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Readability: You may analyze the grade level appropriateness of text by using Word's readability tool. On the Tools menu, click preferences, and then click the Spelling & Grammar tab. Select the "Check grammar with spelling" check box. Select the "Show readability statistics" check box, and then click OK. Click Tools/Spelling and Grammar.

Flesch-Kincaid Formula for Readability

This is a US Government Department of Defense standard test [16]. 

(i) Calculate L, the average sentence length (number of words ÷ number of sentences). Estimate the number of sentences to the nearest tenth, where necessary. 

(ii) Calculate N, the average number of syllables per word (number of syllables ÷ number of words). 

Then grade level = ( L ? 0.39 ) + ( N ? 11.8 ) - 15.59 

So Reading Age = ( L ? 0.39 ) + ( N ? 11.8 ) - 10.59 years.

A massive iron girder and a lead fishing sinker are mostly empty space!  There is so much empty space in even such "dense" objects that under the extreme pressures that exist at the center of our sun, a girder would be compressed to the size of a small wire and a fishing sinker to a ball with a diameter smaller than the period at the end of this sentence.  How can something as dense as iron or lead contain so much empty space?


Iron and lead are forms of matter.  Matter is anything that has mass and occupies space, but how is it composed?  The Greek philosopher Aristotle believed that matter was continuous and could be divided indefinitely without changing its intrinsic properties, while another 4th century BC philosopher, Democritus, believed that matter was ultimately composed of tiny, discrete, indivisible particles  (atoms; coming from the Greek work meaning indivisible).  Whose model of matter was correct?


Approximately 2000 years later, an English school teacher named John Dalton developed a model of the nature of matter that explained a wide variety of experimental findings such as the previously discovered laws of mass conservation and definite proportions.  Dalton's atomic theory was based on Democritus' ideas, but went much further.  Dalton stated that: (1) all matter is composed of extremely small particles called atoms; (2) atoms of one element are identical in size, mass, and chemical properties; (3) the atoms of a given element are different from the atoms of all other elements; (4) atoms cannot be subdivided or destroyed; (5) in chemical reactions, atoms are combined, separated, or rearranged; and (6)  atoms of different elements can combine to form compounds in which the ratio of the number of atoms of any two of the elements is an integer or simple fraction. It is important to understand that Dalton never saw an atom!  He had no idea that an atom has a nucleus composed of protons and neutrons, and that electrons orbit the nucleus. Dalton proposed his atomic theory based solely on macroscopic observations (phenomena large enough to be observed by the human eye)!


Today we understand that Dalton was correct in his belief that elements are composed of atoms that enter into chemical combination with each other, but was incorrect in his assumption that atoms are indivisible.  We now know that an atom is made up of nuclei containing protons and neutrons that are surrounded by much empty space in which tiny electrons exist. The electrons may be separated from their nuclei, and nuclei split or fused.  To understand chemistry, it is essential to understand the structure of the atom.


In 1897, the English physicist Joseph John Thomson confirmed the existence of the electron, a fundamental particle which has a negative charge. Thomson believed that an atom was a uniform, sphere of positive matter in which the  negative electrons were embedded, somewhat like raisins in a bowl of pudding (Figure A).  Later, Ernest Rutherford showed that Thomson's model was incorrect.  Rutherford bombarded thin foils of gold with positively charged alpha () particles (helium nuclei).  If the "pudding model" were correct, all the alpha particles should have passed through the pudding with little interference because the negative and positive charges in the pudding would have been diffuse and evenly distributed. However, some of the alpha particles were deflected at a large angle and some even rebounded in the direction from which they had come. Clearly, the "pudding model" could not account for these findings.  Rutherford proposed a model suggesting that an atom is mostly empty space with a proton-containing nucleus at its center.  Positively charged protons concentrated in this nucleus can account for the wide scattering of the incoming  positively charged alpha particles in Rutherford's experiments (like charges repel; Figure B). Rutherford's careful measurements of the scattering of  particles indicated that only about half of the atomic mass of the nucleus could be accounted for by protons.  He suggested that there must be another particle in the nucleus, electrically neutral, with a mass nearly equal to that of a proton.  His conjecture was verified by J. Chadwick who bombarded beryllium with  particles and found that highly energetic, uncharged particles were emitted.  These particles, which are called neutrons, have a mass only slightly larger than that of a proton.  Some properties of the three major subatomic  particles are shown in the Table 1.

Table 1     Characteristics of the fundamental particles

Particle
Mass(g)
Charge (c)
Electric Charge

Proton
1.673 x 10-24 
+1.602 x 10-19 
+1

Neutron
1.675 x 10-24 
0
0

Electron
9.109 x 10-28 
-1.602 x 10-19 
-1

.


When solids, liquids, and gases under high pressure are heated  they release a continuous spectrum of light as shown in Figure C. The visible region (visible to the human eye) ranges from wavelengths of 400 nm (violet) to 700 nm (red).  In contrast, fluorescent, or electrically excited gases under low pressure produce bright line spectra as shown in Figure D, indicating that energy is emitted only at specific wavelengths. Each line in the spectrum corresponds to a particular frequency of light emitted by the atoms.  It is now known that each element has a unique emission spectrum. Compare the positions of the bright lines for each element and you can see that every element produces a unique spectrum which can be used to identify that element, much as a fingerprint may be used to identify a person.  


On the basis of this data, the German physicist Max Planck proposed that atoms and molecules cannot absorb or emit any arbitrary amount of radiant energy,  but instead can absorb or emit radiant energy only in discrete (specific) quantities.  The name quantum  was given to the smallest quantity (bundle) of energy that can be absorbed or emitted as electromagnetic radiation.  Albert Einstein explained the photoelectric effect, in which light striking metals eject electrons, using Planck's ideas. If the frequency  of the impinging light is below what is called the threshold frequency, no electrons are ejected no matter how intense the light.  A very intense light with too low a frequency could shine on a metal forever without causing the photoelectric effect. While wave theory could not account for the photoelectric effect, particle theory could.  In explaining the photoelectric effect, Einstein suggested that light was a stream of particles which he called photons. He conjectured that each photon possesses energy E as indicated by the following equation: E=h(, where E is energy, ( is the frequency of the light, and h is Planck's constant.  If the frequency of photons is such that h( is equal to the binding energy of the electrons in the metal, then the light will have just enough energy to knock the electrons loose.  Light of a higher energy will knock the electrons loose and will impart to them some kinetic energy.


In 1913 Niels Bohr (1885-1962) was able to explain the hydrogen-atom line spectrum (Figure D) by hypothesizing that the single electron of the hydrogen atom can circle the nucleus only in allowed paths (orbits). An electron in any of these orbits has a definite (fixed) amount of energy.  The energy is said to be quantized.  Thus a line spectrum is produced when an electron drops from a higher-energy orbit to a lower energy orbit because as the electron drops, a photon is emitted that has an energy equal to the difference in energy between the initial higher energy orbit and the final lower energy orbit.  Likewise, to move an electron from a lower energy orbit to one of higher energy requires that the electron absorb a fixed amount of energy.  Bohr thought that electrons orbit the nucleus in definite paths, and thus it should be possible to determine the exact velocity and position of the electron at any given time.


To further explain the emerging quantum model of the atom, French chemist Louis de Broglie proposed that, like light, electrons also exhibit a wave-particle nature.  Bohr's quantized electron orbits were consistent with known wave behavior.  Standing waves have only certain frequencies.  Consequently, if electrons are considered as waves confined in a given space around a nucleus, this would explain why only certain frequencies and energies are possible.


The Swiss physicist Erwin Schrödinger was intrigued by the work of de Broglie, and in 1926 formulated the now famous Schrödinger wave equation to describe the nature of electron waves.   Whereas Bohr's model described definite orbits occupied by electrons, Schrödinger's model describes general orbital clouds in which electrons may be found. Schrödinger's idea that the location of an electron cannot be "pinpointed" in a specific orbit but only approximated in a general orbital cloud was consistent with the uncertainty principle (some properties of atoms and their particles can be determined simultaneously only to within a certain degree of accuracy) developed by Werner Heisenberg in 1927.  An electron orbital describes a region of space around the nucleus in which an electron is most likely to be found, and can be considered as the wave function of an electron in an atom.  Electron density gives the probability that an electron will be found in a specified region of an atom.


Schrödinger's equation suggests that an atomic orbital can be described by a series of three "quantum numbers": the principal quantum number (n), angular  momentum quantum number(l), and the magnetic quantum number (ml).  These numbers indicate the region occupied by a given orbital in terms of distance from the nucleus, orbital shape, and orbital position with respect to the three-dimensional x, y, z axes. In addition, there is a fourth quantum number called the spin quantum number (ms). The spin quantum number reflects the fact that each electron spins either "clockwise" or "counter-clockwise", creating a tiny magnetic field akin to that of a bar magnet.


Each electron in an atom can be assigned a set of values for its four quantum numbers, n, l, ml, and ms, that determine the orbital in which the electron will be found (n, l, ml) and the direction in which the electron will be spinning (ms) -- that is, these four quantum numbers provide the "address" and direction of spin for any electron in an atom. Just as no two telephones, homes, or Internet servers may have the same address, so no two electrons in an atom may have the exact same quantum address.  The Austrian theoretical physicist Wolfgang Pauli expressed this principle in his famous Pauli exclusion principle which states that no two electrons in an atom can have the same four quantum numbers.  Knowledge of the four quantum numbers will help you decide the electronic configuration (arrangement of electrons) in a given atom.


The principal quantum number (n)  indicates the main energy levels surrounding the nucleus of an atom. These levels are often referred to as shells (a shell is a collection of orbitals) and are roughly equivalent to the Bohr orbits. Values of n can have only integral values such as 1,2,3, 4, etc.  The larger the value of n, the greater the average distance of an electron in an orbital from the nucleus and, consequently, the larger and less stable the orbital. Orbitals of the same principal quantum number belong to the same shell. In the past, shells were often referred to by the following capital letters: K=1, L=2, M=3, and N=4.


The angular momentum quantum number (l) indicates the shape of an orbital. Within each main energy level beyond the first, orbitals with different shapes occupy different regions in space. These regions are referred to as sublevels or subshells. The number of subshells (possible orbital shapes) in each main energy level is equal to the principal quantum number n.  Although the energy of an orbital is mainly determined by the n quantum number, the energy also depends somewhat on the l quantum number. Orbitals with the same n but different l belong to different subshells and are denoted by the letters s, p, d, and f. These letters were derived from earlier studies in spectroscopy terminology describing the lines in a spectrum with which they are associated: s stands for sharp, p for principal, d for diffuse, and f for fundamental.



The magnetic quantum number (ml)describes the orientation of an orbital in space about the nucleus. The number of orientations for any given magnetic quantum number is 2 times the angular quantum number plus one.   Table 2 shows the relationship between principal quantum number, angular momentum quantum number, and magnetic quantum number.   

Table 2     Quantum number relationships
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If you play the sleuth and examine this table carefully, noting that n stands for the number of the principal quantum number, you can  discover some important relationships.  Notice that the number of sublevels (orbital shapes) for each principal quantum number is equal to the principal quantum number.  The total number of orbitals for a principal quantum number is equal to the square of the principal quantum number.

   
The wave-particle model is certainly not intuitive, but it has withstood many experimental tests.  Discoveries concerning the nature of light (one kind of electromagnetic radiation) have led to a revolutionary view of nature and the atom. You will learn that light and electrons in atoms have some properties in common. To understand the wave-particle model you must understand the nature of waves.


How can we know about things we can't see such as atoms and electrons?  You will have an opportunity to perform activities in this chapter that will allow you to determine what something might look like without your actually seeing it.  We can often determine the makeup of something based on its interaction with, or effect on, something else. Such indirect analysis is a very important method of scientific investigation. 

2.1.1 atoms are mostly empty space
Concepts to Investigate: Atom, nucleus, electron, indirect analysis, Rutherford experiment.

Materials: Peg board (at least 25 holes spaced in a square grid, approximately 3 cm apart), 3 or more pegs to fit holes, board to cover peg board so pegs cannot be seen, marbles with a diameter less than the height of the pegs and less than the distance between the pegs in the board.

Principles and Procedures: Thomson's model of the atom, sometimes noted as the "plum pudding" model (Figure A), depicted electrons embedded in a uniform, positively charged sphere.  In this model, the positive and negative charges were evenly distributed in space.  Consequently, a particle with positive charge traveling through the space occupied by the negative and positive charges would be traveling through a "neutral zone" because the effects of the positive and negative charges would cancel and the particle would experience no unbalanced force to move it one way or another. In other words, a positive particle should move straight through the "plum pudding" model, experiencing no deflection.


  Ernest Rutherford investigated the structure of the atom by shooting alpha particles (positively charged helium ions; helium nuclei) through very thin foils of gold and other metals.  Most of the incoming alpha particles passed through the foil either undeflected or with only a slight deflection, as would be predicted by the Thomson model.  However, there were some startling occurrences in which the alpha particles were deflected at large angles and, at times, right back in the direction from which they had come! (Figure B).  Rutherford explained these results by proposing that the atom is: (a) mostly empty space (which explains why most of the alpha particles pass through undeflected) with (b) positive charges concentrated in a dense central core (which explains why positively charged alpha particles are occasionally deflected or reflected).


Rutherford never saw an atom.  He inferred the structure of an atom by the interaction of the atom with incoming charged particles.  This is a case of indirect measurement.  You can gain a sound understanding of the idea of indirect measurement by carefully performing the following activity.


Work in pairs.  Obtain three pegs and a peg board which has at least five holes on a side (minimum of 25 holes per board, approximately 3 cm apart).  Wooden pegs may be made by cutting and sanding dowels that have a diameter similar to the holes in the peg board.   The pegs should be long enough that the marbles can freely move under the apparatus when set up as shown in Figure F.  While one of the pair is not observing, the other places three pegs randomly in peg board holes (see Figure E). Turn the board over and place it on a flat surface so it rests on the pegs with one partner holding the board so it remains level (Figure F).  Place a sheet of graph paper, the coordinates of which match the position of holes in the peg board, on top of the board (Figure G). One partner rolls marbles under the pegboard at selected intervals and records the original path of the marble and any resulting deflections on the graph paper. To ensure that marbles travel straight, launch them between two straight edges (Figure G).  Repeat this for each side of the peg board.  If the ball is deflected, then it indicates that there is a peg in that row or column.  Analyze the results and use these to identify the positions of the pegs.  Repeat the procedure until you can accurately determine the positions of all three pegs.   This activity is analogous to Rutherford's experiment.  What do the marbles represent?  What do the pegs represent?

Questions:

(1) How does this activity use the concept of “indirect measurement?”

(2) Explain how you were able to locate the pegs by rolling the marble under the board. Relate this to Rutherford’s use of alpha particles and gold foil.

(3) Would an increase in the number of pegs make it more difficult to determine the position of each of these pegs? Explain.

2.1.2 atomic spectra
Concepts to Investigate: Atoms, electrons, protons, continuous spectra, emission spectra, line spectra, spectroscope, flame test, element identification.

Materials: Part 1: small ball, staircase  Part 2: spectroscope, gas tubes, spectrum tubes of various gases, spectrum power supply. prism; Part 3: nichrome or platinum wire, burner, distilled water, barium chloride, calcium chloride, potassium chloride, lithium chloride, sodium chloride, strontium chloride (you may substitute nitrate salts of these metals); cobalt glass. 

Safety: Carefully follow manufacturer's safety recommendations when using the high voltage spectrum tube power supply in part 2. Wear goggles and laboratory apron when performing the flame tests in part 3. 

Principles and Procedures: If you shine a bright beam of light from the Sun or an incandescent light through a prism or diffraction grating, the incoming white light will be separated into a continuous spectrum of bright colors ranging form red to violet, with no gaps between any of the colors (Figure C).  Likewise if you point a spectroscope at the blue sky (not directly at the Sun) or at an incandescent bulb, you will see a continuous spectrum of colors from red to violet. However, if you point your spectroscope at a fluorescent lamp you may see a non-continuous "line" spectra (bright lines of colored light with gaps in between, Figure D).  The existence of such line spectra can not be explained by classical physics which assumes that energy can be absorbed or emitted by an electron in any arbitrary quantity.  Bright line emission spectra clearly indicate that electrons can absorb or emit energy only in specific quantities. This quantization of energy was difficult for scientists to understand and accept, but as experiments progressed and the evidence for the "quantum theory" mounted, the era of modern physics was eventually ushered in.


Every element has a unique line spectrum which can be used to identify that element (Figure D) much as a fingerprint
 or DNA sequence can be use to identify an individual. The lines in the spectrum indicate the energy of the light emitted.  A simple spectroscope can be used to view the spectrum of any source of light.  Some simple spectroscopes have a scale which indicates the wavelength of the light emitted.  A source such as the Sun (never look directly at the Sun!) or an incandescent light will show a continuous spectrum.  However, a source such as a fluorescent light commonly found in the home, or mercury and sodium lamps commonly used to illuminate streets, or neon signs that you see in store windows, will show line spectra (Figure D).  In this activity you will play detective to determine the luminous gases in various lamps.



Part I: Line spectra - Staircase analogy for the quantization of energy: You can visualize quantization of energy by observing the action of a ball as it ascends or descends a flight of stairs or a ramp.  Find a flight of stairs which is not occupied.  Place a ball at the top of the stairs and roll it gently toward the flight of stairs (Figure H).  Observe the motion and intermittent resting points of the ball as it moves down the stairs. As it rolls, the ball may stop and remain on a given stair (energy level), but it never rests at any point between one stair and another.   The potential energy of the ball will be converted to discreet values of kinetic energy proportional to the height of a given step.  This is analogous to what happens as an electron falls from an excited state to a lower state (Figure I).  Energy can be released only in discrete amounts as it moves from a higher-energy orbit to a lower-energy orbit.


  Toss a small ball toward the top of the stairs with as little  spin as possible.  The ball may come to rest on top stair or some stair in between, but never at a point between one stair an another.  In order to throw the ball to the higher steps in the staircase, you must throw it harder, meaning that you must give it more energy. The ball may bounce from one stair down to the stair directly below, or it may bounce down to a stair located more than one step below.  Whatever the case, only a discrete amount of energy will be required to throw the ball to any given step, and only a discrete amount of energy will be emitted (potential energy changed to kinetic energy) when the ball moves from any given step down to another step. The energy change  (kinetic to potential) required to move the ball from one step to the next higher step is the same as the energy change (potential to kinetic) when the ball moves from the higher step to the lower.


 Part 2:  Line spectra of fluorescent tubes: Caution:  Only the instructor should change tubes in the high voltage spectrum tube power supply.  


Obtain a simple spectroscope from your teacher, preferably one that has a scale to show the magnitudes of the wavelengths of light.  Point the spectroscope at an incandescent light bulb.  Do you see a continuous spectrum with no gaps? Now point the spectroscope at a fluorescent lamp. You should see a distinct line spectra.  (You will probably need to practice looking at slightly different angles until the bright lines are clearly visible).  Compare the spectra you see with the those shown in Figure D and determine the contents of the lamp.


At night use your spectroscope to analyze the light emitted from those yellowish and bluish lamps often used to light streets, yards around homes, and businesses.  Match up the main lines of the spectra emitted by these lamps with the emission spectra illustrated in Figure D.  What vapor is used in the street lamps on your street?


Tubes filled with hydrogen, helium, argon, oxygen, mercury, neon and other gases emit distinctive colors when exposed to high voltage. Your instructor will cover up the names of the gases and place the tubes one at a time in a spectrum tube power supply (Figure J).  Record the colors of these gases and try to match their bright line spectra with those in Figure D.  List those gases that you were able to correctly identify on the basis of their bright line spectra.


Part 3: Flame tests:  It is rather easy to excite the electrons of the group 1 and 2 elements (first and second column of the periodic table) by heating crystals containing these elements.  Prepare approximately 0.5 M solutions (the concentrations are not critical) of barium chloride, calcium chloride, potassium chloride, lithium chloride, sodium chloride, and strontium chloride.  Prepare an equal mixture of 0.5 M sodium chloride and 0.5 M potassium chloride.  You may substitute nitrates of each of these metals if necessary.  After putting on goggles and a lab coat,  light a burner or propane torch and adjust for a non-luminous flame with a double cone.  Fold the end of a nichrome or platinum wire into a ball and then tape the straight end to a wooden stick.  Dip the end of the wire into dilute hydrochloric acid and then hold it in the burner until the wire imparts no color to the flame.  If the wire imparts any color to the flame, it may mask the colors of the group 1 and 2 elements. 


Place the end of the wire into a test tube containing a solution of one of the metal salts.  Hold the wire just above the inner cone of the laboratory burner as shown in Figure K and note the color imparted to the flame: Record this color in Table 3.  Repeat for all solutions. Perform those involving sodium chloride last.

Table 3     Flame Tests



Salt Solution
Ion
Flame Color

barium chloride (BaCl2)
Ba2+


calcium chloride (CaCl2)
Ca2+


potassium chloride (KCl)
K+


lithium chloride (LiCl)
Li+


strontium chloride (SrCl2)
Sr2+


sodium chloride (NaCl)
Na+


sodium chloride (NaCl) and potassium chloride (KCl)  
Na+ and K+



When two group 1 or 2 elements are present, such as in the solution of sodium chloride and potassium chloride, one bright color (yellow for sodium) may obscure another color (violet for potassium). View the flame for the sodium chloride-potassium chloride solution through a piece of cobalt glass (cobalt glass will not transmit the yellow color of sodium) so you can observe the violet color of potassium.  

Questions:

(1)  Compare and contrast continuous and line spectra.  

(2)  On the basis of your observations, which element is primarily used in standard fluorescent tubes?  In the yellowish street lamps?  In the bluish street lamps? 

(3)  Compare the flame color of sodium to the color you saw using the spectroscope when viewing a sodium vapor lamp.

(4)  Line spectra may be used as "fingerprints" to identify the elements. Explain. 

(5)  If your spectroscope has a scale, give the wavelengths in nanometers of the lines you observed when you viewed a standard (room) fluorescent lamp. .

(6) What colors are associated with barium, calcium, potassium, lithium, sodium, and strontium. 

2.1.3 Wave Characteristics

Concepts to Investigate: Wavelength, amplitude, frequency, period, standing wave, nodes, antinodes, wave nature of electrons, de Broglie's equation.

Materials: Part 1: Small plastic or paper cup, string, sand or paint, nail, burner, tongs, tape, rolls of white paper about 30 cm wide. Part 2: wooden dowel (or rolling pin), rectangular pan;  Part 3: wave demonstration spring or rope. Part 4:  balloon.

Principles and Procedures:  In the early 1900s, Albert Einstein showed that in certain situations light "waves" behave as particles.  Although it is difficult to conceive how light can simultaneously be a wave and a particle (photon), much research suggests that this is the case!   In the 1920s, the French physicist Louis de Broglie suggested that if waves had the properties of particles, then perhaps particles may have the properties of waves.   De Broglie postulated that a particle of mass m and speed v has an associated wavelength according to the following equation:

 = h/mv
where  is the wavelength associated with the particle and h is Planck's constant (6.626 x 10-34 J.s).  This equation shows that the wavelength of a particle is inversely related to its mass.  According to this equation, if the mass of the particle is much greater than an atom, then the wavelength is too small to ever be detected.  De Broglie's equation does suggest, however, that extremely small particles, such as electrons, will display significant wave characteristics.  It is now widely accepted that electrons, like photons, have a dual wave-particle nature.  In some experiments we see their wave characteristics, and in others, we see their particle characteristics.  Although we can obviously not investigate the wave nature of electrons in a simple laboratory experiment, we can understand certain aspects of waves by examining some macroscopic examples.   


Part 1: Picturing transverse waves: Caution:  Wear goggles whenever using an open flame. Hold a nail with pliers in the flame of a burner, and then use the heated nail to melt one hole in the bottom of a plastic cup as well as two holes on opposite sides near the rim. Tie a string through the upper holes as shown in Figure L and cover the bottom hole with a piece of tape.  Fill the cup with fine dark sand or dilute paint. Place a sheet of white paper under the cup.  Uncover the hole, and swing the cup in a small arc.  If the sand or paint does not leak fast enough to make an easily observable straight track on the sheet, increase the diameter of the hole until it does.  The swinging cup is a pendulum and if its arc (amplitude) is small, it will demonstrate simple harmonic motion.  


Tie the cup to a support, unroll about one meter of paper and position one end of the sheet perpendicular to the direction of the cup's swing.  The middle of the sheet should be positioned directly under the resting cup.  Pull the cup back to the edge of the paper, remove the tape from the hole,  and allow the cup to swing as your partner slowly pulls the paper at constant speed in a direction perpendicular to the cup's swing as illustrated in Figure L.  


The trace left by the paint or sand will be a sine wave such as shown in Figure M.  The amplitude of the sine wave represents the maximum displacement of the pendulum (cup) from its rest position.  The distance from crest (high point) to crest or from trough (low point) to trough is called the wavelength, .  How can you obtain a wave pattern with the same wavelength but with different amplitude?  How can you obtain a wave pattern with the same amplitude but with a shorter wavelength?  Experiment with the length of the pendulum, its arc, and the speed at which the paper is moved until you obtain wave patterns which answer these questions.


Frequency  is a measure of the number of waves per unit time, and in this activity it is determined by how rapidly the pendulum swings.  If the pendulum makes one complete swing in a second the frequency is 1 vibration/s, also known as one cycle per second or one Hertz (1 Hz).  The period is the time required to make one vibration.  Since frequency is the number of crests or troughs passing a given point in unit time, and period is the time between the passage of two successive crests or troughs, the relationship between frequency f and period T is reciprocal:  f = 1/T or T = 1/f.  How can you obtain a wave with a longer period?  How can you obtain a wave with a higher frequency? Experiment with the length of the pendulum, its arc, and the speed at which the paper is moved until you obtain wave patterns which answer these questions


Part 2: Transverse waves in water: Fill a rectangular pan with water to a depth of about 1.5 cm.  Place the pan on a level surface.  Cut a wooden dowel (2 cm diameter or thicker) to a length slightly less than the width of the pan and place the dowel in the water at one end.  Touch a finger to the dowel (or rolling pin) and roll it back and forth once and observe the transverse wave that moves across the water's surface.  Roll the dowel back and forth repeatedly and observe the train of waves moving across the water's surface (Figure N).

The speed of a wave through a given medium is constant.  Roll the dowel back and forth at a slow rate and note the length of the wave.  Roll the dowel back and forth faster (increased frequency) and note that the wavelength is shorter.  Roll the dowel even faster and note that the wavelength is shorter yet.  These activities show that there is an important relationship between the frequency, length, and speed of a wave: wave speed is the product of the frequency and wavelength (wave speed = frequency x wavelength).  If v is speed, f is frequency, and  is wavelength, we have: v = f.  Thus, in a given media, frequency and wavelength are inversely related.  If the frequency increases, the wavelength decreases and vise versa.  This fundamental relationship is true for waves of any type including electromagnetic waves and electron waves. 


Part 3: Standing Waves in a Spring: Obtain a wave demonstration spring (coiled spring about 3/4 inch in diameter and about 6 feet in length) or a rope.  Place the spring (or rope) on a smooth, flat floor.  One student should hold one end of the spring tightly against the floor so it cannot move.  The other student should grip the other end of the spring and send a pulse  down the spring by moving the end of the spring quickly to the left or right and then back to the original position.  Observe the pulse as it travels down the spring, and observe the reflected pulse. Is the reflected pulse on the same or opposite side of the sent pulse? 


Send one pulse down the spring and, when the reflected pulse  moves toward you, send another pulse of the same magnitude down the spring and note the results when the two waves meet. Do the pulses reinforce or cancel each other?


Rapidly move one end of the spring from side to side, sending waves down the spring, and observe the returning waves.  Increase the rate of movement of the end of the spring and observe the results.  Finally, adjust the rate of movement of the end of the spring so a standing wave is established.  You will know that a standing wave has been established when the spring seems to just undulate from side to side (moving back and forth from one side to another) with no apparent waves moving either up or down the length of the spring.  Figure O shows a standing wave in a rope with six nodes, including the two at the ends.  


De Broglie suggested that electrons act as standing waves that just fit the circumference of the orbit.  Figure Q shows the conditions that must be met to establish a standing electron wave. In some regions there are nodes, indicating that the probability of finding an electron there at any time is zero.  In other regions there are antinodes, indicating that the probability of an electron being in that region at any time is significant. 


Part 4:  Three-dimensional waves: The standing waves you have produced in the springs or ropes are 2-dimensional.  An atom, however, is three-dimensional, and consequently a standing wave of an electron has three dimensions.  To illustrate this three dimensional aspect, inflate a balloon and then repeatedly squeeze and release one side so the opposite side alternately expands and contracts.  This is analogous to a three-dimensional electron wave. 

Questions:

(1)  What is the relationship among the frequency, wavelength, and velocity of a wave?

(2)  Describe the location (same or opposite side as the sent pulse) of the returning wave after you sent a pulse down the spring. Describe the result when you sent a pulse down the spring toward a returning pulse. 

(3)  What is a standing wave? What is a node? 

(4)  For a given length of spring, only certain wavelengths are possible if a standing wave is to exist. Explain.

2.1.4  quantum numbers AND ELECTRON ORBITALS
Concepts to Investigate: Atoms, electrons, electron "addresses", principal quantum number, angular quantum number, magnetic quantum number, spin quantum number, subshell, electron orbital, Aufbau principle, Hund's rule, Pauli exclusion principle, orbital shapes, electron density.

Materials: None.

Principles and Procedures: Figure X identifies the "energy addresses" of the twenty elements referenced in the activity.  According to the principles of quantum mechanics, each electron in an atom is described by four different quantum numbers, the combination of three of which gives the probability of finding an electron in a given region of space (atomic orbital) and the fourth which specifies the spin of the electron on its axis ("clockwise" or "counterclockwise") in an orbital. Atomic orbitals have definite shapes, indicating those spaces of high probability of finding an electron.  Orbitals do not end abruptly at a particular distance from the nucleus, so atoms actually have indefinite sizes.


Each electron in an atom has a unique energy address, just as each house or building has a unique address.  For example, the Empire State Building is located in the country of the United States, in the state of New York,  in the city of New York,  at the street address of 350 5th Avenue.  Just as no two buildings can occupy the same address, so no two electrons can have the same quantum numbers in a given atom.  When locating a building we specify the country, state, city and street address.  When identifying a specific electron we specify the (1) principal quantum number n  indicating distance from the nucleus, the (2) angular momentum quantum number l indicating shape of the orbital, the (3) magnetic quantum number ml indicating orientation of the orbital, and the (4) spin quantum number mS indicating whether the spin of an electron is "clockwise" or "counterclockwise" (these terms have meaning only as opposites to each other in the same atom). 


The principal quantum number (n) indicates the distance from the nucleus and thus the size of an orbital, and is the main factor determining its energy.  The principal quantum number may have positive integer values: 1,2,3,4,5,6,7, etc.  Orbitals that have the same principal quantum number form a "shell".


The angular momentum quantum number (l) indicates the shape of the orbital and can have any integer value from 0 to n-1. For example, if n = 4, l  can be either 0, 1, 2 or 3. If n=1, l can be only one value, 0, and consequently there can be only one orbital shape, the sphere (s-orbital) shown in Figure R.  If n=2, then l may have two values, 0 or 1, and consequently 2 shapes, the spherical (s-orbital) or polar (p-orbitals) shown in Figures R and S.  If n=3, then l may have three values, 0,1 or 2, and consequently 3 shapes: the spherical (s-orbital), polar (p-orbitals), or dual-polar (d-orbital) shapes shown in Figures R, S, and T.  Orbitals within a shell that have the same angular momentum number are said to be in the same subshell (indicated as s,p,d,f,...).  Chemists refer to the shell/subshell with a two-character code.  For example, the configuration 2p identifies electrons in the p subshell of the 2nd shell.


The magnetic quantum number (ml) describes the orientation of the orbital about the nucleus. The magnetic quantum number (ml) can be any integer between -l and +l. If, for example, l = 2, ml  can be either -2, -1, 0, +1, or +2.  If n=1, then l must equal 0, and there can be only one value for ml,=0.  This makes sense since there is only one way to orient a sphere (Figure R).  If, however, n=2, l may have values of 0 or 1, indicating two shapes (Figures R and S).  If l=1, then ml can have values of -1,0,1, indicating the three primary orientations of the orbital (Figure U).  These are commonly referred to the x, y, and z orientations, as described by their axes.   Thus, the configurations may be px, py, and pz.  If n=3, then l can have values of 0,1 or 2.  If l has a value of 2, then ml may have values of -2,-1,0,+1, or +2, indicating five distinctive orientations (Figure V).


The spin quantum number (ms) refers to the two possible orientations of the spin axis of an electron which are +1/2 and -1/2.


An electron, spinning on its axis, behaves like a tiny magnet and has polarity that we may indicate by +1/2 or (.  An electron spinning on its axis in the opposite direction has the opposite polarity that we may indicate by -1/2 or  (.  Since like poles repel each other, two similarly spinning electrons can never occupy the same orbital.  However, since opposite poles attract, two oppositely spinning electrons can occupy the same orbital: ((.

Table 4 lists the permissible quantum numbers for all orbitals through the 4th (N) shell.  Since each orbital can hold two electrons (with opposite spins) the total number of electrons in a subshell will be twice the number of orbitals.

Table 4     Quantum Numbers

n
l
ml
Number of orbitals in subshell
Subshell designations
possible electrons

1
0
0
1
1s
2

2
0
0
1
2s
2

2
1
-1,0,+1
3
2p
6

3
0
0
1
3s
2

3
1
-1,0,+1
3
3p
6

3
2
-2,-1,0,+1,+2
5
3d
10

4
0
0
1
4s
2

4
1
-1,0,+1
3
4p
6

4
2
-2,-1,0,+1,+2
5
4d
10

4
3
-3,-2,-1,0,+1,+2,+3
7
4f
14


Figure W represents the information from Table 4 in graphic form.  Each small rectangle indicates an orbital capable of holding two electrons, one in the box above the line, and one in the box below the line.  The Pauli exclusion principle specifies that no two electrons in the same atom can have the same set of quantum numbers, just like no two homes can have the same address, or no two phones exactly the same telephone number.  Therefore, on our chart, no two electrons can occupy the same box. 


The Aufbau principle states that an electron occupies the lowest-energy orbital that can receive it.  Thus, if an atom has only one electron it will be in the 1s orbital, and if an atom has 3 electrons, it will have 2 in the 1s orbital, and one in the 2s (written 1s22s1). 


Hund's Rule states that orbitals of equal energy (for example all of the three 2p orbitals) are occupied by single electrons of the same spin before any are filled with second electrons with opposite spins.  Two electrons occupying the same orbital are known as an electron pair or an orbital pair (((). 


The structure of an electron cloud is analogous to an apartment building, where each floor represents an energy level (principal quantum number, n), each wing represents a sublevel (orbital quantum number, l), each apartment represents an orbital (magnetic quantum number, ml) that is occupied by one or two people, husband or wife (spin quantum number, ms).  Each person in the apartment complex can be specified given four pieces of data.  For example, [6th floor, wing 2, apartment 1, husband] gives the address for one and only one individual.  In a similar manner, you can specify a unique address for any electron in the electron cloud surrounding an atom, however there are a variety of addressing systems!  Use your knowledge of quantum numbers to identify the elements represented by items 1-20, and place the corresponding numbers in the appropriate boxes ("energy addresses") on Figure W.

(1) H; hydrogen, 1 electron
(2) He: helium, 2 electrons

(3) Be: beryllium, 4 electrons
(4) B:  boron, 5 electrons

(5) n=3, l=0, ml=0, ms=-1/2
(6) n=3, l=1, ml=1, ms=+1/2

(7) n=5, l=0, ml=0, ms=-1/2
(8) n=3, l=1, ml=-1, ms=+1/2

(9) 4dxz; ms=+1/2
(10) 6dxy; ms=+1/2

(11) 5px; ms=+1/2
(12) 6pz; ms=-1/2

(13) Ge; [Ar] 4s2 3d10 4p2
(14) Br; [Ar] 4s2 3d10 4p5

(15) C; 1s22s22p2
(16) S; [Ne] 3s2 3p4

(17)  n=4; 

, ms=+1/2
(18) n=3;
, (

 (19)     M shell;
; (
(20)  n=4; 
; (


Important note: The magnetic and spin numbers have been added to Figure W solely to communicate the “electron energy address” concept.   In reality, all orbitals within a subshell have the same energy and are equally as likely to fill first.  In other words, the x, y, and z orbitals in a given p subshell have the same energy so the p orbital sequence shown in Figure W  does not have to read in the x,y,z sequence. Thus, the magnetic and spin numbers identified in the key do not represent absolute positions.

Questions:

(1) Describe in your own words the meaning of principal quantum number, angular momentum quantum number, magnetic quantum number, and spin quantum number.

(2)  No electron in an atom may have the same four quantum numbers.  Use the analogy of your address: country, state, city, and street to explain this important concept.

(3) You may live at 1000 First Street in the city of Portland, Oregon, and your friend may live at 1000 First Street in the city of Portland, Maine.  Is it legal to have two identical street addresses in two towns of the same name in the same country?  Explain.

(4) Consider the rules for quantum numbers and decide which of the following sets of quantum numbers is permissible for an electron in an atom and explain:

(a)  n=1,   l=1,   ml = 0,    ms = -1/2

(b)  n=2,   l=1,   ml=0,      ms = -1/2

(c)  n=3,   l=2,   ml = +3,   ms = +1/2

(5) What is an atomic orbital?

(6) Does an atom have a definite or indefinite size?  Explain

(7) The shapes and energies of all p orbitals in the same subshell are the same but differ in one important respect. Explain.

(8) The shape of an orbital determines the space in which an electron will be found with high probability.  Explain.

2.1.5 electron configuration
Concepts to Investigate: Orbitals, orbital notation, Hund's rule, Pauli exclusion principle, paramagnetic, diamagnetic, Aufbau principle, electron configuration.

Materials:  None.

Principles and Procedures: An electron configuration shows the distribution of electrons among available subshells in an atom.  To indicate this configuration, we list the subshell symbols, one after the other, using superscripts to indicate the number of electrons in the subshells.  For example, a configuration of the Be atom (atomic number 4) is written 1s22s2, indicating there are two electrons in the 1s subshell and two electrons in the 2s subshell.


The notation just described gives the number of electrons in each subshell but does not indicate the spins of electrons.  To do this, we use orbital notation in which vertical arrows represent the spin orientation of individual electrons in each orbital.  The Pauli exclusion principal states that no two electrons in an atom may have the same four quantum numbers, so no two electrons in an orbital will ever have the same spin:




What determines the arrangement of electrons in the subshells of an element (for example carbon) in which there are more than one possible arrangement that do not violate the Pauli exclusion principal as shown here?




Which one is correct? Fortunately the German chemist Friedrich Hund discovered that the lowest energy configuration of electrons is obtained by placing electrons in separate orbitals of the subshell with the same spin before pairing electrons.  This means that the most stable arrangement of electrons in subshells is the one with the greatest number of parallel spins (not opposite spins which cancel each other). Of the three possible arrangements above, only  "3" meets the criteria. By remaining unpaired in separate orbitals, the two 2p electrons of carbon are in a lower energy state than if they were paired in the same p orbital because in separate p orbitals the electron-electron electrostatic repulsion is minimized.


The Aufbau principle ("Aufbau" is a German word meaning "building up") states that we can mentally "build up" the electron configurations of any atom by placing electrons in the lowest available orbitals until the total number of electrons added equals the number of protons in the nucleus (z, the atomic number of the element).  According to this principle, the electron configuration of an atom is determined by filling subshells shown on the vertical axes of Figure W or shown in the following sequence:

1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, 5f
With a few exceptions, this order reproduces the experimentally determined electron configurations.  Using the Aufbau principle, "build up" the missing electron configurations and orbital notations in the following table.

Table 5:  Orbital Notation

z
symbol
configuration
orbital notation




1
H
1s1



2
He




3
Li
1s22s1



4
Be




5
B




6
C




7
N




8
O




9
F




10
Ne
1s22s2 2p6 = [Ne]



Questions:

(1) Identify the following atoms by their electron configurations: (a) 1s22s22p5, (b) 1s22s22p63s23p2, (c) 1s22s22p63s23p6. 

(2) How does Hund's rule help you determine the electron configuration of an atom?

(3) Write the orbital diagram for the element chlorine.

(4) Use Figure W to determine the electron configuration of aluminum.

(5) Is there anything unusual about the electron configuration of chromium (z=24)  [Ar]3d54s1?  Explain.

FOR THE TEACHER


It is very important to know the atomic structure of an element because it determines the chemical and physical properties of that element!  In order to understand chemistry, one must understand atomic structure. 


The size of an atom is on the order of 1 x 10-10 m.  Nearly all the mass of an atom is concentrated in the nucleus as protons and neutrons, with the surrounding electrons constituting most of the atomic volume. Examination of line spectra fostered the determination of the electron structure of atoms.  Bohr's interpretation of line spectra was in terms of an atom in which the electrons are located in orbits of different energy and radii.  According to Bohr, electron transitions between orbits occur with the absorption or emission of discrete quanta (amounts) of energy, and he thus established the theory of quantized energy levels.  Bohr's theory could not explain the emission spectra of atoms containing more than one electron. 


De Broglie suggested that moving matter possesses an associated wavelength, too small to be measured for macroscopic particles but measurable for minute particles such as the electron, proton, and neutron. Schrödinger developed a wave model of the hydrogen atom in which the positions of the electrons are determined by probability considerations with the electron energy states, called orbitals, defined in terms of four quantum numbers: n, l, ml, and ms.  These quantum numbers uniquely specify the quantized energy state of the electron in the hydrogen atom: n indicates orbital size, l indicates orbital shape, ml indicates orbital orientation, and ms indicates electron spin.  We can use this hydrogen model to build up the electron structures of multi-electron atoms. 


A description of molecular orbitals is beyond the scope of this book.  However, it should be noted that the valence bond theory, which pictures a bond as forming when atomic orbitals overlap when individual atoms come together, does not explain certain observed phenomena such at the paramagnetism of oxygen.  Oxygen contains an even number of electrons and, according to simple valence bond theory, the O2 molecule should be diamagnetic.  Actually the oxygen molecule is paramagnetic.  Molecular orbital theory  easily explains this paramagnetism. The molecular orbital model considers a molecule to consist of a collection of atomic nuclei surrounded by a set of molecular orbitals.  These molecular orbitals are spread over several atoms or the entire molecule.  An atomic orbital is associated with only one atom, whereas a molecular orbital is associated with the entire molecule. 
2.1.1 ATOMS ARE MOSTLY EMPTY SPACE
Discussion: It is important that you stress the importance of indirect measurement in science. Before Rutherford's work, it was generally believed that the electrons and protons were distributed throughout the entire volume of an atom.  Scientists are able to infer the structure of one entity by probing it with another entity and examining the results, much as Rutherford probed the atom using alpha particles as the probes and examined the resulting deflections. Students actually accomplished an analogous task as Rutherford in using the marbles to locate the pegs.  If there are too many pegs, students will quickly find out that the marble may bounce back and forth among pegs and never emerge from under the board.


You should explain that there are many occasions in science and in their everyday lives in which direct measurement is not possible or feasible.  For example, no one has ever been on the Sun, but we are able to determine that the Sun is composed primarily of hydrogen and helium by examining the Sun's spectra. In fact helium was identified, using absorption spectra,  as an element on the Sun long before it was identified on Earth. 


Compare and contrast direct and indirect measurement for your students by giving an example of each.  Placing a ruler directly over the cover of a book to determine the length of the cover is an example of direct measurement. In contrast, using the ruler to measure the width of the pages (cover not included) of a book and then dividing by the number of pages to find the thickness of a page is an example of indirect measurement.

Answers: 

(1) The position of the pegs is determined  not by direct examination, but by the initial and final paths of the marble probes.

(2) Locating the pegs ("nuclei") was accomplished by observing the path of the marbles ("alpha particles") as they exited from under the board as shown in Figure G.

(3) Yes, because the marble will tend to bounce around between the pegs.  As the number of pegs is increased, the diameter of the marble must be decreased to provide more precise measurement.

2.1.2 ATOMIC SPECTRA
Discussion: The staircase activity provides an analogy by which students may understand electron transitions among orbitals in atoms.  Make certain students realize that the energy they put into throwing the ball is emitted in steps as the ball falls down the stairs.


Students are sometimes perplexed when asked to explain why certain objects emit continuous spectra while others emit line spectra.  Continuous spectra are emitted by objects such as the Sun in which electrons in an uncountable number of atoms are moving up and down between innumerable orbitals, absorbing energy and emitting light of all visible wavelengths. The bands of wavelengths merge with one another creating a continuous spectrum.  However, in a low pressure fluorescent bulb, there are fewer atoms, they are all of the same substance,  and so we are therefore able to view their individual spectra more easily.  Line spectra are also referred to as atomic spectra because they are unique to each element.


When a spectroscope is pointed at an incandescent lamp a continuous spectrum is observed because electrons are falling from innumerable orbitals down to a wide variety of lower orbitals producing the entire range of visible light.  When the spectroscope is pointed at a low pressure mercury vapor lamp such as some street lamps, only the line spectra associated with mercury is visible.  By contrast, when a spectroscope is pointed at a high-pressure sodium vapor lamp, a dim continuous spectrum is observed with the bright line sodium spectrum superimposed on top.


The flame tests produce the same colors (line spectra) as produced by other means of excitation.  For example, the flame test for sodium produces a bright yellow light of the same color observed when a sodium vapor lamp is viewed through a spectroscope.

Answers:

(1) A continuous spectrum contains light of all wavelengths like that of a rainbow or incandescent light (Figure C).  In contrast a line spectrum shows only specific wavelengths (Figure D).

(2)  Fluorescent tubes and bluish street lamps generally contain mercury vapor, while yellow street lamps contain sodium vapor.

(3) They are both brilliant yellow.

(4) Each element has a unique line spectra just as each person has a unique fingerprint. 

(5) If the spectroscope has no scale, students should observe the following colors: purple, blue, green, yellow, red.  If the spectroscope has a scale the wavelengths in nanometers of these lines are approximately: 405, purple; 436, blue; 546, green; 577, yellow; 579, yellow; 610, red.

(6) The colors that we see when these metal ions are excited are as follows: barium (green), calcium (red-orange), potassium (violet), lithium (red), sodium (yellow), strontium (scarlet-red).  When sodium and potassium are together the bright yellow of sodium masks (obscures) the violet light of potassium.

2.1.3 WAVE CHARACTERISTICS
Discussion: Louis de Broglie reasoned that if light (a wave-phenomenon) exhibits characteristics of particles as in the case of the photoelectric effect, then perhaps particles of matter may show characteristics of waves under the appropriate circumstances.  He postulated that a particle of mass m  and speed v  has an associated wavelength according to the following equation:

 = h/mv

where  is the wavelength associated with the particle, h is Planck's constant (6.626 x 10-34 J.s), m its mass, and v its velocity.  This equation shows that the wavelength of a particle is inversely related to its mass. The wavelength associated with a macroscopic object such as a tennis ball moving at serving speed is about 10-34  m and cannot be detected by any existing measuring device, whereas the wavelength associated with an electron is about 10-10 m, a distance that is large relative to the dimensions of an electron, and measurable using appropriate equipment.


The concept of "standing waves" is of fundamental importance in understanding quantum mechanics.  The standing waves that students induced in water or the spring (rope) were two dimensional.  Make certain your students observed that, for a given length of spring, only certain wavelengths are possible for standing waves to be established (Figures O and Q). 


In the case of an electron revolving about a nucleus in a path of fixed circumference, a standing wave can exist only if the circumference is equal to a whole (integral) number of wavelengths. An electron bound to a nucleus behaves like a standing wave which means that the length of the wave must fit the circumference of the orbit exactly.  Figure Q shows a case in which the circumference of the orbit is equal to an integral number of wavelengths and a standing wave is produced.  Figure P shows a case in which the circumference is not equal to an integral number of wavelengths, resulting in interference that collapses the wave.

Answers:

(1)  v = f.

(2)  When a pulse is sent down the spring and strikes the end which is held stationary, it reflects back on the opposite side of the spring.  When a pulse is sent toward a returning pulse of the same magnitude, the two pulses interfere destructively.  They cancel each other so the spring is straight in that area for a moment until the two pulses pass each other when again they are seen traveling the length of the spring in opposite directions.

(3) If waves traveling in opposite directions in a spring have the same wavelength and velocity, the spring becomes divided into a series of vibrating segments of equal length, separated by stationary points of zero amplitude called nodes.  Such a single frequency mode of vibration (the spring seems to undulate back and forth with no apparent movement of waves down its length) is called a standing wave. 

(4)  For a standing wave to exist, the length of the spring must be equal to an integral number of half-wave lengths.

2.1.4 QUANTUM NUMBERS AND ELECTRON ORBITALS
Discussion: Because an atom is three-dimensional, we must consider an electron wave to be three-dimensional in terms of the  x, y, and z axes.  Consequently, three quantum numbers (n, l, and ml) are required to describe the wave function of each electron in an atom. That is, three quantum numbers are required to specify the probable location of an electron in three-dimensional space.  


To show students why two electrons with the same spin can not occupy the same orbital, place the north ends of two magnets towards each other on the overhead and note how they repel each other.  To show that two electrons with opposite spins can occupy the same orbital, point the north end of one magnet to the south end of another.


Atomic orbitals do not end abruptly as is often shown in diagrams.  An atom has an indefinite extension or size.  The probability of finding an electron in an atom is greatest in a small volume near the nucleus and decreases exponentially  with increasing distance in any direction from the nucleus, meaning that the probability becomes quite small at larger distances, but never becomes zero.  Consequently, there is no fixed boundary to the size of an atom.  Think of an atom as an electron cloud, densest near the nucleus, but without a sharp surface  boundary.  A contour is defined as a region in which  a given  percent of the probability will lie.  For example,  the 90 percent boundary contour is a sphere enclosing 90 percent of the probable electron density.  


You may use balloons to illustrate orbital shapes.  A normal spherical balloon may be used to represent a spherical orbital.  To illustrate a p orbital,  obtain an oblong balloon (the kind used at carnivals to make balloon animals) and twist it in the  middle.  You may place three of these on separate axes to illustrate the px, py and pz orbitals.   Use your creativity to illustrate the d and f orbitals using twisted and taped balloons.  Make sure students realize that the balloons represent clouds with indefinite boundaries.

Answers:

(1)  These four quantum numbers indicate the address in an atom of an electron.  No electron in the same atom can have the same four quantum numbers.  The energy of an electron depends principally on the principal quantum number (hence the name).  The angular momentum quantum number distinguishes the shapes of orbitals having the same n.  The magnetic quantum number indicates the orientation of orbitals having the same n and l.  The spin quantum number indicates the two possible orientations of the spin axis of an electron.

(2) Within a given country such as the United States, the street address of a home within a given state and city is unique just as the address of an electron in a given atom.

(3) Yes, because the series of four "quantum" numbers for each home are different.  While the "quantum numbers" for the country, city, and street are identical, the "quantum numbers" for the state are different.

(4)  The first set is not permissible because the l quantum number is equal to n: when it must be less than n.  The second set is permissible.  The third set is not permissible because ml must be between -l and l.

(5)  An atomic orbital is the wave function of an electron in an atom.  An atomic orbital is pictured qualitatively by describing the region of space where there is a high probability of finding the electron. Within each shell of quantum number n there are n different types of orbitals, including the s, p, d, and f. The shapes of these orbitals indicate the regions in which there is a high probability of finding an electron.

(6) An atom does not have a definite size because the distribution of electrons does not end abruptly but simply decreases to very small values as the distance from the nucleus increases.  Normally we consider the size of an atom as that volume that contains 90 percent of the total electron density around the nucleus.

(7)  The shapes differ in orientation.

(8) An electron in an s orbital has the greatest probability of being found in the confines of the sphere defining this orbital.  An electron in a p orbital has the greatest probability of being found in the dumbbell shape along the axis (x,y,z) with which the dumbbell is aligned. See Figure U.

2.1.5 ELECTRON CONFIGURATION
Discussion: Students should produce a table such as the one that follows:

z
symbol
configuration
orbital diagram




1
H
1s1



2
He
1s2 = [He]



3
Li
1s22s1



4
Be
1s22s2



5
B
1s22s2 2p1



6
C
1s22s2 2p2



7
N
1s22s2 2p3



8
O
1s22s2 2p4



9
F
1s22s2 2p5



10
Ne
1s22s2 2p6 = [Ne]



To simplify the writing of electron configurations for the larger atoms, we abbreviate using the noble gas core.  The electron configuration of helium [He] is 1s2, of neon [Ne] is 1s22s22p6, and of argon  [Ar] is 1s22s22p63s23p6.  Examine the following to see how these noble cores are used to simplify writing electron configurations:

Li
[1s2]2s1
[He]2s1
Na
[1s22s22p6]3s1
[Ne]3s1
Cr
[1s22s22p63s23p6]4s13d5
[Ar]4s13d5

Students who examine the periodic table will note that there are minor irregularities in the Aufbau principle.  These irregularities are attributed to the extra stability associated with half-filled and completely filled sublevels.  The elements from scandium (Z=21) to copper (Z=29) are known as the transition elements which have incompletely filled d subshells.  Exceptions occur in the building up of this series  as a consequence of the overlap of the 3d and 4s orbital energies (see Figure W).  For example the "building up" principle predicts the configuration 1s22s22p63s23p63d44s2 for chromium but the experimentally observed configuration is 1s22s22p63s23p63d54s1. Likewise, the building up principle predicts the following configuration for copper: 1s22s22p63s23p63d94s2, but empirical evidence suggests this configuration: 1s22s22p63s23p63d104s1.


Measurements of magnetic properties provide the most direct and conclusive evidence to support specific electron configurations of atoms.  Sophisticated instruments can determine if atoms are paramagnetic (attracted by a magnetic field) or diamagnetic (slightly repelled by a magnetic field). A paramagnetic substance is weakly attracted to a magnetic field,  a property that results from  unpaired electrons.  The magnetic fields of paired electrons are oriented in opposite directions and cancel each other.  A diamagnetic substance is not attracted to a magnetic field or is slightly repelled,  indicating that the substance has only paired electrons.  An atom with an odd number of electrons should be paramagnetic while an atom with an even number of electrons may be paramagnetic or diamagnetic. That is, if one or more electrons are unpaired, as in hydrogen and lithium, the magnetic fields of the unpaired electrons will be attracted by an external magnetic field.  Consequently, measuring the degree of paramagnetism makes it possible to determine the number of unpaired electrons in a substance.

Answers:

(1) fluorine, silicon, argon.

(2) Hund's Rule states that the most stable arrangement of electrons in subshells is the one with the greatest number of parallel spins.  In other words, electrons within a subshell have parallel spins to the extent possible. 

(3) [Ne]3s23p5
(4) [Ne]3s23p1.

(5) The electron configuration of chromium is [Ar]3d54s1 and not [Ar]3d44s2 as predicted by the Aufbau principle.  These two configurations are actually very close in total energy because of the closeness of the 3d and 4s orbital energies. At the beginning of the series, the 4s level has a lower energy than the 3d level because it is more penetrating.  But as the nuclear charge increases, the argon core of electrons is pulled closer toward the nucleus and the penetration effect decreases making the 3d level increasingly more stable compared to the 4s level.  A chromium atom has six orbitals that each contain only one electron, all of which have the same spin, thereby producing a very stable condition as predicted by Hund's Rule.  The 3d and 4s are exactly half-filled, and special stability is associated with half-filled and completely filled sublevels. 

Applications to Everyday Life
Lasers: Because of its unique properties, laser light is used in many applications including telecommunications, eye surgery, laser printers, videodiscs, compact discs and the reading of bar codes  on packaging.  Laser is an acronym for Light Amplification by Stimulated Emission of Radiation, and is a phenomenon that depends upon the emission of light as excited electrons fall to lower energy levels. The first laser was the ruby laser (ruby is aluminum oxide containing a small concentration of chromium (III) ions).  A ruby laser consists of a ruby rod encircled by a flash lamp. The ruby rod is silvered at one end to provide a completely reflective surface, while the other end has a partially reflective surface. When the flash lamp is discharged, a bright green light of 545 nm wavelength is absorbed by the ruby. This light excites electrons in the chromium ions to a higher energy level.  These ions are unstable, and at a given instant, some will return to the ground state by emitting a photon in the red region of the spectrum. This photon bounces back and forth many times between the mirrors and can stimulate other excited chromium ions to emit photons of exactly the same wavelength.  As the photons are reflected back and forth between the reflective surfaces, more and more ions are stimulated to emit, and the light quickly builds in intensity, producing the laser beam that emerges from the semi-reflective end of the ruby.

Electron microscope: A microscope is an instrument that produces enlarged images of small objects.  The most familiar type of microscope is the optical (light) microscope.  Compound optical microscopes may have magnifying powers only up to 1000 times. According to the laws of optics, it is impossible to form an image of an object that is smaller than half the wavelength of the light used for the observation. Since the range  of visible light wavelengths starts at approximately 400 nm, we cannot see an object smaller than 200 nm using an optical microscope.  In 1924 Louis de Broglie showed that an electron has an associated wavelength very much shorter than that of visible light. Based on this idea, the electron microscope was developed in 1930.   Because  electrons are charged particles, they can be focused in the same way the image on a TV screen can be focused  by applying  an electric or magnetic field to the beam.  Hence, electron lenses are appropriately shaped magnetic or electrostatic fields. According to the de Broglie Relation ( = h/mv), the  wavelength of a body  such as an  electron is inversely proportional to its velocity. Consequently, by accelerating  elections to very high velocities, it is possible to obtain wavelengths as short as 0.004 nm. This allows modern electron microscopes to provide detailed images at magnifications of more than 250,000 times!

Sodium and mercury vapor lamps: An electric discharge lamp is a lighting device consisting of a transparent container, within which a gas is energized by application of a high voltage, and thereby made to glow.  Two lamps now popular for lighting streets and other outside areas are the yellowish sodium vapor and the bluish mercury vapor lamps. A low-pressure sodium-vapor lamp consists of a glass shell with metal electrodes, filled with neon gas and a little sodium.  When current passes between the electrodes, it ionizes the neon, producing a red glow, until the hot gas vaporizes the sodium to produce a nearly monochrome yellow.  High-pressure sodium vapor lamps commonly used in the United States contain both small amounts of sodium and mercury to produce a whiter light. 

Fluorescent lamps: A fluorescent lamp produces light mainly by converting ultraviolet energy from a low-pressure mercury arc to visible light.  A fluorescent lamp consists of a glass tube containing two electrodes, a coating of powdered phosphor, and small amounts of mercury. In operation, the mercury is vaporized and emits ultraviolet light.  The inside of the lamp is coated with a mixture of powders called phosphors, chemicals that absorb ultraviolet light and re-radiate at longer wavelengths. The composition of the phosphors determines the color of the light produced. Since fluorescent light involves only the transfer of radiant energy, very little heat is produced so the lamp is cool to the touch, unlike the common incandescent bulb. Two great advantages of a fluorescent lamp  light are its high light output per watt and its long life. The new compact fluorescent lamps,  which screw into light sockets like conventional incandescent bulbs, consume 75 to 85 percent less electricity, and last up to 13 times longer!

Advertising signs: The colors of light produced by various advertising signs are the result of spectra produced when electrons emit only certain amounts of energy as they fall from one orbital to a lower orbital in an atom. The noble gases absorb and emit electromagnetic radiation in a much less complex manner than do other substances, and this behavior is exploited in the use of these gases (with the exception of the highly radioactive radon) in colorful fluorescent lighting devices and discharge lamps. Helium, neon, argon, and krypton, and mixtures of these gases, are used in familiar advertising signs. First electrodes are sealed into  the ends of the tubes which are bent to the desired shape. The air is pumped out of the tube. Then an inert noble gas under low pressure is introduced into the tube.  The inert gas vapor conducts the electric current through the tube. Neon gas has long been used in advertising signs (often as tubes that spell out words) and produces the highly visible  orange-red light characteristic of these signs.  Helium is used to produce a pink glow.  Argon and mercury vapor, or a mixture of these, produces various shades of green and blue.  Krypton and xenon produce shades of blue.  Creative sign makers are learning to use various combinations of the noble gases in their signs, together with various combinations of phosphors on the inner walls of the glass, to produce a wide variety of colors.

Nebulae: A nebula consists of a hot cloud of interstellar gas.  Nebula emit line spectra in the same manner that a gas filled tube excited by high voltage emits line spectra. Their main energy source, which ionizes and heats interstellar gas and causes it to glow, is ultraviolet radiation emitted by very hot stars.  We can determine the nature of the gases in a nebula by the line spectra we receive.

Fireworks:  When a skyrocket explodes, the contents are heated to extreme temperatures.  Electrons are excited to higher energy levels and emit light as they return to their ground states. If you analyzed the light emitted from a skyrocket, you would be able to identify the material that is emitting the light.  In the flame tests we showed that when heated, barium releases green light, calcium a red-orange light, potassium a violet light, sodium a yellow light, lithium a red light, and strontium a scarlet-red light.  These elements produce similar colors in skyrocket explosions.
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