
are expressed in different ways, depending on the naf”'f"--" :_oi?"fhe
reaction. These are discussed below. k.
Heat of Formation | |
The heat of formation of a compound is defifted as: e

The change in enthalpy that takes place mﬁﬁn one mole of the

compound is formed from its elemerﬂ:s *g %

nﬁ

. sulph1de and acetylene may be gxp % B
Feg + S — FeSy _ AB = - 24.0 kcal
2Cy + Ha — CiHlagg, %ﬁi{f = +53.14 keal
- Hz + 402 =H20 + heat 4" ¢
2C +2H; = C;Hs#heat ‘'(heat of formation of ethylene)
Standard Heat Fo”rmaﬁon "

The change in én’ﬂial,py that takes place when one mole of a
compound is formed fram its elements, all substances being in
their stan \d; d statés (298 K and 1 atm pressure).

T at of formation of pure elements such as: Hg, Clyg),
Na(gjéFef) , Nz(g) and Cuy, are equal to zero at all temperatures.

the heat of formation of compounds from 1ts primary elements
mostly is an exothermic reaction. |

(iii) The compounds which are accompanied in their formation
with exothermic heat are more stable because the heat content of
product compound is less than the total heat content of the
reacting elements intheir compositions such as CHy, CH;0H, ....
etc. ' - S '
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(iv) As the free heat increased the stability of the produced
compound 'is increased, consequently it is difficult to be
dissociated. | |
NaCl (- 413) > CH;OH (- 238) > CCL (-134) > C:H; (-84) > CH, (- 84)
As the absorbent heat is increased the stability of formed
compound is decreased, i.e; it is easy to be dissociated.
HI (+ 26) > NO; (+ 34) > N,O (+ 81.5) > NO (+ 90.4)

The first low of thermodynamic allows the calculations of enthalpy
change or reaction enthalpy at standard conditions (AH°) from the
standard molar of formatlon enthalpies from the %"@glowmg
equatlon

E p ﬁ[‘lf + Z np &Hf ' ’
Example 14 Calculate the standard enthalpy %ﬁigrnﬁa’uon at
temperature 298 K for silver bromide (AgBr(s)) depe‘ndmg on the
following reaction: .
AgBrgs) + %2 Clag — AgCle + %2 Brag = A [0 =
Knowing that ﬁHf =-127.0 kj mol1%%, 5" .~
Solution:

AHoe =

,,,,,,

elements and in ﬂi‘gl.r standard conditions. -

£

- Exaniiple Cilculate the heat of reaction AHe for the followmg
réaction:’
*‘enﬁ% ,fﬂ"? CHyg + 2024 —>2C02 @+ 2H20q
Knowihg that the enthalpies of formation are:
AHf CHyg =-749Kk] & AHf Oy =0.0K]
AH? COs) =-3935k] & AHfH;0(, =-28581]
Solution:
AHo= Tnp (AH)p - Eng (AHDR
Products Reactants
AH® = [zmtlf COz + 2AHF H,0] - [AHF CH, + AHP Og]
AHC = [2(- 393.5) + 2(- 285.8) | - [(- 74.9)+ 2(0.0)]
AHo = [- 787- 571.6] - [(- 74.9)] = - 1358.6 + 74.9 = - 1283.7 kJ
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Example 16: The formation of 1.0 g of methane gas (CHag) from its
primary elements at standard conditions 4.675 kJ are prodilced.
Calculate the standard heat of formation of methane with kilo
joule units. ' Ce+2Hzp ~» Claig ' .
Solution: -

In case of calculation of the standard heat of formation, which
means the formation heat of reaction of one mole of material?
Therefore we must deals with moles not with grams. |
» The fofmation of methane gas an energy 4.675 k] is produced.

- The reaction is exthothermic, consequently the enthalpyichange
has a negative sign (-ve) i.e,; AH = - 4.675 K]. "y

_ Wonmy 10g _
Ocgy, = MCH4 - 16 gmol-3 0.0625 mcl |
0.0625 mol CHL 5 "= 4675
1.0 mol CH,4 —_ H
AHI? - 1.0mol x —4.675k] _ | }“.EE :

Example 17: Calculate the re
reaction:  NHag + 3Pz —uNFs
Knowing that: AHF NH; =ps,46 Kl
ﬁHF NF3(g) = - 114 k]
Solution: RS
AHe ™=

b B
Zng (AHP)p - L ng (AHP)R
5 Prbducts . Reactants
~ AHe = [AHP'NE; +"3AHP HF] - [AHF NH; + 3AH? Fy]
- AH®'= [(-114) + 3(- 271)] - [(- 46) + 3(0.0)]
AHo = [-114 - 813] - [- 46] = - 927 + 46 = - 881 K]

Example 48:. Calculate the reaction energy of the following
reaction knowing that the heat of formation of alminium oxide
(Al;() and ferric oxide (Fe;Os) are - 1676 - 822.7 k] respectively.
2Aly + FexOs g — 2Fe) + Al2Os g
knowing that: - |
AHE Al =0.0k] & AH Fep 03¢5y =-822.7K]J
AH? Fe s~ 0.0 k] & ﬁH? Alzog(s) =-1676 k]
Solution: | '
AHe = Y np (AHf)p - X DR (AHP)Rr_
_ : Products Reactants
AHo = [2AH{ Fe + AHP Al 03] - [2AH] Al + AHP Fe;0;]
AHe = [2(0.0)+ (- 1676) ] - [2(0.0)+ (- 822.7) ]
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AHP° =[-1676] - [- 822.7] = - 1676 + 822.7 =- 853.3 k] -
Example 13: Calculate for the following equation:

CsHp2Ox11 + 1203 5 — 12CO0: g + 11H2Oq) + 5638.36 k] -
Calculate the heat of formation of C¢Hz:011, knowing that the heat
of formation of water is - 286 kJ/mol and for carbon dioxide is -
393.5 kj/mol.

Soluﬁnn: |
| The formation of of CgH204, an energy 5638.36 K] is produced.
» The reaction is exthothermic, consequently the enthalpy change
has a negative sign (-ve) i.e.; AH =- 5638.36 kJ. By
AHo= Fnp (AHF)p - Tng (AHPR %"i,;,q

Produl.ts ' Reactants

- 5638 36 k] [12 {- 393 5)+11(~ 285 8)] -
- 5638.36 k] = [- 4722-3143.8] - [2M1), cnﬂ22 11]
- 5638.36 k] =- 7865 s - [ZAH_?Jilgszoll] |

222744 =- [24AH (:11'
2AHP (311“229,. 1_$;a;__1;.,=,-"'¢ 275

It is the amount og.‘béaat,tevolvfé’d on the combustion of one gram
mole of the substanc“é’ or'ztane gram atom of an element) in excess
of O,. d . .
C+02=COz *, 94 lccal (heat of combustion of carbon)
CH, + Q2= CO; +2H,0 + heat - (heat of combustion of methane)
(3) Heat of Neutralization
It istf&gantity of heat evolved in the neutralization of one gram
eq‘iawale";t of an acid with one gram equivalent of the base from
' melf*dgllﬁte solutions.
"HClag + NaOHuq = NaClug + H20g + 13.70 keal
(heat of neutralization of HC! and NaOH)
HNO3q + KOHpg = KNOspg + H2O( + 13.77 keal
{(heat of neutralization of HNO; and KOH)
It has been found that the heat of neutralization of all strong acids
and bases is constant value and is equal to 13700 cal. In case of
weak acids or weak basees, the heat of neutralization s less than
13700 cal. This will be explained in further detailes when dealing

with the ionic theory.
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(1) Héut of hydrogenation

It is the amount of heat evolved on the saturation of one gram
mole of an unsaturated organic compound, e.g, ethylene or
acetylene with hydrogen gas.

- CzHag + Hag = CZHB(g] + 32580 cal

(heat of hydrogenation of ethylene)

[5) Heat of Solution
It is the amount of heat evolved or absorbed when one gram mole
of substance is dissolved in a quantity of sufficient solvent, to form
a saturated solution only. %

(6) Heat of Dilution a,
It is the amount of heat obtained when diluting 20D
mentioned solution until- there is no heat cg%*ﬁg;tr a _,.Anflmte
dilution. - W
g, o
Laws of Thermochemi%t:y

A

These laws are based on the flrst law ’ff ef:dynanucs Wthh is

First Law: Lavolsier and ggapldee t.aw

The amount of heat necessai‘y ]_F@‘ﬁdecompose a certain compound
into its constituent elements s equal to amount of heat evolved
during the formatwfgﬁ:)f thl.s co%‘}lpound from its element, e,g.

COz@% 1 = - 94 keal (exothermic reaction)

Cp) + Oz =

CO2p = Cpo) + Oy, JESHZ = + 94 kcal (endothermic reaction)
If AH; and AH, are nét equal, it is clear that by adding the two
equations, we cdfi creat energy out of nothing which is
contradmt rv t@ the ﬁrst law of thermodynamics.

whether the reaction takes places in one step or in a number of
steps, e,g., during the formation of the compound 'A B C D from
the elements:
A+B+C+D=ABCD+AH (one step)

The reaction may be carried out in three steps as following:

- A+B=AB+AH:

AB+C=ABC+AH;
ABC+ D =ABCD + AH3
A+B=AB+ Al
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A+B+C+D=ABCD + (AH; + AHz + AH3)
According to Hess's Law:
- AH=AH1+ AH2 + AHa

Practical Methods of Determination of Heat of
Reaction:

(1) Heat of Combusion:

For the de’cemﬁnation of heat of combustion the following system

.'l..

bomb is filled with O, under a pressure of several a’tmdsphers The
substance is the iginited by means of a platlmum or iron wire
__eat developed on

is determined by means of a sens%hve Beckmarm thermometer as
illustred in Figure (2) W,

Stirrer — L

Figure (2) Pressure Volume Work

72



Methode: |
(1) The sample is weighted perfectly, and is put in the isolated
reaction container. Then the bomb is filled with oxygen gas.

(2) The bomb container is immersed in quantity of orweighted
water perfectly. Stirring the swater to get a homogenous
temperateurewith all the calorimeter.

(3) The temperature of the group is recorded (t).

(4) The reaction is to be started using an electric arc.

(5) The resultant heat is absorbed by the group and Lt will be
recorded as (t1) Y _
(6) Where both of water and bomb calorimeter abﬁgprﬁm the
produced heat, therefore the total heat capacity (C) is equa '1‘*‘to the
summation of water and bomb calorimeter capac1t1es,"‘ e

Ctotal = Cwater T+ CCalunmeter

used and the specific water heat but the h@atz capa(:lty of the bomb
m ihtally by measuring the
increase of temperature of the bomb caloi'lmeter as a resulte of its
heating with known temperatures.: "~ -
(7) The produced heat of reaction’ an be calculated as a result of
combustion from the total liéa"’ xquarﬁty (Cy and the difference of
temperature (At =t -.t) usmg - thev following equation:
iy CICalonmeier = Crotal At
Example 4: If 1.435 g dfynaphathene compound is burned in
constant volumié waloritheter contains 2000 g of water, the
temperature is rised from 20.17°C to 25.84°C, if you know that the
heat capacity of calometer (Cca)) is 1.80 kJ/°C. The specific heat of
water is 4.184 J/ g °C. Calculate the following:
(i) The released heat as a result of combustion.
(ii). The released heat as result of combusion one mole of
naphathalene
Solufion:
(i) The acquired heat by water (qw) can be calculated by the
following equation:
Quate =p M At = p m (t2 ~ ti)
= (4.184 J/g°C) x (2000 g) x (25.84-20.17) °C
qw=474 x10¢ J = 474 KJ
Then the acquired heat by tha calorimeter can be calculated:
Qeatorimetee = Ccat At= (180 kJ/°C} x (25.84-20.17) °C
g Calorimeter = 1.02 x104 104 ] = 10.2 k]
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The acqutired heat from the group (calorimeter and ‘water) is:
Qeotal = qw + qca = 47.4 KJ+ 10.2 k] = 57.6 k]
Qrotal = Qw + qcal
The acqmred heat by the group (calorimeter and water) is equal to
the released heat as a result of burning, but dlfferent than it in
sign, i.e.:
Qtotal = Qw + qca = 474 k] +10.2 k] = - 57.6 kJ
(ii) From part (i) the released heat as a result of burning 1.435 g
naphathlene and the molecular weight of naphathalene is 128.2 g.
The released heat as a result of burning one mole of napliathalene
is:

1.435 gmol~1 (C;pHg)

1435 g (CuHs) = -57.6 J_k]
128.2 (C1oHs) g = X (g)
q= —21E X x 1282 g (CioHg) =-515x10 k]/mol

---a.

“mL sodmm hydroxlde (0.5 M) in caloﬁfé%aft“ftonstant pressure, its
heat capamty is 335 ]/ °C The pnnhair_;_ fggg\

. -!.:!\

perature of the mixture

is equal to denSIty and specﬂrwﬁea"f of water.

Solution:
If there is no loss of s"

L.-:»-(ésolutwn + qCaluﬂmter)

b

where: qsolution 18 :acq é}eﬂ heat by the solution,
qwater p m At = p m (tz - t1)
qsol = (100 g + 100 g) x 4 184 J/°Cx (24 9°C - 22. 5°C) 2 01 x 103]

--(201x103]+804]} =-2.81x10%] =
| -~ AH=-281k]
Example 2: If you knowthat 18.5 g of certain metal absorbed 1170 ]
of heat and its temperature is rised from 20°C to 92.5°C. Calculate
the specific heat of this metal

Soelution: ' . -
The metal absorbed quantity of heat (q) is 1170 ], using the
following equation, we get:

q=pmAt 3)

1170 =px18.5 g x (92.5°C - 25.0°C)

-2.81k]
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Metal Specﬁlc heat (p) =

1170
Metal Spec1f1c heat (p). 1558 92 5°cl 250 °c) =0.937 JAg °C)

Example 3: If 25 of a certain metal at temperature 90°C is added to

50 g water its temperature is 25.5°C. The temperature of water is

rised to 29.9°C. If you know the specific heat of water is 4.184 1/8

°C, calculate the speaﬁc heat of the metal.

- 8olution:

The quantity of acquired heat by water is equat to quantity of lost

heat by the metal, therefore the quantity of acquired heat by water

is: ey By
q= P m {2~ ti)

q= x 50.0 g x (29.8 - 25.0) 2 = 100&;5 J
The spec1ﬁc beat ef the metal can be calcu%ateé‘"mvhereas the metal

has lost the same quantity of heat whith 18"@](’..:‘_(1_“ yired by water (q = -
1004.16 J) and the final temperature B Eﬂ% T‘hetal is the same of

. water i.e;:

xAt

4134;

2 — 1004&-:6
Pispecific heat}wi’tg‘,zgm " _%0 2’°C = £6.7 x 10‘2 ]/(g UC)
él%p; lent Exercise

1- The heat capa&w‘%ﬁ;water is 1.0 cal gt °CL.

(i) Calculate the héat capacity by J g °C1,

(if) Calcul@te the necessary of heat quantity to rise the temperature
of LQ@@U& v até‘r from 25°C to 100°C.

The Water heat capacity = 1 0 cal g1 °C1x 4'1:: |~ 1184 JgtoC?

(ii) The necessary of heat quantity can be calculated as following;:
q=pm(tz~t1)

q =100 g x 4.184 Jg1°C* x (100-25) °C= 31380 ] = 314 k]

2- 50 g. ice its temperature 0.0°C is added to 100 g water its

temperature is 80°C. What is the final temperature of water at
complete melting of ice? ‘Assuming that thereis no loss of
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temperature to the external surrounding and knowing that the ice
heat of fusion is 333 ] g1 and specific heat of water is 4184 ] g™ °C -1

Solution:
q1+qQz2=qs 1)
Application of relation (2)
q:1=500gx333x] g (4)
qr=pmAt=pm (2 ~ t1) (2)
q2=50.0 g x 4.184 J g1 °C (t ~ 0.0°C) (5)
qs =100.0 g x4.184 J g1 °C* (80 - t°C) (6)

Compensating equations (4 - 6) into equation (1}:
500 g x333xJ g1+ 50.0 gx4.184]g1°C1 (t~-0.0°C) = _‘lpﬂl)gx
4.184 ) g1 °C (80 - £ °C)
16650 J + (209.2F °C?) x (t-0.0°C) = (418.4] °CY); (80°C=-1)
16650 + (209.2J°CY) x (t) = (33472 J)-4184 o (1)
(209.2] °C1) x (t) + 418.4J °C (t) = 33472 J- 16650]
627.6 °C1x (t) = 16822.. ™
t=26.89C ..
3-A p1ece of almumum metal 1ts welg

35?' g and temperal"ure

metal is 0.225 cal/g°C. .

We apply the thermal equlhbnum principle, i.e; the quantity of
lost heat by aluminum. metali(qar) is the same quantity of heat
which is acquxred by  water (qH o). Assuming the final
temperature is (’t) T
q pm At=pm (t2 - t1)

q(an —350gx0226 cal g1°C1 x (100°C-+)

qiay =7.91 cal g1 °C x (100 °C - t)

q(_fu)' 791 cal - 7.91 cal °C1 (t) (1)
Gn,0 =320.0 gx1cal g1 °C1x (t-23.75 °C)
QHZO = 320 cal °C (t) - 7600 cal (2)

Egalitarian of (qar) and (qu,0), we get:
791 cal -7.91 cal °C1 (t) = 320 cal °C? (t) - 7600 cal
~ 320 cal°C1 (t)-7.91 cal °C1 (t) = - 791 cal - 7600 cal
- 320°C1 (t) -7.91°C1 (t) = 7600 ~791
-32791 t°Ccl = -83%
~ t= 25.5893°C
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