
GasesPRIVATE 

Objectives: Pressure, gas laws, molar weight, density

gases are the most easy state of matter to study (liquids and solids are much more 

difficult.

Reason: just molecules in random motion

Thus gases always fill up the container in which they are and they also assume the 

form of the container.

In liquids and solids there are strong intermolecular forces and thus ordering.

Gas pressure can be measured with a barometer

first one: Torricelli (unit torr): 1608-1647
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In normal atmosphere: 1 atm = 760 mm Hg = 760 torr = 101325 Pa

Pressure =  force/area (definition), thus SI unit is 1 N/m2 = 1 Pa 

= 1 (kg m/s2)/m2 = 1 kg/(m s2)

Example: The pressure of a gas is 0.0211 atm. What is the pressure in torr and in Pa?

torr:
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Pa:
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Transparency: if you fill into a manometer with 1 tube connected to a gus bulb, the 

other tube open to air, liquid mercury, such that it fills the u-turn of the tube, then:

if the gas pressure Pgas is lower than the atmospheric pressure, Patm, the larger 

atmospheric pressure will force a Hg column up into the tube open to the bulb. The pressure 

in the bulb is then Pgas = Patm - h, all in mmHg.

if the gas pressure Pgas is larger than the atmospheric pressure, Patm, the larger 

pressure of the gas in the bulb will force a Hg column up towards the opening to 

air. The pressure in the bulb is then Pgas = Patm + h, all in mmHg.

The gas laws
The laws can be derived from the idea of an ideal gas

An ideal gas consists of mass points, i.e. points in space that occupy no volume, have 

no forces between them, but have a mass, and are in random motion.

The variables describing such a gas sample completely are pressure P, volume V,

temperature T (use always Kelvin units), and amount = number of mol, n

Many gases behave ideally under normal conditions, and thus the gas laws were first 

discovered by measurements on real gases under certain conditions.

at T = const., n = const.:

Boyle put gas into a container and measured the gas volume at different pressures:

he used a moveable piston with no friction and put weights on it. He found:

P1V1 = P2V2  or  PV = const.  which is Boyle's law:
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From PV = const. at n, T = const. follows:

At n, T =const., V is inversely proportional to P or P is inversely proportional to V:
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We can thus write Boyle's law as PV = c1 (being a constant at n, T =const.)

At P = const., n = const.:

Charles put gas into a container with a moveable piston and on the piston a constant 

weight (constant pressure). 

Then he measured the volume of the gas at different temperature and found Charle's 

law. 

[image: image6.wmf]
3
The law, where T must be in K not in oC [T(K) = T(oC) + 273.15], states:
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Note: the constant c2 is not the same as c1 in Boyle's law.

Thus: V is directly proportional to T.

A plot of V vs T is a straight line, where for different gases the lines have different 

slopes, but reach 0 volume at the same temperature, -273.15 oC, which lead to the 

definition of the Kelvin scale which put 0 K at -273.15 oC.

There is no temperature below 0 K.

Example: At 20 oC a gas has a volume of 2.4 L (dm3). What is the volume at -20 oC?
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At P = const. and T = const.:

Filling different amounts of air into a balloon at the same P and T:
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Measurement of the volume of the balloon with different amounts n (number of mol) 

of gas in it, leads to Avogadro's law:
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Where again Avogadro's law constant c3 is not the same as Charles's law constant c2 

and not the same as Boyle's law constant c1
Now we know that V of a gas is proportional to T, proportional to n and inversely 

proportional to P. Thus V must be proportional to nT/P, with a constant factor at the 

equation:
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The constant is called the gas constant, R, and has the value
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where 1 J = 1 Nm is the SI unit of energy (also L atm represents energy).

Multiplied by P this gives the usual form of the ideal gas law:
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Never forget to use T in K when using the ideal gas law.

The units of R you use depends on the problem at hand.

From the ideal gas law: if 3 properties of a gas are known, the 4th property can be 

calculated.

most gases obey this limiting law closely at high temperatures and low pressures (less 

than 1 atm).

At low pressure (P) the molecules are far away from each other and do not feel tha 

other molecules actually have a volume: volume of gas molecules negligible.

At high temperature the molecules move fast and can easily escape the attraction of 

others which is always there between molecules.

Thus at high T and low pressure volumes of and attractive forces between molecules 

can be neglected and they can be seen as mass points without attraction: ideal gas law

A plot of PV versus P for low pressures P show that for all gases the plots converge 

to the ideal value of about PV = 22.40 L atm at standard temperature (plot in book).

Examples:

Calculate the volume of 2.12 mol NO at 560 torr and 76 oC.

If not otherwise told, we consider gases, like NO, as ideal gases.

T = (76 + 273.15) K = 349.15 K
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10
Calculate the volume of 1 mol ideal gas at STP (Standard Temperature and Pressure, 

STP = 0 oC = 273.15 K and 1 atm).
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This is the molar volume of an ideal gas at STP: Vm(STP) = 22.41 L/mol

4.0 L of a gas is initially (i, index 1) at 1.2 atm and 66 oC. What will be the final (f, 

index 2) pressure of the gas after it is compressed to 1.7 L at 42 oC?
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This gives the final pressure as
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13
A sample of 0.42 mol of N2 at -1.0 oC and 704 torr (initial state, i) is heated to 67 oC 

with a pressure of 910 torr (final state, f). What is the change in volume?
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With Pi = 704 torr x 1 atm/(760 torr) and Pf = 910 torr x 1 atm/(760 torr) this gives 

the change in volume (ΔV):
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Molar mass, MM, and density, d, from the gas law
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Thus with density d =m/V (m for mass, MM for molar mass) we have
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Example: A gas is 78.14 % (by weight) B (boron) and 21.86 % (by weight) H. At 

300K, 74.3 mL of the gas exert a pressure of 1.12 atm. The mass of the gas is

0.0934 g. What is the molecular formula of the gas? 

The empirical formula we calculate as usual (Chapter 3) from a sample of 100 g (then 

the % can be replaced simply by g):
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The numbers of mol in 100 g we use as indices in a formula. To get integer numbers 

we divide all the indices by the samllest one of them (here 7.23) and round to the next 

integer: 
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From the empirical formula we calculate the empirical molar mass, MMemp:
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20
From mass and volume we get the density and finally the real molar mass, MM:
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Since the molecular formula must be (BH3)n with n = MM/MMemp and rounded to an 

integer we have
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Objectives: Gas stoichiometry, gas mixtures, partial pressures, collection of gas over 

water

Gas Stoichiometry
Best to discuss on definite examples:

How many L of N2 are produced in an air bag in case of an accident from 50.0 g 

sodium azide at 30 oC and 760 torr? 30 oC is 303 K and 760 torr = 1 atm.

Reaction: 2 NaN3(s) ( 3 N2(g) + 2 Na(s)

In reality there is another reactant given into the air bag to take the metallic Na away, 

but that is not important to us.

Number of moles produced:
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How many L of CO2 gas can be produced at STP from 50.5 g CaCO3?

CaCO3(s)  (  CaO(s)  +  CO2(g)

1 mol           1 mol         1 mol

100.09 g       56.08 g       44.01 g

                                        22.41 L (STP)

at STP:
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24
How many L at 25 oC and 500 torr?

T = (25 + 273) K = 298 K; in the equation it MUST be 50.5 g not 50.0 g:
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PRIVATE 

 The ideal gas equation gives the volume:
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methane (CH4) combustion
2.80 L of CH4 at 25 oC and 1.65 atm are mixed with 35.0 L O2 at 31 oC and 1.25 atm. 

Calculate the volume of CO2 that can be formed at 125 oC and 2.50 atm.

Limiting reactant calculation!

Combustion: the substance reacts with O2 such that every C is converted into CO2 and 

every H is converted into water (N forms usually N2 and O in the compound also H2O) 

CH4(g) + 2 O2(g) ( CO2(g) + 2 H2O(g)

When 1 mol CH4 reacts with 2 mol O2, 1 mol CO2 is produced.

Number of moles of CH4 present [(25 + 273) K = 298 K]:
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27
Since 1 mol CH4 can produce 1 mol CO2, CH4 can produce 0.189 mol if it all can 

react.

Number of moles of O2 present [(31 + 273) K = 304 K]:
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28
If all O2 could react, it could produce more CO2 than CH4 can produce (0.189 mol).

Thus CH4 is the limiting reactant and can produce 0.189 mol CO2 and then the 

reaction is finished and excess O2 is left over.

The volume of these 0.189 mol CO2 at 125 oC (398 K) and 2.50 atm is
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Dalton's Law of Partial Pressures
When ideal gases are in a mixture, then each gas exerts a part of the total pressure, 

its partial pressure, which results from the ideal gas equation as if the number of 

moles of gas (i), ni, present in the mixture would occupy the total volume alone.

Thus the total pressure exerted by the mixture of gases is the sum of the partial 

pressures (Pi) of each gas (i) in the mixture of N gases:
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because the ideal gas equation holds for each one of the gases as if it would be alone:
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where each gas i in the mixture occupies the total volume V. Then
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Example

25 L He at 25 oC and 2.0 atm were mixed with 10. L O2 at 25 oC and 1.2 atm and 

com​pressed into a scuba diving tank of 5.0 L volume at 20 oC. What are the partial 

pres​sures and the total pressure in the tank?

The number of moles of each gas we get from the ideal gas equation (25 oC is 298 K):
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34
The pressures in the tank (20 oC is 293 K) are given again by the ideal gas equation, 

but volume and temperature are different:
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36
The total pressure of the mixture is the sum of the partial pressures:

Ptotal = PHe + PO2 = (9.6 + 2.4) atm = 12.0 atm

Definition of the mole fraction xi:
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Since we know that
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we can also write
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Examples:

What is the partial pressure of O2 in air at 50 oC and 750 mmHg, if the mole fraction 

of O2 is 0.210?
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From this follows
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For mixtures like air, treated as ideal gases, Avogadro's law holds, stating that ni = 

Vi/c3, where Vi would be the volume gas i occupies when alone but under the same 

pressure and temperature as the mixture and c3 is Avogadro's law constant and the 

same for each gas.

Thus the composition of a mixture of ideal gases in % by volume, %Vi, gives directly 

the mole fraction of each gas: xi = %Vi/100%.

Because the volumes are proportional to the numbers of moles.

Then the mass of Avogadro's number of molecules of the mixture, its molar mass, would be 

the sum over all xiMMi. Then (last lecture) the ideal gas law yields the density of the mixture.

Gas collection over water
[image: image46.wmf]
5
When a sample, e. g. of KClO3, is decomposed into KCl and O2 by heating, and the 

O2 gas is collected over water, then in the gas bubbles there would not be pure O2, but 

a mixture of O2 and water vapor.

Thus the total pressure in the collected gas would be the sum of the partial pressures 

of O2 and of water vapor, the vapor pressure of water at the temperature of the 

experiment.

Example:

A sample of KClO3 was decomposed by heat and the gas collected over water at 

30 oC, the vapor pressure of water at 30 oC being PH2O = 31.8 torr. The total pressure 

in the gas was 762 torr and the volume of the collected gas was 255 mL. Calculate the 

amount in g of KClO3 that was decomposed. Molar mass of KClO3 = 122.6 g/mol.

PO2 = Ptotal - PH2O = (762 - 31.8) torr = 730. torr = 730./760. atm = 0.961 atm

With T = (30 + 273) K = 303 K and 255 mL = 0.255 L, the ideal gas equation 

gives the number of moles of O2 collected:
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42
We know the reaction equation: 2 KClO3(s) ( 2 KCl(s) +3 O2(g)

and thus we know that 2 mol x 122.6 g/mol = 245.2 g KClO3 is equivalent to 3 mol 

O2:
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Objectives: Kinetic theory, effusion, diffusion

Kinetic molecular theory of gases (KMT)
An extensive description of details is given in Appendices A14 - A17 in the Zumdahl 

book.

The definition of the pressure is force/area = F/A

Here F is the force gas particles exert on the container wall

Such a force gas molecules exert, when they collide with the container wall.

According to Newton's laws, such a force in a collision is equal to the change in 

momentum of the particle, mass x velocity, over time of the collision.

Assume that the particles in a gas have an average speed of u and a mass m.
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44
Then when a particle collides head on with the container wall (speed perpendicular to 

the wall), it has momentum mu before the hit, and when it is elastically reflected it 

has the momentum -mu after the hit (it moves with the same speed in opposite 

direction).

Note that also when there are different angles of hit, the average momentum change 

Δ(mu) still will be the same, Δ(mu) = 2mu (absolute change).

final - initial: m(-u - u) = -2mu, absolute value: 2mu
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To get the pressure exerted, we must know how many particles hit the container wall 

per unit time and unit area.

Assume that we have our gas in a cubic container with edge length a:

[image: image51.wmf]
7
Our average speed will be the average distance moved, divided by the average time 

needed.

In the time the molecule makes just 1 collison, it can move from the opposite wall to 

the collision point (distance a), and back to the opposite wall (distance a) where it 

will collide again. The time for that we can get from the average speed u:
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In Δt the molecule makes just 1 collision with a wall.

Thus Δt is the time needed by the molecule to change its momentum by 2mu.

Thus the pressure exerted by just 1 molecule is (the area of a wall in our cubic box is 

a2)
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When we have n moles of gas, then nNA/3 such momentum changes will happen in 

unit time. The 1/3 is because of the 3 directions x, y, and z we have in real space, 

and thus the pressure is (volume V = a3):
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Thus multiplication by V yields
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The factor 2 x (1/2) was included, because the average kinetic energy or mean kinetic 

energy Ekin per molecule is equal to mu2/2.

From this follows that, because Ekin is proportional to the temperature T, 

PV/n = const. T

Thus a little rearrangement gives
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Since PV = nRT, it follows for the average kinetic energy, that Ekin = (3/2) RT

Comparison with PV = nRT, which we know from experiments (and also can be 

theoretically derived for ideal gases) yields then
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the mean kinetic energy per mol must also be equal to the molar mass of the gas times 

half its square average speed. Thus from this equation we can get the very important 

root mean square speed of ideal gas molecules, urms
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When we use here the more practical value R = 8.31451 J/(K mol) for the gas

constant, then you must use the molar mass in kg/mol, because J in R contains kg, not 

g.

One conclusion is, that at the same temperature, the molecules of a gas sample with 

large molar mass will have small average speeds, while those with small molar mass 

will have large average speeds.

Example:

Calculate the average speed of N2 molecules in air at 1 atm and 20 oC.

The pressure is not needed, and T = 293 K. MM is 28.02 g/mol for N2 so we must 

use here 28.0 x 10-3 kg/mol:
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About units:
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Transperancies from the book:

1. Charles's law: When heat is added to a gas, the molecules become faster and at 

constant P the volume becomes larger, because the faster molecules hit the walls more 

frequently with larger force.

Since the pressure is constant (weights) this increases the volume.

The title, Avogadro's law, is a mistake.

2. Boyle's law: When the pressure is increased at constant temperature the volume 

decreases, because in a decreased volume, the walls are hit more frequently and thus 

experience a greater force, and thus a greater pressure is needed.

3. T increase at constant volume: The molecules are getting faster and thus more 

frequent hits of the wall with greater force: more pressure (weights) needed to keep 

the volume constant.

4. Number of molecules versus speed: Gaussian bell shape distribution. The maximum 

occurs at the average speed. When T increases the maximum becomes shifted to 

higher speeds and gets lower in height, also the curve gets broader.

Effusion and Diffusion
Effusion

Consider 2 containers, one containing a gas, and the other one is just evacuated. 

Connect them by a small pinhole in the container walls and the gas will slowly move 

into the vacuum until the two pressures are the same (transperancy).

This process is called effusion.

The rate of effusion r is defined as the number of moles of the gas (Δn) divided by the 

time Δt they need to effuse through the pinhole. r = Δn/Δt

Experimentally it was found that for two effusing gases 1 and 2 Graham's law holds:
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By theory the rate of effusion is proportional to urms, thus
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Since the rate of effusion is inversely proportional to Δt:
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Example:

It takes 192 s for 1.4 L of an unknown gas, and 84 s for 1.4 L of N2 to effuse through 

a porous wall. What is the molar mass of the unknown gas?
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Diffusion
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In reality the diffusion process is very complicated and complex.

However, to a good degree it fulfills
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This means that in the same time, NH3 travels 1.6 times the distance HCl has 

travelled, because HCl (36.46 g/mol) is heavier than NH3 (17.04 g/mol)

Objectives: real gases, atmosphere

If a gas is ideal then
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must be true, but:

[image: image68.wmf]
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There are 2 very general observations:

- a gas is most ideal at low pressure.

Because at low pressure the gas occupies a large volume: the molecules are far away 

from each other, and do not feel that the other molecules have a volume and attract 

them (ideal gas assumptions fulfilled).

- a gas is most ideal at high temperature.

The higher the temperature, the faster the molecules move and the easier they can 

escape attractions by other molecules.

High T means, that T must be much higher than the boiling point of the liquid.

N2 will be much more ideal at 110 oC (almost 300 o above its boiling point at 88 K)

than water vapor at 110 oC, because water vapor is only 10 o above the boiling point 

of water.

Many real gases can be described by the van der Waals equation.

Idea: keep PidealVideal = nRT, but make P and V more realistic.

The real pressure, Preal must be smaller than the ideal one, because the molecules 

attract each other, and thus hits at the container wall occur with smaller speeds. The 

attraction by other molecules slows a hitting one down. 

Thus adding a correction term to Preal should bring it closer to Pideal.

The strength of attraction forces can be measured by a constant a per molecule, which

has to be multiplied by the square of n/Vreal:
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The real volume is in parts occupied by other molecules, which really have a molar 

volume of b. 

Multiplied by the number of moles, n, this gives the covolume nb which has to be 

subtracted from Vreal to get it closer to Videal.

In ideal gases it is assumed that all the volume is free for molecules which are points 

to move in, while the real volume is not completely free:
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Thus the final van der Waals equation is
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where 

a is the van der Waals constant describing the attractive forces between the 

molecules

and 

b is the van der Waals constant describing the molar volume of the molecules

In Table 5.3 in the book some values are given.

Actually P and V of a gas are measured at different values of T, and then a and b are 

determined by the best fit of the van der Waals equation to these data triplets.

Example

Calculate the pressure of 4.37 mol of Cl2 at 38 oC in a 2.45 L container

(for Cl2, a = 6.49 atm L2/mol2 and b = 0.0562 L/mol) and compare it (% deviation) 

to the pressure obtained from the ideal gas equation.

(273.15 + 38) K = 311 K
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Thus
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The ideal gas equation (nRT = 112 L atm as before) gives
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Thus the deviation of the real value from the ideal gas value is
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Chemistry in the Atmosphere

Section 5.9: reading assignment, not covered in class

[image: image76.wmf]
10
% by volume composition at sea level: 78.1 % N2, 20.9 % O2, 

and 1% Ar, CO2, H2O, ... 

Upper atmosphere: ozone layer filters UV light from the sun

Reactions of gases in the low atmosphere under light from the sun:

NO(g) + 1/2 O2(g) ( NO2(g)

NO2(g) ( (irradiation) NO(g) + O(g)

O(g) + O2(g) ( O3(g) (Ozone)

net: 3/2 O2(g) ( O3(g)

Ozone production in the upper atmosphere would be good

but NO from pollution does not make it up there, but the ozone production happens 

in the lower part, where O3 is a strong poison.

further:

O(g) + H2O(g) ( 2OH(g)

OH(g) + NO2(g) ( HNO3 part of acid rain
S + O2 ( SO2 that can be removed by adding CaCO3 ( CaO + CO2
CaO + SO2 ( CaSO3
2 SO2(g) + O2(g) ( 2 SO3
SO3(g) + H2O(g) ( H2SO4 main part of acid rain
fluorinated and chlorinated carbohydrates are very stable and make it up to the ozone 

layer:

CnHmCl ( (UV irradiation) CnHm + Cl

These radicals, especially Cl or F radicals, eventually destroy the ozone layer in the 

upper atmosphere, which is needed to filter deadly UV radiation out of sun light. 

Below the links with the Chapters,  you find worked out solutions of old exams, not only the 

correct choices for each question.

Because these were typed in term 052, where in the first Major there were the chapters 1-5

 and not only 1-4 like in our case, in the 041 and 052 exam files the chapters are a bit mixed

 up.
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