Gases Review

All of the gas laws we have discussed are based on certain assumptions about gases.  These assumptions are referred to as the kinetic molecular theory, and any gas that obeys this theory is referred to as ideal.

1.
Gases consist of tiny (submicroscopic) molecules which are in continuous, random motion.

2.
The distance between molecules is large compared with the size of the molecules themselves.  The 
volume occupied by a gas consists mostly of empty space.

3.
Gas molecules have no attraction for one another.

4.
Gas molecules move in straight lines in all 
directions, colliding frequently with one another and 
with the walls of the container.

5.
No energy is lost by the collision of a gas molecule 
with another gas molecule or with the walls of the 
container.  All collisions are perfectly elastic.

6.
The average kinetic energy for molecules is the same for all gases at the same temperature, and its 
value is directly proportional to the absolute 
temperature.

Number six gives us the idea of temperature...it is actual the motion of molecules.  Statistical methods allow us to calculate the following formulas...

KEavg = (3/2)RT

1/2mv2 = (3/2)RTn, so   
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Notice that any gas will have the same kinetic energy if it is at the same temperature, but the molecules will be moving at different speeds.

In using the above formulas, units become important.  Since we are dealing with energy, we need to use another form of R...

R = 8.31 J/mol•K      MM must be in units of kg/mol

It makes sense that sense that a gas will diffuse, or spread out, at a rate that is proportionate to its speed.  Thus, if we are to see how one gas will diffuse compared to another one, we should set up a ratio of their speeds.


 EQ \F(r1,r2)   =   EQ \F(u1,u2)   =  EQ \F(\R(\F(3RT,MM1)),\R(\F(3RT,MM2)))   =  EQ \R(\F(MM2,MM1))  
Calculate the average velocity of a sample of He atoms at 25°C.
1360 m/s

Oxygen, O2, diffuses at a rate which is 2.23 times faster than a sample of a reddish-brown gas.  Determine the molar mass of the unknown gas. 

159 g/mol

Consider three identical flasks filled with different gases.

Flask A: CO at 760 torr and 0oC

Flask B: N2 at 250 torr and 0oC

Flask C: H2 at 100 torr and 0oC

a.
In which flask will the molecules have the greatest kinetic energy ?

b.
In which flask will the molecules have the greatest root mean square velocity?

a.  same   b.  Flask c

What we have mentioned is that these postulates are for an ideal gas, which actually does not exist.  Real gases deviate from the above postulates 2 and 3.

The volume occupied by a real gas is not negligible as suggested by the 2nd postulate.  A gas particle does occupy space, and the higher the pressure, the more gas molecules are present, and the more significant their volume becomes.

Gas particles of real gases do experience attractive forces; the slower a gas molecule is moving the more chance it has of experiencing an attraction for another molecule. 

Thus, a real gas deviates from ideal gas behavior at high pressure and low temperature.

We even have an equation that will correct for non-ideal behavior..

The van der Waals equation is 

 EQ \B(P + \F(an2,V2))(V – nb)   = nRT

a is a constant unique to each gas which corrects for the forces of attraction between gas particles.

nb is a correction factor for the finite volume of the gas particles.  The value of b is unique to each gas.


Explain in terms of the van der Waals equation why hydrogen chloride is much less ideal than hydrogen gas.
To do several types of Dalton's Law problems, you need to be familiar with the concept of mole fraction:

XA =              nA
                              nA + nB +nC + .... 

This is just a way to show what fraction of the gas is a certain element. This will also allow you to determine the partial pressure of a gas.....

PA = XAPTOT                 OR                 XA= (PA)/(PTOT) 

Notice that mole fractions have no units.

The mole fraction nitrogen in air is 0.7808.  Calculate the partial pressure of N2 in air when the atmospheric pressure is 760. torr.

593 torr

The partial pressure of oxygen was observed to be 156 torr with an atmospheric pressure of 743 torr.  Calculate the mole fraction of O2 present.

0.210

Free Response Practice
Using the postulates from the kinetic molecular theory, explain why pressure increases

as temperature increases. (Assume a constant volume)

2HCOONa + H2SO4  ↔ 2CO + 2 H2O + Na2SO4
A 0.964 gram sample of a mixture of sodium formate and sodium chloride is analyzed by

adding sulfuric acid. The equation for the reaction for sodium formate with sulfuric acid

is shown above. The carbon monoxide formed measures 242 mL when collected over

water at 752 torr and 22 °C. Calculate the percentage of sodium formate in the original

mixture.
Hydrogen gas is the most “ideal” gas there is. Using Van Der Waals equation, explain

why this is.
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Vapor Vapor Vapor Vapor
Temperature Pressure Temperature Pressure Temperature Pressure Temperature Pressure
°C torr °C torr °C torr °C torr
-10 2.1 21 18.7 51 97.2 81 369.7
-9 2.3 22 19.8 52 102.1 82 384.9
-8 2.5 23 21.1 53 107.2 83 400.6
-7 2.7 24 22.4 54 112.5 84 416.8
-6 2.9 25 23.8 55 118.0 85 433.6
-5 3.2 26 25.2 56 123.8 86 450.9
-4 3.4 27 26.7 57 129.8 87 468.7
-3 89 28 28.3 58 136.1 88 487.1
-2 4.0 29 30.0 59 142.6 89 506.1
-1 4.3 30 31.8 60 149.4 90 525.8
0 46 31 33.7 61 156.4 91 546.1
1 49 32 85.7 62 163.8 92 567.0
2 5.3 33 87.7 63 171.4 93 588.6
3 5.7 34 39.9 64 179.3 94 610.9
4 6.1 35 42.2 65 187.5 95 633.9
5 6.5 36 44.6 66 196.1 96 657.6
6 7.0 37 47.1 67 205.0 97 682.1
7 7.5 38 49.7 68 214.2 98 707.3
8 8.0 39 52.4 69 2923.7 99 738.2
9 8.6 40 55.3 70 233.7 100 760.0
10 9.2 41 58.3 71 243.9 101 787.
11 9.8 42 61.5 72 254.6 102 8159
12 10.5 43 64.8 73 265.7 103 845.1
13 11.2 44 68.3 74 2772 104 875.1
14 12.0 45 71.9 75 289.1 105 906.1
15 12.8 46 75.7 76 301.4 106 937.9
16 13.6 47 79.6 77 314.1 107 9706
17 14.5 48 83.7 78 327.3 108 1004.4
18 15.5 49 88.0 79 341.0 109 10389
19 16.5 50 92.5 80 355.1 110 1074.6

>
>




Thermodynamics
Thermodynamics is the study of heat, energy, and work, and their transformations.

Thermochemistry is the part of thermodynamics that deals with the energy changes that occur during chemical reactions.

The only two types of energy changes to a system we will deal with are caused by a flow in heat, energy, or both:

∆Energy = heat (q) + work (w)

Sign convention (+ or -) is very important, so we need to discuss the standards...

System - the portion of the universe that we single out to study during a chemical reaction. We will look at everything from the viewpoint of the system.

Surroundings - everything else in the universe.

Let's start by looking at heat:

exothermic - the process of heat flowing from the system to the surroundings.

endothermic - the process of heat flowing from the surroundings into the system.
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To come up with a sign convention, we should look at what is known as a potential energy diagram.




∆Energy = energy final
  - energy initial
      

∆Energy = energy final   - energy initial
∆Energy = negative

       


 ∆Energy = positive

for exothermic cases q is -
    


for endothermic cases q is +

Now let's deal with work.  Specifically we will deal only with a type of work known as pressure-volume work.  The only phase of substance that can undergo significant volume changes are gases!!!

Consider a system composed of a gas in a flexible container.

If the gas expands, it is pushing out on the atmosphere and it is doing work...The energy in the final state will be less, therefore the sign of the work should be negative.

If the gas is compressed, it is being pushed on by the atmosphere, and it is having work done on it...The energy in the final state will be greater, therefore the sign of the work should be positive.

Remember that work is a force applied over a certain distance..for a gas, the force is pressure, and the distance that force is applied over a change in volume. Therefore:

w = -P∆V

When you use this formula, your numerical value will come out in energy units of L•atm, a unit that is rarely used.  Use the following conversion factor to change the units into joules:

101.3 J = 1 L•atm

1. Calculate ∆E for a system undergoing an endothermic process in which 15.6 kJ of heat flows and where 1.4 kJ of work is done on the system.






























17.0 KJ

2. Calculate the work associated with the expansion of a gas from 46 L to 64 L at a constant external pressure of 15 atm.

-270 L(atm

3.  A ballon is being inflated to its full extent by heating the air inside it.  In the final states of this process, the volume of    the balloon changes from 4.00 x 106 L to 4.50 x 106 L by the addition of 1.3 x 108 J of energy as heat.  Assuming that the balloon expands against a constant pressure of 1.0 atm, calculate ∆E for the process.
8 x 10-7

Now lets look at a few definitions so we can talk about heat transfer.

Heat - the energy that is transferred from one object to another because of a difference of temperature.

Temperature - the measure of hotness or coldness relative to a standard, it is related to the kinetic energy of the molecules in that substance..  Temperature is a measure of the direction heat will flow, from high temperature to low temperature.

Two samples of water with different volumes at the same temperature will contain different amounts of heat.  

To calculate the amount of heat an object has, we need to know something about that object, and that can come in two different constants.

Specific heat (c)- the heat required to raise the temperature of 1 gram of a chemical substance by 1 ˚C.

Heat Capacity (C)- the energy required to raise the temperature of an object (of a given constant mass) by 1˚C.

Notice that the heat capacity is for a given object, while specific is for any object of that material, since we know how one gram will behave.

The equations to calculate heat are:

q = mc∆T

or 

q = C∆T

All of this talk about energy and energy flow relates to one important concept, the first law of thermodynamics....which simply state the energy of the universe is a constant, and cannot be created or destroyed.  

∆Esystem + ∆Esurrounding = 0

This means that if any heat is lost by a system, the same amount of heat must be gained by the surroundings.  This is a very important concept, and we will use it often in calorimetry.

4. How much heat must be added to change the temperature of 250 g of water from 25 ˚C to 60 ˚C?

37000 J

5.  If 2.09 joules are required to change the temperature of 15.0 g of mercury by 1.00 ˚C, calculate the specific heat of mercury.

0.139 J/g(C

6.  Calculate the final temperature after 1575 J of heat are removed from an 85.0 g sample of ethyl alcohol originally at 23.5 ˚C.  The specific heat of ethyl alcohol is 2.4  EQ \F(J,g.˚C)  .

15.8˚C

7. A 28.4 g sample of an unknown metal was heated to 110.0 ˚C and plunged into a 100 g sample of water initially at a temperature of 24.60 ˚C.  The final temperature of the mixture was 25.34 ˚C.  Calculate the specific heat of the metal.  Identify the metal.

0.129 J/g°C

In summary, some equations we have talked about are:

∆E = q + w

∆E = q - P∆V

When we look at heat transfer, we use a process known as calorimetry, in which we transfer heat in a closed container, known as a calorimeter.  The heat transferred is normally generated by a chemical reaction. 

We will talk about two specific calorimeters, one that measures heat at a constant volume, and one that measures heat at a constant pressure.  Each of these measures a very specific thermodynamic property.

Lets look at the mathematical relationship of these properties, and then the equipment used to measure them.

Lets consider a case where we allowed absolutely no changed in the volume of our system. We know that :

∆E = q - P∆V

but if there is no change in volume, then the second term reduces to zero, and the equation becomes:

∆E = q = qv
The subscript v means it is a special case where volume is held constant.  We measure this in what is known in a bomb calorimeter (Whitten-Gaily overhead).  Remember the function you measure in a bomb calorimeter is DE. 

The other case we will deal with is measuring heat at constant pressure.  To discuss this we need to rearrange the basic equation a little...

∆E = qp - P∆V

qp = ∆E + P∆V

Because we do so many reactions in an open container in a room, we give this heat a special name...enthalpy




qp = ∆H 

To measure we use what is known as a coffee cup calorimeter (Whitten Gailey transparency).  Remember any time you do a calorimeter experiment, you are measuring qp = ∆H.

In any calorimeter experiment, a reaction always gives up heat (or takes in heat) to the water and the calorimeter itself but since one is gaining heat and one is losing heat, they will be opposite in signs.

-qrxn = qwater + qcalorimeter

8. When 1.095 g of NaOH is dissolved in 150.0 g of water initially at 23.50 ˚C in a coffee-cup calorimeter, the final temperature is found to be 25.32 ˚C.  Calculate the heat liberated when NaOH dissolves in water.  (Assume the specific heat of the solution is the same as that of water and no heat is absorbed by the calorimeter.)

1150 J

9. A 50.00 g sample of 0.200 M NaBr(aq) at 23.65 ˚C is added to a coffee-cup calorimeter containing 50.00 g of 0.200 M AgNO3(aq) at 23.65 ˚C.  If the heat capacity of the calorimeter is 65.0  EQ \F(J,˚C)  and the specific heat of the solution is 4.20  EQ \F(J,g.˚C)   and the final temperature of the solution in the calorimeter is 25.40 ˚C, calculate the heat released in the reaction.

-849 J

10. Sucrose, C12H22O11 reacts with oxygen according to the reaction,

C12H22O11(s) + 12O2(g) ( 12CO2(g) + 11H2O(l)
Calculate the heat produced per mole of sucrose when 2.75 g of C12H22O11 are combusted with excess oxygen in a bomb calorimeter containing 4.80 kg of water.  The temperature change measured is 2.01 ˚C.  The heat capacity of the calorimeter is 2540  EQ \F(J,˚C)  .

-5.66x103 kJ/mol
Relationship between ∆H and ∆E

We know that

qp = ∆H = ∆E +P∆V

The easiest way to calculate what PDV is is to remember gas laws:

PV = nRT     so   P∆V = ∆nRT

so we can also say that:

∆H = ∆E + ∆nRT

The enthalpy change accompanying the formation of 1.00 mol NH3(g) from its elements at 298 K is -41.6 kJ.  Calculate the change in internal energy.

-39.1 kJ
state function - a property that depends only on the state of a system, not on the path used to get the system to the particular state.

Displacement is an example of a state function.  Distant traveled between two points depends on the path selected and, therefore, is not a state function.

∆H is a state function - this is why Hess's law works...

Hess's Law - in going from a particular set of reactants to a particular set of products, the enthalpy change is the same whether the reaction takes place in one step or in a series of steps.  ∆H for the overall reaction will be equal to the sum of the enthalpy changes of each step. 

Some properties to keep in mind when using Hess's Law and enthalpies.

1.
Enthalpy is an extensive property; it depends on the coefficients in the equations

2.
The enthalpy change for a reaction is equal in magnitude but opposite in sign to ∆H for the reverse reaction

3.
The enthalpy change for a reaction depends on the state of the reactants and products.

11. The enthalpy for the formation of Na2O is shown below,

4Na(s) + O2(g) ( 2Na2O(s)   ∆H = - 828 kJ

What is the amount of heat released when 1 mol of Na2O is formed?

-414 kJ

12. The enthalpy for the decomposition of Fe2O3 is shown below,

6Fe2O3(s)   -( 4 Fe3O4(s) + O2(g)   ∆H = +472  kJ

What is the enthalpy change for the following reaction?

 4 Fe3O4(s) + O2(g)   ( 6Fe2O3(s)  

-472 kJ/mol

13. The enthalpy for the formation of liquid water is shown below,

H2(g) +  EQ \F(1,2) O2(g) ( H2O(l)   ∆H = -286 kJ

The enthalpy change for the formation of gaseous water is shown below,

H2(g) +  EQ \F(1,2) O2(g) ( H2O(g)   ∆H = -242 kJ

Why is the enthalpy change different?

14. Given the enthalpy change for the two reactions below,

C(s) +   EQ \F(1,2) O2(g) ( CO(g)                 ∆H˚ = -111 kJ

C(s) + O2(g) ( CO2(g)                  ∆H˚ = -394 kJ

Calculate the enthalpy change for the reaction,

CO(g) +  EQ \F(1,2) O2(g) -( CO2(g)

-283 kJ

15. Using the following standard enthalpy of reaction data,

2C(s) + 3H2(g) --> C2H6(g)
∆H˚ = - 84.68 kJ

C(s) + O2(g) --> CO2(g)
∆H˚ = - 394 kJ

H2(g) +  EQ \F(1,2) O2(g) --> H2O(l)
∆H˚ = - 286 kJ

Calculate the heat of reaction for the combustion of 1 mol of ethane (C2H6).

-1561 kJ/mol

Standard state - is a defined set of standard conditions for thermodynamic measurements to assure uniformity of data obtained from different research groups.  Standard state is defined at 25 ˚C and 1 atmosphere pressure.  Standard state conditions are indicated by the appearance of the character ˚ immediately to the right of symbol for the thermodynamic quantity.  ∆H˚ is standard state enthalpy.  All reactants and products are present in their standard state (phase) at 25 ˚C and 1 atmosphere pressure.

heat of formation - the change in enthalpy that accompanies the formation of one mole of a substance from its elements in their standard states at 25 ˚C and 1 atmosphere pressure.  We assign elements in their standard states to have an enthalpy value of 0.

H2(g) +  EQ \F(1,2) O2(g) → H2O    
∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f)   = -285.6  EQ \F(kJ,mol H2O) 
 EQ \F(1,2) H2(g) +  EQ \F(1,2) Cl2(g) → HCl   
∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f)   = -92.30  EQ \F(kJ,mol HCl) 
Mg(s) + C(s) +  EQ \F(3,2) O2(g) → MgCO3(s)
                                             
∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f)   = –1096  EQ \F(kJ,mol MgCO3) 
You will find tables and tables of heats of formations.  However we are not often interested in single compounds; we usually are interested in reactions.  Luckily, instead of having to measure the heats of reactions for every equation, Hess's law allows us to combine heats of formations to yield a heat of a reaction.

The heat (enthalpy) of reaction can be determined by adding together the enthalpies of formation associated with a series of formation reactions that can generate the desired reaction. 


∆H  EQ \S\UP2(˚)\D\BA9()\S\DO4(rxn)  = ∑∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f)  (products)  - ∑∆H EQ \S\UP2(˚)\D\BA5()\S\DO4(f) (reactants) 
16. Calculate the ∆H˚ for the following reaction,

C2H5OH(l) + 3O2(g) ( 2CO2(g)   +   3H2O(l)

-1367 kJ

17. Determine the amount of heat released at constant pressure when 1.00 gram of ethanol, C2H5OH, is combusted in excess oxygen.

-29.7 kJ

18. The standard enthalpy of combustion to CO2(g) and H2O(l) at 25 ˚C of cyclohexane, C6H12(l), is -3924  EQ \F(kJ,mol)  .  Calculate the standard heat of formation, ∆H˚f, of cyclohexane.

C6H12(l)  +  9O2(g)  ( 6CO2(g) + 6H2O(l) 

-153 kJ/mol

Thermo II
Review Material

First law of Thermodynamics:  the energy of an isolated system is constant.  Energy can not be created or destroyed, although energy can be converted from one form into another.


Esystem + Esurroundings = 0

The heat (enthalpy) of reaction can be determined by adding together the enthalpies of formation associated with a series of formation reactions which can generate the desired reaction. 



∆H  EQ \S\UP2(˚)\D\BA9()\S\DO4(rxn)  = S∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f)  (products)  - S∆H  EQ \S\UP2(˚)\D\BA5()\S\DO4(f) (reactants) 
exothermic - the process of energy flowing from the system to the surroundings; ∆H˚ is –

endothermic - the process of energy flowing from the surroundings into the system; ∆H˚ is +
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New Material

 The second law of thermodynamics states that there is an inherent direction in which a reaction, which is not at equilibrium, moves. 

If this direction is to the right (toward the products) the reaction is said to be spontaneous.  Reactions which occur under normal conditions of temperature and pressure without assistance are called spontaneous reactions.  Reactions which are spontaneous in one direction are nonspontaneous in the reverse direction.

Entropy is the thermodynamic function which measures the degree of randomness of a chemical system.  Entropy is given the symbol, S.  If the change in entropy during a chemical reaction, ∆S, is positive, this indicates an increase in randomness or disorder.  If ∆S is negative, this indicates a decrease in randomness.

The second law of thermodynamics is stated as: the entropy of the universe will increase for any spontaneous process.  

∆Suniverse = ∆Ssystem + ∆Ssurroundings


For a spontaneous process, ∆S of the universe always increases.

To calculate the  ∆Ssystem, you need to remember that the system and the reaction are the same in chemistry.  You will calculate the ∆Ssystem using tables and an equation similar to Hess's law:

∆S  EQ \S\UP2(˚)\D\BA9()\S\DO4(rxn)  
= ∆S˚(products) - ∆S˚(reactants)

To calculate ∆Ssurroundings you need to remember the major change in the surroundings is the heat change from the reaction.  The equation to calculate this effect is:

∆Ssurr = ∆Hsurr/T

To calculate the ∆Suniv  you need to combine the two above.  Since entropy must increase for the reaction to be spontaneous, ∆Suniv  must be positive for a spontaneous reaction.  A negative ∆Suniv  will be non spontaneous.


We know from the second law of thermodynamics that for a reaction to be spontaneous, the change in entropy of the universe must be positive (entropy of the universe must increase).  Instead of doing several different calculations to come up with a change in entropy of the universe, we should combine these to come up with a single equation.
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For reasons, that will hopefully become clear soon, we should multiply this equation by -T.
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Now, a man named Gibbs became very famous by renaming the left part of the above equation after himself, and giving it a new symbol.
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∆G is known as Gibb's free energy, and it is the maximum amount of  useful work available from a spontaneous reaction, calculated by taking the amount of useful energy from a reaction (heat) and subtracting out the amount of unuseful energy from a reaction (entropy or disorder).   It is also the minimum amount of work required to cause a nonspontaneous reaction to occur.  When ∆G˚ for a reaction is negative, the reaction is spontaneous; if ∆G˚ is positive, the reaction is nonspontaneous.  This is because of the negative sign, so the rules are opposite.  We rewrite the equation above as:

∆G˚ = ∆H˚ - T∆S˚

So ∆G˚ for a chemical reaction can be determined knowing ∆H˚ and ∆S˚ for the chemical reaction.  Notice that a negative enthalpy (exothermic) helps a reaction become spontaneous, and a postive entropy (increasing disorder) helps a reaction become spontaneous.

∆G˚ values are also tabulated in the back of the book, and Hess's Las applies to those as well.



∆G  EQ \S\UP2(˚)\D\BA9()\S\DO4(rxn)  = S∆G EQ \S\UP2(˚)\D\BA5()\S\DO4(f) (products)  - S∆G EQ \S\UP2(˚)\D\BA5()\S\DO4(f)(reactants) 



The following table show the temperature dependance of a reaction on temperature.  To determine how a reaction will repond to a temperature change, you must take both enthalpy and entropy into account.  By examing the sign of enthalpy and entropy and using the equation:

∆G˚ = ∆H˚ - T∆S˚

it can be determined what range of temperatures a reaction will be spontaneous at.

	Sign of

∆H˚rxn (25 ˚C)
	Sign of 

∆S˚rxn  (25 ˚C)
	Sign of

∆G˚rxn  (25 ˚C)
	Sign of

∆G˚rxn  at high temperature
	Sign of

∆G˚rxn  at low temperature

	+
	+
	– or +
	∆Grxn is - at high T
	∆Grxn is + at low T

	+
	–
	+
	∆Grxn is always  + 
	∆Grxn is always  + 

	–
	–
	+ or –
	∆Grxn is + at high T
	∆Grxn is - at low T

	–
	+
	–
	∆Grxn is always  -
	∆Grxn is always  -




The magnitude of both ∆H˚ and ∆S˚ change with temperature.  However, it is assumed the amount of the change is small over small temperature changes.

Thermo II Practice
	From tables pg A21
	∆H°  kj/mol
	∆G°  kj/mol
	S°  J/mol K

	Al (s)
	0
	0
	28

	Cl2 (g)
	0
	0
	223

	AlCl3 (s)
	-704
	-629
	111


1.  Calculate ∆H°rxn for the following chemical reaction.


Al(s) +  EQ \F(3,2)  Cl2(l) → AlCl3(s) 


2.  Predict whether the entropy of the system increases, remains constant or decreases when the following processes occur.  Explain your reasoning.


a)
Ice melts at 0 °C.



b)
A precipitate forms in aqueous solution.


c)
A solid dissolves in water.


d)
A gas condenses to a liquid.

3.  Calculate ∆S°reaction for the following chemical reaction.  



Al(s) +  EQ \F(3,2)  Cl2(l) → AlCl3(s) 


4.
Consider the following reaction:

N2(g) + 3H2(g) -->  2NH3(g)             The reaction is carried out at 100oC


a.
Calculate the change in entropy of the system.


b.
Calculate the change in entropy of the surroundings.


c.
Calculate the change in entropy of the universe.

d. Is the reaction spontaneous?

5.  Calculate ∆G°reaction for the following chemical reaction using both the equations in Exercise #1 and standard free energies of formation.   


Al(s) +  EQ \F(3,2)  Cl2(l) → AlCl3(s) 


6.  Calculate the temperature at which this reaction occurs spontaneously : HCl(g)  +  NH3(g) → NH4Cl(s)
7.
The enthalpy of combustion, ∆H°comb, for oxalic acid, C2H2O4(s), is -246.05  EQ \F(kJ,mol)   and

Substance
∆H°f EQ \B(\F(kJ,mol))  
S° EQ \B(\F(J,mol·K))  

C(s)
0
5.69


CO2(g)
-393.5
213.6


H2(g)
0
130.6


H2O(l)
-285.8
69.96


O2(g)
0
205


C2H2O4(s)
→
120.1

a)  Write the balanced chemical equation that describes the combustion of one mole of oxalic acid.

b)
   Write the balanced chemical equation that describes the standard formation of oxalic acid.

c)
   Using the information given above and the equations in a) and b), calculate 
∆H°f for oxalic acid.

d) Calculate ∆S°f for oxalic acid and ∆S°rxn for the combustion of one mole of oxalic acid.

e)  Calculate ∆G°f for oxalic acid and ∆G°rxn for the combustion of one mole of oxalic acid.

f)
   Is the formation of oxalic acid from its elements spontaneous? Is the combustion of oxalic acid at 25 °C spontaneous? 
8.
Using a table of thermodynamic values, determine the normal boiling point of bromine.

9.  How does ∆G° change with increasing temperature for each of the following reactions?


a)
Al(s) +  EQ \F(3,2)  Cl2(l) → AlCl3(s) 



b)
N2O4(g)  → 2NO2(g) 


c)
CO2(g) + 2H2O(l) → CH4(g) + 2O2(g) 

10.  
For each of the reactions listed in  find the temperature above or below which the reaction becomes spontaneous.



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


b)
H2O(l) →  H2O(g)

c)
2NO2(g) →  N2O4(g) 
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[image: image4.png]APPENDIX ] (continued)

Selected Thermodynamic Values*

. AHN298.15K) $(298.15K) AGH296.15K)
Species W/mel JK - mol Jimol
PbClyts) -359.41 136.0 -314.10
PbO(s, yellow) -217.32 68.70 ~ I187.89
PbS(s) —-100.4 91.2 —98.7
Lithium
Li(s) 0 29.12 0
Li* (g 685.783 — —
LiOH(s) —484.93 42.80 —438.95
LiOH(aq) —508.48 2.80 —~450.58
LiCli(s) —408.701 59.33 —384.37
Magnesium
Mag(s) 0 32.68 0
MgClu(s) - 641.32 89.62 ~591.79
MgOis) - 601.70 26.94 -569.43
Mg(OH);(s) ~924.54 63.18 -833.51
MgS(s) -346.0 50.33 —341.8
Mercury
Hg(6) 0 76.02 0
HgCly(s) -2243 146.0 —178.6
HgOfs, red) ~%0.83 70.29 —58.539
HgS(s, red) —-58.2 82.4 ~50.6
Nickel
Ni(s) 0 29.87 0
NiO(s) -2397 37.99 2117
NiCly(s) -305.332 97.65 —259.032
Nitrogen
Nag) 0 191.61 0
N(g) 472.704 153.298 455.563
NH;(g) —46.11 192.45 ~16.45
NH(O 50.63 121.21 14934
NH.Cl(s) —314.43 94.6 —202.87
NH,Clag) ~299.66 169.9 -210.52
NH,NO4(s) -365.56 151.08 —183.87
NH,NO,(aq) ~339.87 259.8 - 190.56
NO(g) 90.25 210.76 86.55
NO,(g) 33.18 240.06 5131
N,O(g) 82.05 219.85 104.20
N.O.(g) 9.16 304.29 97.89
NOClg) SL7t 261.69 66.08
HNO,(6) - 174.10 155.60 —-80.71
HNO,(g) - 135.06 266.38 -74.72
HNO,(aq) —-207.36 146.4 -111.25
Oxygen
0.(8) 0 205.138 0
O(g) 249.170 161.055 231.731
Giig) 1427 238.93 163.2
Phosphorus
P.(s. white) 0 164.36 0
Pds, red) -70.4 91.2 -48.4
Pg) 314.64 163.193 278.25
PH,(gh 54 310.23 13.4
PClLi(g) -287.0 31178 -267.8
" Oyels) ~2984.0 228.86 -2697.7

APPENDIX ] (continued)

Selected Thermodynamic Values*

AHH(298.15K) 5°(298.15K) AGH298.15K)
Species KJimol VK - mol imol
H,\PO.(s) -1279.0 110.5 — 191
Potassium
K(s) [ 64.18 0
KClUs) -436.747 82.59 —~409.14
KClOks) -397.73 143.1 ~296.25
KI( -327.9% 106.32 —-324.892
KOH ~424.764 78.9 —-379.08
KOH(aq) -482.37 9.6 -440.50
Silicon
Si(s) 0 18.83 0
SiBry6) —457.3 2718 —443.9
SiC(s) —65.3 16.61 -62.8
Clu(g) ~657.01 330.73 ~616.98
SiH(g) 343 204.62 56.9
SiF,g) —1614.94 282.49 - 1572.65
SiO.(s. quartz) —910.94 41.84 —856.64
0 42.55 0
-31.05 121.3 -11.20
- 127.068 96.2 109.789
AgNOs(s) ~124.39 140.92 -33.41
Sodium
Nats) ¢ §1.21 0
Nal(g) 107.32 153,712 76.761
Na'(g) 609.358 — —
NaBr(s) -361.062 86.82 —348.983
NaCls) ~411.183 7213 -384.138
NaCl(g) - 176.65 229.81 —196.66
NaCltaq) —407.27 115.5 —393.133
NaOHis) —425.609 64.455 —~379.494
NaOH(aq) -470.114 48.1 —-419.150
Na.CO\(s) - 1130.68 134.98 — 1044 .44
Sulfur
0 34.80 0
278.808 167.821 238.250
-18.4 331.5 -8
1209. 291.82 - 1105.3
—20.63 205.79 -33.56
- 296.830 248.22 —300. 194
SOs(g) -395.72 256.76 -371.06
SOClyg) - 2128 309.77 ~198.3
H.50.46) - 813.989 156.904 - 690.003
H,S50.aq) -909.27 20.1 -744.53
Tin
Snls, white) 0 51.55 0
Snts. gray) -2.09 44.14 0.13
SnCligy —511.3 258.6 —440.1
SaClag) —471.5 3658 —432.2
- 580.7 52.3 -519.6
Ti(s) 0 30.63 0
TiClt€) -804.2 25234 -737.2
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