Chapter 4

Chemical Reactions and Solutions

Chapter Objectives:  Aqueous reactions, those carried out in water, have many important applications both in nature and in the laboratory.  This chapter will explore a few basic categories of aqueous reactions and their applications.
Reading:  Pgs. 139 - 177
Problems:  

Day 1 (4.1 – 4.3): page 180 (13, 15, 23a/b, 25, 27, 29, 31, 33, 35, 37, 39)


Day 2 (4.4 – 4.7): page 182 (43, 45, 47, 51, 55, 61)

Day 3 (4.8): page 183 (65, 67, 69, 71, 75)

Day 4 (4.9): Redox worksheet (A – D)

Day 5 (4.10):  Redox worksheet (E – F)
You should be able to:

1. Define an electrolyte.
2. Calculate ion concentrations in solution.
3. Know the difference between strong and weak acids and strong and weak bases.
4. Describe neutralization reactions.
5. Describe titrations and be able to solve titration problems.
6. Predict whether or not precipitation will occur in a reaction.  Know the solubility rules in Table 4.1 (pg 156).
7. Know the rules for assigning oxidation states.
8. Know the rules for balancing oxidation-reduction reactions.
Chapter 4: Reactions and Solutions

[image: image1.emf]4.1  Water, the Common Solvent

A.  Structure of water


1.  Oxygen’s electronegativity is high



(3.5) and hydrogen’s is low (2.1)


2.  Water is a bent molecule


3.  Water is a polar molecule

B.  Hydration of Ionic Solute Molecules


1.  Positive ions are attracted to the oxygen end of water.


2.  Negative ions are attracted to the hydrogen end of water.

C.  Hydration of Polar Solute Molecules – SEE FIGURE 4.2 (pg. 140)

1.  The ( – ) end of polar solute molecules are attracted to water’s H’s.


2.  The ( + ) end of polar solute molecules are attracted to water’s O.

D.  “Like Dissolves Like”


1.  Polar and ionic compounds dissolve in polar solvents like water.


2.  Nonpolar compounds dissolve in nonpolar solvents like benzene.
4.2  The Nature of Aqueous Solutions:  Strong and Weak Electrolytes


A.  Definition of Electrolytes – SEE FIGURE 4.4 (pg. 142)


1.  A substance that, when dissolved in water, produces a solution that

                          can conduct an electric current.


2.  Electric current – from the flow of charged particles (e- or ions)



3.  Vocab:  solute – gets dissolved      solvent – does the dissolving

B.  Strong electrolytes conduct current very efficiently



1.  Completely ionized when dissolved in water




a.  Ionic compounds




b.  Strong acids (HNO3(aq), H2SO4(aq), HCl(aq))
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c.  Strong bases (KOH, NaOH)


C.  Weak electrolytes conduct only a small current



1.  Slightly ionized in solution




a.  Weak acids (organic acids: acetic, 

                                                            citric, butyric, malic)




b.  Weak bases (ammonia)


D.  Nonelectrolytes conduct no current



1.  No ions are present in solution




a.  alcohols, sugars

4.3  The Composition of Solutions


A.  Molarity - moles of solute per liter of solution



1.  M = molarity = moles of solute / liters of solution


B.  Concentration of Ions in Solution



1.  Ionic compounds dissociate in solution, multiplying the molarity by the

                           number of ions present.


C.  Moles from Concentration



1.  Liters of solution x molarity = moles of solute


D.  Solutions of Known Concentration



1.  Standard solution – a solution whose concentration is accurately

                           known.



2.  Preparation of Standard solutions




How much x How strong x What does it weigh?




         L       x       mol/L    x         g/mol            = grams required to 

                                                                                                         prepare the standard


E.  Dilution



1.  SEE FIGURE 4.12, pg. 153.

2.  Dilution of a volume of solution with water does not change the number

                           of moles present.



3.  Solving dilution problems:  M1V1 = M2V2
Examples: 

1) Calculate the molarity of a solution prepared by dissolving 11.5 g of solid NaOH in enough water to make 1.50 L of solution.

2) Calculate the molarity of a solution prepared by dissolving 1.56g of gaseous HCl in enough water to make 26.8 mL of solution.

3) Give the concentration of each type of ion in the following solutions:

a. 0.50 M Co(NO3)2
b. 1 M Fe(ClO4)3
4) Calculate the number of moles of Cl- ions in 1.75 L of 1.0 x 10-3 M ZnCl2.

5) Typical blood serum is about 0.14 M NaCl. What volume of blood contains 1.0 mg of NaCl?

6) To analyze the alcohol content of a certain wine, a chemist needs 1.00 L of an aqueous    0.200 M K2Cr2O7 (potassium dichromate) solution. How much solid K2Cr2O7 must be weighed out to make this solution?

7) What volume of 16 M sulfuric acid must be used to prepare 1.5 L of a 0.10 M H2SO4 solution?

4.4  Types of Chemical Reactions


A.  Precipitation reactions



1.  When two solutions are mixed, an insoluble solid forms.


B.  Acid-Base reactions



1.  A soluble hydroxide and a soluble acid react to form water and a salt.


C.  Oxidation-Reduction reactions (redox rxns)



1.  Reactions in which one or more electrons are transferred. 
4.5  Precipitation Reactions


A.  Dissociation


1.  Ionic compounds dissolve in water and the ions separate and move

                           independently




AgNO3 (aq)  +  NaCl (aq)  (  products




Ag+ (aq)  +  NO3- (aq)  +  Na+ (aq)  +  Cl- (aq)  ( products


B.  Determination of Products



1.  Recombination of ions




a.  AgNO3
 NaCl
      AgCl
NaNO3


2.  Elimination of reactants as products




a.  AgNO3 and NaCl are reactants and can’t be products
3.  Identifying the precipitate




a.  “Switch partners” of reactant pairs to determine the products




b.  AgCl and NaNO3 are the products




c.  AgCl is insoluble, so it is the white precipitate




d.  If there is no insoluble product, the reaction does not occur





NaCl(aq)  +  KNO3(aq)  (  NaNO3(aq)  +  KCl(aq)





   * Both products are soluble and all ions remain 

                                                 independent in solution; no reaction occurs:  
                                                 Na+(aq), Cl-(aq), K+(aq), NO3-(aq)

	Table 4.1  Simple Rules for the Solubility of Salts in Water

	1.  Most nitrates are soluble.

2. Most salts containing the alkali metal ions (Li+, Na+, K+, Cs+, Rb+) and the ammonium (NH4+) ion are soluble.

3. Most chloride, bromide, and iodide salts are soluble, except with silver (Ag+), lead (Pb2+) and mercury (Hg2+).

4. Most sulfate salts are soluble, except barium, calcium, lead, and mercury.

5. Most hydroxide salts are only slightly soluble.  The important soluble hydroxides are NaOH and KOH.  

6. Most sulfides, carbonates, chromates, and phosphates are only slightly soluble.


4.6  Describing Reactions in Solution


A.  The Molecular Equation



1.  Gives the overall reaction stoichiometry, not necessarily the actual

                           forms of reactants and products in solution:




Na2CO3(aq)  +  Ca(NO3)2(aq)  (  2NaNO3(aq)  +  CaCO3(s)


B.  The Complete Ionic Equation



1.  Represents as ions all reactants and products that are strong

                           Electrolytes.

2Na+(aq)  +  CO32-(aq)  +  Ca2+(aq)  +  2NO3-(aq) ( 2Na+(aq)  +  2NO3-(aq)  + CaCO3(s)


C.  The Net Ionic Equation



1.  Includes only those components that take part in the chemical change.



2.  Spectators are eliminated.




Ca2+(aq)  +  CO32-(aq)  (  CaCO3(s)

Example: Write the overall reaction, ionic equation and net ionic equation for the reaction between KBr and Pb(NO3)2.
4.7  Stoichiometry of Precipitation Reactions


A.  Determine what reaction takes place.


B.  Write the balanced net ionic equation for the reaction.


C.  Use the mole-to-mole ratio (and known converstions) to convert from

                 reactants to products.
Examples:

1) Calculate the mass of solid NaCl that must be added to 1.50 L of a 0.100 M AgNO3 solution to precipitate all the Ag+ ions in the form of AgCl.
2) When aqueous solutions of Na2SO4 and Pb(NO3)2 are mixed, PbSO4 precipitates. Calculate the mass of PbSO4 formed when 1.25 L of 0.0500 M Pb(NO3)2 and 2.00 L of 0.0250 M Na2SO4 are mixed.

4.8  Acid-Base Reactions (Neutralization Reactions)


A.  Definitions



1.  Bronsted-Lowry:  Acids are proton (H+) donors, bases are proton

                                                       Acceptors
9.  Arrhenius:  Acids ( H+ in solution 
                    Bases ( OH- in solution     

B.  Strong vs. Weak



1.  Strong acids/bases ( completely ionize in solution; good conductors.  


2.  Weak acids/bases ( only partly ionize in solution; weak conductors.

	Strong Acids
	Strong Bases

	HCl, HBr, HI, 

HNO3, H2SO4, HClO4
	Group 1 hydroxides: LiOH, NaOH, KOH, RbOH, CsOH

Group 2 hydroxides: Mg(OH)2, Ca(OH)2, Sr(OH)2, Ba(OH)2  (not very soluble in water)


Tips for remembering:  Oxyacids – If there are at least 2 more O’s than H’s, it is strong.




     Bases – Group 1 and group 2 hydroxides


C.  Net ionic equation for acid-base reactions:



1.  H+(aq)  + OH-(aq)  ( H2O(l)  IF strong acid, strong base Arrhenius reaction!


2. Remember that weak acids/bases cannot be broken apart for an ionic equation

     because they do not dissociate completely! Therefore the NIE will look different.

Example: KOH + HF  ( H2O + KF

Ionic Equation: K+ + OH- + HF ( H2O + K+ + F-
Write the NIE: 



3.  The hydroxide ion can be assumed to completely react with even a

      weak acid in solution.

Neutralization examples:
1) What volume of a 0.100 M HCl solution is needed to neutralize 25.0 mL of 0.350 M NaOH?

2) In a certain experiment, 28.0 mL of 0.250 M HNO3 and 53.0 mL of 0.320 M KOH are mixed. What is the concentration of H+ or OH- ions in excess after the reaction goes to completion?

D.  Acid-Base Titrations  - technique that uses a neutralization rxn to determine

                                                       the concentration of an unknown solution.


1.  Vocabulary:




a.  Titrant – solution of known concentration.




b.  Analyte – Solution of unknown concentration.




c.  Equivalence point – Point at which the amount of titrant added to

 
     analyte results in perfect neutralization.




d.  Indicator – a substance that changes color based on pH



3.  Endpoint – the point at which the indicator changes color.



2.  Requirements for a successful titration.




a.  The exact reaction between titrant and analyte must be known.




b.  The reaction must proceed rapidly.




c.  The equivalence point must be marked accurately (select the

     appropriate indicator).




d.  The volume of titrant required to reach the equivalence point

      must be known accurately.




e.  For acid-base titrations, the titrant should be a strong acid or

     strong base.

10.  Solving titration problems:

       Example – What volume of 0.01060 M HBr is needed to neutralize

                         25.00 mL of 0.01580 M Ba(OH)2?

a. Write the balanced equation for the neutralization reaction to determine the mole-to-mole ratio.

Ex.  2HBr  +  Ba(OH)2  (  2H2O  +  BaBr2
b.  You can solve, using 1 of two methods:

MAVA = MBVB             where M = molarity (mol/L)

    nA         nB                          V = volume (L)

                                               n = moles (coefficient in rxn)

OR


                                      Liters A     moles A          moles B              

                                                       Liters A           moles A        Liters B
                                       Answer:  74.53 mL HBr (or 7.453 x 10-2 L HBr)

4.9  Oxidation-Reduction Reactions (redox)


A.  Electron transfer (LEO says GER)



1.  Lose electrons = oxidation



2.  Gain electrons = reduction



3.  In all redox rxns, the (# of e- gained) HAS to = (# e- lost)


B.  Examples of redox rxns



1.  Photosynthesis



2.  Combustion of fuels



3.  Oxidation of sugars, fats, proteins for energy.

	Rules for Assigning Oxidation Numbers
	Summary

	1.  The oxidation number of the atom of a free element is zero.  Ex.  Na   ( 0
	element ( 0

	2.  The oxidation number of a monatomic ion equals its charge.  Ex.  Na+  ( +1
	

	3.  In compounds, oxygen has an oxidation number of -2, except in peroxides, where it is -1.
	oxygen ( -2

	4.  In compounds containing hydrogen, hydrogen has an oxidation number of +1.
	hydrogen ( +1

	5.  In compounds, fluorine is ALWAYS assigned an oxidation number of -1.
	fluorine ( -1

	6.  The sum of the oxidation states for an electrically neutral compound must be zero.
	



C.  Noninteger Oxidation States


1.  Fe3O4 ( Magnetite




a.  Oxidation number for each iron averages to +8/3




b.  Magnetite contains two Fe3+ ions and one Fe2+

D.  Characteristics of Oxidation-Reduction Reactions



1.  The oxidized substance (just ONE element)



a.  loses electrons




b.  increases oxidation state



2.  The reduced substance (just ONE element)



a.  gains electrons




b.  decreases oxidation state


Ex.     N2O4   +   2N2H4   (   3N2   +   4H2O

E.  Half-reactions:  Pull out JUST oxidation or JUST reduction and balance the

                 half reactions.  THEN put them back together.  For half-reactions:


1.  Balance the number of ATOMS



2.  Determine the number of electrons gained or lost:




(# of atoms) x (difference in charge) = #e-


3.  Always put electrons on the side with the HIGHER charge.
F.  Disproportionation reaction – same reactant is both oxidized and reduced.

G.  Metals are reducing agents. 

Reducing Strength of Metals
   
K          Powerful (Best RA, Worst OA)

Na

Ca

Mg        Strong

Al

Cr

Zn         Good

Fe

Cd

Ni           Fair

Sn

Pb

H2

Cu         Poor

Ag

Hg        Worst RA, Best OA

4.10  Balancing Oxidation-Reduction Equations:  

1.  Assign oxidation numbers to identify species oxidized and reduced.

2.  Adjust coefficients of reactants to make (# e- gained) = (# e- lost)


3.  Balance products by inspection.


4.  Multiply coefficients by a factor to remove fractional coefficients.


5.  Check number of atoms and charge for balance

Note:  Acidic solutions usually contains H2O and H+.


Basic solutions usually contain H2O and OH-.

Examples: Balance the following in an ACIDIC solution:
1) NH3 +  NO  (  N2  +  H2O
2) Acid:  MnO4-  +  Fe2+  (  Fe3+  +  Mn2+
Balance the following example for a BASIC solution:
3) H+  +  Cr2O72-  +  C2H5OH  (  Cr3+  +  CO2  +  H2O
4) Cr  +  CrO42-  (  Cr(OH)3
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