Review
Elements, atomic number, Molecular weight

Naming compounds: Ionic

Naming Compound:  Molecular

Naming Acids: Hydroacids

Naming Acids: Oxoacids (based on anion ending => ate & ite)
CHAPTER 12: Solutions & Colligative Properties

Solutions- Solvent  +  Solute. Solute is what is dissolved in the solvent.

Polar solutes dissolve in polar solvents. Nonpolar solutes dissolve in nonpolar solvents.

Solubility of a solute in a solvent at a particular temperature and pressure is measured by concentrations, % mass of solute, parts per million (ppm), parts per billion(ppb), mole fraction, molarity, and molality.

% mass of solute = (mass of solute)/(mass of solution) x 100.

45g glucose + 100g water: % mass glucose = (45g/145g) x 100 = 31%
Parts per million = (mass of solute)/(mass of solution) x 106; milligrams/liter solution.

Arsenic LD-50 ( oral intake) in male mouse is (145mg/1000g soln) x 106 => 145ppm
Parts per billion = (mass of solute)/(mass of solution) x 109; micrograms/liter solution.

Arsenic LD-50 (intrapleurally) in male mouse is (46200μg/1000g soln) x 109 => 46200 ppb
Mole fraction = (moles of solute)/(total moles of solution)

45g glucose(0.25mole) & 180g water(10 moles); χglucose = (0.25/10.25) = 0.024
Molarity = (moles of solute)/(liter of solution)

45g glucose (mol. Wt. 180g) in 1 liter solution = 0.25M
Molality = (moles of solute)/(kilogram of solvent)

90g glucose in 1 kilogram of water => 0.5 m
Normality = (number of equivalents) / (liter of solution)

40g NaOH(mol wt 40g.) in 1 liter solution => nb x moles base/ L = 1 N

74g Ca(OH)2 (mol. wt. 74g) in 1 liter solution => nb x  moles base/L = 2N 

Molarity↔Molality
In converting from molarity to molality of a solution or vise versa, it is useful to have density of solution.

If given the molarity(2.45M) of an aqueous methanol(32g) solution and a solution density of 0.976g/ml, convert to molality (moles solute per kilogram solvent).

1. Assume a 1 liter solution => 2.45moles methanol AND 976g solution per liter.

2. 2.45moles x 32g = 78.4g methanol. 
3. Solvent mass(water) = 976 – 78.4 = 897.6g

4. Molality = 2.45moles/0.8976kg = 2.73molality
If  given the molality(1.2m) of aqueous methanol(32g) solution and solution density of 0.765 g/ml, convert to molarity.
1. Assume a 1 kilogram of solvent=> 1.2 moles methanol OR 38.4g methanol.
2. Total solution mass = 1038.4g(1000g solvent + 38.4g solute)
3. Percent mass of solute(methanol) = (38.4g/1038.4g) = 3.7%

4. 3.7% of 765g solution per liter has (3.7/100) x 765g = 28.3g methanol

5. Moles methanol in 1 liter = 28.3g/32g = 0.88moles => 0.88 molarity.
Henry’s Law for solubility of a gas in a solvent. 

S = kPg:  S is solubility in moles of gas per liter of solution; Since the molarity of gas is typically small, volume of solvent or solution are about the same; Pg is partial pressure of gas over solvent in atm unit, k is Henry’s law constant(moles/L-atm), which is temperature dependent.
Example. Nitrogen gas solubility  at 25ºC and N2 partial pressure of 1 atm = 6.8  x 10-4 mol/L. What is the solubility at 0.78 atm?

From data you can find k. Then use equation to calculate S at 0.78 atm. Or you set up an equality: 

S1/S2 = P1/P2.  6.8  x 10-4/ S2 = 1 atm/ 0.78 atm. S2 = 5.3  x 10-4 mol/L.
A temperature increase usually increases the solubility of a solute in a solution.

At a given temperature, a saturated solution contains the maximum amount of solute that will dissolve in the solvent. An unsaturated solution contains less than the maximum. Any extra amount of solute added to a saturated solution will not dissolve. However, increasing the temperature can dissolve the extra solute amount to form a supersaturated solution.

Colligative Properties- For solutions, the amount of solute determines osmotic pressure of the solution, lowers the vapor pressure and freezing point of the solvent and elevates the boiling point of the solvent. These are colligative properties because they depend on the amount of solute and not the nature of the solute.

Raoult’s Law expresses the effect on vapor pressure.

PA = XAP(A;  PA is the vapor pressure of the solvent in solution; XA is the mole fraction of the solvent. P(A is the normal vapor pressure of the solvent.

Also PA = XAP(A = ( 1 – XB )PºA =  PºA - XB PºA
PA = PºA - XB PºA ; 

PºA  -   PA  =  XB PºA = ∆P = vapor pressure depression of solvent vapor.

Ex. The normal vapor pressure of water at 20(C is 17.5 torr. For a solution that has 8 moles of water and 2 moles of glucose, the water vapor pressure is:

(17.5 torrs)(8/10) = 14.0 torrs.

Boiling Point Elevation((Tb)-  is proportional to the molality(m) of the solution.

(Tb = iKbm; for weak or nonelectrolytes i = 1; for strong electrolytes n = total number of ions.(i.e. for glucose i is 1, for NaCl i is 2; for BaCl2 i is 3).

Kb is the molal boiling point constant. The i is the Van’t Hoff factor.
Ex. Ethylene glycol(mol. Wt. = 62g): 651g dissolved in 2505 grams of water.
Kb for water is 0.52 °C/m. B.P.= ?
Freezing Point Depression((Tf)- is proportional to the molality of the solution.

(Tf = iKfm; 

 Kf is the molal freezing point constant.

Ex. Ethylene glycol(mol. Wt. = 62g): 651g dissolved in 2505 grams of water.

Kf for water is 1.86 °C/m F.P. = ?

Osmotic Pressure(()- For two solutions at different molarities and separated by a semipermeable membrane that allows only water to go through, the dilute solution will lose water to the concentrated solution until both solutions have the same concentration. At that point, both solutions are isotonic. This movement of solvent to the side of higher concentration is called osmosis. Originally, the dilute solution was hypotonic, the concentrated one was hypertonic. Osmotic pressure of a solution is the pressure that prevents osmosis and is express as:

( = iMRT; M is molarity, R is the gas constant(0.0821 atm-L/mol-K); T is temperature in Kelvins. The i is Van’t Hoff factor and the value iM is called the osmolarity.
One can use boiling point elevation, freezing point depression and osmotic pressure to determine molar mass.

A 7.85g of compound with empirical formula C5H4 is dissolved in 301g benzene. The fr pt. of solution is 1.05◦C below the normal fr pt. of benzene. What is molar mass and formula of compound? Kfben is 5.2°C/m.
CHAPTER 13 CHEMICAL KINETICS
Chemical Kinetics- Part of chemistry that deals with rates of chemical reactions.

Reaction Rate- The change in the concentration of reactants or products per unit time in a chemical reaction. The units of reaction rates are normally in molarity per second (M/s) and is a positive number.

Factors that affect reaction rates:
1. Phase of the reactants. Reactants must come into contact to react. Most reactants in a reaction are in one phase, either gaseous or liquid (homogeneous reaction). In heterogeneous reactions, there are two phases (gas/liquid OR gas/solid OR liquid/solid) In the latter two cases, the amount of exposed surface area of the solid is important. The larger the surface area, the faster the reaction because there is more contact between the reactants.
2. Concentrations of the reactants. The larger the concentrations, the greater the frequency of  contact among reactants.

3. Ambient temperature. Reaction rates typically increase as temperature increases. A rule of thumb in chemical kinetics is that increasing the temperature by 10 degrees Kelvin doubles the rate.

4. Catalysts increase reaction rates without being consumed in the reaction. They lower the activation energy of the reaction.
For a simple reaction: A  →  B the average rate of  reaction with respect to reactant A is  change in concentration of A     =   -∆[A] 
           Change in time                         ∆t

For the arbitrary chemical reaction:  aA  +  bB  →  cC  +  dD

Rate  =  - 1 ∆[A]  =  - 1 ∆[B]  =  1 ∆[C]  =  1 ∆[D]
                 a ∆t               b ∆t           c ∆t         d ∆t

The rate law expression for the above reaction is:

Rate = k[A]m[B]n, k is the rate constant, m & n are normally whole numbers that may be zero and  not higher than 3; m is called the rate order with respect to substance A, etc; the overall rate order of the reaction is the sum of m and n. For example, if m = 1, n = 2, Then the rate order with respect to A is first order (unimolecular); the rate order with respect to B is second order (bimolecular) ; the overall rate order is third order (termolecular) . 
Depending on the overall rate order, the units of the rate constant k is:

Units of   k => s-1 for an overall first order, M-1s-1 for second order, and M-2s-1 for third order.
The rate law can only be determined by experiment; one can not determine the rate law by looking at the chemical equation!!!!! This can be done by changing the initial concentrations of the reactants for several timed runs of the chemical reaction (Initial Rate method) and determining m and n and k. For example:
	Exp. #
	[A] (M)
	[B] (M)
	Initial rate (M/s)

	1
	0.100
	0.100
	4.0 x 10-5

	2
	0.100
	0.200
	8.0 x 10-5

	3
	0.200
	0.100
	16.0 x 10-5


Rate = k[A]m[B]n
From the above data, experiment 1 & 3 have substance B in the same concentration. We can solve for m.
4.00 x 10-5 =   k[0.100]m[0.100]n     =     1  =  (0.100)m  => m = 2
  16.0 x 10-5 =    k[0.200]m[0.100]n            4       (0.200)m
Solve for n by using experiments 1 & 2:

4.00 x 10-5 =   k[0.100]m[0.100]n     =     1  =  (0.100)n  => n = 1
  8.00 x 10-5 =    k[0.100]m[0.200]n            2       (0.200)n
k =      rate       =         4.00 x 10-5           =  4.0 x 10-2 M-2s-1
       [A]2[B]                [0.100]2[0.100]

First & Second Order Reactions
The rate of reaction is governed by the change of reactant concentration with respect to time. There are two main types of reaction rates, first order reaction and second order reaction.

First Order reaction
In a first order reaction, the rate of the reaction is dependent on the concentration of one reactant whose concentration is raised to the power of 1:
Rate = k[A]  , This is the rate law. By the process of mathematical integration, this rate law is changed to a first order reaction equation called the integrated first order rate law:

Ex.  ln[A]t  -ln[A]o =  -kt          OR         ln([A]t/[A]o) = -kt
Ex. If [A]o = 5M and 3M has been consumed at time t, then [A]t = 2M.
∆ →  CH3 – CH = CH2.

The conversion of cyclopropane to propene at 500ºC is a first order reaction. The rate constant is 6.7 x 10-4 s-1. If we start with an initial concentration of 0.5 M:
(a) What is the concentration after 10 minutes(600 seconds)?

(b) How long will it take for concentration to reach 0.3 M?

(c) How long will it take to convert 80% of  cyclopropane?
Second Order Reaction
In a second order reaction, the reaction rate is dependent on the concentration of one reactant raised to the power of 2; Or the reaction is dependent on the concentration of two reactants with both concentrations raised to the power of 1:

Rate = k[A]2   OR   Rate = k[A][B]
The integrated rate law for the first equation is:
[A]t-1  =  kt  +  [A]o-1 The integrated rate law for the second equation is beyond the scope of this course.
I(g)  +  I(g)  →  I2(g)

This reaction follows a second order kinetics with a rate constant of 7.0 x 109 /M-s at 23ºC. If the initial concentration of I(g) is 0.6 M
(a) What is the concentration after 2.00 minutes (120 seconds)?
(b) How long will it take for concentration to reach 0.3 M?

(c) Assuming the reaction volume is 1 liter, how many moles of I2(g) is produced?

Half- Life(t1/2)
The concept of half life is useful in deciphering rates. The half -life is the time required for half of the amount or concentration of a reactant to be consumed.

The half-life expression for a first order reaction is:  t1/2 =  0.693/k

The half-life expression for a second order reaction is: t1/2 = (k[A]o)-1
The zero order kinetics.
Rate law: rate = k[A]0 .

         d[A]/dt  =  -k

          ∫ d[A]/dt  = ∫ -k

            [A]t   -  [A]o  =  -kt    

Plot  [A]t    vs  t.     Slope will be negative

. t1/2   = [A]o/2k
Rate, Temperature, Molecular collisions, Orientation, Activation Energy
Reaction rates are affected by temperature, molecular collisions, molecular orientation, and activation energies. An increase in reaction temperature tends to increase reaction rate. Molecules need to collide in order to facilitate bond breaking; and molecules must collide in orientations that will also promote bond breaking. Also, the molecules must have a certain minimum amount of  energy, activation energy, in order for a reaction to proceed. An activation complex (transition state) is formed at the energy hilltop.
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According to the Arrhenius equation, all these factors are related to the rate constant, k.
=>  k =  Ae-Ea/RT
The A is a frequency of collision factor, Ea is the activation energy, T is temperature in Kelvin and R is the ideal gas constant, 8.314J/K-mol.
If one takes the natural log of the Arrhenius equation, one gets a useful equation for experimentally determining Ea. Although Ea is temperature dependent, for a small range of temperature change of a reaction, Ea is constant.

· lnk = lnA – Ea/RT; With lnA and Ea being constant for a small range of temperature, one can plot a lnk vs. 1/T to get a straight line in which –Ea/R is the slope. For a reaction, 2 different rate constants will mean 2 different temperatures.
· ln(k1/k2) = Ea/R(1/T2 – 1/T1) 
· The rate constant for a first order reaction is 3.46 x 10-2 s-1 at 298K. What is the rate constant at 350K if the Ea = 50.2 kJ/mol?  Ans: 0.706 s-1  .
· If k1 = 3.32 x 10-10 s-1, T1 = 25ºC, T2 = 40ºC, Ea = 116kJ/mol, k2 = ?
Ans: 3.13 x 10-9 s-1
Reaction Mechanism
The process that describes fully how a reaction occurs is called the reaction mechanism. The reaction mechanism gives information about what bonds are first broken and formed. The reaction mechanism is made up of smaller step reactions that are called elementary reactions. Adding up the elementary reactions gives the chemical reaction equation (this not quite like Hess’ Law). The number of reactants in an elementary reaction does indicate the molecularity (or reaction order ) of the elementary reaction. In other words, if a reaction is an elementary reaction, then one also knows its rate law.
1. Mechanisms can only be proposed & supported by experimental data.
2. Sum of the elementary reactions must be equal to the overall reaction.

3. The rate determining step (RDS) of mechanism must be related to the rate law.
In mechanisms with a slow initial step, the initial step is the rate determining step. The reactant(s) in this step govern the rate of the overall reaction.

2NO(g)  +  O2(g)  → 2NO2(g)

The undetermined rate law for this reaction would appear to be: k[NO]m[O2]n
A proposed mechanism is:

                                                k1
Step1                    NO  +  NO →  N2O2. (slow step) Molecularity is 2 (bimolecular)
                                                  k2
Step2                    N2O2  +   O2  →  2NO2
Overall reaction    2NO(g)  +  O2(g)  → 2NO2(g)

The sum of the elementary reactions must be equal to overall reaction
The slow elementary step is the rate determining step(RDS) and must be reflected in the rate law. N2O2 is called an intermediate. They should not be seen in the rate law.
From RDS =>    k[NO]m[O2]n     =  k1[NO]2  . Then,
Rate = k[NO]m[O2]n  => m =2, n = 0  OR  Rate = k[NO]2
In mechanisms with an initial fast step, the rate determining step follows the initial step. Intermediates are part of the reactants in the slow step because they are formed in the initial fast step and consumed in later step reactions. However, intermediates are of low concentrations and while their concentration may appear in the rate determining step, one can substitute their concentration with the concentrations of reactant(s) in the initial. One generally assumes that the initial step is an equilibrium step in which the rates of the forward and reverse reactions are equal and then solve for the intermediate concentration in terms of reactant concentration. Consider the following reaction
  H2(g)    +    I2(g)  →     2HI(g)   
Rate Law:  rate =  k[H2][I2] (determined from experiment)
The proposed mechanism with an experimentally detected intermediate I is :
                     k1 

Step1    I2  [image: image2.png]


 2I  Fast equilibrium step
                     k-1
                               k2
Step2     H2  +  2I  → 2HI  Slow step (rate determining step, RDS)

According to slow step elementary reaction the rate law is: rate = k2[H2][I]2 .

But I is an intermediate, not one of the starting reactants.
From step1: forward and reverse reaction have same rate.  k1[I2]  =   k-1[I]2
[I]2  =  (k1[I2]) / k-1 .  Substitute for [I]2 in slow step rate law.
Rate =  k2[H2] (k1[I2]) / k-1 
         =  (k2k1 / k-1) [H2][I2] =      k[H2][I2]
         (k2k1 / k-1) = k
A mechanism can not be proved, but can be supported by experimental evidence.
Catalysts These are substances that increase the speed of a reaction without being permanently changed in the reactions. They increase the speed by lowering the activation energy.

2KClO3(g)  →   2KCl(s)   +  3O2(g)
The rate the above reaction increases in the presence of  MnO2(s)

Homogeneous catalyst- Such a catalyst is in the same phase as the reactants.
(such as acid catalyzed change of esters to carboxylic acid and alcohol)
Heterogeneous catalyst- This type of catalyst is in a different phase from the reactants. It is usually in the solid phase and uses adsorption to bring reactants together.

(such as reduction of alkenes to alkanes by H2 on a Palladium surface.
Enzymes are catalysts that work in biological systems. They are usually large protein molecules.
E = enzyme,  S = substrate, ES = enzyme-substrate intermediate, P = product
                           k1 

Step1    E + S   [image: image3.png]


  ES  Fast equilibrium step
                            k-1
                             k2
Step2       ES      →   E + P  Slow step (rate determining)

Rate =  change in concentration of P     =   ∆[P] 
              Change in time                                  ∆t
The rate law is => Rate  =     k2[ES]
Assume a steady state for [ES], means ∆[ES] = 0. Then 
∆[ES]/∆t = k1[E][S] – k-1[ES] – k2[ES] = 0
k1[E][S] =  k-1[ES] +  k2[ES]
k1[E][S] = [ES] (k-1 +  k-2) 

[ES] =     k1[E][S]
              (k-1 +  k-2)
Rate =     k2k1[E][S]     =   k[E][S]  ; where k  =  k2k1    
               (k-1 +  k-2)                                           (k1 + k2)
CHAPTER 14 Chemical Equilibrium
Equilibrium is the state in which opposing processes occur at the same rate. In a chemical equilibrium, the rate of a forward reaction is equal to its reverse reaction. The equilibrium is dynamic; reactants go to form products and vice versa. But the net change in concentrations ( or partial pressures) of  reactants and products is zero. A reaction in a closed system will eventually reach an equilibrium state, whether one starts with just reactants, or products, or varying amounts of reactants and products.
For an arbitrary chemical equilibrium equation:

aA  + bB  [image: image4.png]


 dD  +  eE  , The law of mass action gives  this equilibrium condition expression.

Kc  =    [D]d[E]e  
             [A]a[B]b
This is called the equilibrium constant expression.
This idea that relates the concentrations of the reactants and products in a chemical equilibrium equation to a constant value is called the law of mass action.
Kc is called the equilibrium constant. It is the numerical value of the expression when concentration values of molarity at the equilibrium condition are put in. The products concentrations are in the numerator, the reactants concentrations are in the denominator, and all concentrations are raised to powers equal to the stoichiometric coefficients of the balanced chemical equilibrium equation. If the equilibrium condition is not yet reached , then the above expression is called the reaction quotient, Q.
The best way to understand the equilibrium state of a reaction is to assume rates of the forward and reverse reactions of a chemical equation are elementary reactions from two mechanisms that are reverse of one another: Proof

Arbitrary equation at equilibrium: Assume one step mechanism
aA [image: image5.png]


 cC         

kf[A]a     =  kr[C]c   

Then :  kf/ kr  =   [C]c / [A]a  = Kc

Take a complex arbitrary equilibrium reaction: aA  + Bb  [image: image6.png]


 cC  + dD
Assume multi-step mechanism:

Step 1:  aA [image: image7.png]


  cC                                 
Step 2:  bB  [image: image8.png]


 dD  
kf[A]a     =  kr[C]c   ;
kf2[B]b     =  kr2[D]d
Then :  kf/ kr  =   [C]c / [A]a  = K’

 And :  kf2/ kr2  =   [D]d / [B]b  = K”     
 K’xK” = Kc
Kc  =    [D]d[C]c  
             [A]a[B]b
Ex.  N2O4(g)    [image: image9.png]


  2NO2(g)

Forward reaction:   N2O4(g)   →  2NO2(g)         Rate-f  = kf[N2O4]

Reverse reaction:     2NO2(g)  →  N2O4(g)         Rate-r  = kr[NO2]2
kf[N2O4]  =  kr[NO2]2 ;    ( [NO2]2 / [N2O4] ) = (kf /kr) = constant

Equilibrium can be achieved either by starting with known amounts of reactants or products or a combination of reactants and products.

When reactants and products are in the gas phase, the equilibrium constant can be  expressed by using partial pressures in place of concentration values.

Kp  =   (PD)d(PC)c 
             (PA)a(PB)b
Kp =  Kc(RT)∆n   (relationship between Kc & Kp)
********* Solids and PURE Liquids******(molarity is 1)
∆n = (moles of gaseous products) – (moles of gaseous reactants)

The equilibrium constant is dimensionless because each concentration value or partial pressure value is divided by 1 molarity or by 1 atm respectively. Equilibrium constant is temperature dependent.
Interpreting the Equilibrium Constant
If the equilibrium constant for a reaction is much greater than 1, the reaction favors formation of products.

If the equilibrium constant is much less than 1, the reaction favors formation of reactants.

A chemical equilibrium equation can be expressed in either direction.

By convention, a chemical reaction is read from left to right.

aA  + bB   [image: image10.png]


 dD  +  eE     OR     dD  + eE  [image: image11.png]


 aA  +  bB

Kc  =    [D]d[E]e               OR       Kc’  =    [A]a[B]b               Kc =    1       
             [A]a[B]b                                          [D]d[E]e                         Kc’
The equilibrium constant for a reaction written in one direction is the reciprocal of the equilibrium constant of the reverse order.
If one multiplies an equilibrium reaction by a number, then the new equilibrium constant is the old constant raised to the power of that number.

If one adds two or more equilibrium reactions together, then the new equilibrium constant is equal to the multiplication of the equilibrium constants of the two or more equilibrium reactions.
Predict Direction of Reaction When comparing Q & K
If the reaction quotient Q is greater than K, then the equilibrium reaction has too much product and will favor formation of reactants. If Q is less than K, the product formation is favored.

If Q > K, then reactants are favored for formation.
If Q < K, then products are favored for formation.
Calculating K and Equilibrium Concentrations
 One can calculate K if one knows all the equilibrium concentrations ( or partial pressures) of the reactants and products. One can also calculate K if one knows the initial concentrations of the reactants and the equilibrium concentration of at least one reactant or product by noting initial conditions, stoichiometric change in concentrations.
H2(g)  +  I2(g)  ↔  2HI(g)  , let x be change in moles(x = extent of the reaction)
-x             -x          +2x
(I) We can get all equilibrium concentration, calculate K
Ex.  H2(g)  +  I2(g)   [image: image12.png]


  2HI(g)   1.00 x 10-3M H2 and 2.00 x 10-3M I2 At equilibrium, H2 concentration changes by 0.935 x 10-3 M. What is K? 
                                        H2(g)                           I2(g)                            2HI(g)   
	Initial condition
	1.00 x 10-3
	2.00 x 10-3
	0M

	change
	-0.935 x 10-3
	-0.935 x 10-3
	+1.87 x 10-3

	equilibrium
	0.065 x 10-3
	1.065 x 10-3
	1.87 x 10-3


Kc =   [HI]2          =       (1.87 x 10-3)2                    =   51
          [H2][I2]            (0.065 x 10-3)( 1.065 x 10-3)
One can also calculate equilibrium concentrations or pressures of a product or reactant if one knows the equilibrium concentrations of the other species and K.
N2(g)  +      3H2(g)   [image: image13.png]


 2NH3(g)       Kp =  1.45 x 10-5 at 500˚C
0.432atm     0.928atm            x      <= Equilibrium pressures
Kp =   (PNH3)2       =         x2             =   1.45 x 10-5
        PN2(PH2)3           (0.432)(0.928)3
Then x =  2.24 x 10-3 atm
One can also calculate equilibrium concentrations or pressures of all species if K is given along with initial condition concentrations.

If initial concentrations are H2 = 1.00M, I2 = 2.00M, K = 51
Ex.  H2(g)  +  I2(g)   [image: image14.png]


  2HI(g)
	species
	H2(g)
	I2(g)
	2HI(g)

	Initial condition
	1.00 M
	2.00 M
	0M

	change
	-x
	-x
	+2x

	equilibrium
	1.00- x
	2.00 - x
	2x


Kc =   [HI]2          =            (2x)2                 =   51
          [H2][I2]            (1.00 - x)( 2.00 - x)

47x2  -  153x  +  102  =  0, use solution for quadratic equation to solve for x.

For this equation ax2 + bx + c = 0 <= Quadratic equation

                    _______
. x  =   -b ± √(b2-4ac)  ;  solution for x.
                     2a  
.x = 2.323 OR 0.935;  0.935 is more reasonable answer.

[H2] = 1.00 – 0.935 = 0.065

[I2]  =  2.00 – 0.935  =  1.065

[HI]  =  2x = 1.87
Heterogeneous Equilibria
In this type of equilibrium, the equilibrium equation will have either some reactant(s) or some product(s) in solid or liquid phase. Concentrations of solids and liquids are omitted from the equilibrium expression because the concentrations of pure solids and pure liquids are intensive properties and are constant.
PbCl2(s)   [image: image15.png]


  Pb2+(aq)  +  2Cl-(aq)

Kc  =  [Pb2+][Cl-]2
CaCO3(s)  [image: image16.png]


  CaO(s)  +  CO2(g)        K = [CO2]  OR  Kp = PCO2
At equilibrium and 800°C the  pressure is 0.236atm for the above reaction.
What is Kp, Kc?

Kp = 0.236
Kp = Kc(RT)∆n .

Kc = Kp(RT)-∆n  =  0.236(0.0821 x 1073)-1 .= 2.68 x 10-3 

Le Chatelier’s Principle If a chemical equilibrium is perturbed by a change in pressure, temperature or concentration of one or more species, the equilibrium will shift so as to alleviate the perturbation.. In the case of a temperature change, you will get a different K value. In endothermic reactions, think of heat (temperature increase) as a reactant; in exothermic reactions, think of heat as a product.
Then in an endothermic reaction, increasing temperature is like adding to the reactant side and the equilibrium will shift towards the product side to alleviate the perturbation.

A + B + Heat  [image: image17.png]


 C + D           Endothermic Reaction
A + B   [image: image18.png]


 C + D + Heat           Exothermic Reaction
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Pressure/Volume Effect [ P = (n/V)RT  ]
Reducing the reaction volume (or increasing the pressure) will cause the equilibrium to shift in the direction that will decrease the number of moles of gas. Conversely, increasing the volume (or decreasing the pressure) will cause the equilibrium to shift in the direction that will increase moles of gas.
Increasing or decreasing the pressure of a particular reactant or product.
Increasing or decreasing the pressure in general.

Increasing or decreasing reaction volume (opposite pressure affect)

Catalyst will increase the rate of arriving at equilibrium, but it will not change the value of the equilibrium constant, nor the equilibrium concentrations.
Chapter 15:Acids-Bases 
Arrhenius definition of acids and bases.
Acids are substances that increase the H+ concentration when dissolved in water.

HCl(aq)  →  H+(aq)  +  Cl-(aq)

Bases are substances that increase the OH- concentration when dissolved in water.

NaOH(aq) →  Na+(aq)  +  OH-(aq)

Bronsted-Lowry definition of acids and bases
Acids are H+ donors; Bases are H+ acceptors (proton transfer is involved).
HCl(aq) +  H2O  →  H3O+(aq) +  Cl-(aq)
NH3(aq)  +  H2O →  NH4+(aq)  +  OH-(aq)

Both definitions are very limiting.**************
Lewis definition of acids and bases (Solvent does not have to be water)
Acids are electron-pair acceptors; Bases are electron-pair donors.

From Lewis dot structures:

:NH3 +  BH3  →  H3N:BH3
              ..                  ..
H+  +   :OH2   →  H3O+(aq)

CH2 = CH2(g)  +  H2(g)  → CH3 – CH3(g)  .
We will concentrate on acid-base behavior in aqueous solutions.

In water, acids and bases dissociate into respective cations and anions.
Strong acids and strong bases dissociate completely.

Weak acids and weak bases partially dissociate.

One can write the equilibrium expressions for the dissociations.

For an arbitrary acid,  HA :        HA(aq) +  H2O(l)   [image: image20.png]


  H3O+(aq)  +  A-(aq)

Kc  =    [H+][A-]    =  Ka = acid dissociation constant
                [HA]

For an arbitrary base,  A- :    A-(aq) +  H2O(l)   [image: image21.png]


  HA(aq)  +  OH-(aq)
Kc  =    [HA][OH-]    =  Kb = base dissociation constant ( hydrolysis )
                  [A-]
Conjugate Acid-Base Pairs
The concept of conjugate acid/base pairs is based on the Bronsted-Lowry definition  of acids and bases.
In an acid-base reaction, a conjugate base to the acid on the reactant side is formed on the product side. Also, a conjugate acid to the base on the reactant side is formed on the product side. For example:
NH3(aq)        +          H2O(aq)       →        NH4+(aq)        +            OH-(aq)

base                          acid                      conjugate acid             conjugate base 
The acid differs from its conjugate base by an  H+.

H2O &   OH-  .
The  base differs from its conjugate acid by an H+.
NH3 &  NH4+
Relative Strengths of Acids and Their Conjugate Bases
Strong acids completely transfer their protons or completely ionize. Their conjugate bases have no tendency to accept protons.(HCl, HBr, HI, HNO3, HClO4, HClO3, H2SO4)

Weak acids partially transfer their protons. Their conjugate bases are weak bases.

Some weak acids : (H2S, HCN, HNO2, H3PO4, HC2H3O2)
Substances that are not acidic at all are usually hydrocarbons. Their conjugate bases are however very strong bases in water.(CH4, CH3OH, C2H2)

Relative Strengths of Bases and Their Conjugate  Acids
Strong bases completely accept the acidic protons or completely dissociate in water. Their conjugate acids are negligibly weak.(NaOH, LiOH, KOH, RbOH, CsOH, Ca(OH)2, Ba(OH)2, Sr(OH)2)

Weak bases partially ionize or partially accept protons. Their conjugate acids are weak.
(NH3, Mg(OH)2, Al(OH)3)

For hydroxide bases, typically, their conjugate acids are the metal cations.
For example: NaOH =>  Conjugate acid is Na+ . 

Autoionization of Water
Water does partially dissociate into H+ and OH-. At 25˚C all volumes of pure water dissociate to give the same ions concentrations and therefore give the same equilibrium constant:    H2O(l)   [image: image22.png]


  H+(aq)  +  OH-(aq)
Kc  = [H+][OH-] = Kw =  1.0 x 10-14 at 25˚C This constant is called the water ion-product constant. This ion-product concept is  useful in aqueous solutions. A solution in which the [H+] and [OH-] concentrations are equal is said to be neutral and the concentration for both will be 1.0 x10-7 M.
If the [H+] concentration is larger than [OH-], then the solution is acidic.

If the [H+] concentration is smaller than [OH-], then the solution is basic.

If one concentration is larger , the other must be smaller in order for the ion product to be equal to 1.0 x 10-14 at 25˚C.

. pH Scale
The pH scale is a convenience and is used to measure the acidity of solutions.

The pH = -log[H+] Therefore the pH of a neutral water solution = -log[1.0 x 10-7] = 7
Therefore [H+] = 10-pH
There are also a pOH  and pKw  designation.

Kw  = [H+][OH-]  =   1.0 x 10-14
So, -logKw = -log{[H+][OH-]} = -log[H+]  + -log[OH-] =  7 + 7 = 14

So pKw  = pH + pOH = 14  at 25˚C

The pH of 1.0 x 10-3 M = -log[1.0 x 10-3] = 3 => acidic solution at 25˚C
The pH of 1.0 x 10-9 M = -log[1.0 x 10-9] = 9 => basic solution at 25˚C
Calculate the pH of a solution whose [OH-] is 2.0 x 10-3 M at 25˚C
[H+] =  Kw / [OH-] =  1.0 x 10-14 / 2.0 x 10-3 = 5.0 x 10-12 M

The pH = -log[5.0 x 10-12] = 11.30

Calculating pH of Weak Acid and Base Solutions
Calculating the pH of strong acid and strong base solutions is simple because the equilibrium reaction lies far to the right. For strong acid solutions, take the –log of the acid concentration to get pH.
For strong base solutions, divide the [OH-] into  Kw to get the [H+]. Then take –log of [H+].

For weak acid and weak base solutions, the equilibrium concentrations [H+]  & [OH-]  must be calculated or determined. Ka & Kb values determine strengths of reaction.
HA(aq) +  H2O(l)   [image: image23.png]


 H+(aq)  +  A-(aq)
Kc  =    [H+][A-]    =  Ka = acid dissociation constant
                [HA]
A-(aq) +  H2O(l)   [image: image24.png]


  HA(aq)  +  OH-(aq)
Kc  =    [HA][OH-]    =  Kb = base dissociation constant ( hydrolysis )
                  [A-]

Calculating Ka from pH and Initial concentration.:

0.1M solution of formic acid, HCHO2, has a pH of 2.38 at 25˚C. Calculate Ka and the percent of ionization.  HCHO2(aq)    [image: image25.png]


  H+(aq)+  CHO2-(aq)
Ka  =    [H+][ CHO2-]  ,  pH = 2.38 = -log[H+],  [H+] = 10-2.38 = 4.2 x 10-3 M
               [HCHO2] 

	species
	HCHO2
	H+
	CHO2-

	Initial condition
	0.10 M
	0
	0

	change
	 - 4.2 x 10-3
	 + 4.2 x 10-3
	+ 4.2 x 10-3

	equilibrium
	0.10  -  4.2 x 10-3
	4.2 x 10-3
	4.2 x 10-3


Since  0.10M -  4.2 x 10-3  ≈  0.10 M
   Ka  =       [4.2 x 10-3][ 4.2 x 10-3]    =  1.8 x 10-4      
                             [0.10]
% ionization =   4.2 x 10-3   x  100  = 4.2%
                              0.10

Calculating pH from Ka and Intitial Concentration
Calculate pH of 0.30 M solution of formic acid. Ka   =   1.8 x 10-4 .
Ka  =    [H+][ CHO2-]  
               [HCHO2]

	species
	HCHO2
	H+
	CHO2-

	Initial condition
	0.30 M
	0
	0

	change
	 - x
	 + x
	+ x

	equilibrium
	0.30  -  x
	x
	x


Ka  =    [H+][ CHO2-]   =     [x][x]     =  1.8 x10-4,    Ka <<< 1    =>  x <<  0.3 M    
               [HCHO2]              0.3 –x

Then  =     [x][x]      =   1.8 x 10-4,   x   =  7.35 x 10-3  =  [H+]
                    0.30

Then pH = -log (7.35 x 10-3)  =  2.13

The same steps can be used for calculating the pH of a basic solution, for example NH3 solution. Basic solutions have a comparable Kb equilibrium constant just like acidic solutions have a Ka constant. You get pOH value first. Then get pH value.
If the Kb for NH3 is 1.8 x 10-5, what is the pH of a 0.4M NH3 solution?

	species
	NH3
	OH-
	NH4+

	Initial condition
	0.40 M
	0
	0

	change
	 -x
	 + x
	+ x

	equilibrium
	0.40  -  x
	x
	x


Kb  =    [NH4+][ OH-]   =     (x)(x)     =  1.8 x10-5,    x <<  0.4 M because Kb is small    
               [NH3]                    (0.4 –x)
Then  =     [x][x]      =   1.8 x 10-5,   x   =  2.7 x 10-3  =  [OH-]
                    0.40

pOH = -log[OH-] = -log( 2.7 x 10-3) = 2.57
pH = 14 – pOH = 14 – 2.57 = 11.43

An acid and its conjugate base (vice versa) will have respective Ka and Kb constants when they are dissolved in water. For example take the NH4+ / NH3 acid and  conjugate base pair. Ka & Kb are related to Kw.
Kb  =    [NH4+][ OH-]           NH3  + H2O  [image: image26.png]


  OH-  +  NH4+
               [NH3]                    

Ka  =    [NH3][ H3O+]               NH4+  +  H2O    [image: image27.png]


  NH3  +  H3O+ 
               [NH4+]   

Ka x Kb =  Kw = [H+][OH-]
Polyprotic acids and their conjugate  bases can have successive Ka & Kb constants, respectively. For example 0.1M oxalic acid: H2C2O4, Ka = 6.5 x 10-2. Ka2 = 6.5 x 10-5
Calculate  [H+]  &  [C2O4-2 ] .

 H2C2O4    [image: image28.png]


  H+    +  HC2O4-      . let x be extent of 1st proton dissociation
0.1M                    0             0                initially

-x                        +x           +x               extent of dissociation

0.1 – x                  x              x               equilibrium concentrations (OR moles)

Ka  =      (x)(x)     =  6.5 x10-2,     

              (0.1 –x)
. x2 +  (6.5 x10-2)x  - 6.5 x10-3   = 0  .
By quadratic equation for the first proton dissociation, x  = [H+] = 0.054M. 
What about dissociation of the second proton?
       HC2O4-      [image: image29.png]


    H+      +   C2O4-2       .          
	species
	HC2O4-
	H+
	C2O4-2

	Initial condition
	0.054 M
	0.054
	0

	change
	 -x
	  + x
	+ x

	equilibrium
	0.054  -  x
	0.054 + x
	 x


Ka2  =    [H+][ C2O4-2]   =     [0.054 + x][ x]     =  6.5 x10-5,    Ka2 <<  1,  x <<< 0.054M
               [HC2O4-]                  0.054 –x
Ka2  =    [H+][ C2O4-2]   =     [0.054][ x]     =  6.5 x10-5 M= x =  [C2O4-2 ] 
               [HC2O4-]                     0.054 
Structure and Strength of an Acid
Bond strength and bond polarity together determine acid strength for hydrohalic acids and other hydro acids.
Bond strength is predominant in this series for HF.
ACID STRENGTH: HF< HCl< HBr < HI
For oxyacids, there are 2 considerations.

1. For series of acids with different central atoms that are in the same group, acid strength increases with electronegativity of central atom.
      ( HClO3  > HBrO3 > HIO3  )
2. For homologous acids in which the central atom is the same, then the acid in which the central atom has the higher oxidation state is the strongest.

(  HClO4  > HClO3  >  HClO2  >  HClO )

      +7            +5             +3             +1
For carboxylic acids, the acidic strength increases with the inductive capacity of the R group. (R-COOH )
The pH Effect of Salts in Solution.

Salts formed from strong acid/strong base reaction tend to give neutral solutions.

( HCl /NaOH => NaCl )
Salts from strong acid/weak base reactions tend to give acidic solutions.

( HCl / NH3 => NH4Cl)
Salts from weak acid/ strong base reaction tend to give basic solutions.

( HC2H3O2 / NaOH => NaC2H3O2 )
For salts from weak acid/weak base reactions:

If  Kb of anion is greater than Ka of cation, then solution tends to be basic.

If  Kb of anion is less than Ka of cation, then solution tends to be acidic.

If Kb = Ka , then solution is somewhat neutral.

Metal salts in which the metal has a high oxidation state tend to give acidic solutions when dissolved in water (AlCl3, FeCl3, ZnCl2, BeCl2)
Hydrolysis:Weak acids and bases(Salts)
In the strong acid/weak base OR weak acid/strong base solutions the resulting anions and cations respectively hydrolyze. One can determine the solution pH from initial concentrations and Kb OR Ka values.
Ex. What is pH of a 0.15M  sodium acetate (NaAc) solution?
Ac-  +  H2O   [image: image30.png]


  HAc  +  OH-           Kb = Kw ÷ Ka = 5.6 x 10-10
	species
	Ac-
	OH-
	HAc

	Initial condition
	0.15 M
	0
	0

	change
	- x
	+ x
	+x

	equilibrium
	0.15  -  x
	x
	x


  Kb  =    [HAc][ OH-]   =     [x][x]     =  5.6 x10-10,    x <<  0.15 M    
                   [Ac-]                 0.15 –x

Then  =     [x][x]      =   5.6 x 10-10,   x   =  9.2 x 10-6  =  [OH-]
                    0.15

pOH = -log[OH-] = -log( 9.2 x 10-6) = 5.05

pH = 14 – pOH = 14 – 5.05 = 8.95
Chap 16.
Acid-Base Equilibria and Solubility Equilibria
The Common Ion Effect and pH

The common ion effect is a shift in the equilibrium when two substances that have an ion in common are dissolved in water. The equilibrium concentration of other ion is shifted from what it would be if just one of the substances were dissolved in water.

For example. Acetic acid (HAc) and sodium acetate (NaAc) have the acetate ion (Ac-) in common. In such solutions the important species are the conjugate pair, the acid and its conjugate base. Together they affect the normal equilibrium and hence change pH of the solution. Taking the equation for Ka and modifying it, we get an equation that relates pH to the pKa (-logKa) and the conjugate pair concentrations.

 Ka  =    [Ac-][ H+]   

               [HAc]   

[H+]  =    Ka[ HAc]   Take the –log on both sides

               [Ac-]   

-log[H+]  = -logKa -  log   [HAc]       

                                           [Ac-]  

pH  =  pKa  -    log   [HAc]           .   

                                  [Ac-] 

This is the Henderson-Hasselbalch equation
A similar equation exists for pOH:

pOH  =  pKb  -    log [A-]      

                                 [HA] 
Ex. What is the pH of a solution containing both 0.20M HAc and 0.30M NaAc?

From Ka value we know that the acid dissociation will be greater than the conjugate base hydrolysis. There are 2 ways we can calculate pH. First way, we set up familiar ice table.  
	species
	HAc
	H+
	Ac-

	Initial condition
	0.20 M
	0
	0.30M

	change
	 -x
	 +x
	+x

	equilibrium
	0.20  -  x
	x
	0.3 + x


Ka  =    [H+][ Ac-]   =     [x][0.3 + x]     =  1.8 x10-5,    x <<  0.2 M    
               [HAc]               0.2 –x

Ka  =    [H+][ Ac-]   =     [x][0.3]     =  1.8 x10-5    
               [HAc]               0.2

x = [H+] = 1.2 x 10-5M,     pH = -log(1.2 x 10-5) = 4.92
OR We can use the Henderson-Hasselbalch equation and just plug in concentration values.************
pH  =  pKa  -     log [HAc]             

                                [Ac-] 

pH  =  pKa  -     log [HAc]          = -log(1.8 x 10-5)  -  log{(0.2/0.3)}   = 4.92

                                [Ac-] 

In fact,  the above solution is called a Buffer solution. A buffer solution is a solution of a weak acid(or base) and its salt. Such solutions have tendency to minimize pH changes when small amounts of  acid or base is added to the buffer solution. The acid of the conjugate pair will react with base added; or the base of the conjugate pair will react with the acid added.
What is the pH of a 1.0M HAc / 1.0M NaAc buffer solution after 0.1 mole of HCl is added as a gas to the 1 liter solution? HCl is added as a gas and not as a solution to  avoid change in the volume. In any case, it is better to account for all chemical species in terms of moles rather than molarity.
0.1 mole HCl reacts with 1 mole Ac- to increase the HAc by 0.1, while the Ac- decreases by the same amount. We can again do this in 2 ways.
	species
	HAc
	H+
	Ac-

	Initial condition
	1.1 M
	0
	0.9M

	change
	 -x
	 +x
	+x

	equilibrium
	1.1  -  x
	x
	0.9 + x


Ka  =    [H+][ Ac-]   =     [x][0.9 + x]     =  1.8 x10-5,    x <<  0.9 M    
               [HAc]               1.10 –x

Ka  =    [H+][ Ac-]   =     [x][0.9]     =  1.8 x10-5    
               [HAc]               1.10

x = [H+] = 2.2 x 10-5M,     pH = -log(2.2 x 10-5) = 4.66

OR Use the Henderson-Hasselbalch equation

pH  =  pKa  +      log [Ac-]          = -log(1.8 x 10-5)  + log{(0.9/1.1)}   = 4.66

                                  [HAc]

Acid-Base Titrations & pH
In acid-base titrations in the lab, one determines acid or base content in some solution by titration.
One tries to obtain an equivalence (OR endpoint) point. In order for the equivalence point to be reached, an equal mole of H+ of the acid must react with an equal mole of OH- of the base, as governed by this equation:

Titration equation: naMaVa = nbMbVb

Ma = acid concentration in molarity for acid solution.

Va = volume of the acid solution
Mb = base concentration in molarity for base solution.

Vb = volume of the base solution
For HCl, na = 1; for H2SO4, na = 2; for H3PO4, na = 3.

For NaOH, nb = 1; for Ca(OH)2, nb = 2; for Al(OH)3, nb = 3.

Strong acid titrated with a strong base. Titrate 25ml of a 0.1M HCl solution with 35ml of a 0.1M NaOH solution and determine pH after 10ml of NaOH added, after 25ml NaOH added, after 35ml of NaOH added.
After 10ml NaOH added, 1x10-3mol react with same mole of HCl.
2.5 x 10-3 mol HCl – (1 x 10-3mol) = 1.5 x 10-3 mol HCl left in 35 ml solution.

Molarity HCl is 1.5x 10-3 mol divided by 0.035liter = 0.0429M

pH = -log(0.0429M) = 1.37
After 25ml NaOH added, equal amount of NaOH and HCl react. This is the equivalence point. We have a neutral solution. So pH is 7.

After 35 ml NaOH is added, all moles of HCl are consumed and 1 x10-3mol of NaOH is in the 60ml solution. OH- concentration is 1 x 10-3 divided by 0.06 liters = 0.0167M
So pOH = -log(0.0167M) = 1.78 pOH

So pH = 14 – 1.78 = 12.22



Weak 
Acid Titrated with Strong Base
In a weak acid/strong base titration (OR vice versa), different degrees of buffer solutions will occur before the equivalence point is reached, depending on how many aliquots of titrants are used. At the equivalence point, hydrolysis occurs. 

Titrate 25ml of a 0.1M HAc solution with 35ml of a 0.1M NaOH solution and determine pH after 10ml of NaOH added, after 25ml NaOH added, after 35ml of NaOH added.

After 10ml NaOH added, 1x10-3mol react with same mole of HAc.

2.5 x 10-3 mol HAc -1 x 10-3mol = 1.5x 10-3mol HAc left in 35 ml solution.

Molarity HAc is 1.5x 10-3mol divided by 0.035 liter = 0.0429M. 1 x 10-3 mol of acetate ion (in the form of NaAc) is also in the 35ml solution. Its molarity is 1 x 10-3 mol divided by 0.035 liter = 0.0286M. So we have a buffer solution. We can use the Henderson-Hasselbalch equation.
pH =  pKa  +  log [Ac-]     = -log(1.8 x 10-5)  + log{(1.0/1.5)}= 4.56
                             [HAc]

After 25ml of NaOH are added, we are at the equivalence point and the acetate ion goes through hydrolysis. 2.5 x 10-3 mol Ac- in 50ml solution has molarity of 0.05M
Ac-  +  H2O   [image: image31.png]


  HAc  +  OH-           Kb = Kw ÷ Ka = 5.6 x 10-10
	species
	Ac-
	OH-
	HAc

	Initial condition
	0.05 M
	0
	0

	change
	- x
	+ x
	+x

	equilibrium
	0.05  -  x
	x
	x


  Kb  =    [HAc][ OH-]   =     [x][x]     =  5.6 x10-10,    x <<  0.05 M    
               [Ac-]                      0.05 –x

Then  =     [x][x]      =   5.6 x 10-10,   x   =  5.3 x 10-6  =  [OH-]

                    0.05

pOH = -log[OH-] = -log( 5.3 x 10-6) = 5.28

pH = 14 – pOH = 14 – 5.28 = 8.72
After 35 ml of NaOH are added, acetate ion and hydroxide ion are in solution to give a basic pH. The acetate ion concentration does not change much. But the hydroxide ion concentration does increase from a comparatively small concentration (5.3 x 10-6M) when the extra 1 x10-3 mole  is added to the new solution volume of 60ml. The essential hydroxide concentration is 1 x 10-3mol divided by 60ml for a OH- concentration of 0.0167M. => pOH = 1.78 => pH = 14 – 1.78 = 12.22
Acetic acid (HAc, Ka = 1.8 x 10-5 )

HAc (0.1M, 25 mL)  +  NaOH (0.1M, 35 mL)   →    NaAc  +  H2O
	Total Vol NaOH added 
	HAc present after
	NaOH mmol used
	NaAc present after
	Progress of Rxn
	pH of soln after

	0mL
	2.5 mmol
	0 mmol
	0 mmol
	Before Rxn
	2.87

	10 mL
	1.5 mmol
	1.0 mmol
	1.0 mmol
	
	4.56

	12.5 mL
	1.25 mmol
	1.25 mmol
	1.25 mmol
	½ equiv. pt.
	 pKa = 4.74

	25 mL
	0 mmol
	2.5 mmol
	2.5 mmol 
	Equiv. pt
	8.72

	35 mL
	0 mmol
	1.0 mmol
	2.5 mmol
	Beyond equiv. pt.
	12.22


Solubility Product and Equilibria
Another kind of equilibrium that occurs is the equilibrium between a precipitate and its respective cation and anion. The equilibrium constant is designated as Ksp. Since the precipitate is in solid phase, its concentration is 1. So Ksp is equal to the multiplication of the concentrations of the cation and anion raised to the powers equal to their coefficients in the equilibrium expression. Ex.

AgCl(s)  [image: image32.png]


 Ag+(aq)  +  Cl-(aq)         Ksp = [Ag+][Cl-]

MgF2(s)  [image: image33.png]


 Mg+2(aq)  +  2F-(aq)     Ksp = [Mg+2][F-]2.

Ca3(PO4)2(s) [image: image34.png]


  3Ca+2(aq)  +  2PO4-3(aq)    Ksp = [Ca+2]3[PO4-3]2.

Ksp is a way to express a substance’s solubility. Also, there is molar solubility (s) and solubility in grams per liter of solution.
The Ksp expression in molar solubility for AgCl:

Ksp = ss = s2.

For MgF2  Ksp = s(2s)2 = 4s3.

For Ca3(PO4)2   Ksp = (3s)3(2s)2 = 108s5
If Q is the ion product other than the point of equilibrium, then:

Q < Ksp means solution is unsaturated ( no precipitate)

Q = Ksp means solution is saturated (no precipitate)

Q > Ksp means solution is supersaturated ( precipitate is formed)

Common Ion Effect Also in Ksp equilibria.
Separation Of Ions in Solution.
Ba+2, Pb+2
Cl-, Br-, I-
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