 Lecture Outline Unit 1 – Chapters 1 -4
1.1 The Study of Chemistry

•
Chemistry: 


•
is the study of properties of materials and changes that they undergo.  



•
can be applied to all aspects of life (e.g., development of pharmaceuticals, leaf color change in fall, etc.).

The Atomic and Molecular Perspective of Chemistry,,,,,,

Chemistry involves the study of the properties and the behavior of matter.  
•
Matter:



•
is the physical material of the universe.


•
has mass.


•
occupies space.  


•
~100 elements constitute all matter.


•
A property is any characteristic that allows us to recognize a particular type of matter and to distinguish it from other types of matter.
•
Elements:



•
are made up of unique atoms, the building blocks of matter.



•
Names of the elements are derived from a wide variety of sources (e.g., Latin or Greek, mythological characters, names of people or places).

•
Molecules:




•
are combinations of atoms held together in specific shapes.



•
Macroscopic (observable) properties of matter relate to submicroscopic realms of atoms.



•
Properties relate to composition (types of atoms present) and structure (arrangement of atoms) present.  

Why Study Chemistry?
We study chemistry because:
•
it has a considerable impact on society (health care, food, clothing, conservation of natural resources, environmental issues etc.).

•
it is part of your curriculum!  Chemistry serves biology, engineering, agriculture, geology, physics, etc..  Chemistry is the central science.

1.2 Classifications of Matter

•
Matter is classified by state (solid, liquid or gas) or by composition (element, compound or mixture).
States of Matter
•
Solids, liquids and gases are the three forms of matter called the states of matter.

•
Properties described on the macroscopic level:
•
gas (vapor):  no fixed volume or shape, conforms to shape of container, compressible.

•
liquid:  volume independent of container, no fixed shape, incompressible.

•
solid:  volume and shape independent of container, rigid, incompressible.

•
Properties described on the molecular level:

•
gas:  molecules far apart, move at high speeds, collide often.

•
liquid:  molecules closer than gas, move rapidly but can slide over each other.

•
solid:  molecules packed closely in definite arrangements.

Pure Substances,

•
Pure substances:


•
are matter with fixed compositions and distinct proportions.


•
are elements (cannot be decomposed into simpler substances, i.e. only one kind of atom) or compounds (consist of two or more elements).

•
Mixtures:



•
are a combination of two or more pure substances.

•
Each substance retains its own identity.

Elements
•
There are 116 known elements.

•
They vary in abundance.
•
Each is given a unique name and is abbreviated by a chemical symbol.

•
they are organized in the periodic table.
•
Each is given a one- or two-letter symbol derived from its name.

Compounds,

•
Compounds are combinations of elements.
Example: The compound H2O is a combination of the elements H and O.

•
The opposite of compound formation is decomposition.
•
Compounds have different properties than their component elements (e.g., water is liquid, but hydrogen and oxygen are both gases at the same temperature and pressure).

•
Law of Constant (Definite) Proportions (Proust): A compound always consists of the same combination of elements (e.g., water is always 11% H and 89% O).

Mixtures,


•
A mixture is a combination of two or more pure substances.


•
Each substance retains its own identity; each substance is a component of the mixture.


•
Mixtures have variable composition.

•
Heterogeneous mixtures do not have uniform composition, properties, and appearance, e.g., sand.

•
Homogeneous mixtures are uniform throughout, e.g., air; they are solutions.

1.3 Properties of Matter

•
Each substance has a unique set of physical and chemical properties.


•
Physical properties are measured without changing the substance (e.g., color, density, odor, melting point, etc.).


•
Chemical properties describe how substances react or change to form different substances (e.g., hydrogen burns in oxygen).
•
Properties may be categorized as intensive or extensive.


•
Intensive properties do not depend on the amount of substance present (e.g., temperature, melting point etc.).


•
Extensive properties depend on the quantity of substance present (e.g., mass, volume etc.).



•
Intensive properties give an idea of the composition of a substance whereas extensive properties give an indication of the quantity of substance present.

Physical and Chemical Changes,,,

•
Physical change: substance changes physical appearance without altering its identity (e.g., changes of state).

•
Chemical change (or chemical reaction): substance transforms into a chemically different substance (i.e. identity changes, e.g., decomposition of water, explosion of nitrogen triiodide).

Separation of Mixtures
•
Key: separation techniques exploit differences in properties of the components.


•
Filtration: remove solid from liquid.


•
Distillation: boil off one or more components of the mixture.

•
Chromatography: exploit solubility of components.
The Scientific Method
•
The scientific method provides guidelines for the practice of science.  


•
Collect data (observe, experiment, etc.).


•
Look for patterns, try to explain them, and develop a hypothesis or tentative explanation.


•
Test hypothesis, then refine it.


•
Bring all information together into a scientific law (concise statement or 
equation that summarizes tested hypotheses).


•
Bring hypotheses and laws together into a theory.  A theory should explain general principles.

1.4 Units of Measurement
•
Many properties of matter are quantitative, i.e., associated with numbers.  

•
A measured quantity must have BOTH a number and a unit.  

•
The units most often used for scientific measurement are those of the metric system.

SI Units
•
1960: All scientific units use Système International d’Unités (SI Units).

•
There are seven base units.
•
Smaller and larger units are obtained by decimal fractions or multiples of the base units.
Length and Mass
•
SI base unit of length = meter (1 m = 1.0936 yards).

•
SI base unit of mass (not weight) = kilogram (1 kg = 2.2 pounds).

•
Mass is a measure of the amount of material in an object.  

Temperature
•
Temperature is the measure of the hotness or coldness of an object.
•
Scientific studies use Celsius and Kelvin scales.

•
Celsius scale: water freezes at 0(C and boils at 100(C (sea level).

•
Kelvin scale (SI Unit):


•
Water freezes at 273.15 K and boils at 373.15 K (sea level).

•
is based on properties of gases.

•
Zero is the lowest possible temperature (absolute zero).

•
0 K = –273.15(C.

•
Fahrenheit (not used in science): 

•
Water freezes at 32(F and boils at 212(F (sea level).

•
Conversions:
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Derived SI Units

•
These are formed from the seven base units.

•
Example: Velocity is distance traveled per unit time, so units of velocity are units of distance (m) divided by units of time (s): m/s.

Volume
•
Units of volume = (units of length)3 = m3.  

•
This unit is unrealistically large, so we use more reasonable units:

•
cm3 [also known as mL (milliliter) or cc (cubic centimeters)]


•
dm3 (also known as liters, L).

•
Important: the liter is not an SI unit.

Density
•
Is used to characterize substances.

•
Density is defined as mass divided by volume.
•
Units: g/cm3 or g/mL (for solids and liquids); g/L (often used for gases).

•
Was originally based on mass (the density was defined as the mass of 1.00 g of pure water at 25(C).

1.5 Uncertainty in Measurement

•
There are two types of numbers: 



•
exact numbers (known as counting or defined).


•
inexact numbers (derived from measurement).

•
All measurements have some degree of uncertainty or error associated with them.  
Precision and Accuracy
•
Precision: how well measured quantities agree with each other.

•
Accuracy: how well measured quantities agree with the “true value.”
•
Figure 1.24 is very helpful in making this distinction.  

Significant Figures
•
In a measurement it is useful to indicate the exactness of the measurement.  This exactness is reflected in the number of significant figures.  

•
Guidelines for determining the number of significant figures in a measured quantity are:  


•
The number of significant figures is the number of digits known with certainty plus one uncertain digit.  (Example: 2.2405 g means we are sure the mass is 2.240 g but we are uncertain about the nearest 0.0001 g.)


•
Final calculations are only as significant as the least significant measurement.

•
Rules:


1.  Nonzero numbers and zeros between nonzero numbers are always significant.


2.  Zeros before the first nonzero digit are not significant.  (Example: 0.0003 has one significant figure.)


3.  Zeros at the end of the number after a decimal point are significant.

      4.  Zeros at the end of a number before a decimal point are ambiguous (e.g., 10,300 g).  Exponential


    notation eliminates this ambiguity.  

•
Method:


1.  Write the number in scientific notation.


2.  The number of digits remaining is the number of significant figures.


3.  Examples:



2.50 x 102 cm has 3 significant figures as written.



1.03 x 104 g has 3 significant figures.



1.030 x 104 g has 4 significant figures.



1.0300 x 104 g has 5 significant figures.

Significant Figures in Calculations
•
Multiplication and division: 


•
Report to the least number of significant figures 



(e.g., 6.221 cm x 5.2 cm = 32 cm2).

•
Addition and subtraction: 


•
Report to the least number of decimal places 



(e.g., 20.4 g – 1.322 g = 19.1 g).

•
In multiple step calculations always retain an extra significant figure until the end to prevent rounding errors.

1.6 Dimensional Analysis
•
Dimensional analysis is a method of calculation utilizing a knowledge of units.

•
Given units can be multiplied and divided to give the desired units. 

•
Conversion factors are used to manipulate units.



•
desired unit = given unit x (conversion factor)

•
The conversion factors are simple ratios.



•
conversion factor = (desired unit) / (given unit)



•
These are fractions whose numerator and denominator are the same quantity expressed in different units.



•
Multiplication by a conversion factor is equivalent to multiplying by a factor of one.

Using Two or More Conversion Factors

•
We often need to use more than one conversion factor in order to complete a problem.  

•
When identical units are found in the numerator and denominator of a conversion, they will cancel.  The final answer MUST have the correct units.  

•
For example:  


•
Suppose that we want to convert length in meters to length in inches.  We could do this conversion with the following conversion factors:  



•
1 meter = 100 centimeters and 1 inch  = 2.54 centimeters

•
The calculation would involve both conversion factors; the units of the final answer will be inches:


• 
(# meters) (100 centimeters / 1 meter) (1 inch / 2.54 centimeters) = # inches

Conversions Involving Volume

•
We will often encounter conversions from one measure to a different measure.

•
For example:


•
Suppose that we wish to know the mass in grams of 2.00 cubic inches of gold given that the density of the gold is 19.3 g/cm3.  


•
We could do this conversion with the following conversion factors:

2.54 cm = 1 inch and 1 cm3 = 19.3 g gold


•
The calculation would involve both of these factors:

(2.00 in.3) (2.54 cm / in.)3 (19.3 g gold  / 1 cm3) = 633 g gold


•
Note that the calculation will NOT be correct unless the centimeter to inch conversion factor is cubed!!  Both the units AND the number must be cubed.  

Summary of Dimensional Analysis

•
In dimensional analysis always ask three questions:


1.  What data are we given?


2.  What quantity do we need?


3.  What conversion factors are available to take us from what we are given to what we need?

Chapter 2. Atoms, Molecules, and Ions

Common Student Misconceptions

•
Students have problems with the concept of amu.

•
Beginning students often do not see the difference between empirical and molecular formulas.

•
Students think that polyatomic ions can easily dissociate into smaller ions.

•
Students often fail to recognize the importance of the periodic table as a tool for organizing and remembering chemical facts.  

•
It is critical that students learn the names and formulas of common and polyatomic ions as soon as possible.  They sometimes need to be told that this information will be used throughout their careers as chemists (even if that career is only one semester).

•
Students often cannot relate the charges on common ions to their position on the periodic table.

Lecture Outline

2.1 The Atomic Theory of Matter
•
Greek Philosophers: Can matter be subdivided into fundamental particles?

•
Democritus (460–370 BC): All matter can be divided into indivisible atomos.

•
Dalton: proposed atomic theory with the following postulates:


•
Elements are composed of atoms.


•
All atoms of an element are identical.


•
In chemical reactions atoms are not changed into different types of atoms.  Atoms are neither created nor destroyed.


•
Compounds are formed when atoms of elements combine.

•
Atoms are the building blocks of matter.

•
Law of constant composition: The relative kinds and numbers of atoms are constant for a given compound.

•
Law of conservation of mass (matter): During a chemical reaction, the total mass before the reaction is equal to the total mass after the reaction.



•
Conservation means something can neither be created nor destroyed.  Here, it applies to matter (mass).  Later we will apply it to energy (Chapter 5).  

•
Law of multiple proportions: If two elements, A and B, combine to form more than one compound, then the mass of B, which combines with the mass of A, is a ratio of small whole numbers.
•
Dalton’s theory predicted the law of multiple proportions.

2.2 The Discovery of Atomic Structure
•
By 1850 scientists knew that atoms consisted of charged particles.

•
Subatomic particles are those particles that make up the atom.

•
Recall the law of electrostatic attraction: like charges repel and opposite charges attract.

Cathode Rays and Electrons
•
Cathode rays were first discovered in the mid-1800s from studies of electrical discharge through partially evacuated tubes (cathode-ray tubes or CRTs).


•
Computer terminals were once popularly referred to as CRTs (cathode-ray tubes).  


•
Cathode rays = radiation produced when high voltage is applied across the tube.

•
The voltage causes negative particles to move from the negative electrode (cathode) to the positive electrode (anode).

•
The path of the electrons can be altered by the presence of a magnetic field.
•
Consider cathode rays leaving the positive electrode through a small hole.


•
If they interact with a magnetic field perpendicular to an applied electric field, then the cathode rays can be deflected by different amounts.


•
The amount of deflection of the cathode rays depends on the applied magnetic and electric fields.


•
In turn, the amount of deflection also depends on the charge-to-mass ratio of the electron.


•
In 1897 Thomson determined the charge-to-mass ratio of an electron.



•
Charge-to-mass ratio: 1.76 x 108 C/g.



•
C is a symbol for coulomb. 




•
It is the SI unit for electric charge.  

•
Millikan Oil-Drop Experiment


•
Goal: find the charge on the electron to determine its mass. 

•
Oil drops are sprayed above a positively charged plate containing a small hole. 


•
As the oil drops fall through the hole they acquire a negative charge.


•
Gravity forces the drops downward.  The applied electric field forces the drops upward.


•
When a drop is perfectly balanced, then the weight of the drop is equal to the electrostatic force of attraction between the drop and the positive plate.


•
Millikan carried out the above experiment and determined the charges on the oil drops to be multiples of 1.60 x 10–19 C.  


•
He concluded the charge on the electron must be 1.60 x 10–19 C.  
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•
Knowing the charge-to-mass ratio of the electron, we can calculate the mass of the electron:

Radioactivity
•
Radioactivity is the spontaneous emission of radiation.

•
Consider the following experiment:


•
A radioactive substance is placed in a lead shield containing a small hole so that a beam of radiation is emitted from the shield.


•
The radiation is passed between two electrically charged plates and detected.


•
Three spots are observed on the detector:



1.
a spot deflected in the direction of the positive plate,



2.
a spot that is not affected by the electric field, and



3.
a spot deflected in the direction of the negative plate.


•
A large deflection towards the positive plate corresponds to radiation that is negatively charged and of low mass.  This is called (-radiation (consists of electrons).


•
No deflection corresponds to neutral radiation.  This is called -radiation (similar to X-rays).


•
A small deflection toward the negatively charged plate corresponds to high mass, positively charged radiation.  This is called -radiation (positively charged core of a helium atom)  



•
X-rays and  radiation are true electromagnetic radiation, whereas - and -radiation are actually streams of particles--helium nuclei and electrons, respectively.  

The Nuclear Atom
•
The plum pudding model is an early picture of the atom.

•
The Thomson model pictures the atom as a sphere with small electrons embedded in a positively charged mass.
•
Rutherford carried out the following “gold foil” experiment:

•
A source of -particles was placed at the mouth of a circular detector.


•
The -particles were shot through a piece of gold foil.


•
Both the gold nucleus and the -particle were positively charged, so they repelled each other.  


•
Most of the -particles went straight through the foil without deflection.


•
If the Thomson model of the atom was correct, then Rutherford’s result was impossible.

•
Rutherford modified Thomson’s model as follows:


•
Assume the atom is spherical, but the positive charge must be located at the center with a diffuse negative charge surrounding it.


•
In order for the majority of -particles that pass through a piece of foil to be undeflected, the majority of the atom must consist of a low mass, diffuse negative charge -- the electron.


•
To account for the small number of large deflections of the -particles, the center or nucleus of the atom must consist of a dense positive charge.
2.3 The Modern View of Atomic Structure,

•
The atom consists of positive, negative, and neutral entities (protons, electrons and neutrons).

•
Protons and neutrons are located in the nucleus of the atom, which is small.  Most of the mass of the atom is due to the nucleus.
•
Electrons are located outside of the nucleus.  Most of the volume of the atom is due to electrons.

•
The quantity 1.602 x 10–19 C is called the electronic charge.  The charge on an electron is –1.602 x 10–19 C; the charge on a proton is +1.602 x 10–19 C; neutrons are uncharged.  


•
Atoms have an equal number of protons and electrons thus they have no net electrical charge.  

•
Masses are so small that we define the atomic mass unit, amu.


•
1 amu = 1.66054 x 10–24 g.


•
The mass of a proton is 1.0073 amu, a neutron is 1.0087 amu, and an electron is 5.486 x 10–4  amu.

•
The angstrom is a convenient non SI unit of length used to denote atomic dimensions.  


•
Since most atoms have radii around 1 x 10–10 m, we define 1 Å = 1 x 10–10 m.

Atomic Numbers, Mass Numbers, And Isotopes,,,
•
Atomic number (Z) = number of protons in the nucleus.

•
Mass number (A) = total number of nucleons in the nucleus (i.e., protons and neutrons).

•
By convention, for element X, we write . [image: image1.wmf]273.15
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•
Thus, isotopes have the same Z but different A.



•
There can be a variable number of neutrons for the same number of protons.  Isotopes have the same number of protons but different numbers of neutrons.

•
All atoms of a specific element have the same number of protons.


•
Isotopes of a specific element differ in the number of neutrons.


•
An atom of a specific isotope is called a nuclide.  



•
Examples:  Nuclides of hydrogen include:    




1H = hydrogen (protium), 2H = deuterium, 3H = tritium; tritium is radioactive.  

2.4 Atomic Weights

The Atomic Mass Scale
•
Consider 100 g of water:


•
Upon decomposition 11.1 g of hydrogen and 88.9 g of oxygen are produced.

•
The mass ratio of O to H in water is 88.9/11.1 = 8.


•
Therefore, the mass of O is 2 x 8 = 16 times the mass of H.


•
If H has a mass of 1, then O has a relative mass of 16.


•
We can measure atomic masses using a mass spectrometer.


•
We know 1H has a mass of 1.6735 x 10–24 g and 16O has a mass of 2.6560 x 10–23 g.

•
Atomic mass units (amu) are convenient units to use when dealing with extremely small masses of individual atoms.  

•
1 amu = 1.66054 x 10–24 g  and  1 g = 6.02214 x 1023 amu

•
By definition, the mass of 12C is exactly 12 amu.

Average Atomic Masses,

•
We average the masses of isotopes to give average atomic masses.

•
Naturally occurring C consists of 98.93% 12C (12 amu) and 1.07% 13C (13.00335 amu).

•
The average mass of C is: 


•
(0.9893)(12 amu) + (0.0107)(13.00335 amu) = 12.01 amu.

•
Atomic weight (AW) is also known as average atomic mass (atomic weight).

•
Atomic weights are listed on the periodic table.

The Mass Spectrometer,

•
A mass spectrometer is an instrument that allows for direct and accurate determination of atomic (and molecular) weights.

•
The sample is charged as soon as it enters the spectrometer.

•
The charged sample is accelerated using an applied voltage.

•
The ions are then passed into an evacuated tube and through a magnetic field.

•
The magnetic field causes the ions to be deflected by different amounts depending on their mass.

•
The ions are then detected.

•
A graph of signal intensity vs. mass of the ion is called a mass spectrum.  

2.5 The Periodic Table
•
The periodic table is used to organize the elements in a meaningful way.
•
As a consequence of this organization, there are periodic properties associated with the periodic table.

•
Rows in the periodic table are called periods.

•
Columns in the periodic table are called groups. 


•
Several numbering conventions are used (i.e., groups may be numbered from 1 to 18, or from 1A to 8A and 1B to 8B).

•
Some of the groups in the periodic table are given special names.

•
These names indicate the similarities between group members.


•
Examples:  



•
Group 1A: alkali metals



•
Group 2A: alkaline earth metals



•
Group 7A: halogens



•
Group 8A: noble gases

•
Metallic elements, or metals, are located on the left-hand side of the periodic table (most of the elements are metals).


•
Metals tend to be malleable, ductile, and lustrous and are good thermal and electrical conductors.

•
Nonmetallic elements, or nonmetals, are located in the top right-hand side of the periodic table.


•
Nonmetals tend to be brittle as solids, dull in appearance, and do not conduct heat or electricity well.

•
Elements with properties similar to both metals and nonmetals are called metalloids and are located at the interface between the metals and nonmetals.


•
These include the elements B, Si, Ge, As, Sb and Te.  

2.6 Molecules and Molecular Compounds
•
A molecule consists of two or more atoms bound tightly together.

Molecules and Chemical Formulas
•
Each molecule has a chemical formula.

•
The chemical formula indicates 


1.  which atoms are found in the molecule, and


2.  in what proportion they are found.

•
A molecule made up of two atoms is called a diatomic molecule.  

•
Different forms of an element, which have different chemical formulas, are known as allotropes.  Allotropes differ in their chemical and physical properties.  See Chapter 7 for more information on allotropes of common elements.  

•
Compounds composed of molecules are molecular compounds.


•
These contain at least two types of atoms.  


•
Most molecular substances contain only nonmetals.  

Molecular and Empirical Formulas

•
Molecular formulas

•
These formulas give the actual numbers and types of atoms in a molecule.


•
Examples: H2O, CO2, CO, CH4, H2O2, O2, O3, and C2H4.
•
Empirical formulas

•
These formulas give the relative numbers and types of atoms in a molecule (they give the lowest 
whole-number ratio of atoms in a molecule).  


•
Examples: H2O, CO2, CO, CH4, HO, CH2.

Picturing Molecules
•
Molecules occupy three-dimensional space.

•
However, we often represent them in two dimensions.

•
The structural formula gives the connectivity between individual atoms in the molecule.

•
The structural formula may or may not be used to show the three-dimensional shape of the molecule.

•
If the structural formula does show the shape of the molecule then either a perspective drawing, a ball-and-stick model, or a space-filling model is used.

•
Perspective drawings use dashed lines and wedges to represent bonds receding and emerging from the plane of the paper.


•
Ball-and-stick models show atoms as contracted spheres and the bonds as sticks.  




•
The angles in the ball-and-stick model are accurate.


•
Space-filling models give an accurate representation of the 3-D shape of the molecule.

2.7 Ions and Ionic Compounds
•
If electrons are added to or removed from a neutral atom, an ion is formed.

•
When an atom or molecule loses electrons it becomes positively charged.


•
Positively charged ions are called cations.

•
When an atom or molecule gains electrons it becomes negatively charged.


•
Negatively charged ions are called anions.

•
In general, metal atoms tend to lose electrons and nonmetal atoms tend to gain electrons.

•
When molecules lose electrons, polyatomic ions are formed (e.g. SO42–, NO3–).

Predicting Ionic Charges

•
An atom or molecule can lose more than one electron.

•
Many atoms gain or lose enough electrons to have the same number of electrons as the nearest noble gas (group 8A).

•
The number of electrons an atom loses is related to its position on the periodic table.
Ionic Compounds
•
A great deal of chemistry involves the transfer of electrons between species.
•
Example:


•

To form NaCl, the neutral sodium atom, Na, must lose an electron to become a cation: Na+.  


•

The electron cannot be lost entirely, so it is transferred to a chlorine atom, Cl, which then becomes an anion: Cl–.


•

The Na+ and Cl– ions are attracted to form an ionic NaCl lattice, which crystallizes.

•
NaCl is an example of an ionic compound consisting of positively charged cations and negatively charged anions.  


•
Important: note that there are no easily identified NaCl molecules in the ionic lattice.  Therefore, we cannot use molecular formulas to describe ionic substances.

•
In general, ionic compounds are combinations of metals and nonmetals, whereas molecular compounds are composed of nonmetals only.  

•
Writing empirical formulas for ionic compounds:


•
You need to know the ions of which it is composed.


•
The formula must reflect the electrical neutrality of the compound.


•
You must combine cations and anions in a ratio so that the total positive charge is equal to the total negative charge.  


•
Example:  Consider the formation of Mg3N2:



•
Mg loses two electrons to become Mg2+



•
Nitrogen gains three electrons to become N3–.



•
For a neutral species, the number of electrons lost and gained must be equal.



•
However, Mg can only lose electrons in twos and N can only accept electrons in threes.



•
Therefore, Mg needs to lose six electrons (2x3) and N gains those six electrons (3x2).



•
That is, 3Mg atoms need to form 3Mg2+ ions (total 3x2 positive charges) and 2N atoms need to form 2N3– ions (total 2x3 negative charges).



•
Therefore, the formula is Mg3N2.

Chemistry and Life: Elements Required by Living Organisms
•
Of the 116 elements known, only about 29 are required for life.
•
Water accounts for at least 70% of the mass of most cells.

•
Carbon is the most common element in the solid components of cells.

•
The most important elements for life are H, C, N, O, P and S (red).

•
The next most important ions are Na+, Mg2+, K+, Ca2+, and Cl– (blue).

•
The other required 18 elements are only needed in trace amounts (green); they are trace elements.

2.8 Naming Inorganic Compounds

•
Chemical nomenclature is the naming of substances.

•
Common names are traditional names for substances (e.g., water, ammonia).

•
Systematic names are based on a systematic set of rules.  

•
Divided into organic compounds (those containing C, usually in combination with H, O, N, or S) and inorganic compounds (all other compounds).  

Names and Formulas of Ionic Compounds
1.  Positive Ions (Cations)
•
Cations formed from a metal have the same name as the metal.


•
Example: Na+ = sodium ion.


•
Ions formed from a single atom are called monoatomic ions.  

•
Many transition metals exhibit variable charge.  


•
If the metal can form more than one cation, then the charge is indicated in parentheses in the name.



•
Examples: Cu+ = copper(I) ion; Cu2+ = copper(II) ion.


•
An alternative nomenclature method uses the endings -ous and -ic to represent the lower and higher charged ions, respectively.  



•
Examples: Cu+ = cuprous ion; Cu2+ = cupric ion.

•
Cations formed from nonmetals end in -ium.


•
Examples: NH4+ = ammonium ion; H3O+ = hydronium ion. 

2.  Negative Ions (Anions)
•
Monatomic anions (with only one atom) use the ending -ide.


•
Example: Cl– is the chloride ion.

•
Some polyatomic anions also use the -ide ending: 


•
Examples:  hydroxide, cyanide, and peroxide ions.

•
Polyatomic anions (with many atoms) containing oxygen are called oxyanions.  


•
Their names end in -ate or -ite.  (The one with more oxygen is called -ate.)


•
Examples: NO3– is nitrate; NO2– is nitrite.

•
Polyatomic anions containing oxygen with more than two members in the series are named as follows (in order of decreasing oxygen): 

•
per-….-ate

example:  
ClO4–

perchlorate

•
-ate




ClO3–

chlorate

•
-ite




ClO2–

chlorite

•
hypo-….-ite

ClO–

hypochlorite
•
Polyatomic anions containing oxygen with additional hydrogens are named by adding hydrogen or bi- (one H), dihydrogen (two H) etc., to the name as follows:


•
CO32– is the carbonate anion.


•
HCO3– is the hydrogen carbonate (or bicarbonate) anion.


•
PO43– is the phosphate ion.


•
H2PO4– is the dihydrogen phosphate anion.

3.  Ionic Compounds,
•
These are named by the cation then the anion.


•
Example: BaBr2 = barium bromide.

Names and Formulas of Acids
•
Acids are substances that yield hydrogen ions when dissolved in water (Arrhenius definition).  

•
The names of acids are related to the names of anions:


•
-ide becomes hydro-….-ic acid;

example:  
HCl
hydrochloric acid


•
-ate becomes -ic acid;



HClO4
perchloric acid


•
-ite becomes -ous acid.



HClO
hypochlorous acid

Names and Formulas of Binary Molecular Compounds
•
Binary molecular compounds have two elements.

•
The most metallic element (i.e., the one to the farthest left on the periodic table) is usually written first.  The exception is NH3.

•
If both elements are in the same group, the lower one is written first.

•
Greek prefixes are used to indicate the number of atoms (e.g., mono, di, tri).


•
The prefix mono is never used with the first element (i.e., carbon monoxide, CO).

•
Examples:


•
Cl2O is dichlorine monoxide.


•
N2O4 is dinitrogen tetroxide.


•
NF3 is nitrogen trifluoride.


•
P4S10 is tetraphosphorus decasulfide.

2.9 Some Simple Organic Compounds

•
Organic chemistry is the study of carbon-containing compounds.  


•
Organic compounds are those that contain carbon and hydrogen, often in 
combination with other elements.  
Alkanes
•
Compounds containing only carbon and hydrogen are called hydrocarbons.  

•
In alkanes each carbon atom is bonded to four other atoms.  

•
The names of alkanes end in -ane.  


•
Examples: methane, ethane, propane, butane.  

Some Derivatives of Alkanes,,,

•
When functional groups, specific groups of atoms, are used to replace hydrogen atoms on alkanes, new classes of organic compounds are obtained.


•
Alcohols are obtained by replacing a hydrogen atom of an alkane with an –OH group.  


•
Alcohol names derive from the name of the alkane and have an -ol ending.  



•
Examples: methane becomes methanol; ethane becomes ethanol.  


•
Carbon atoms often form compounds with long chains of carbon atoms.  



•
Properties of alkanes and derivatives change with changes in chain length.



•
Polyethylene, a material used to make many plastic products, is an alkane with thousands of carbons.  



•
This is an example of a polymer.  

•
Carbon may form multiple bonds to itself or other atoms.  

Chapter 3. Stoichiometry: Calculations with Chemical Formulas and Equations

Lecture Outline

3.1 Chemical Equations
•
The quantitative nature of chemical formulas and reactions is called stoichiometry.

•
Lavoisier observed that mass is conserved in a chemical reaction.

•
This observation is known as the law of conservation of mass.  

•
Chemical equations give a description of a chemical reaction.

•
There are two parts to any equation:


•
reactants (written to the left of the arrow) and


•
products (written to the right of the arrow):
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•
There are two sets of numbers in a chemical equation:

•
numbers in front of the chemical formulas (called stoichiometric coefficients) and


•
numbers in the formulas (they appear as subscripts).

•
Stoichiometric coefficients give the ratio in which the reactants and products exist.

•
The subscripts give the ratio in which the atoms are found in the molecule.


•
Example:




•
H2O means there are two H atoms for each one molecule of water.



•
2H2O means that there are two water molecules present.

•
Note: in 2H2O there are four hydrogen atoms present (two for each water molecule).

Balancing Equations,,,,,,,,,,

•
Matter cannot be lost in any chemical reaction.

•
Therefore, the products of a chemical reaction have to account for all the atoms present in the reactants--we must balance the chemical equation.  


•
When balancing a chemical equation we adjust the stoichiometric coefficients in front of chemical formulas.


•
Subscripts in a formula are never changed when balancing an equation.



•
Example: the reaction of methane with oxygen:
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•
Counting atoms in the reactants yields:



•
1 C;



•
4 H; and



•
2 O.


•
In the products we see:



•
1 C;



•
2 H; and



•
3 O.


•
It appears as though an H has been lost and an O has been created.  


•
To balance the equation, we adjust the stoichiometric coefficients:
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Indicating the States of Reactants and Products

•
The physical state of each reactant and product may be added to the equation:
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•
Reaction conditions occasionally appear above or below the reaction arrow (e.g., "" is often used to indicate the addition of heat).  

3.2 Some Simple Patterns of Chemical Reactivity

Combination and Decomposition Reactions,,,
•
In combination reactions two or more substances react to form one product.  

•
Combination reactions have more reactants than products.


•
Consider the reaction:

2Mg(s) + O2(g) →    2MgO(s)


•
Since there are fewer products than reactants, the Mg has combined with O2 to form MgO.



•
Note that the structure of the reactants has changed.



•
Mg consists of closely packed atoms and O2 consists of dispersed molecules.



•
MgO consists of a lattice of Mg2+ and O2– ions.

•
In decomposition reactions one substance undergoes a reaction to produce two or more other substances.  

•
Decomposition reactions have more products than reactants.


•
Consider the reaction that occurs in an automobile air bag:

2NaN3(s)  →     2Na(s) + 3N2(g)  


•
Since there are more products than reactants, the sodium azide has decomposed into sodium metal and nitrogen gas.

Combustion in Air

•
Combustion reactions are rapid reactions that produce a flame.  


•
Most combustion reactions involve the reaction of O2(g) from air.


•
Example:  combustion of a hydrocarbon (propane) to produce carbon dioxide and water.

C3H8(g) + 5O2(g) → 3CO2(g) + 4H2O(l)

3.3 Formula Weights

Formula and Molecular Weights
•
Formula weight (FW) is the sum of atomic weights for the atoms shown in the chemical formula.

•
Example:  FW (H2SO4) 




•
= 2AW(H) + AW(S) + 4AW(O)



•
= 2(1.0 amu) + 32.1 amu + 4(16.0 amu)



•
= 98.1 amu.

•
Molecular weight (MW) is the sum of the atomic weights of the atoms in a molecule as shown in the molecular formula.


•
Example:  MW (C6H12O6) 




•
= 6(12.0 amu) + 12 (1.0 amu) + 6 (16.0 amu)



•
= 180.0 amu.

•
Formula weight of the repeating unit (formula unit) is used for ionic substances.


•
Example:  FW (NaCl) 




•
= 23.0 amu + 35.5 amu



•
= 58.5 amu.

Percentage Composition from Formulas

•
Percentage composition is obtained by dividing the mass contributed by each element (number of atoms times AW) by the formula weight of the compound and multiplying by 100.

3.4 Avogadro’s Number and The Mole,

•
The mole (abbreviated "mol") is a convenient measure of chemical quantities.

•
1 mole of something = 6.0221421 x 1023 of that thing.


•
This number is called Avogadro’s number.  


•
Thus, 1 mole of carbon atoms = 6.0221421 x 1023 carbon atoms.

•
Experimentally, 1 mole of 12C has a mass of 12 g.

Molar Mass
•
The mass in grams of 1 mole of substance is said to be the molar mass of that substance.  Molar mass has units of g/mol (also written g(mol–1).

•
The mass of 1 mole of 12C = 12 g.

•
The molar mass of a molecule is the sum of the molar masses of the atoms:


•
Example:  The molar mass of N2 = 2 x (molar mass of N).

•
Molar masses for elements are found on the periodic table.

•
The formula weight (in amu) is numerically equal to the molar mass (in g/mol).
Interconverting Masses and Moles
•
Look at units:


•
Mass:  g


•
Moles:  mol


•
Molar mass: g/mol

•
To convert between grams and moles, we use the molar mass.
Interconverting Masses and Number of Particles

•
Units:



•
Number of particles: 6.022 x 1023 mol–1 (Avogadro’s number).


•
Note:  g/mol x mol = g (i.e. molar mass x moles = mass), and


•
mol x mol–1 = a number (i.e. moles x Avogadro’s number = molecules).

•
To convert between moles and molecules we use Avogadro’s number.
3.5 Empirical Formulas from Analyses
•
Recall that the empirical formula gives the relative number of atoms of each element in the molecule.

•
Finding empirical formula from mass percent data:


•
We start with the mass percent of elements (i.e. empirical data) and calculate a formula. 


•
Assume we start with 100 g of sample.

•
The mass percent then translates as the number of grams of each element in 100 g of sample.


•
From these masses, the number of moles can be calculated (using the atomic weights from the periodic table).


•
The lowest whole-number ratio of moles is the empirical formula.

•
Finding the empirical mass percent of elements from the empirical formula.

•
If we have the empirical formula, we know how many moles of each element is present in one mole of the sample.


•
Then we use molar masses (or atomic weights) to convert to grams of each element.


•
We divide the number of grams of each element by the number of grams of 1 mole of sample to get the fraction of each element in 1 mole of sample.


•
Multiply each fraction by 100 to convert to a percent.

Molecular Formula from Empirical Formula
•
The empirical formula (relative ratio of elements in the molecule) may not be the molecular formula (actual ratio of elements in the molecule).

•
Example: ascorbic acid (vitamin C) has the empirical formula C3H4O3.  


•
The molecular formula is C6H8O6.


•
To get the molecular formula from the empirical formula, we need to know the molecular weight, MW.


•
The ratio of molecular weight (MW) to formula weight (FW) of the empirical formula must be a whole number.

Combustion Analysis
•
Empirical formulas are routinely determined by combustion analysis.

•
A sample containing C, H, and O is combusted in excess oxygen to produce CO2 and 
H2O.

•
The amount of CO2 gives the amount of C originally present in the sample.

•
The amount of H2O gives the amount of H originally present in the sample.  


•
Watch the stoichiometry: 1 mol H2O contains 2 mol H.

•
The amount of O originally present in the sample is given by the difference between the amount of sample and the amount of C and H accounted for.

•
More complicated methods can be used to quantify the amounts of other elements present, but they rely on analogous methods.

3.6 Quantitative Information from Balanced Equations
•
The coefficients in a balanced chemical equation give the relative numbers of molecules (or formula units) involved in the reaction.

•
The stoichiometric coefficients in the balanced equation may be interpreted as:


•
the relative numbers of molecules or formula units involved in the reaction or


•
the relative numbers of moles involved in the reaction.

•
The molar quantities indicated by the coefficients in a balanced equation are called stoichiometrically equivalent quantities.  

•
Stoichiometric relations or ratios may be used to convert between quantities of reactants and products in a reaction.  

•
It is important to realize that the stoichiometric ratios are the ideal proportions in which reactants are needed to form products.

•
The number of grams of reactant cannot be directly related to the number of grams of product.


•
To get grams of product from grams of reactant:


•
convert grams of reactant to moles of reactant (use molar mass),



•
convert moles of one reactant to moles of other reactants and products (use the stoichiometric ratio from the balanced chemical equation), and then



•
convert moles back into grams for desired product (use molar mass).
3.7 Limiting Reactants
•
It is not necessary to have all reactants present in stoichiometric amounts.

•
Often, one or more reactants is present in excess.

•
Therefore, at the end of reaction those reactants present in excess will still be in the reaction mixture.

•
The one or more reactants that are completely consumed are called the limiting reactants or limiting reagents.


•
Reactants present in excess are called excess reactants or excess reagents.  

•
Consider 10 H2 molecules mixed with 7 O2 molecules to form water.


•
The balanced chemical equation tells us that the stoichiometric ratio of H2 to O2 is 2 to 1:

2H2(g) + O2(g) → 2H2O(l)


•
This means that our 10 H2 molecules require 5 O2 molecules (2:1).


•
Since we have 7 O2 molecules, our reaction is limited by the amount of H2 we have (the O2 is present in excess).


•
So, all 10 H2 molecules can (and do) react with 5 of the O2 molecules producing 10 H2O molecules.  


•
At the end of the reaction, 2 O2 molecules remain unreacted.
Theoretical Yields
•
The amount of product predicted from stoichiometry, taking into account limiting reagents, is called the theoretical yield.


•
This is often different from the actual yield -- the amount of product actually obtained in the reaction.  

•
The percent yield relates the actual yield (amount of material recovered in the laboratory) to the theoretical yield:

Chapter 4. Aqueous Reactions and Solution Stoichiometry

Lecture Outline

4.1 General Properties of Aqueous Solutions 

•
A solution is a homogeneous mixture of two or more substances.  

•
A solution is made when one substance (the solute) is dissolved in another (the solvent).
•
The solute is the substance that is present in the smallest amount.

•
Solutions in which water is the solvent are called aqueous solutions.

Electrolytic Properties
•
All aqueous solutions can be classified in terms of whether or not they conduct electricity.
•
If a substance forms ions in solution, then the substance is an electrolyte and the solution conducts electricity.  An example is NaCl.

•
If a substance does not form ions in solution, then the substance is a nonelectrolyte and the solution does not conduct electricity.  An example is sucrose.

Ionic Compounds in Water
•
When an ionic compound dissolves in water, the ions are said to dissociate.

•
This means that in solution, the solid no longer exists as a well-ordered arrangement of ions in contact with one another.


•
Instead, each ion is surrounded by a shell of water molecules.


•
This tends to stabilize the ions in solution and prevent cations and anions from recombining.  


•
The positive ions have the oxygen atoms of water pointing towards the ion; negative ions have the hydrogen atoms of water pointing towards the ion.


•
The transport of ions through the solution causes electric current to flow through the solution.

Molecular Compounds in Water

•
When a molecular compound (e.g. CH3OH ) dissolves in water, there are no ions formed.

•
Therefore, there is nothing in the solution to transport electric charge and the solution does not conduct electricity.

•
There are some important exceptions.  


•
For example, NH3(g) reacts with water to form NH4+(aq) and OH– (aq).


•
For example, HCl(g) in water ionizes to form H+(aq) and Cl– (aq).
Strong and Weak Electrolytes,,

•
Compounds whose aqueous solutions conduct electricity well are called strong electrolytes.


•
These substances exist only as ions in solution.  


•
Example: NaCl

NaCl(aq) → Na+(aq) + Cl–(aq)


•
The single arrow indicates that the Na+ and Cl– ions have no tendency to 
recombine to form NaCl molecules.  


•
In general, soluble ionic compounds are strong electrolytes.  

•
Compounds whose aqueous solutions conduct electricity poorly are called weak electrolytes 


•
These substances exist as a mixture of ions and un-ionized molecules in solution.  



•
The predominant form of the solute is the un-ionized molecule.  


•
Example: acetic acid, HC2H3O2
HC2H3O2(aq) →  H+(aq) + C2H3O2–(aq)

•
The double arrow means that the reaction is significant in both directions.  


•
It indicates that there is a balance between the forward and reverse reactions.


•
This balance produces a state of chemical equilibrium.  

4.2 Precipitation Reactions
•
Reactions that result in the formation of an insoluble product are known as precipitation reactions.  

•
A precipitate is an insoluble solid formed by a reaction in solution.  


•
Example: Pb(NO3)2(aq) + 2KI(aq) → PbI2(s) + 2KNO3(aq)

Solubility Guidelines for Ionic Compounds
•
The solubility of a substance at a particular temperature is the amount of that substance that can be dissolved in a given quantity of solvent at that temperature.  

•
A substance with a solubility of less than 0.01 mol/L is regarded as being insoluble.  

•
Experimental observations have led to empirical guidelines for predicting solubility.  

•
Solubility guidelines for common ionic compounds in water:  


•
Compounds containing alkali metal ions or ammonium ions are soluble.  


•
Compounds containing NO3– or C2H3O2– are soluble.  


•
Compounds containing Cl–, Br– or I– are soluble.  



•
Exceptions are the compounds of Ag+, Hg22+, and Pb2+.



•
Compounds containing SO42– are soluble.  




•
Exceptions are the compounds of Sr2+, Ba2+, Hg22+, and Pb2+.



•
Compounds containing S2– are insoluble.  




•
Exceptions are the compounds of NH4+, the alkali metal cations, and Ca2+, Sr2+, and Ba2+.  



•
Compounds of CO32– or PO43– are insoluble.  




•
Exceptions are the compounds of NH4+ and the alkali metal cations.  



•
Compounds of OH– are insoluble.




•
Exceptions are the compounds of NH4+, the alkali metal cations, and Ca2+, Sr2+, and Ba2+.  

Exchange (Metathesis) Reactions

•
Exchange reactions, or metathesis reactions, involve swapping ions in solution:

AX + BY → AY + BX.
•
Many precipitation and acid-base reactions exhibit this pattern.  

Ionic Equations,

•
Consider 2KI(aq) + Pb(NO3)2(aq) → PbI2(s) + 2KNO3(aq).

•
Both KI(aq) + Pb(NO3)2(aq) are colorless solutions.  When mixed, they form a bright yellow precipitate of PbI2 and a solution of KNO3.  

•
The final product of the reaction contains solid PbI2, aqueous K+, and aqueous NO3– ions.

•
Sometimes we want to highlight the reaction between ions.

•
The molecular equation lists all species in their molecular forms:

Pb(NO3)2(aq) + 2KI(aq) → PbI2(s) + 2KNO3(aq)

•
The complete ionic equation lists all strong soluble electrolytes in the reaction as ions:

Pb2+(aq) + 2NO3–(aq) + 2K+(aq) + 2I–(aq) → PbI2(s) + 2K+(aq) + 2NO3–(aq)


•
Only strong electrolytes dissolved in aqueous solution are written in ionic form.  


•
Weak electrolytes and nonelectrolytes are written in their molecular form.  

•
The net ionic equation lists only those ions which are not common on both sides of the reaction:
Pb2+(aq) + 2I–(aq) → PbI2(s)


•
Note that spectator ions, ions that are present in the solution but play no direct role in the reaction, are omitted in the net ionic equation.

4.3 Acid-Base Reactions

Acids
•
Acids are substances that are able to ionize in aqueous solution to form H+.  

•
Ionization occurs when a neutral substance forms ions in solution.  



An example is HC2H3O2 (acetic acid).

•
Since H+ is a naked proton, we refer to acids as proton donors and bases as proton acceptors.

•
Common acids are HCl, HNO3, vinegar, and vitamin C. 

•
Acids that ionize to form one H+ ion are called monoprotic acids.

•
Acids that ionize to form two H+ ions are called diprotic acids.

Bases
•
Bases are substances that accept or react with the H+ ions formed by acids.

•
Hydroxide ions, OH–, react with the H+ ions to form water:

H+(aq) + OH–(aq) → H2O(l)

•
Common bases are NH3 (ammonia), Draino, and milk of magnesia.

•
Compounds that do not contain OH– ions can also be bases.  


•
Proton transfer between NH3 (a weak base) and water (a weak acid) is an example of an acid–base reaction.

•
Since there is a mixture of NH3, H2O, NH4+, and OH– in solution, we write

NH3(aq) + H2O(l) →  NH4+(aq) + OH–(aq)

Strong and Weak Acids and Bases,,,

•
Strong acids and strong bases are strong electrolytes.


•
They are completely ionized in solution.


•
Strong bases include: Group 1A metal hydroxides, Ca(OH)2, Ba(OH)2, and Sr(OH)2.  


•
Strong acids include: HCl, HBr, HI, HClO3, HClO4, H2SO4, and HNO3.  


•
We write the ionization of HCl as:

HCl → H+ + Cl–
•
Weak acids and weak bases are weak electrolytes.


•
Therefore, they are partially ionized in solution.

•
HF(aq) is a weak acid; most acids are weak acids.  

•
We write the ionization of HF as: 

HF → + F–
Identifying Strong and Weak Electrolytes,

•
Compounds can be classified as strong electrolytes, weak electrolytes, or nonelectrolytes by looking at their solubility.
•
Strong electrolytes:


•
Ionic compounds are usually strong electrolytes.


•
Molecular compounds that are strong acids are strong electrolytes.

•
Weak electrolytes:


•
Weak acids and bases are weak electrolytes.

•
Nonelectrolytes:


•
All other compounds.

Neutralization Reactions and Salts,,,,

•
A neutralization reaction occurs when an acid and a base react:


•
HCl(aq) + NaOH(aq) → H2O(l) + NaCl(aq)


•
(acid) 
 +     (base) →  (water)  +  (salt)

•
In general an acid and a base react to form a salt.

•
A salt is any ionic compound whose cation comes from a base and anion from an acid.

•
The other product, H2O, is a common weak electrolyte.  

•
A typical example of a neutralization reaction is:


•
the reaction between an acid and a metal hydroxide.



•
Mg(OH)2 (milk of magnesia) is a suspension.  



•
As HCl is added, the magnesium hydroxide dissolves, and a clear solution containing Mg2+ and Cl– ions is formed.  



•
Molecular equation:

Mg(OH)2(s) + 2HCl(aq) → MgCl2(aq) + 2H2O(l)


•
Net ionic equation:

Mg(OH)2(s) + 2H+(aq) → Mg2+(aq) + 2H2O(l)




•
Note that the magnesium hydroxide is an insoluble solid; it appears in the net ionic equation.  

Acid-Base Reactions with Gas Formation,
•
There are many bases besides OH– that react with H+ to form molecular compounds.  


•
Reaction of sulfides with acid gives rise to H2S(g).  



•
Sodium sulfide (Na2S) reacts with HCl to form H2S(g).



•
Molecular equation:

Na2S(aq) + 2HCl(aq) → H2S(g) + 2NaCl(aq)



•
Net ionic equation:

2H+(aq) + S2–(aq) → H2S(g)


•
Carbonates and hydrogen carbonates (or bicarbonates) will form CO2(g) when treated with an acid.


•
Sodium bicarbonate (NaHCO3; baking soda) reacts with HCl to form bubbles of CO2(g).



•
Molecular equation:  

NaHCO3(s) + HCl(aq) →NaCl(aq) + H2CO3(aq) → H2O(l) + CO2(g) + NaCl(aq)



•
Net ionic equation:

H+(aq) + HCO3–(aq) → H2O(l) + CO2(g)

4.4 Oxidation-Reduction Reactions

Oxidation and Reduction,,
•
Oxidation-reduction, or redox, reactions involve the transfer of electrons between reactants.  

•
When a substances loses electrons, it undergoes oxidation:

Ca(s) + 2H+(aq) → Ca2+(aq) + H2(g)


•
The neutral Ca has lost two electrons to 2H+ to become Ca2+.


•
We say Ca has been oxidized to Ca2+.

•
When a substance gains electrons, it undergoes reduction:

2Ca(s) + O2(g) → 2CaO(s).


•
In this reaction the neutral O2 has gained electrons from the Ca to become O2– in CaO.


•
We say O2 has been reduced to O2–.

•
In all redox reactions, one species is reduced at the same time as another is oxidized.
Oxidation Numbers,,,

•
Electrons are not explicitly shown in chemical equations.

•
Oxidation numbers (or oxidation states) help up keep track of electrons during chemical reactions.

•
Oxidation numbers are assigned to atoms using specific rules.  


•
For an atom in its elemental form, the oxidation number is always zero.


•
For any monatomic ion, the oxidation number equals the charge on the ion.  


•
Nonmetals usually have negative oxidation numbers.



•
The oxidation number of oxygen is usually –2.




•
The major exception is in peroxides (containing the O22– ion).  


•
The oxidation number of hydrogen is +1 when bonded to nonmetals and –1 when bonded to metals.  


•
The oxidation number of fluorine is –1 in all compounds.  The other halogens have an oxidation number of –1 in most binary compounds.  


•
The sum of the oxidation numbers of all atoms in a neutral compound is zero.  


•
The sum of the oxidation numbers in a polyatomic ion equals the charge of the ion.  

•
The oxidation of an element is evidenced by its increase in oxidation number; reduction is accompanied by a decrease in oxidation number.  

Oxidation of Metals by Acids and Salts,,,

•
The reaction of a metal with either an acid or a metal salt is called a displacement reaction.  

•
The general pattern is:

A + BX →AX + B


•
Example: It is common for metals to produce hydrogen gas when they react with 
acids.  Consider the reaction between Mg and HCl:
Mg(s) + 2HCl(aq) → MgCl2(aq) + H2(g)



•
In the process the metal is oxidized and the H+ is reduced.


•
Example:  It is possible for metals to be oxidized in the presence of a salt:

Fe(s) + Ni(NO3)2(aq) → Fe(NO3)2(aq) + Ni(s)



•
The net ionic equation shows the redox chemistry well:

Fe(s) + Ni2+(aq) → Fe2+(aq) + Ni(s)



•
In this reaction iron has been oxidized to Fe2+, while the Ni2+ has been reduced to Ni.

•
Always keep in mind that whenever one substance is oxidized, some other substance must be reduced.  

The Activity Series,,,,,

•
We can list metals in order of decreasing ease of oxidation.  


•
This list is an activity series.
•
The metals at the top of the activity series are called active metals.

•
The metals at the bottom of the activity series are called noble metals.

•
A metal in the activity series can only be oxidized by a metal ion below it.

•
If we place Cu into a solution of Ag+ ions, then Cu2+ ions can be formed because Cu is above Ag in the activity series:
Cu(s) + 2AgNO3(aq) → Cu(NO3)2(aq) + 2Ag(s)

or

Cu(s) + 2Ag+(aq) → Cu2+(aq) + 2Ag(s)

4.5 Concentrations of Solutions

•
The term concentration is used to indicate the amount of solute dissolved in a given quantity of solvent or solution.  

Molarity,

•
Solutions can be prepared with different concentrations by adding different amounts of solute to solvent.

•
The amount (moles) of solute per liter of solution is the molarity (symbol M) of the solution:
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•
By knowing the molarity of a quantity of liters of solution, we can easily calculate the number of moles (and, by using molar mass, the mass) of solute.
•
Consider weighed copper sulfate, CuSO4 (39.9 g, 0.250 mol) placed in a 250 ml volumetric flask.  A little water is added and the flask is swirled to ensure that the copper sulfate dissolves.  When all the copper sulfate has dissolved, the flask is filled to the mark with water.  


•
The molarity of the solution is 0.250 mol CuSO4 / 0.250 L solution = 1.00 M.

Expressing the Concentration of an Electrolyte

•
When an ionic compound dissolves, the relative concentrations of the ions in the solution depend on 
the chemical formula of the compound. 


•
Example:  for a 1.0 M solution of NaCl:



•
The solution is 1.0 M in Na+ ions and 1.0 M in Cl– ions.  


•
Example:  for a 1.0 M solution of Na2SO4:  



•
The solution is 2.0 M in Na+ ions and 1.0 M in SO42– ions.  

Interconverting Molarity, Moles, and Volume

•
The definition of molarity contains three quantities: molarity, moles of solute, and liters of solution.  


•
If we know any two of these, we can calculate the third.


•
Dimensional analysis is very helpful in these calculations.  

Dilution,,

•
A solution in concentrated form (stock solution) is mixed with solvent to obtain a solution of lower solute concentration.  


•
This process is called dilution.  

•
An alternate way of making a solution is to take a solution of known molarity and dilute it with more solvent.
•
Since the number of moles of solute remains the same in the concentrated and diluted forms of the solution, we can show:

MconcVconc = MdilVdil
•
An alternate form of this equation is:

MinitialVinitial = MfinalVfinal
4.6 Solution Stoichiometry and Chemical Analysis

•
In approaching stoichiometry problems:

•
recognize that there are two different types of units: 



•
laboratory units (the macroscopic units that we measure in lab) and



•
chemical units (the microscopic units that relate to moles).


•
Always convert the laboratory units into chemical units first.



•
Convert grams to moles using molar mass.



•
Convert volume or molarity into moles using M = mol/L.


•
Use the stoichiometric coefficients to move between reactants and products.



•
This step requires the balanced chemical equation.

•
Convert the laboratory units back into the required units.



•
Convert moles to grams using molar mass.



•
Convert moles to molarity or volume using M = mol/L.

Titrations
•
A common way to determine the concentration of a solution is via titration.

•
We determine the concentration of one substance by allowing it to undergo a specific chemical reaction, of known stoichiometry, with another substance whose concentration is known (standard solution).  

•
Example: Suppose we know the molarity of an NaOH solution and we want to find the molarity of an HCl solution.  


•
What do we know?



•
molarity of NaOH, volume of HCl


•
What do we want?



•
molarity of HCl


•
What do we do?


•
Take a known volume of the HCl solution (i.e., 20.00 mL) and measure the number of mL of 0.100 M NaOH solution required to react completely with the HCl solution.


•
The point at which stoichiometrically equivalent quantities of NaOH and HCl are brought together is known as the equivalence point of the titration.  


•
In a titration we often use an acid-base indicator to allow us to determine when the equivalence point of the titration has been reached.



•
Acid-base indicators change color at the end point of the titration.  



•
The indicator is chosen so that the end point corresponds to the equivalence point of the titration.  


•
What do we get?



•
We get the volume of NaOH.  Since we already have the molarity of the NaOH, we can calculate moles of NaOH.


•
What is the next step?



•
We also know HCl + NaOH → NaCl + H2O.  



•
Therefore, we know moles of HCl.


•
Can we finish?



•
Knowing mol (HCl) and volume of HCl, we can calculate the molarity.
Unit 2 - Chapter 10. Gases 

Common Student Misconceptions

•
Students need to be told to always use Kelvin in gas problems.

•
Students should always use units (and unit factor analysis) in gas-law problems to keep track of required conversions.

•
Students often confuse the standard conditions for gas behavior (STP) with the standard conditions in thermodynamics.  

•
Students commonly confuse effusion and diffusion.

Lecture Outline

10.1 Characteristics of Gases
•
All substances have three phases: solid, liquid and gas.

•
Substances that are liquids or solids under ordinary conditions may also exist as gases.  


•
These are often referred to as vapors.  

•
Many of the properties of gases differ from those of solids and liquids:


•
Gases are highly compressible and occupy the full volume of their containers.


•
When a gas is subjected to pressure, its volume decreases.


•
Gases always form homogeneous mixtures with other gases.

•
Gases only occupy a small fraction of the total volume of their containers.


•
As a result, each molecule of gas behaves largely as though other molecules were absent.  
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10.2 Pressure

•
Pressure is the force acting on an object per unit area:

Atmospheric Pressure and the Barometer
•
The SI unit of force is the newton (N).


•
1 N = 1 kg(m/s2
•
The SI unit of pressure is the pascal (Pa).  


•
1 Pa = 1 N/m2


•
A related unit is the bar, which is equal to 105 Pa.

•
Gravity exerts a force on the Earth’s atmosphere.

•
A column of air 1 m2 in cross section extending to the upper atmosphere exerts a force of 105 N.


•
Thus, the pressure of a 1 m2 column of air extending to the upper atmosphere is 100 kPa.




•
Atmospheric pressure at sea level is about 100 kPa or 1 bar.

  


•
The actual atmospheric pressure at a specific location depends on the altitude and the weather conditions.

•
Atmospheric pressure is measured with a barometer.


•
If a tube is completely filled with mercury and then inverted into a container of mercury open to the atmosphere, the mercury will rise 760 mm up the tube.

•
Standard atmospheric pressure is the pressure required to support 760 mm of Hg in a column.


•
Important non SI units used to express gas pressure include:



•
atmospheres (atm)



• 
millimeters of mercury (mm Hg) or torr


•
1 atm = 760 mm Hg = 760 torr = 1.01325 x 105 Pa = 101.325 kPa

10.3 The Gas Laws

•
The equations that express the relationships among T (temperature), P (pressure), V (volume), and n (number of moles of gas) are known as the gas laws.  
The Pressure-Volume Relationship: Boyle’s Law
•
Weather balloons are used as a practical application of the relationship between pressure and volume of a gas.


•
As the weather balloon ascends, the volume increases.


•
As the weather balloon gets further from Earth’s surface, the atmospheric pressure decreases.
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•
Boyle’s law: The volume of a fixed quantity of gas, at constant temperature, is inversely proportional to its pressure.
•
Mathematically:


•
A plot of V versus P is a hyperbola.

•
A plot of V versus 1/P must be a straight line passing through the origin.

•
The working of the lungs illustrates that:


•
as we breathe in, the diaphragm moves down, and the ribs expand; therefore, the volume of the lungs increases.


•
according to Boyle’s law, when the volume of the lungs increases, the pressure decreases; 


therefore, the pressure inside the lungs is less than the atmospheric pressure.


•
atmospheric pressure forces air into the lungs until the pressure once again equals atmospheric pressure.


•
as we breathe out, the diaphragm moves up and the ribs contract; therefore, the volume of the lungs decreases.


•
By Boyle’s law, the pressure increases and air is forced out.

The Temperature-Volume Relationship: Charles’s Law
•
We know that hot-air balloons expand when they are heated.
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•
Charles’s law: The volume of a fixed quantity of gas at constant pressure is directly proportional to its absolute temperature.
•
Mathematically:


•
Note that the value of the constant depends on the pressure and the number of moles of gas.


•
A plot of V versus T is a straight line.


•
When T is measured in (C, the intercept on the temperature axis is –273.15(C.  


•
We define absolute zero, 0 K = –273.15(C.

The Quantity-Volume Relationship: Avogadro’s Law
•
Gay-Lussac’s law of combining volumes: At a given temperature and pressure the volumes of gases that react with one another are ratios of small whole numbers.

•
Avogadro’s hypothesis: Equal volumes of gases at the same temperature and pressure contain the same number of molecules.
•
Avogadro’s law: The volume of gas at a given temperature and pressure is directly proportional to the number of moles of gas.


•
Mathematically:

V = constant x n

•
We can show that 22.4 L of any gas at 0(C and 1 atmosphere contains 6.02 x 1023 gas molecules.

10.4 The Ideal-Gas Equation,,,

•
Summarizing the gas laws:


•
Boyle:  
V  1/P (constant n, T)


•
Charles:  V  T  (constant n, P)


•
Avogadro:
V  n  (constant P, T)


•
Combined: 
V  nT/P
•
Ideal gas equation:  PV = nRT

•
An ideal gas is a hypothetical gas whose P, V, and T behavior is completely described by the ideal-gas equation.  


•
R = gas constant = 0.08206 L(atm/mol(K



•
Other numerical values of R in various units are given in Table 10.2.

•
Define STP (standard temperature and pressure) = 0(C, 273.15 K, 1 atm.


•
The molar volume of 1 mol of an ideal gas at STP is 22.41 L.

Relating the Ideal-Gas Equation and the Gas Laws
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•
If PV = nRT and n and T are constant, then PV is constant and we have Boyle’s law.


•
Other laws can be generated similarly.

•
In general, if we have a gas under two sets of conditions, then

•
We often have a situation in which P, V, and T all change for a fixed number of moles of gas.  
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•
For this set of circumstances, 
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•
Which gives

10.5 Further Applications of the Ideal-Gas Equation
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Gas Densities and Molar Mass

•
Density has units of mass over volume.  
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•
Rearranging the ideal-gas equation with M as molar mass we get

•
The molar mass of a gas can be determined as follows:
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Volumes of Gases in Chemical Reactions,,

•
The ideal-gas equation relates P, V, and T to number of moles of gas.

•
The n can then be used in stoichiometric calculations.
10.6 Gas Mixtures and Partial Pressures,

•
Since gas molecules are so far apart, we can assume that they behave independently.

•
Dalton observed: 


•
The total pressure of a mixture of gases equals the sum of the pressures that each 
would exert if present alone.  


•
Partial pressure is the pressure exerted by a particular component of a gas mixture.  

•
Dalton’s law of partial pressures: In a gas mixture the total pressure is given by the sum of partial pressures of each component:

Pt = P1 + P2 + P3 + …

•
Each gas obeys the ideal gas equation.
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•
Thus, 

Partial Pressures and Mole Fractions

•
Let n1 be the number of moles of gas 1 exerting a partial pressure P1, then

P1 = Pt

•
where  is the mole fraction (n1/nt).


•
Note that a mole fraction is a dimensionless number.  

Collecting Gases over Water
•
It is common to synthesize gases and collect them by displacing a volume of water.
•
To calculate the amount of gas produced, we need to correct for the partial pressure of the water:

Ptotal = Pgas + Pwater
•
The vapor pressure of water varies with temperature.  


•
Values can be found in Appendix B.

10.7 Kinetic-Molecular Theory
•
The kinetic-molecular theory was developed to explain gas behavior.


•
It is a theory of moving molecules.

•
Summary:


•
Gases consist of a large number of molecules in constant random motion.


•
The combined volume of all the molecules is negligible compared with the volume of the



container.


•
Intermolecular forces (forces between gas molecules) are negligible.

•
Energy can be transferred between molecules during collisions, but the average kinetic


 energy is constant at constant temperature.


•
The collisions are perfectly elastic.  


•
The average kinetic energy of the gas molecules is proportional to the absolute temperature.

•
Kinetic molecular theory gives us an understanding of pressure and temperature on the molecular 


level.


•
The pressure of a gas results from the collisions with the walls of the container.

•
The magnitude of the pressure is determined by how often and how hard the molecules strike. 

•
The absolute temperature of a gas is a measure of the average kinetic energy.

•
Some molecules will have less kinetic energy or more kinetic energy than the average 



(distribution).  


•
There is a spread of individual energies of gas molecules in any sample of gas.


•
As the temperature increases, the average kinetic energy of the gas molecules increases.

•
As kinetic energy increases, the velocity of the gas molecules increases.


•
Root-mean-square (rms) speed, u, is the speed of a gas molecule having average kinetic energy.

•
Average kinetic energy, , is related to rms speed:

 = ½mu2


•
where m = mass of the molecule.  

Application to the Gas-Laws

•
We can understand empirical observations of gas properties within the framework of the kinetic-molecular theory.  

•
The effect of an increase in volume (at constant temperature) is as follows:


•
As volume increases at constant temperature, the average kinetic energy of the gas remains constant.  


•
Therefore, u is constant.  


•
However, volume increases, so the gas molecules have to travel further to hit the walls of the container.  


•
Therefore, pressure decreases.

•
The effect of an increase in temperature (at constant volume) is as follows:


•
If temperature increases at constant volume, the average kinetic energy of the gas molecules increases.  


•
There are more collisions with the container walls.  


•
Therefore, u increases.  


•
The change in momentum in each collision increases (molecules strike harder).


•
Therefore, pressure increases.  

10.8 Molecular Effusion and Diffusion,,

•
The average kinetic energy of a gas is related to its mass:

 = ½mu2
•
Consider two gases at the same temperature: the lighter gas has a higher rms speed than the heavier gas.
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•
Mathematically:


•
The lower the molar mass, M, the higher the rms speed for that gas at a constant temperature.

•
Two consequences of the dependence of molecular speeds on mass are:


•
Effusion is the escape of gas molecules through a tiny hole into an evacuated space.


•
Diffusion is the spread of one substance throughout a space or throughout a second substance.  

Graham’s Law of Effusion,

•
The rate of effusion can be quantified.

•
Consider two gases with molar masses, M1 and M2, and with effusion rates, r1 and r2, respectively.  


•
The relative rate of effusion is given by Graham’s law:
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•
Only those molecules which hit the small hole will escape through it.
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•
Therefore, the higher the rms speed the more likely it is that a gas molecule will hit the hole.


•
We can show
Diffusion and Mean Free Path,

•
Diffusion is faster for light gas molecules.

•
Diffusion is significantly slower than the rms speed.  


•
Diffusion is slowed by collisions of gas molecules with one another.


•
Consider someone opening a perfume bottle: It takes awhile to detect the odor, but the average speed of the molecules at 25(C is about 515 m/s (1150 mi/hr).

•
The average distance traveled by a gas molecule between collisions is called the mean free path.
•
At sea level, the mean free path for air molecules is about 6 x 10– 6 cm.

10.9 Real Gases: Deviations from Ideal Behavior,
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•
From the ideal gas equation:


•
For 1 mol of an ideal gas, PV/RT = 1 for all pressures.



•
In a real gas, PV/RT varies from 1 significantly.


•
The higher the pressure the more the deviation from ideal behavior.


•
For 1 mol of an ideal gas, PV/RT = 1 for all temperatures.


•
As temperature increases, the gases behave more ideally.

•
The assumptions in the kinetic-molecular theory show where ideal gas behavior breaks down:


•
The molecules of a gas have finite volume.


•
Molecules of a gas do attract each other.

•
As the pressure on a gas increases, the molecules are forced closer together.

•
As the molecules get closer together, the free space in which the molecules can move gets smaller.


•
The smaller the container, the more of the total space the gas molecules occupy.


•
Therefore, the higher the pressure, the less the gas resembles an ideal gas.


•
As the gas molecules get closer together, the intermolecular distances decrease.


•
The smaller the distance between gas molecules, the more likely that attractive forces will develop between the molecules.

•
Therefore, the less the gas resembles an ideal gas.

•
As temperature increases, the gas molecules move faster and further apart.


•
Also, higher temperatures mean more energy is available to break intermolecular forces.


•
As temperature increases, the negative departure from ideal-gas behavior disappears.  

The van der Waals Equation,

•
We add two terms to the ideal gas equation to correct for 
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•
the volume of molecules:  
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•
for molecular attractions: 
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•
The correction terms generate the van der Waals equation:



•
where a and b are empirical constants that differ for each gas.  



•
van der Waals constants for some common gases can be found in Table 10.3.

•
To understand the effect of intermolecular forces on pressure, consider a molecule that is about to strike the wall of the container.  


•
The striking molecule is attracted by neighboring molecules.  


•
Therefore, the impact on the wall is lessened.

Unit 3 - Chapter 5, 19 - Thermochemistry 

Common Student Misconceptions

•
Students confuse power and energy.

•
Students fail to note that the first law of thermodynamics is the law of conservation of energy.

•
Students have difficulty in determining what constitutes the system and the surroundings.

•
Sign conventions in thermodynamics are always problematic.

•
Students do not realize that a chemical reaction carried out in an open container occurs at constant pressure.

•
Students do not realize that Hess’s law is a consequence of the fact that enthalpy is a state function.

•
Students should be directed to Appendix C of the text for a list of standard enthalpy values. (They are unlikely to find this information on their own!)

Lecture Outline

5.1  The Nature of Energy

•
Thermodynamics is the study of energy and its transformations.  

•
Thermochemistry is the study of the relationships between chemical reactions and energy changes involving heat.  

•
Definitions:


•
Energy is the capacity to do work or to transfer heat.


•
Work is energy used to cause an object with mass to move.

w = F x d


•
Heat is the energy used to cause the temperature of an object to increase.


•
A force is any kind of push or pull exerted on an object.



•
The most familiar force is the pull of gravity.
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Kinetic Energy and Potential Energy

•
Kinetic energy is the energy of motion: 

•
Potential energy is the energy an object possesses by virtue of its position or composition.
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•
Electrostatic energy is an example.



•
It arises from interactions between charged particles.  


•
Potential energy can be converted into kinetic energy.  



•
An example is a ball of clay dropped off a building.
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•
SI unit is the joule, J.

•
From            ,  

•
Traditionally, we use the calorie as a unit of energy.


•
1 cal = 4.184 J (exactly)

•
The nutritional Calorie, Cal = 1,000 cal = 1 kcal.

System and Surroundings

•
A system is the part of the universe we are interested in studying.
•
Surroundings are the rest of the universe (i.e., the surroundings are the portions of the universe that are not involved in the system).

•
Example: If we are interested in the interaction between hydrogen and oxygen in a cylinder, then the H2 and O2 in the cylinder form a system.

Transferring Energy: Work and Heat

•
From physics:


•
Force is a push or pull on an object.


•
Work is the energy used to move an object against a force.  

w = F 
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•
Heat is the energy transferred from a hotter object to a colder one.  


•
Energy is the capacity to do work or to transfer heat.  

5.2 The First Law of Thermodynamics

•
The first law of thermodynamics states that energy cannot be created or destroyed.

•
The first law of thermodynamics is the law of conservation of energy.


•
That is, the energy of system + surroundings is constant.


•
Thus, any energy transferred from a system must be transferred to the surroundings (and vice versa).

Internal Energy
•
The total energy of a system is called the internal energy.


•
It is the sum of all the kinetic and potential energies of all components of the system.  

•
Absolute internal energy cannot be measured, only changes in internal energy.

•
Change in internal energy, ΔE = Efinal – Einitial.

•
Example: A mixture of H2(g) and O2(g) has a higher internal energy than H2O(g).
•
Going from H2(g) and O2(g) to H2O(g) results in a negative change in internal energy, 
indicating that the system has lost energy to the surroundings:

H2(g) + O2(g) → 2H2O(g) 
ΔE < 0

•
Going from H2O(g) to H2(g) and O2(g) results in a positive change in internal energy, 
indicating that the system has gained energy from the surroundings: Δ
2H2O → H2(g) + O2(g) 
  Δ E > 0

Relating ΔE to Heat and Work
•
From the first law of thermodynamics:


•
When a system undergoes a physical or chemical change, the change in internal energy is given by the heat added to or liberated from the system plus the work done on or by the system:

ΔE = q + w
•
Heat flowing from the surroundings to the system is positive, q > 0.
•
Work done by the surroundings on the system is positive, w > 0.

Endothermic and Exothermic Processes
•
An endothermic process is one that absorbs heat from the surroundings.


•
An endothermic reaction feels cold.

•
An exothermic process is one that transfers heat to the surroundings.

•
An exothermic reaction feels hot.

State Functions
•
A state function depends only on the initial and final states of a system.


•
Example: The altitude difference between Denver and Chicago does not depend on whether you fly or drive, only on the elevation of the two cities above sea level.


•
Similarly, the internal energy of 50 g of H2O(l) at 25(C does not depend on whether we cool 50 g of H2O(l) from 100(C to 25(C or heat 50 g of H2O(l) at 0(C to 25( C.
•
A state function does not depend on how the internal energy is used.


•
Example: A battery in a flashlight can be discharged by producing heat and light. The same battery in a toy car is used to produce heat and work.  The change in internal energy of the battery is the same in both cases.
5.3  Enthalpy
•
Chemical changes may involve the release or absorption of heat.  

•
Many also involve work done on or by the system.  


•
Work is often either electrical or mechanical work.  


•
Mechanical work done by a system involving expanding gases is called pressure-volume work or P-V work.  

•
The heat transferred between the system and surroundings during a chemical reaction carried out under constant pressure is called enthalpy, H.

•
Again, we can only measure the change in enthalpy, ΔH.

•
Mathematically,

ΔH = Hfinal – Hinitial = ΔE + P ΔV
w = –P ΔV;  ΔE = q + w
ΔH  =  ΔE + P ΔV = (qp + w) – w = qp

•
For most reactions P ΔV is small thus  ΔH =  ΔE

•
Heat transferred from surroundings to the system has a positive enthalpy (i.e., ΔH > 0 for an endothermic reaction).
•
Heat transferred from the system to the surroundings has a negative enthalpy 
(i.e., ΔH < 0 for an exothermic reaction).

•
Enthalpy is a state function.

A Closer Look at Energy, Enthalpy, and P-V Work
•
Consider:


•
A cylinder has a cross-sectional area A.


•
A piston exerts a pressure, P = F/A, on a gas inside the cylinder.


•
The volume of gas expands through ΔV while the piston moves a height Δh = hf – hi.


•
The magnitude of work done = F x Δh = P x A x  Δh = P x  ΔV.


•
Since work is being done by the system on the surroundings, then



•
w = –P  ΔV.


•
Using the first law of thermodynamics,



•
ΔE = q – P ΔV.


•
If the reaction is carried out under constant volume,



•
ΔV = 0 and  ΔE = qv.


•
If the reaction is carried out under constant pressure,



•
ΔE = qp – P  ΔV, or



•
qp = ΔH = ΔE + P  ΔV


•
and  ΔE =  ΔH – P  ΔV
5.4 Enthalpies of Reaction
•
For a reaction,  Δ Hrxn = Hproducts – Hreactants.

•
The enthalpy change that accompanies a reaction is called the enthalpy of reaction or heat of reaction

 (  Δ Hrxn).  

•
Consider the thermochemical equation for the production of water:
2H2(g) + O2(g) → 2H2O(g)
  Δ H = –483.6 kJ


•
The equation tells us that 483.6 kJ of energy are released to the surroundings when water is formed.


•
  Δ H noted at the end of the balanced equation depends on the number of moles of reactants and products associated with the  Δ H value.  


•
These equations are called thermochemical equations.  

•
Enthalpy diagrams are used to represent enthalpy changes associated with a reaction.  

•
In the enthalpy diagram for the combustion of H2(g), the reactants, 2H2(g) + O2(g), have a higher enthalpy than the products 2H2O(g); this reaction is exothermic. 

•
Enthalpy is an extensive property.


•
Therefore, the magnitude of enthalpy is directly proportional to the amount of reactant consumed.


•
Example: If one mol of CH4 is burned in oxygen to produce CO2 and water, 890 kJ of heat are released to the surroundings.  If two mol of CH4 are burned, then 1780 kJ of heat are released.

•
The sign of  Δ H depends on the direction of the reaction.


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


•
Example: CH4(g) + 2O2(g) → CO2(g) + 2H2O(l)

  Δ H = –890 kJ, 


•
But CO2(g) + 2H2O(l) → CH4(g) + 2O2(g)


  Δ H = +890 kJ.

•
Enthalpy change depends on state.


•
2H2O(g) → 2H2O(l)



  Δ H = –88 kJ

5.5  Calorimetry

•
Calorimetry is a measurement of heat flow.

•
A calorimeter is an apparatus that measures heat flow.

Heat Capacity and Specific Heat
•
Heat capacity is the amount of energy required to raise the temperature of an object by 1(C.

•
Molar heat capacity is the heat capacity of 1 mol of a substance.


•
Specific heat, or specific heat capacity, is the heat capacity of 1 g of a substance.

•
Heat, q = (specific heat) x (grams of substance) x  Δ T.

•
Be careful of the sign of q.

Constant-Pressure Calorimetry
•
The most common technique is to use atmospheric pressure as the constant pressure.

•
Recall  Δ H = qp.

•
The easiest method is to use a coffee cup calorimeter.
qsoln = (specific heat of solution) x (grams of solution) x  Δ T = –qrxn
•
For dilute aqueous solutions, the specific heat of the solution will be close to that of pure water.  

Bomb Calorimetry (Constant-Volume Calorimetry),

•
Reactions can be carried out under conditions of constant volume instead of constant 
pressure.

•
Constant volume calorimetry is carried out in a bomb calorimeter.
•
The most common type of reaction studied under these conditions is combustion.

•
If we know the heat capacity of the calorimeter, Ccal, then the heat of reaction, 

qrxn = –Ccal x  Δ T.

•
Since the reaction is carried out under constant volume, q relates to  Δ E.

5.6 Hess’s Law
•
Hess’s Law: If a reaction is carried out in a series of steps,  Δ H for the reaction is the sum of  Δ H for each of the steps.

•
The total change in enthalpy is independent of the number of steps.

•
Total  Δ H is also independent of the nature of the path.

CH4(g) + 2O2(g) →CO2(g) + 2H2O(g)

  Δ H = –802 kJ

2H2O(g) →2H2O(l)


  Δ H = –88 kJ



______________________________________________________________

CH4(g) + 2O2(g) → CO2(g) + 2H2O(l)  


  Δ H = –890 kJ

•
Therefore, for the reaction CH4(g) + 2O2(g) → CO2(g) + 2H2O(l),  Δ H= –890 kJ.

•
Note that  Δ H is sensitive to the states of the reactants and the products.

•
Hess’s law allows us to calculate enthalpy data for reactions that are difficult to carry out directly: C(s) + O2(g) produces a mixture of CO(g) and CO2(g).
5.7 Enthalpies of Formation
•
Hess’s law states that if a reaction is carried out in a number of steps,  Δ H for the overall reaction is the sum of the  Δ Hs for each of the individual steps.

•
Consider the formation of CO2(g) and 2H2O(l) from CH4(g) and 2O2(g).  


•
If the reaction proceeds in one step:
CH4(g) + 2O2(g) →CO2(g) + 2H2O(l),



then  Δ H1 = –890 kJ.


•
However, if the reaction proceeds through a CO intermediate:

CH4(g) + 2O2(g) →CO(g) + 2H2O(l) + ½O2(g)

  Δ H2 = –607 kJ

CO(g) + 2H2O(l) + ½O2(g) → CO2(g) + 2H2O(l)

  Δ H3 = –283 kJ,



Then  Δ H for the overall reaction is:

  Δ H2 +  Δ H3 = –607 kJ – 283 kJ = –890 kJ =  Δ H1
•
If a compound is formed from its constituent elements, then the enthalpy change for the reaction is called the enthalpy of formation,  Δ Hf.
•
Standard state (standard conditions) refer to the substance at: 


•
1 atm and 25(C (298 K).

•
Standard enthalpy,  Δ H(, is the enthalpy measured when everything is in its standard state.

•
Standard enthalpy of formation of a compound,  Δ H(, is the enthalpy change for the formation of 1 mol of compound with all substances in their standard states.
•
If there is more than one state for a substance under standard conditions, the more stable state is used.  Example: When dealing with carbon we use graphite because graphite is more stable than diamond or C60.

•
The standard enthalpy of formation of the most stable form of an element is zero.

Using Enthalpies of Formation to Calculate Enthalpies of Reaction,,

•
Use Hess’s law!

•
Example: Calculate  Δ H for

C3H8(g) + 5O2(g) → 3CO2(g) + 4H2O(l)
•
We start with the reactants, decompose them into elements, then rearrange the elements to form products.  The overall enthalpy change is the sum of the enthalpy changes for each step.


•
Decomposing into elements (note O2 is already elemental, so we concern ourselves with C3H8):

C3H8(g) → 3C(s) + 4H2(g)

  Δ H1 = –  Δ H(f[C3H8(g)]


•
Next we form CO2 and H2O from their elements:

3C(s) + 3O2(g) → 3CO2(g)

  Δ H2 = 3  Δ H(f[CO2(g)]

4H2(g) + 2O2(g) → 4H2O(l)
  Δ H3 = 4  Δ H(f[H2O(l)]


•
We look up the values and add:

  Δ H(rxn = –1(–103.85 kJ) + 3(–393.5 kJ) + 4(–285.8 kJ) = –2220 kJ

•
In general: 

  Δ H(rxn = (n  Δ H(f (products) – (m  Δ H(f (reactants)


•
Where n and m are the stoichiometric coefficients.
5.8 Foods and Fuels

•
Fuel value is the energy released when 1 g of substance is burned.

•
The fuel value of any food or fuel is a positive value that must be measured by calorimetry.  
Foods
•
Fuel value is usually measured in Calories (1 nutritional Calorie, 1 Cal = 1000 cal).

•
Most energy in our bodies comes from the oxidation of carbohydrates and fats.

•
In the intestines, carbohydrates are converted into glucose, C6H12O6, or blood sugar.


•
In the cells glucose reacts with O2 in a series of steps which ultimately produce CO2, H2O, and energy.


C6H12O6(s) + 6O2(g) → 6CO2(g) + 6H2O(l)

  Δ H( = –2803 kJ

•
Fats, for example tristearin, react with O2 as follows:


2C57H110O6(s) + 163O2(g) → 114CO2(g) + 110H2O(l)

  Δ H(  = –75,250 kJ.

•
Fats contain more energy than carbohydrates.  Fats are not water soluble.  Therefore, 
fats are good for energy storage.

Fuels
•
In the United States we use about 1.03 x 1017 kJ/year (1.0 x 106 kJ of fuel per person per day).

•
Most of this energy comes from petroleum and natural gas.
•
The remainder of the energy comes from coal, nuclear, and hydroelectric sources.

•
Coal, petroleum, and natural gas are fossil fuels.  They are not renewable.

•
Natural gas consists largely of carbon and hydrogen.  Compounds such as CH4, C2H6, C3H8 and C4H10 are typical constituents.

•
Petroleum is a liquid consisting of hundreds of compounds.  Impurities include S, N, and O compounds.

•
Coal contains high molecular weight compounds of C and H.  In addition, compounds 
containing S, O, and N are present as impurities that form air pollutants when burned in air.  

•
Syngas (synthesis gas): a gaseous mixture of hydrocarbons produced from coal by coal gasification.  
Other Energy Sources
•
Nuclear energy is the energy released in the splitting or fusion of nuclei of atoms.

•
Fossil fuels and nuclear energy are nonrenewable sources of energy.

•
Renewable energy sources include:


•
solar energy.


•
wind energy.


•
geothermal energy.


•
hydroelectric energy.


•
biomass energy.


•
These are virtually inexhaustible and will become increasingly important as fossil fuels are depleted.  

Chapter 19. Chemical Thermodynamics 

Common Student Misconceptions

•
Students often believe that a spontaneous process should occur very quickly.  They do not appreciate the difference between kinetics and thermodynamics.

•
Students have a problem distinguishing between absolute thermodynamic quantities and the change in thermodynamic quantities.

Lecture Outline

19.1 Spontaneous Processes
•
Chemical thermodynamics is concerned with energy relationships in chemical reactions.  


•
We consider enthalpy.


•
We also consider entropy in the reaction.  

•
Recall the first law of thermodynamics: energy is conserved.

ΔE= q + w

•
where ΔE is the change in internal energy, q is the heat absorbed by the system from the surroundings, and w is the work done.  

•
Any process that occurs without outside intervention is a spontaneous process.


•
When two eggs are dropped they spontaneously break.


•
The reverse reaction (two eggs leaping into your hand with their shells back intact) is not spontaneous.


•
We can conclude that a spontaneous process has a direction.

•
A process that is spontaneous in one direction is nonspontaneous in the opposite direction.

•
Temperature may also affect the spontaneity of a process.  

Reversible and Irreversible Processes,

•
A reversible process is one that can go back and forth between states along the same path.


•
The reverse process restores the system to its original state.


•
The path taken back to the original state is exactly the reverse of the forward process.


•
There is no net change in the system or the surroundings when this cycle is completed.


•
Completely reversible processes are too slow to be attained in practice.

•
Consider the interconversion of ice and water at 1 atm, 0oC.


•
Ice and water are in equilibrium.  


•
We now add heat to the system from the surroundings.



•
We melt 1 mole of ice to form 1 mole of liquid water.




•
q=ΔHfus

•
To return to the original state we reverse the procedure.



•
We remove the same amount of heat from the system to the surroundings.

•
An irreversible process cannot be reversed to restore the system and surroundings back to their original state.


•
A different path (with different values of q and w) must be taken.  

•
Consider a gas in a cylinder with a piston.


•
Remove the partition and the gas expands to fill the space.


•
No P-V work is done on the surroundings.



•
w = 0  


•
Now use the piston to compress the gas back to the original state.


•
The surroundings must do work on the system.



•
w > 0  


•
A different path is required to get the system back to its original state.  



•
Note that the surroundings are NOT returned to their original conditions.  

•
For a system at equilibrium, reactants and products can interconvert reversibly.

•
For a spontaneous process, the path between reactants and products is irreversible.  

•
Consider the expansion of an ideal gas.

•
Consider an initial state: two 1-liter flasks connected by a closed stopcock.  


•
One flask is evacuated and the other contains 1 atm of gas.

•
We open the stopcock while maintaining the system at constant temperature.  


•
Initial state: an ideal gas confined to a cylinder kept at constant temperature in a water bath.


•
The process is isothermal at constant temperature.  


•
ΔE = 0 for an isothermal process.


•
Thus, q = –w.  

•
Allow the gas to expand from V1 to V2.  

•
Pressure decreases from P1 to P2.  


•
The final state: two flasks connected by an open stopcock.  



•
Each flask contains gas at 0.5 atm.


•
Therefore, the gas does no work and heat is not transferred.

•
Why does the gas expand?


•
Why is the process spontaneous?


•
Why is the reverse process nonspontaneous?


•
When the gas molecules spread out into the 2 liter system there is an increase in the randomness or disorder.  


•
Processes in which the disorder or entropy of the system increases tend to be spontaneous.

19.2 Entropy and the Second Law of Thermodynamics
Entropy Change
•
Entropy, S, is a thermodynamic term that reflects the disorder, or randomness, of the system.


•
The more disordered, or random, the system is, the larger the value of S. 

•
Entropy is a state function.


•
It is independent of path.


•
For a system, ΔS = Sfinal – Sinitial.

•
If ΔS > 0 the randomness increases, if ΔS < 0 the order increases.
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•
Suppose a system changes reversibly between state 1 and state 2.


•
Then, the change in entropy is given by:


•
Where qrev is the amount of heat added reversibly to the system.



•
The subscript “rev” reminds us that the path between states is reversible.



•
Example:  A phase change occurs at constant temperature with the reversible addition of heat.

The Second Law of Thermodynamics
•
The second law of thermodynamics explains why spontaneous processes have a direction.

•
In any spontaneous process, the entropy of the universe increases.

•
The change in entropy of the universe is the sum of the change in entropy of the system and the 


change in entropy of the surroundings.

ΔSuniv = ΔSsystem + ΔSsurroundings


•
For a reversible process:

ΔSuniv = ΔSsystem + ΔSsurroundings = 0


•
For a spontaneous process (i.e., irreversible): 

ΔSuniv = ΔSsystem + ΔSsurrroundings > 0



•
Entropy is not conserved: ΔSuniv is continually increasing.

•
Note that the second law states that the entropy of the universe must increase in a spontaneous process.  


•
It is possible for the entropy of a system to decrease as long as the entropy of the surroundings



increases.

19.3 The Molecular Interpretation of Entropy
Molecular Motions and Energy

•
The entropy of a system indicates its disorder.  


•
A gas is less ordered than a liquid, which is less ordered than a solid.


•
Any process that increases the number of gas molecules leads to an increase in entropy.


•
When NO(g) reacts with O2(g) to form NO2(g), the total number of gas molecules decreases.  

2NO(g) + O2(g) →2NO2(g)



•
Therefore, the entropy decreases.
•
How can we relate changes in entropy to changes at the molecular level?


•
Formation of the new N-O bonds “tie up” more of the atoms in the products than in the reactants.  


•
The degrees of freedom associated with the atoms have changed.  


•
The greater the freedom of movement and degrees of freedom, the greater the entropy of the 



system.  

•
Individual molecules have degrees of freedom associated with motions within the molecule.  


•
There are three atomic modes of motion:

•
translational motion  



•
The moving of a molecule from one point in space to another.  


•
vibrational motion  



•
The shortening and lengthening of bonds, including the change in bond angles.  


•
rotational motion  


•
The spinning of a molecule about some axis.  


•
Energy is required to get a molecule to translate, vibrate or rotate.



•
These forms of motion are ways molecules can store energy.  



•
The more energy stored in translation, vibration, and rotation, the greater the entropy.

Boltzmann’s Equation and Microstates,,,,

•
Statistical thermodynamics is a field that uses statistics and probability to link the microscopic and macroscopic world.


•
Entropy may be connected to the behavior of atoms and molecules.


•
Envision a microstate: a snapshot of the positions and speeds of all molecules in a sample of a particular macroscopic state at a given point in time.


•
Consider a molecule of ideal gas at a given temperature and volume.



•
A microstate is a single possible arrangement of the positions and kinetic energies of the gas molecules.



•
Other snapshots are possible (different microstates).

•
Each thermodynamic state has a characteristic number of microstates (W).


•
The Boltzmann equation shows how entropy (S) relates to W.

S = k lnW, where k is Boltzmann’s constant (1.38 x 10–23 J/K).


•
Entropy is thus a measure of how many microstates are associated with a particular macroscopic state.

•
Any change in the system that increases the number of microstates gives a positive value of ΔS and vice versa.


•
In general, the number of microstates will increase with an increase in volume, an increase in temperature, or an increase in the number of molecules because any of these changes increases the possible positions and energies of the molecules.

Making Qualitative Predictions About ΔS
•
Consider the melting of ice.


•
In ice, the molecules are held rigidly in a lattice.


•
When it melts, the molecules will have more freedom to move (increases the number of degrees of freedom).


•
The molecules are more randomly distributed.

•
Consider a KCl crystal dissolving in water.


•
The solid KCl has ions in a highly ordered arrangement.


•
When the crystal dissolves the ions have more freedom.


•
They are more randomly distributed.


•
However, now the water molecules are more ordered.


•
Some must be used to hydrate the ions.



•
Thus, this example involves both ordering and disordering.



•
The disordering usually predominates (for most salts).

•
In general, entropy will increase when:


•
liquids or solutions are formed from solids.


•
gases are formed from solids or liquids.


•
the number of gas molecules increases.

The Third Law of Thermodynamics,

•
In a perfect crystal at 0 K there is no translation, rotation or vibration of molecules. 


•
Therefore, this is a state of perfect order.


•
Third law of thermodynamics: The entropy of a perfect pure crystal at 0 K is zero.

•
Entropy will increase as we increase the temperature of the perfect crystal.  


•
Molecules gain vibrational motion.


•
The degrees of freedom increase.  

•
As we heat a substance from absolute zero, the entropy must increase.

•
The entropy changes dramatically at a phase change.  


•
When a solid melts, the molecules and atoms have a large increase in freedom of movement.  


•
Boiling corresponds to a much greater change in entropy than melting.

19.4  Entropy Changes in Chemical Reactions,,

•
Absolute entropy can be determined from complicated measurements.


•
Values are based on a reference point of zero for a perfect crystalline solid at 0K (the 3rd law).  

•
Standard molar entropy, So is the molar entropy of a substance in its standard state.  


•
Similar in concept to ΔH(.

•
Units: J/mol-K.  



•
Note that the units of ΔH are kJ/mol.

•
Some observations about So values:

•
Standard molar entropies of elements are not zero.


•
Sogas > Soliquid or Sosolid.  


•
So tends to increase with increasing molar mass of the substance.  


•
So tends to increase with the number of atoms in the formula of the substance.  

•
For a chemical reaction that produces n products from m reactants:
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•
Example: Consider the reaction:

N2(g) + 3H2(g) → 2NH3(g)
ΔS( = {2So(NH3) –  [S( (N2) + 3So(H2)]}

Entropy Changes in the Surroundings
•
For an isothermal process, 


•
ΔSsurr = –qsys / T
•
For a reaction at constant pressure, 


•
qsys = ΔH
•
Example: consider the reaction:

N2(g) + 3H2(g) → 2NH3(g)
•
The entropy gained by the surroundings is greater than the entropy lost by the system. 

•
This is the sign of a spontaneous reaction: the overall entropy change of the universe is positive.  

•
ΔSuniv > 0

19.5 Gibbs Free Energy
•
For a spontaneous reaction the entropy of the universe must increase.

•
Reactions with large negative ΔH values tend to be spontaneous.

•
How can we use ΔS and ΔH to predict whether a reaction is spontaneous?

•
The Gibbs free energy, (free energy), G, of a state is:

G = H – TS


•
Free energy is a state function.  


•
For a process occurring at constant temperature, the free energy change is:

ΔG = ΔH – TΔS
•
Recall:


•
ΔSuniv = ΔSsys + ΔSsurr = ΔSsys + [–ΔHsys / T]



•
Thus,




•
–TΔSuniv = ΔHsys – TΔSsys

•
The sign of ΔG is important in predicting the spontaneity of the reaction.  


•
If ΔG < 0 then the forward reaction is spontaneous.


•
If ΔG = 0 then the reaction is at equilibrium and no net reaction will occur.


•
If ΔG > 0 then the forward reaction is not spontaneous.  



•
However, the reverse reaction is spontaneous.  



•
If ΔG > 0, work must be supplied from the surroundings to drive the reaction.

•
The equilibrium position in a spontaneous process is given by the minimum free energy available to the system.  


•
The free energy decreases until it reaches this minimum value.
Standard Free-Energy Changes

•
We can tabulate standard free energies of formation, ΔG(f .  


•
Standard states are pure solid, pure liquid, 1 atm (gas), 1 M concentration (solution), and ΔG( = 0 for elements.



•
We most often use 25oC (or 298 K) as the temperature.  


•
The standard free-energy change for a process is given by:

[image: image33.wmf]constant

 

=

=

nR

T

PV



•
The quantity ΔG(for a reaction tells us whether a mixture of substances will spontaneously react 


to produce more reactants (ΔG(> 0) or products (ΔG( < 0).

19.6 Free Energy and Temperature
•
The sign of ΔG tells us if the reaction is spontaneous. 

•
Focus on ΔG = ΔH – TΔS. 

•
If ΔH <0 and –TΔS <0:



•
ΔG will always be <0.  



•
Thus the reaction will be spontaneous.  


•
If ΔH >0 and –TΔS >0:



•
ΔG will always be >0.  



•
Thus, the reaction will not be spontaneous.  


•
If ΔH and –TΔS have different signs:



•
The sign of ΔG will depend on the sign and magnitudes of the other terms. 



•
Temperature will be an important factor.  


•
For example, consider the following reaction:

H2O(s) → H2O(l)  

ΔH >0, ΔS > 0



•
At a temperature less than 0oC:




•
ΔH > TΔS



•
ΔG> 0




•
The melting of ice is not spontaneous when the temperature is less than 0oC.  



•
At a temperature greater than 0(C:




•
ΔH < TΔS



•
ΔG < 0




•
The melting of ice is spontaneous when the temperature is greater than 0oC.  



•
At 0oC:




•
ΔH = TΔS



•
ΔG = 0




•
Ice and water are in equilibrium at 0(C.  

•
Even though a reaction has a negative ΔG it may occur too slowly to be observed.


•
Thermodynamics gives us the direction of a spontaneous process; it does not give us the rate of the process.

19.7 Free Energy and the Equilibrium Constant,,
•
Recall that ΔG( and Keq (equilibrium constant) apply to standard conditions.

•
Recall that ΔG and Q (equilibrium quotient) apply to any conditions.

•
It is useful to determine whether substances will react under specific conditions:
ΔG = ΔG(+ RTlnQ
•
At equilibrium, Q = Keq and ΔG = 0, so:

ΔG = ΔG(+ RTlnQ

0 = ΔG(+ RTlnK
 ΔG( = – RTlnK
•
From the above we can conclude:


•
If ΔG(< 0, then K > 1.


•
If ΔG( = 0, then K = 1.


•
If ΔG( > 0, then K < 1.

Driving Nonspontaneous Reactions
•
If ΔG > 0, work must be supplied from the surroundings to drive the reaction.

•
Biological systems often use one spontaneous reaction to drive another nonspontaneous reaction.

•
These reactions are coupled reactions.  

•
The energy required to drive most nonspontaneous reactions comes from the 
metabolism of foods.   


•
Example: Consider the oxidation of glucose:

C6H12O6(s) + 6O2(g) → 6CO2(g) + 6H2O(l) 
ΔG(= –2880 kJ.


•
The free energy released by glucose oxidation is used to convert low energy adenosine diphosphate (ADP) and inorganic phosphate into high energy adenosine triphosphate (ATP).


•
When ATP is converted back to ADP the energy released may be used to “drive” other reactions.  
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