Chapter 6 – GASSES

Reading: chpt 6.1-6.9 
Problems: chpt 6 questions 5, 9, 13, 26, 39, 41, 50, 57, 69, 73, 74, 78, 82
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Macroscopic Properties – pressure (how to measure), volume, temp
· Ideal gas law: PV=nRT
· Pressure: F/A the force per unit of area, the force that the gas exerts on the walls of its container
· To measure gas pressure, need to quantify liquid pressure (barometer), liquid most commonly used is Mercury
· 
· Ah subbed in for V since the volume of cylinder = Ah
· In a closed cylinder, Atmospheric pressure supports the liquid column by pushing mercury up and allows us to measure the height. Air pressure = liquid pressure
· E.g. 1) average pressure at sea will support a height of 760mm of mercury, what is this in SI units? 
· P = (g)(h)(d) 
· G is 9.81 m/s2, h = 0.76m, d = 13.6 x 103 kg/m3
· P = (9.81)(0.76)(13.6 x 103) = 1.013 x 105 Pa 

· E.g. 2)Ans is 10.1
P = g(hHg)(dHg) = g(hH2O)(dH2O)
P = (hHg)(dHg) = (hH2O)(dH2O)
P = (745mm)(36) = hH2O(1)
P = (0.745)(
· Manometer: another method of measuring gas pressures by using a liquid
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· Pbar/atm=760mm Hg
· Boyle (~1662) kept T and n constant, concluded that pressure is inversely proportional to volume 
· E.g. A 50L cylinder at 21.5atm connected to an empty gas tank, releases gas, P = 1.55atm. What is the volume of the tank?
· Soln: 
· (21.5)(50) = (1.55)(V2)
· 694 L = VT this is the total volume of the original tank plus the empty tank 
· 694 = 50L + V2
· 644 L = V2
· Charles (1787) and Gay-Lussac (1802) kept n and P constant, concluded that temperature is directly proportional to volume  intercept is (0 volume, -273.15 K)
· Limitations to Charles’ law:
· Can not get to absolute zero 
· Phase changes
· Volume can not be zero
· Combined gas law: combines Boyle’s and Charles’ law 
· PV = constant and 
·  = constant or =
· Gay-Lussac’s law = kept T and p constant, V = n 
· Ideal gas law: PV = nRT (R = gas constant, n = number of moles) or PV = NkT (k = boltzmann’s constant, N = number of molecules)
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· Summary of laws: The ideal gas law contains the three gas laws within it. 
· Boyle: P ∝ 1/V, PV = constant 
· Charles: V ∝ T, 
· Avogadro: V ∝n, 
·  (combination ofall laws)
Applications of the Ideal gas law: 
Molar Volume: The volume occupied by one mole of a substance is its molar volume. This will be constant for any fixed temp and pressure
· standard pressure = 1.00 bar
· standard temp: T=0 deg or 273.15K
[bookmark: _GoBack]Density of gas= m/v=PM/RT
The density of gas is directly proportional to its molar mass (for fized T and P). Therefore, low molar mass gasses, like He and H2 have low density and will rise in a higher molar mass gas like air

Mixtures of Gases and Partial Pressures
· Many gases are not pure but are actually a mixture of gases (ex. Dry air  is a mixture of N, O, Ar, CO2, and traces of other gases) 
· Each gas in the mixture acts independently (don’t interact).
· Pi is the partial pressure of component I; the total pressure is given by the sum of the partial pressures
 
· PV = nRT where n= number of moles   R=gas constant 
· PV = NkT where k = Boltzmann’s constant (1.38 x 10-23
· RT where m = mass of gas, M = molar mass (molecular weight)
· 

· Dalton’s law: 
· Each component of a mixture behaves as if it were alone in a container 
· In a gas mixture, each component fills the container and exerts the pressure it would if the other gases were not present 
· Treat each gas in a mixture separately from others
· For any component, i, where Pi Is the partial pressure of component i
· The total pressure is given by the sum of the partial pressures: 
· The mole fraction in the gas phase is: 
· Dalton’s law is typically used when gases are acquired over water: 
A common use of Dalton’s Law is when gases are collected over water
IF the liquid levels inside and outside the bottle are the same, then the pressure inside bottle is equal to the atmospheric pressure. 
· Ex. 2Al (s) + 6HCl (aq) 	      2AlCl3 (aq) + H2 (g)
· If 35.5 mL H2 (g) is collected over H2O at 26°C and 755 mm Hg, how many moles of HCl must have reacted? Vp of H2O at 26°C = 25.2 mmHg
· Ans: PV = nRT
· For every 3 moles of H2 (g), theres 6 moles of HCl 
· Find how many moles of H2 (g) is present 
· 
· 
· 
· 
· 
· mol H2
· = 2.78 x 10 -3 mol HCl (HCl is double the amount of moles H2) 
Microscropic properties

· Kinetic theory of gases: assumptions
1. A gas is made up of a large number of extremely small particles (molecules or atoms) in constant, random, straight line motion.  
2. Molecules occupy very little volume (most of the container is free space).  
3. Molecules collide with one another and with the walls of the container.
4. There are no forces between the molecules.  
5. Molecules can gain or lose energy on collision but the total energy remains constant. 
· The rate of which molecules collide with each other is much smaller than the rate they collide with the wall
· The theory can inform us on the speeds of the molecules, the frequency with which they collide and the distribution of energy
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· Each molecule has a speed u 
·  where  = the average of the squares of the speeds 
· Collision frequency is ∝to ux N/V 
· Momentum transfer (impulse) is ∝to mux
· Pressure is ∝to (impulse) x (collision frequency)
· Therefore, P ∝to (mux) (ux N/V) 
· P ∝to (mu2x) (N/V)
· Kinetic energy of a molecule
· Average kinetic energy of a molecule: 
· Kinetic energy of a mole of molecules is 
· E =  then 
· Plug into 
·  
·  
·  
· Plug  into PV = nRT
· 
· Therefore, E = . This shows that the temperature of the gas is a measure of the kinetic energy of the molecules

Molecular speeds 
· E =   and E = 
· Equate these two formulas 
· 
·  
· Therefore, the rm2s (root mean squared speed) urms = 
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· Summary: , urms = 
· Ex. What is the speed of a hydrogen molecule at 25°C? 
· urms = 
· urms = ALWAYS USE kg/mol 

· urms = 1.92 x 103 m/s

Speed distribution
1) um = most probable speed (mode) =  
2) uav = average speed (mean) = 
3) urms = root mean square speed = 
· All speeds are possible but not equally likely
· Which has a greater urms at 25°C, NH3 or HCl? How much faster is it? 
· MNH3 = 17 g/mol, MHCl = 36.45 g/mol 
· Note: If the question was only asking which one has a greater speed, look at the weight. Heavy molecule = slower, light molecule = faster.  Therefore, since other gases are at the same temperature, and will thus have the same kinetic energy, the lighter molecule will be faster (NH3). 
· Answer in notebook
· Most molecules have speeds near um
· Although gas molecules travel at very high speeds, they travel in very irregular paths. Under “normal” conditions (i.e. around STP), gas molecules travel only a very short distance before colliding with another molecule. For example, a molecule in air under these conditions will experience several billion collisions per second.  The average distance traveled between  collisions is the mean free path. It increases  as concentration, or partial pressure, of the gas decreses
· 

Collisions with the wall 
· The number of collisions that molecules make with the wall depend on how many molecules there are (per unit volume) and how fast they’re moving. 
· Zwall ∝  actually, Zwall =   where Z is the collision frequency, n is the total number of molecules, v is the volume x the average speed 

Effusion
· Effusion is the loss of a molecule that would normally hit the wall 
· Zwall =  
· The rate at which molecules leave the container is Zwall x the area of the hole 
· Rate of effusion = ZwallA = 
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· QUIZ 1 – ON GASES CHAPTER 6
· NO HISTORY, MOSTLY CALCULATIONS

· 
· Low temp = high average speed, high temp = low average speed
· When given 2 gases (A and B) in the same container, the ratio of the number of molecules = the ratio of the partial pressures 
·  NOTE: number of molecules is proportional to the partial pressure 
· When the pressure is equal (number of molecules is equal), they cancel out and thus we have Graham’s Law:  which states the rate of effusion is inversely proportional to the square root of its masses
· Used to figure out which gas is slower
· Collisions b/n molecules 
· Collision frequency is the number of collisions a molecule makes in one second, depends on how many molecules there are, how fast they’re moving and how big they are 
· For a gas where all the molecules are the same, and have a diameter d:  or  units are s-1
· To calculate the total number of collisions for all molecules:  = 
· Mean free path 
· Distance between collisions () 
· Collision frequency = Za, s-1 
· Time between collisions is 1/Za, s
· The average speed of the molecules is uav 
· 

Real Gases
· Gas laws are typically used under normal conditions of temperature and pressure
· Ideal gas law works under more extreme conditions

Compressibility Factor 
· To measure the deviation from ideal behaviour, you must define a compressibility factor (Z) 
· , an ideal gas has Z=1
· Z can be >1 or <1, but it is eventually positive at a high enough pressure
· Van der Waal equation – created to correct 2 assumptions of the kinetic theory of gases for real gas behaviour to adjust it to the ideal gas behaviour
· Modification of assumption 2 of the kinetic theory 
· States that: molecules occupy very little volume (most of the container is free space) 
· Modification: we should allow them to have a volume at a higher pressure (b L/mol), the molecules then have less volume to move in therefore Vreal = Vmeasured – nb
· Sub this eqn into the ideal gas law 
· PV = nRT becomes P(V-nb) = nRT
· Express as a compressibility: PV = nRT + Pnb
· 
· Modification of assumption 4 of the kinetic theory
· States that: there are no forces between the molecules 
· Modification:  allow for Van der Waal forces to exist between molecules 
· The effect: the number of collisions with the walls goes down (reduces pressure, reduces impulse) and the force that each collision makes with the wall goes down
· Thus the observed pressure < expected pressure for an ideal gas 
· This decrease will depend on , one for the number of collisions and one for the force of each collision 
· Pmeasured = Pideal – aso Pideal = Pmeasured + a
· Combining this pressure term into our previous equation: 
· Express as a compressibility: 
· 
· If “a” and “b” are zero, Z=1 
· Neglecting “a” for a minute, if “b” is non-zero, the first time and Z are > 1
· Neglecting “b”, if “a” is non-zero, Z is < 1 
· The 1st term is responsible for positive deviations while the 2nd term is responsible for negative deviations from ideal behaviour
· [image: ../../Desktop/Screen%20Shot%202016-09-28%20at%2012.07.33%20PM.png]Van der Waal constants 
· 







· Summary:
· Positive deviations are due to the molecules having finite size and is quantified by the “b” factor
· Negative deviations are due to the molecules having intermolecular forces and is quantified by the “a” factor 






P = ghd
P = f/a 
Ghd = f/a 
Ghd = mg/a 
Hd=m/A

P = ghd 
D = p/gh 
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