Honors Chemistry I Notes

Thermochemistry & Thermodynamics
Work with the Calorimeter:

     Closed system:  used to measure energy changes since no matter is lost.

     Also used to determine the specific heat of a substance.

First case:  Consider an insulated calorimeter (no heat is "lost" to the calorimeter itself) in which the specific heat of a metal is to be determined.

 A sample of metal is put into a large sample of hot water.  If the metal is allowed to remain in there long enough, it will attain the same temperature.  A styrofoam "coffee cup" calorimeter is set up in which a known mass of water is placed in it.  The temperature of the water sample is also measured just before the metal is dropped in and we leave the thermometer in the cup.  Finally the temperature is taken at equilibrium.   Using the following data, let's calculate the specific heat of the metal:

          mass of metal.........................……..25.0 grams

          mass of water in calorimeter...........20.0 grams

          temp.of large sample of water.........95.0oC

          initial temp. of calorimeter water......24.5oC

          final temp. of calorimeter water.......47.2oC

          specific heat of water....................1.00cal/g.oC

Since the calorimeter is made of styrofoam, we will assume that no heat is lost to the walls of the cups.

Measure of heat flow (Q) = (specific heat) x mass x  t

Any increase in temperature of the water (heat gained) must be due to the heat lost by the metal, so:

        Qmetal  =  - Qwater

and:  (specific heat) x mass x t =  -[(specific heat) x mass x /\t]

(Doesn't matter which heat value has which sign, but they must be opposite.)   t  =   tfinal  -  tinitial

  For the metal:    t  =  47.2oC  -  95.0oC   =  -47.8oC

  For the water:   t  =  47.2oC  -  24.5oC   =  +22.7oC

For the metal:  Q  =  (Sp.Heat)(25.0 g)(-47.8oC)

For the water:  Q  =  (1.00cal/g.oC)(20.0 g)(+22.7oC)

                 Qmetal  =  -  Qwater

(Sp.Heat)(25.0 g)(-47.8oC)  =   -[ (1.00cal/g.oC)(20.0 g)(+22.7oC)]

           Specific Heat   =   0.380 cal/g.oC

IMPORTANT NOTE:   WATER HAS ONE OF THE LARGEST VALUES FOR HEAT CAPACITY (SPECIFIC HEAT) OF MOST SUBSTANCES!

    COMPARE WITH THE VALUE OF THE METAL ABOVE.

For all of the chemical reactions we have studied, there is always an energy change that accompanies them.

Consider two reactions:

1. the combustion of methane to produce carbon dioxide and water

2. the photosynthesis process in which carbon dioxide and water are combined to produce glucose and the by-product oxygen.

In the first reaction, a small amount of energy is added to initiate the reaction, but a large amount of energy is released as the reaction proceeds.

In the second, a large amount of energy goes into the reactants, with very little energy being released.

Right now, we are going to deal with heat flow associated with a reaction

The first reaction is EXOTHERMIC - THAT IS, ENERGY IS RELEASED FROM THE REACTION.

The second reaction in ENDOTHERMIC - THAT IS, ENERGY IS COMING INTO THE REACTION. 

Most common chemical reactions that we know of are exothermic, but one familiar endothermic process (not reaction) is the melting of ice.

This property is called "heat content" or ENTHALPY  - given the symbol H
 H  =  H(products) - H(reactants)   =  QP
Note: this is heat flow
Discuss units of heat:    Be able to convert between calories and joules

In the English system:

1.0 calorie is the amount of heat needed to raise 1.0 gram of water 1oC.

For the metric, we use the Joule:       1.0 cal = 4.184 Joule

Consider what happens when we stick a lighted splint into an oxygen - hydrogen gas mixture.  The elements explosively react to produce water and give off heat. 

At 25oC and 1 atm. pressure, 68.3 kcal of heat are evolved to the surroundings per mole of water produced.

THUS THE ENTHALPY OF WATER IS 68.3 KCAL LESS THAN THE COMBINED ENTHALPY OF THE REACTANTS.

  In an endothermic process, like the decomposition of mercuric oxide:

 2 HgO(s)  ---------->   2 Hg(liq)   +     O2(g)        H = +21.7 kcal

The products are at a higher energy level than the reactant.

 MEASUREMENTS OF HEAT FLOW IN REACTIONS LEAD ONLY TO VALUES OF H AND NOT THE ACTUAL ENTHALPY OF THE SUBSTANCE.

FIRST LAW OF THERMODYNAMICS: 

In physical and chemcial processes, energy is neither created nor destroyed.

(Systems tend to move towards a level of lowest energy!)

This implies that energy can be transformed from one form to another.

We distinguish between two types of energy: 

One definition of energy is the ability to do work, so we classify energy as either heat or useful work.

USEFUL WORK, THEN, INCLUDES ALL OTHER FORMS OF ENERGY WHICH ARE COMPLETELY INTERCONVERTIBLE.  

INTERESTING NOTE:  Most textbooks state that only 10 - 15% of the energy released in the combustion reaction in our engines is for movement.

If we mix two or more bodies at different temperatures (regardless of size), they will attain an intermediate temperature.  If we consider a system with its surroundings, (and we can assume the surroundings will have an infinite capacity to gain or lose heat)  then the system will gradually attain the temperature of the surroundings.

WHEN A SYSTEM TAKES IN HEAT (Q) FROM THE SURROUNDINGS, WE CONSIDER THIS QUANTITY TO BE POSITIVE (increases heat content);  IF THE SYSTEM GIVES UP HEAT TO THE SURROUNDINGS, THE SIGN OF Q IS NEGATIVE.

REMEMBER:  THE SIGN VALUE DEALS WITH HEAT GAIN/LOSS FOR THE SYSTEM!

           Q = + IF SYSTEM GAINS HEAT (ICE CUBE MELTING)

           Q = - IF SYSTEM LOSES HEAT (MOST COMBUSTION REACTIONS)

Make sure to note order:  since most reactions that go naturally are exothermic, energy has a negative value for the overall reaction.  This agrees with our study of matter - we know it tries to achieve the lowest energy level possible.

From the general equation above, we can talk about many different types of enthalpy changes.

- heat of reaction  - most general - will cover any reaction

- heat of formation

- heat of combustion  (when a substance is reacted with oxygen)

- heat of neutralization  (results from an acid-base reaction)

-heat of decomposition  (usually the opposite of the heat of formation)

These are just a few types of enthalpy changes.

TWO IMPORTANT NOTES:

1.
The values of the enthalpy of formation for a substance are experimental values and they may vary slightly from reference to reference. 

2.
The values in these tables are MOLAR values; if the enthalpy is calculated for a substance in a balanced equation, and the substance has a coefficient greater than one. then the amount of heat must be made proportional.

Reminder:

BY DEFINITION, THE STANDARD HEAT OF FORMATION OF THE STABLE FORM OF ANY ELEMENT AT 25oC AND 1.0 ATMOSPHERE PRESSURE IS ZERO.  THIS MAKES SENSE IF YOU THINK ABOUT IT:  BY DEFINITION, THE HEAT OF FORMATION OF A SUBSTANCE IS THE ENERGY INVOVLED WHEN THE ELEMENTS THAT MAKE UP THE SUBSTANCE ARE REACTED TO PRODUCE THE SUBSTANCE.

    When we talk about the "heat" of formation we are actually talking about the "enthalpy" of formation.

Another review:

We said that for any reaction, the change in the enthalpy is equal to the difference between the enthalpies of the products and the enthalpies of the reactants.

 H  =  H(products) - H(reactants)   =  QP
For example, in the synthesis of ammonia      N2(g)      +      3  H2(g)   (    2  NH3(g)

(Heat of formation reaction)                 





Hfo  =    2 HNH3      -   HN2    +   3  HH2  





Hfo =      2 (-46.19 kJ/mole)     -  [ 0     +    3 (0) ]





Hfo =       -92.38 kJ  for the reaction
Note:  for the decomposition of ammonia, it takes 46.19 kJ for each mole of ammonia decomposed.    (Opposite reaction ---> opposite sign)

Problem:  Calculate the heat of reaction for the decomposition reaction of calcium carbonate with heating.

CaCO3(solid)    (    CaO(solid)    +       CO(g)

                       
H  =   [ (- 635.5 kJ)  +   (-393.5 kJ)]   -  (-1207.1 kJ)   =   +178.1 kJ  (endothermic)  requires heat to go
    It is also nonspontaneous  - Lucky for us or we wouldn't have the "WHITE CLIFFS" OF DOVER!

NOW WE DEAL WITH OTHER ENERGY CHANGE:  (WORK)

DIFFERENT BOOKS USE DIFFERENT SIGN NOTATIONS, SO BE AWARE OF WHAT THE SIGN RESPRESENTS.  FOR THIS COURSE, USE THE FOLLOWING NOTATIONS…

WHEN A SYSTEM DOES WORK, THE AMOUNT OF WORK IS ASSIGNED A POSITIVE VALUE.

WHEN A SYSTEM HAS WORK DONE ON IT, THE AMOUNT OF WORK IS ASSIGNED A NEGATIVE VALUE.

BOND ENERGY:  defined as the energy required to make (or break) a chemical bond.  This explains why some reactions are exothermic while others are endothermic.  The enthalpy (heat content) deals with how much energy the products have with respect to the energy of the reactants.

  Energy of substances may be the kinetic energy of molecules in motion (like gases), or a vibrational motion energy, or a translational motion energy.

The topic of entropy will be covered later.  Entropy (S) is the measure of disorder, or randomness, of a system.  

THE SECOND LAW OF THERMODYNAMICS STATES THAT ALL SYSTEMS TEND TO MOVE TOWARD MAXIMUM ENTROPY.
REASON for discussing entropy, though, is to make you see that bonds restrict this move towards disorder.  They restrict movement.  If, in a chemical reaction bonds can be broken, the energy that was stored up as potential energy is lost.  Thus most reactions are exothermic because the substances tend to want to break their bonds and move freely.

Go back to the equation:     Etotal   =   Efinal     -    Einitial

or    E    =    Q  -   W

In chemistry the most common forms of work deal with expansion or compression of gases and electrical work.  Let's discuss gas expansion.

 S  =  S(products) - S(reactants)   =  w

+ ΔS = does work (becomes more chaotic)

-ΔS = has work done on it (becomes more organized)

Free Energy – Gibbs – Hemholtz equation

ΔG = ΔH – TΔS

-ΔG = spontaneous reaction

+ΔG = no reaction

Solution Chemistry Notes

The Solution Process
Must consider three sets of interactions and the energy (and entropy) associated with each.

Solute-solute interaction
Solvent-solvent interaction

Solvent-solute interaction

For example, consider the dissolution process of solid sodium chloride in water.
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The first two processes are endothermic, while the third process is exothermic.  The relative amount of enthalpy associated with each of the three steps determines whether the overall process will be endothermic or exothermic.

Note: if the process of dissolving a liquid or a solid into a liquid is slightly endothermic, then an increase in temperature will increase the solubility of the solute.  For many ionic solids, though, the solution process is actually exothermic, so while a salt may spontaneously dissolve in water at room temperature, you may not be helping the dissolution process by heating up the solution.

How can a solution process that is slightly endothermic be spontaneous at all?  Need to consider the entropy of the solution process.  Often, by increasing the number of particles in the resulting solution, the entropy has increased (S = +).  This factor would make the overall process spontaneous.

Make sure you understand why oil and vinegar don't mix, why you can mix gasoline and benzene, but not gasoline and water.

Know the rule "Like dissolves like."
Make sure you go over the solubility rules.  What factors affect the solubility of ions?
Factors affecting solubility:


- "like dissolves like"  - similarity of intermolecular forces


- temperature - for solids/liquids (endothermic vs exothermic)



          - for gases


- pressure (only for gases)  -  Henry's Law

Note: amount of surface area affects the rate of dissolution, but not how much dissolves

Solubility Rules - in aqueous solution, the most soluble ions are those with a small charge/size ratio.

                                                               kQ1Q2
Remember:  lattice energy          E =  ----------






       r2 

While you may or may not increase the solubility of liquids and solids going into solution by heating, for gases in solution, heating will always decrease the solubility because you are proving enough kinetic energy for the gaseous molecules to escape from the solution.  

The relationship between pressure and solubility of gases is:  Cg = kPg   (Henry's Law)

Increasing the pressure over a solution will increase the solubility of a gas in solution.  Be able to explain the process known as the "bends".  For all practical purposes, pressure will not affect the solubility of solids or liquids in solution.

Unsaturated vs. Saturated


- Saturated - state of dynamic equilibrium between rate of crystallization vs. dissolution



- maximum amount of solute that can exist at a given temperature


- Unsaturated - any amount of solute less than a saturated solution

Supersaturated - solution holds more solute than it can theoretically hold at a given temperature



- very unstable



- produced by heating the solution (increased solubility), then cooling



- precipitation of crystals - seed crystal, shaking, scratching side/bottom of beaker - WHY?

Know the difference between a strong versus a weak electrolyte, and a nonelectrolyte

Know the strong acids & bases vs. weak acids & bases

.......................................................................................................................

Concentration Units:
percent by weight:  grams of solute per 100 grams of solution

How many grams of sulfate ion are there in 300.0 grams of a solution that is 22.2% by weigh Al2(SO4)3?

percent by volume: ml of solute per 100 ml of solution - usually restricted to liquid-liquid solutions

Common rubbing alcohol is 70.0% by volume isopropyl alcohol in water.  If a bottle contains 340 ml of the alcohol, how many milliliters of solution are there in the bottle?

parts per million (ppm) - grams of solute/million grams of solution





 - used for very dilute solutions 





- may also use milliliters of solute per million milliliters of solution

If the allowable level of lead in tap water cannot exceed 4.2 ppm, how many atoms of lead could be present in a 25.0-ml sample of tap water?

molarity - (M) moles of solute/liter of solution


- used when quantity of solute is important


- neither identity of solvent nor the amount of solvent is important


- used in equilibrium problems, osmotic pressure, acid-base titrations

What is the molarity of solution if 3.00 grams of solid sodium carbonate are added to enough water to make 225 ml of solution?

If a student uses 40.00 ml of a 0.2234 M solution of NaOH to reach the equivalence point in a titration using 28.48 ml of a solution of perchloric acid, what is the molarity of the acid solution?

What is the molarity of an aqueous solution of barium hydroxide if the solution has a density of 1.21 g/ml, and is known to be 27.7% by weight Ba(OH)2?

molality - (m) - moles of solute/kilogram of solvent


- used in colligative properties - freezing point depression/boiling point elevation


- how the solute affects the properties of the solvent

How many grams of water are needed if a student wants to make a 2.49-molal solution by using 136 grams of sodium chloride?

mole fraction – XA - moles of A / total number of moles




- used in colligative properties - vapor pressure lowering

What is the mole fraction of nitrogen gas in a sample of air, if the percent composition of air is assumed to be 78.1% nitrogen, 20.8% oxygen, 0.50% argon, and 0.50% water vapor?

normality - (N) - number of equivalents/liter of solution



- related to molarity:      molarity x charge = normality



- an equivalent - 3 definitions  - amount that yields one mole of hydrogen ions for acids







- amount that yields one mole of OH- for bases







- amount that yields one mole of electrons for redox reagents



- gram equivalent weight: mass that yields one equivalent



GEW = GMW/charge

What is the normality of a 2.00 M solution of hydrochloric acid?   of carbonic acid?   of phosphoric acid?

How many equivalents of ferric hydroxide are needed to exactly neutralize 4.00 moles of citric acid?

In a redox titration, 40.00 ml of a 0.220 M solution of potassium permanganate is reduced to the Mn+2 ion.  How many equivalents were reacted in the titration?

What is the gram equivalent weight of aluminum sulfate?

dilution problems:  M1V1 = M2V2

What is the concentration of a solution of hydrochloric acid if 45.0 ml of a 3.00 M solution is diluted with water until the final volume is 2.20 liters?

If 125 ml of a 8.00 M solution of KOH is diluted until the molarity of the new solution is only 2.40 M, how many milliliters of water were added?

Colligative Properties:

Vapor Pressure Lowering


Freezing Point Depression

Boiling Point Elevation


Osmotic Pressure

Vapor Pressure Lowering:  Raoult's Law

VPsolution  =   (VPsolvent)(Xsolvent )
  or   VP =   (VPsolvent)(Xsolute)

Freezing Point Depression & Boiling Point Elevation

 
 - both of these properties relate to the effect that the solute has on the properties of the solvent


- similar equation form

 
t = kf x m    for freezing point depression           for water  kf = 1.86 oC/m

 
t = kb x m   for boiling point elevation                for water  kb = 0.512 oC/m


Can be used to determine the molecular weight of an unknown solute



  g(solute) x kf

   
               g(solute) x kb



MW =  ------------------         
 or        MW =  ------------------ 



  kg(solvent) x t 


 kg(solvent) x t

Osmotic Pressure      = MRT  similar to the Ideal Gas Equation  PV = n RT




used for molecular weight determination of macromolecules




MW = gRT/V



Remember that R = 0.0821 liter.atm/mole.K and T has to be in Kelvin






 (pressure) has to be converted into atmospheres 






(osmotic pressure is usually measured in mm Hg)


The measure of osmotic pressure has been used to determine the molecular mass of large biological molecules.  Do not be surprised if you get a molecular mass with a magnitude of 103 to 106  grams/mole.




hypertonic vs. hypotonic  vs. isotonic  - crenation vs. plasmolysis (hemolysis)

The above equations work for a nonvolatile, nonelectrolyte.  If the solute is an electrolyte (either strong or weak), the number of moles of ions must be calculated.


t = ikf x m       i  =  van't Hoff factor    for a strong electrolyte like NaCl,  i = 2;  for Na3PO4, i = 4

For a weak electrolyte, you must know the percent ionization.

Percent ionization     = (i – 1) / (n – 1);         = percent ionization in decimal form

What is the freezing point of a 0.224-molal aqueous solution of carbonic acid if it is known that this weak acid only ionizes 12.2%

Colloids/Suspensions

Colloids - particle size of solute is too large to keep them in permanent solution - tend to settle out eventually, but they stay “dispersed” longer than the particles in a suspension.  The “dispersed” particles in a suspension settle out quickly, like dirt in water.

Difference between colloid and suspension has to do with solute size

Brownian motion - rapid, random motion of solute particles in a colloid

Tyndall effect - dispersion of light as it passes through a solution



- for true solutions, light beam is not visible



- for colloids, light beam is visible



- for suspensions, light may be briefly visible, but usually the suspension is opaque,



   so no light is visible, even before the particles settle out.

Know the six types of colloids - see table

Know the properties of true solutions, colloids, and suspensions  

Hydrophobic vs. hydrophilic  - action of soap

Types of Colloids
Solvent-like substance 
Solute-like substance 
  


(dispersing medium)
(dispersed medium)
Phase
Colloid Type
Example

Gas
Gas
Gas
none (solutions)
---------

Gas
Liquid
Gas
aerosol
fog

Gas
Solid
Gas
aerosol
smoke

Liquid
Gas
Liquid
foam
whipped cream

Liquid
Liquid
Liquid
emulsion
milk

Liquid
Solid
Liquid
sol
paint

Solid
Gas
Solid
solid foam
marshmallow


Solid
Liquid
Solid
solid emulsion
butter

Solid
Solid
solid
solid sol
ruby glass

Terms to Know:
solvent
solute
solution
saturated
unsaturated
supersaturated

hygroscopic
miscible
dialysis
hypotonic
hypertonic
crenation

plasmolysis
Tyndall effect
saponification
coagulation
adsorption
van't Hoff factor


Brownian motion
shape of hydrocarbons as it relates to solubility
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