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Quantities under discussion:  Pressure (P), Volume (V), number of 

moles (n), Temperature (T, in kelvin) 

 

Pressure is: 

Force per unit area P = F/A 

in SI units pressure is in Pascals (Pa)  1 Pascal = 1 N/m
2
 

 

Other units of pressure: 

Atmosphere (atm): Equal to the average pressure of the atmosphere at sea-level on the Earth 

Kilopascals (kPa): 1,000 pascals 

Torricelli (torr or mmHg): Equal to the pressure at the bottom of a column of Mercury that is measured 

in millimeters.  Named after Evangelista Torricelli, a scientist who worked with gases. 

Inches of Mercury (inHg): Meteorological measurement which gives pressure relative to the pressure 

provided by a column of mercury measured in inches. 

Pounds per Square Inch (psi): Equal to the force in pounds per square inch of surface area.  This 

unit is not commonly used in science. 

 

Unit relationships: 

 

1 atm = 760 torr = 101,300Pa  =  101.3kPa  =  29.92 inHg  =  14.70 psi = 1.013bar 

 

Measuring the pressure of gases: 

 A manometer is a device commonly used for measuring the pressure of 

a gas.  Some manometers have an opening that is exposed to the outside pressure 

of the atmosphere.  These manometers must be calibrated by taking the current 

atmospheric pressure into account.  They are known as open-end manometers. 

 

A barometer measures atmospheric pressure: 

 

 

 

 

 

 

Relationships: 

P vs V   Boyle’s Law  (PV = constant)  P1V1 = P2V2  n and T held constant 

V vs T  Charles’s Law  (V/T = constant) V1/T1 = V2/T2  n and P held constant 

P vs T  Gay-Lussac’s Law  (P/T = constant) P1/T1 = P2/T2  n and V held constant 

V vs n  Avogadro’s Law  (V/n = constant) n1/V1 = n2/V2  T and P held constant 

Note which values are held constant in each relationship. 

Note which relationships are inverse and which are direct. 

Temperatures MUST be in Kelvin K = 
o
C + 273.15 

 



Ideal gas Law 

PV = nRT    where R=Universal gas constant =.0821Latm/molK 

also 

PV = mRT/M, where m is the sample mass of the gas and M is its molar mass 

d = MP/RT, where d is the density of the gas (m/V) 

 

What constitutes an ideal gas? 

According to kinetic molecular theory: 

-Gases consist of tiny particles (atoms or molecules). 

- These particles are so small, compared to the distances between them, that the volume (size) of the 

individual particles can be assumed to be negligible (zero). 

-The particles are in constant random motion, colliding with the walls of the container.  These collisions 

with the walls cause the pressure exerted by the gas. 

-The particles are assumed not to attract or repel each other (elastic collisions). 

-The average kinetic energy of the gas particles is directly proportional to the Kelvin temperature of the 

gas. 

 

In reality, no gases are totally “ideal”, but some approximate it more than others. 

 

Standard Molar Volume = 22.4L/mol 

At standard temperature and pressure (STP) = 0
o
C, 1atm 

“One mole of any ideal gas under STP conditions will occupy a volume of 22.4L” 

 

Dalton’s Law of partial pressure:  The total pressure inside of a closed container is equal to the sum of 

the individual pressures of the gasses it contains. 

 

Mole fraction:  Mole fraction is the ratio of the moles of a particular gas to that of the total moles of the 

gases inside an enclosed container 

mole fraction = n1 / (n1 + n2 + n3 + n4 +…) 

 

Important Stoichiometric Relationships: 

 

Joseph Louis Gay-Lussac: Law of Combining Volumes 

When all measurements are made at the same temperature and pressure, the volumes of gaseous reactants 

and products are in small whole-number ratios. 

Given: 

2H2(g) + O2(g) → 2H2O(g) 

Two volumes of hydrogen combine with one volume of oxygen to produce two volumes of water vapor. 

 
 

Avogadro’s Hypothesis: Equal volumes of all gases, when measured at the same temperature and 

pressure, contain the same number of molecules. 

(i.e. Equal volumes contain equal moles for any ideal gas at the same T and P). 


