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INTRODUCTION
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As a child in the early 1980s, I tended to talk with things in my mouth—food, dentist’s tubes, balloons that would fly away,

         whatever—and if no one else was around, I’d talk anyway. This habit led to my fascination with the periodic table the first

         time I was left alone with a thermometer under my tongue. I came down with strep throat something like a dozen times in the

         second and third grades, and for days on end it would hurt to swallow. I didn’t mind staying home from school and medicating

         myself with vanilla ice cream and chocolate sauce. Being sick always gave me another chance to break an old-fashioned mercury

         thermometer, too.

      


      Lying there with the glass stick under my tongue, I would answer an imagined question out loud, and the thermometer would

         slip from my mouth and shatter on the hardwood floor, the liquid mercury in the bulb scattering like ball bearings. A minute

         later, my mother would drop to the floor despite her arthritic hip and begin corralling the balls. Using a toothpick like

         a hockey stick, she’d brush the supple spheres toward one another until they almost touched. Suddenly, with a final nudge,

         one sphere would gulp the other. A single, seamless ball would be left quivering where there had been two. She’d repeat this

         magic trick over and over across the floor, one large ball swallowing the others until the entire silver lentil was reconstructed.

      


      Once she’d gathered every bit of mercury, she’d take down the green-labeled plastic pill bottle that we kept on a knickknack

         shelf in the kitchen between a teddy bear with a fishing pole and a blue ceramic mug from a 1985 family reunion. After rolling

         the ball onto an envelope, she’d carefully pour the latest thermometer’s worth of mercury onto the pecan-sized glob in the

         bottle. Sometimes, before hiding the bottle away, she’d pour the quicksilver into the lid and let my siblings and me watch

         the futuristic metal whisk around, always splitting and healing itself flawlessly. I felt pangs for children whose mothers

         so feared mercury they wouldn’t even let them eat tuna. Medieval alchemists, despite their lust for gold, considered mercury

         the most potent and poetic substance in the universe. As a child I would have agreed with them. I would even have believed,

         as they did, that it transcended pedestrian categories of liquid or solid, metal or water, heaven or hell; that it housed

         otherworldly spirits.

      


      Mercury acts this way, I later found out, because it is an element. Unlike water (H2O), or carbon dioxide (CO2), or almost anything else you encounter day to day, you cannot naturally separate mercury into smaller units. In fact, mercury

         is one of the more cultish elements: its atoms want to keep company only with other mercury atoms, and they minimize contact

         with the outside world by crouching into a sphere. Most liquids I spilled as a child weren’t like that. Water tumbled all

         over, as did oil, vinegar, and unset Jell-O. Mercury never left a speck. My parents always warned me to wear shoes whenever

         I dropped a thermometer, to prevent those invisible glass shards from getting into my feet. But I never recall warnings about

         stray mercury.

      


      For a long time, I kept an eye out for element eighty at school and in books, as you might watch for a childhood friend’s

         name in the newspaper. I’m from the Great Plains and had learned in history class that Lewis and Clark had trekked through

         South Dakota and the rest of the Louisiana Territory with a microscope, compasses, sextants, three mercury thermometers, and

         other instruments. What I didn’t know at first is that they also carried with them six hundred mercury laxatives, each four

         times the size of an aspirin. The laxatives were called Dr. Rush’s Bilious Pills, after Benjamin Rush, a signer of the Declaration

         of Independence and a medical hero for bravely staying in Philadelphia during a yellow fever epidemic in 1793. His pet treatment,

         for any disease, was a mercury-chloride sludge administered orally. Despite the progress medicine made overall between 1400

         and 1800, doctors in that era remained closer to medicine men than medical men. With a sort of sympathetic magic, they figured

         that beautiful, alluring mercury could cure patients by bringing them to an ugly crisis—poison fighting poison. Dr. Rush made

         patients ingest the solution until they drooled, and often people’s teeth and hair fell out after weeks or months of continuous

         treatment. His “cure” no doubt poisoned or outright killed swaths of people whom yellow fever might have spared. Even so,

         having perfected his treatment in Philadelphia, ten years later he sent Meriwether and William off with some prepackaged samples.

         As a handy side effect, Dr. Rush’s pills have enabled modern archaeologists to track down campsites used by the explorers.

         With the weird food and questionable water they encountered in the wild, someone in their party was always queasy, and to

         this day, mercury deposits dot the soil many places where the gang dug a latrine, perhaps after one of Dr. Rush’s “Thunderclappers”

         had worked a little too well.

      


      Mercury also came up in science class. When first presented with the jumble of the periodic table, I scanned for mercury and

         couldn’t find it. It is there—between gold, which is also dense and soft, and thallium, which is also poisonous. But the symbol

         for mercury, Hg, consists of two letters that don’t even appear in its name. Unraveling that mystery—it’s from hydragyrum, Latin for “water silver”—helped me understand how heavily ancient languages and mythology influenced the periodic table,

         something you can still see in the Latin names for the newer, superheavy elements along the bottom row.

      


      I found mercury in literature class, too. Hat manufacturers once used a bright orange mercury wash to separate fur from pelts,

         and the common hatters who dredged around in the steamy vats, like the mad one in Alice in Wonderland, gradually lost their hair and wits. Eventually, I realized how poisonous mercury is. That explained why Dr. Rush’s Bilious

         Pills purged the bowels so well: the body will rid itself of any poison, mercury included. And as toxic as swallowing mercury

         is, its fumes are worse. They fray the “wires” in the central nervous system and burn holes in the brain, much as advanced

         Alzheimer’s disease does.

      


      But the more I learned about the dangers of mercury, the more—like William Blake’s “Tyger! Tyger! burning bright”—its destructive

         beauty attracted me. Over the years, my parents redecorated their kitchen and took down the shelf with the mug and teddy bear,

         but they kept the knickknacks together in a cardboard box. On a recent visit, I dug out the green-labeled bottle and opened

         it. Tilting it back and forth, I could feel the weight inside sliding in a circle. When I peeked over the rim, my eyes fixed

         on the tiny bits that had splashed to the sides of the main channel. They just sat there, glistening, like beads of water

         so perfect you’d encounter them only in fantasies. All throughout my childhood, I associated spilled mercury with a fever.

         This time, knowing the fearful symmetry of those little spheres, I felt a chill.

      


      *    *    *


      From that one element, I learned history, etymology, alchemy, mythology, literature, poison forensics, and psychology.* And those weren’t the only elemental stories I collected, especially after I immersed myself in scientific studies in college

         and found a few professors who gladly set aside their research for a little science chitchat.

      


      As a physics major with hopes of escaping the lab to write, I felt miserable among the serious and gifted young scientists

         in my classes, who loved trial-and-error experiments in a way I never could. I stuck out five frigid years in Minnesota and

         ended up with an honors degree in physics, but despite spending hundreds of hours in labs, despite memorizing thousands of

         equations, despite drawing tens of thousands of diagrams with frictionless pulleys and ramps—my real education was in my professors’

         stories. Stories about Gandhi and Godzilla and a eugenicist who used germanium to steal a Nobel Prize. About throwing blocks

         of explosive sodium into rivers and killing fish. About people suffocating, quite blissfully, on nitrogen gas in space shuttles.

         About a former professor on my campus who would experiment on the plutonium-powered pacemaker inside his own chest, speeding it up and slowing it down by standing next to and fiddling with giant magnetic coils.

      


      I latched on to those tales, and recently, while reminiscing about mercury over breakfast, I realized that there’s a funny,

         or odd, or chilling tale attached to every element on the periodic table. At the same time, the table is one of the great

         intellectual achievements of humankind. It’s both a scientific accomplishment and a storybook, and I wrote this book to peel

         back all of its layers one by one, like the transparencies in an anatomy textbook that tell the same story at different depths.

         At its simplest level, the periodic table catalogs all the different kinds of matter in our universe, the hundred-odd characters

         whose headstrong personalities give rise to everything we see and touch. The shape of the table also gives us scientific clues

         as to how those personalities mingle with one another in crowds. On a slightly more complicated level, the periodic table

         encodes all sorts of forensic information about where every kind of atom came from and which atoms can fragment or mutate

         into different atoms. These atoms also naturally combine into dynamic systems like living creatures, and the periodic table

         predicts how. It even predicts what corridors of nefarious elements can hobble or destroy living things.

      








      The periodic table is, finally, an anthropological marvel, a human artifact that reflects all of the wonderful and artful

         and ugly aspects of human beings and how we interact with the physical world—the history of our species written in a compact

         and elegant script. It deserves study on each of these levels, starting with the most elementary and moving gradually upward

         in complexity. And beyond just entertaining us, the tales of the periodic table provide a way of understanding it that never

         appears in textbooks or lab manuals. We eat and breathe the periodic table; people bet and lose huge sums on it; philosophers

         use it to probe the meaning of science; it poisons people; it spawns wars. Between hydrogen at the top left and the man-made

         impossibilities lurking along the bottom, you can find bubbles, bombs, money, alchemy, petty politics, history, poison, crime,

         and love. Even some science.
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      * This and all upcoming asterisks refer to the Notes and Errata section, which begins on here and continues the discussion

         of various interesting points. Also, if you need to refer to a periodic table, see here.
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      Geography Is Destiny
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      When most people think of the periodic table, they remember a chart hanging on the front wall of their high school chemistry

         class, an asymmetric expanse of columns and rows looming over one of the teacher’s shoulders. The chart was usually enormous,

         six by four feet or so, a size both daunting and appropriate, given its importance to chemistry. It was introduced to the

         class in early September and was still relevant in late May, and it was the one piece of scientific information that, unlike

         lecture notes or textbooks, you were encouraged to consult during exams. Of course, part of the frustration you might remember

         about the periodic table could flow from the fact that, despite its being freely available to fall back on, a gigantic and

         fully sanctioned cheat sheet, it remained less than frickin’ helpful.

      


      

      On the one hand, the periodic table seemed organized and honed, almost German engineered for maximum scientific utility. On

         the other hand, it was such a jumble of long numbers, abbreviations, and what looked for all the world like computer error

         messages ([Xe]6s24f15d1), it was hard not to feel anxious. And although the periodic table obviously had something to do with other sciences, such

         as biology and physics, it wasn’t clear what exactly. Probably the biggest frustration for many students was that the people

         who got the periodic table, who could really unpack how it worked, could pull so many facts from it with such dweeby nonchalance.

         It was the same irritation colorblind people must feel when the fully sighted find sevens and nines lurking inside those parti-colored

         dot diagrams—crucial but hidden information that never quite resolves itself into coherence. People remember the table with

         a mix of fascination, fondness, inadequacy, and loathing.

      


      

      Before introducing the periodic table, every teacher should strip away all the clutter and have students just stare at the

         thing, blank.
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      What does it look like? Sort of like a castle, with an uneven main wall, as if the royal masons hadn’t quite finished building

         up the left-hand side, and tall, defensive turrets on both ends. It has eighteen jagged columns and seven horizontal rows,

         with a “landing strip” of two extra rows hanging below. The castle is made of “bricks,” and the first non-obvious thing about

         it is that the bricks are not interchangeable. Each brick is an element, or type of substance (as of now, 112 elements, with a few more pending, make up the table), and the entire castle would crumble

         if any of those bricks didn’t sit exactly where it does. That’s no exaggeration: if scientists determined that one element

         somehow fit into a different slot or that two of the elements could be swapped, the entire edifice would tumble down.

      


      

      Another architectural curiosity is that the castle is made up of different materials in different areas. That is, not all

         the bricks are made of the same substance, nor do they have the same characteristics. Seventy-five percent of the bricks are

         metals, which means most elements are cold, gray solids, at least at temperatures human beings are used to. A few columns

         on the eastern side contain gases. Only two elements, mercury and bromine, are liquids at room temperature. In between the

         metals and gases, about where Kentucky sits on a U.S. map, lie some hard-to-define elements, whose amorphous nature gives

         them interesting properties, such as the ability to make acids billions of times stronger than anything locked up in a chemical

         supply room. Overall, if each brick was made of the substance it represented, the castle of the elements would be a chimera

         with additions and wings from incongruent eras, or, more charitably, a Daniel Libeskind building, with seemingly incompatible

         materials grafted together into an elegant whole.

      


      

      The reason for lingering over the blueprints of the castle walls is that the coordinates of an element determine nearly everything

         scientifically interesting about it. For each element, its geography is its destiny. In fact, now that you have a sense of

         what the table looks like in outline, I can switch to a more useful metaphor: the periodic table as a map. And to sketch in

         a bit more detail, I’m going to plot this map from east to west, lingering over both well-known and out-of-the-way elements.

      


      

      First up, in column eighteen at the far right-hand side, is a set of elements known as the noble gases. Noble is an archaic, funny-sounding word, less chemistry than ethics or philosophy. And indeed, the term “noble gases” goes back

         to the birthplace of Western philosophy, ancient Greece. There, after his fellow Greeks Leucippus and Democritus invented

         the idea of atoms, Plato minted the word “elements” (in Greek, stoicheia) as a general term for different small particles of matter. Plato—who left Athens for his own safety after the death of his

         mentor, Socrates, around 400 BC and wandered around writing philosophy for years—of course lacked knowledge of what an element really is in chemistry terms.

         But if he had known, he no doubt would have selected the elements on the eastern edge of the table, especially helium, as

         his favorites.

      


      

      In his dialogue on love and the erotic, The Symposium, Plato claimed that every being longs to find its complement, its missing half. When applied to people, this implies passion

         and sex and all the troubles that accompany passion and sex. In addition, Plato emphasized throughout his dialogues that abstract

         and unchanging things are intrinsically more noble than things that grub around and interact with gross matter. This explains

         why he adored geometry, with its idealized circles and cubes, objects perceptible only to our reason. For nonmathematical

         objects, Plato developed a theory of “forms,” which argued that all objects are shadows of one ideal type. All trees, for

         instance, are imperfect copies of an ideal tree, whose perfect “tree-ness” they aspire to. The same with fish and “fish-ness”

         or even cups and “cup-ness.” Plato believed that these forms were not merely theoretical but actually existed, even if they

         floated around in an empyrean realm beyond the direct perception of humans. He would have been as shocked as anyone, then,

         when scientists began conjuring up ideal forms on earth with helium.

      


      

      In 1911, a Dutch-German scientist was cooling mercury with liquid helium when he discovered that below −452°F the system lost

         all electrical resistance and became an ideal conductor. This would be sort of like cooling an iPod down to hundreds of degrees

         below zero and finding that the battery remained fully charged no matter how long or loud you played music, until infinity,

         as long as the helium kept the circuitry cold. A Russian-Canadian team pulled an even neater trick in 1937 with pure helium.

         When cooled down to −456°F, helium turned into a superfluid, with exactly zero viscosity and zero resistance to flow—perfect

         fluidness. Superfluid helium defies gravity and flows uphill and over walls. At the time, these were flabbergasting finds.

         Scientists often fudge and pretend that effects like friction equal zero, but only to simplify calculations. Not even Plato

         predicted someone would actually find one of his ideal forms.

      


      

      Helium is also the best example of “element-ness”—a substance that cannot be broken down or altered by normal, chemical means.

         It took scientists 2,200 years, from Greece in 400 BC to Europe in 1800 AD, to grasp what elements really are, because most are too changeable. It was hard to see what made carbon carbon when it appeared in thousands of compounds, all with different properties. Today we would say that carbon dioxide, for instance,

         isn’t an element because one molecule of it divides into carbon and oxygen. But carbon and oxygen are elements because you cannot divide them more finely without destroying them. Returning to the theme of The Symposium and Plato’s theory of erotic longing for a missing half, we find that virtually every element seeks out other atoms to form

         bonds with, bonds that mask its nature. Even most “pure” elements, such as oxygen molecules in the air (O2), always appear as composites in nature. Yet scientists might have figured out what elements are much sooner had they known

         about helium, which has never reacted with another substance, has never been anything but a pure element.*


      

      Helium acts this way for a reason. All atoms contain negative particles called electrons, which reside in different tiers,

         or energy levels, inside the atom. The levels are nested concentrically inside each other, and each level needs a certain

         number of electrons to fill itself and feel satisfied. In the innermost level, that number is two. In other levels, it’s usually

         eight. Elements normally have equal numbers of negative electrons and positive particles called protons, so they’re electrically

         neutral. Electrons, however, can be freely traded between atoms, and when atoms lose or gain electrons, they form charged

         atoms called ions.

      


      

      What’s important to know is that atoms fill their inner, lower-energy levels as full as possible with their own electrons,

         then either shed, share, or steal electrons to secure the right number in the outermost level. Some elements share or trade

         electrons diplomatically, while others act very, very nasty. That’s half of chemistry in one sentence: atoms that don’t have

         enough electrons in the outer level will fight, barter, beg, make and break alliances, or do whatever they must to get the

         right number.

      


      

      Helium, element two, has exactly the number of electrons it needs to fill its only level. This “closed” configuration gives

         helium tremendous independence, because it doesn’t need to interact with other atoms or share or steal electrons to feel satisfied.

         Helium has found its erotic complement in itself. What’s more, that same configuration extends down the entire eighteenth

         column beneath helium—the gases neon, argon, krypton, xenon, and radon. All these elements have closed shells with full complements

         of electrons, so none of them reacts with anything under normal conditions. That’s why, despite all the fervid activity to

         identify and label elements in the 1800s—including the development of the periodic table itself—no one isolated a single gas

         from column eighteen before 1895. That aloofness from everyday experience, so like his ideal spheres and triangles, would

         have charmed Plato. And it was that sense the scientists who discovered helium and its brethren on earth were trying to evoke

         with the name “noble gases.” Or to put it in Plato-like words, “He who adores the perfect and unchangeable and scorns the

         corruptible and ignoble will prefer the noble gases, by far, to all other elements. For they never vary, never waver, never

         pander to other elements like hoi polloi offering cheap wares in the marketplace. They are incorruptible and ideal.”

      


      

      The repose of the noble gases is rare, however. One column to the west sits the most energetic and reactive gases on the periodic

         table, the halogens. And if you think of the table wrapping around like a Mercator map, so that east meets west and column

         eighteen meets column one, even more violent elements appear on the western edge, the alkali metals. The pacifist noble gases

         are a demilitarized zone surrounded by unstable neighbors.

      


      

      Despite being normal metals in some ways, the alkalis, instead of rusting or corroding, can spontaneously combust in air or

         water. They also form an alliance of interests with the halogen gases. The halogens have seven electrons in the outer layer,

         one short of the octet they need, while the alkalis have one electron in the outer level and a full octet in the level below.

         So it’s natural for the latter to dump their extra electron on the former and for the resulting positive and negative ions

         to form strong links.

      


      

      This sort of linking happens all the time, and for this reason electrons are the most important part of an atom. They take

         up virtually all an atom’s space, like clouds swirling around an atom’s compact core, the nucleus. That’s true even though

         the components of the nucleus, protons and neutrons, are far bigger than individual electrons. If an atom were blown up to

         the size of a sports stadium, the proton-rich nucleus would be a tennis ball at the fifty-yard line. Electrons would be pinheads

         flashing around it—but flying so fast and knocking into you so many times per second that you wouldn’t be able to enter the

         stadium: they’d feel like a solid wall. As a result, whenever atoms touch, the buried nucleus is mute; only the electrons

         matter.*


      

      One quick caveat: Don’t get too attached to the image of electrons as discrete pinheads flashing about a solid core. Or, in

         the more usual metaphor, don’t necessarily think of electrons as planets circling a nucleic sun. The planet analogy is useful,

         but as with any analogy, it’s easy to take too far, as some renowned scientists have found out to their chagrin.

      


      

      Bonding between ions explains why combinations of halogens and alkalis, such as sodium chloride (table salt), are common.

         Similarly, elements from columns with two extra electrons, such as calcium, and elements from columns that need two extra

         electrons, such as oxygen, frequently align themselves. It’s the easiest way to meet everyone’s needs. Elements from nonreciprocal

         columns also match up according to the same laws. Two ions of sodium (Na+) take on one of oxygen (O−2) to form sodium oxide, Na2O. Calcium chloride combines as CaCl2 for the same reasons. Overall, you can usually tell at a glance how elements will combine by noting their column numbers

         and figuring out their charges. The pattern all falls out of the table’s pleasing left-right symmetry.

      


      

      Unfortunately, not all of the periodic table is so clean and neat. But the raggedness of some elements actually makes them

         interesting places to visit.

      


      

      *    *    *


      

      There’s an old joke about a lab assistant who bursts into a scientist’s office one morning, hysterical with joy despite a

         night of uninterrupted work. The assistant holds up a fizzing, hissing, corked bottle of green liquid and exclaims he has

         discovered a universal solvent. His sanguine boss peers at the bottle and asks, “And what is a universal solvent?” The assistant

         sputters, “An acid that dissolves all substances!”

      


      

      After considering this thrilling news—not only would this universal acid be a scientific miracle, it would make both men billionaires—the

         scientist replies, “How are you holding it in a glass bottle?”

      


      

      It’s a good punch line, and it’s easy to imagine Gilbert Lewis smiling, perhaps poignantly. Electrons drive the periodic table,

         and no one did more than Lewis to elucidate how electrons behave and form bonds in atoms. His electron work was especially

         illuminating for acids and bases, so he would have appreciated the assistant’s absurd claim. More personally, the punch line

         might have reminded Lewis how fickle scientific glory can be.

      


      

      A wanderer, Lewis grew up in Nebraska, attended college and graduate school in Massachusetts around 1900, and then studied

         in Germany under chemist Walther Nernst. Life under Nernst proved so miserable, for legitimate and merely perceived reasons,

         that Lewis returned to Massachusetts for an academic post after a few months. That, too, proved unhappy, so he fled to the

         newly conquered Philippines to work for the U.S. government, taking with him only one book, Nernst’s Theoretical Chemistry, so he could spend years rooting out and obsessively publishing papers on every quibbling error.*


      

      Eventually, Lewis grew homesick and settled at the University of California at Berkeley, where, over forty years, he built

         Berkeley’s chemistry department into the world’s best. Though that may sound like a happy ending, it wasn’t. The singular

         fact about Lewis is that he was probably the best scientist never to win the Nobel Prize, and he knew it. No one ever received

         more nominations, but his naked ambition and a trail of disputes worldwide poisoned his chances of getting enough votes. He

         soon began resigning (or was forced to resign) from prestigious posts in protest and became a bitter hermit.

      


      

      Apart from personal reasons, Lewis never secured the Nobel Prize because his work was broad rather than deep. He never discovered

         one amazing thing, something you could point to and say, Wow! Instead, he spent his life refining how an atom’s electrons

         work in many contexts, especially the class of molecules known as acids and bases. In general, whenever atoms swap electrons

         to break or form new bonds, chemists say they’ve “reacted.” Acid-base reactions offer a stark and often violent example of

         those swaps, and Lewis’s work on acids and bases did as much as anyone’s to show what exchanging electrons means on a submicroscopic

         level.

      


      

      Before about 1890, scientists judged acids and bases by tasting or dunking their fingers in them, not exactly the safest or

         most reliable methods. Within a few decades, scientists realized that acids were in essence proton donors. Many acids contain

         hydrogen, a simple element that consists of one electron circling one proton (that’s all hydrogen has for a nucleus). When

         an acid like hydrochloric acid (HCl) mixes with water, it fissures into H+ and Cl−. Removing the negative electron from the hydrogen leaves just a bare proton, the H+, which swims away on its own. Weak acids like vinegar pop a few protons into solution, while strong acids like sulfuric acid

         flood solutions with them.

      


      

      Lewis decided this definition of an acid limited scientists too much, since some substances act like acids without relying

         on hydrogen. So Lewis shifted the paradigm. Instead of saying that H+ splits off, he emphasized that Cl− absconds with its electron. Instead of a proton donor, then, an acid is an electron thief. In contrast, bases such as bleach

         or lye, which are the opposites of acids, might be called electron donors. These definitions, in addition to being more general,

         emphasize the behavior of electrons, which fits better with the electron-dependent chemistry of the periodic table.

      


      

      Although Lewis laid this theory out in the 1920s and 1930s, scientists are still pushing the edge of how strong they can make

         acids using his ideas. Acid strength is measured by the pH scale, with lower numbers being stronger, and in 2005 a chemist

         from New Zealand invented a boron-based acid called a carborane, with a pH of −18. To put that in perspective, water has a

         pH of 7, and the concentrated HCl in our stomachs has a pH of 1. But according to the pH scale’s unusual accounting methods,

         dropping one unit (e.g., from 3 to 4) boosts an acid’s strength by ten times. So moving from stomach acid, at 1, to the boron-based

         acid, at −18, means the latter is ten billion billion times stronger. That’s roughly the number of atoms it would take to

         stack them to the moon.

      


      

      There are even worse acids based on antimony, an element with probably the most colorful history on the periodic table.* Nebuchadnezzar, the king who built the Hanging Gardens of Babylon in the sixth century BC, used a noxious antimony-lead mix to paint his palace walls yellow. Perhaps not coincidentally, he soon went mad, sleeping

         outdoors in fields and eating grass like an ox. Around that same time, Egyptian women were applying a different form of antimony

         as mascara, both to decorate their faces and to give themselves witchlike powers to cast the evil eye on enemies. Later, medieval

         monks—not to mention Isaac Newton—grew obsessed with the sexual properties of antimony and decided this half metal, half insulator,

         neither one thing nor the other, was a hermaphrodite. Antimony pills also won fame as laxatives. Unlike modern pills, these

         hard antimony pills didn’t dissolve in the intestines, and the pills were considered so valuable that people rooted through

         fecal matter to retrieve and reuse them. Some lucky families even passed down laxatives from father to son. Perhaps for this

         reason, antimony found heavy work as a medicine, although it’s actually toxic. Mozart probably died from taking too much to

         combat a severe fever.

      


      

      Scientists eventually got a better handle on antimony. By the 1970s, they realized that its ability to hoard electron-greedy

         elements around itself made it wonderful for building custom acids. The results were as astounding as the helium superfluids.

         Mixing antimony pentafluoride, SbF5, with hydrofluoric acid, HF, produces a substance with a pH of −31. This superacid is 100,000 billion billion billion times

         more potent than stomach acid and will eat through glass, as ruthlessly as water through paper. You couldn’t pick up a bottle

         of it because after it ate through the bottle, it would dissolve your hand. To answer the professor in the joke, it’s stored

         in special Teflon-lined containers.

      


      

      To be honest, though, calling the antimony mix the world’s strongest acid is kind of cheating. By themselves, SbF5 (an electron thief ) and HF (a proton donor) are nasty enough. But you have to sort of multiply their complementary powers

         together, by mixing them, before they attain superacid status. They’re strongest only under contrived circumstances. Really,

         the strongest solo acid is still the boron-based carborane (HCB11Cl11). And this boron acid has the best punch line so far: It’s simultaneously the world’s strongest and gentlest acid. To wrap your head around that, remember that acids split into positive and negative parts. In carborane’s case, you

         get H+ and an elaborate cagelike structure formed by everything else (CB11Cl11−). With most acids it’s the negative portion that’s corrosive and caustic and eats through skin. But the boron cage forms

         one of the most stable molecules ever invented. Its boron atoms share electrons so generously that it practically becomes

         helium, and it won’t go around ripping electrons from other atoms, the usual cause of acidic carnage.

      


      

      So what’s carborane good for, if not dissolving glass bottles or eating through bank vaults? It can add an octane kick to

         gasoline, for one thing, and help make vitamins digestible. More important is its use in chemical “cradling.” Many chemical

         reactions involving protons aren’t clean, quick swaps. They require multiple steps, and protons get shuttled around in millionths

         of billionths of seconds—so quickly scientists have no idea what really happened. Carborane, though, because it’s so stable

         and unreactive, will flood a solution with protons, then freeze the molecules at crucial intermediate points. Carborane holds

         the intermediate species up on a soft, safe pillow. In contrast, antimony superacids make terrible cradles, because they shred

         the molecules scientists most want to look at. Lewis would have enjoyed seeing this and other applications of his work with

         electrons and acids, and it might have brightened the last dark years of his life. Although he did government work during

         World War I and made valuable contributions to chemistry until he was in his sixties, he was passed over for the Manhattan

         Project during World War II. This galled him, since many chemists he had recruited to Berkeley played important roles in building

         the first atomic bomb and became national heroes. In contrast, he puttered around during the war, reminiscing and writing

         a wistful pulp novel about a soldier. He died alone in his lab in 1946.

      


      

      There’s general agreement that after smoking twenty-some cigars per day for forty-plus years, Lewis died of a heart attack.

         But it was hard not to notice that his lab smelled like bitter almonds—a sign of cyanide gas—the afternoon he died. Lewis

         used cyanide in his research, and it’s possible he dropped a canister of it after going into cardiac arrest. Then again, Lewis

         had had lunch earlier in the day—a lunch he’d initially refused to attend—with a younger, more charismatic rival chemist who

         had won the Nobel Prize and served as a special consultant to the Manhattan Project. It’s always been in the back of some

         people’s minds that the honored colleague might have unhinged Lewis. If that’s true, his facility with chemistry might have

         been both convenient and unfortunate.

      


      

      In addition to reactive metals on its west coast and halogens and noble gases up and down its east coast, the periodic table

         contains a “great plains” that stretches right across its middle—columns three through twelve, the transition metals. To be

         honest, the transition metals have exasperating chemistry, so it’s hard to say anything about them generally—except be careful.

         You see, heavier atoms like the transition metals have more flexibility than other atoms in how they store their electrons.

         Like other atoms, they have different energy levels (designated one, two, three, etc.), with lower energy levels buried beneath

         higher levels. And they also fight other atoms to secure full outer energy levels with eight electrons. Figuring out what

         counts as the outer level, however, is trickier.

      


      

      As we move horizontally across the periodic table, each element has one more electron than its neighbor to the left. Sodium,

         element eleven, normally has eleven electrons; magnesium, element twelve, has twelve electrons; and so on. As elements swell

         in size, they not only sort electrons into energy levels, they also store those electrons in different-shaped bunks, called

         shells. But atoms, being unimaginative and conformist, fill shells and energy levels in the same order as we move across the

         table. Elements on the far left-hand side of the table put the first electron in an s-shell, which is spherical. It’s small

         and holds only two electrons—which explains the two taller columns on the left side. After those first two electrons, atoms

         look for something roomier. Jumping across the gap, elements in the columns on the right-hand side begin to pack new electrons

         one by one into a p-shell, which looks like a misshapen lung. P-shells can hold six electrons, hence the six taller columns

         on the right. Notice that across each row near the top, the two s-shell electrons plus the six p-shell electrons add up to

         eight electrons total, the number most atoms want in the outer shell. And except for the self-satisfied noble gases, all these

         elements’ outer-shell electrons are available to dump onto or react with other atoms. These elements behave in a logical manner:

         add a new electron, and the atom’s behavior should change, since it has more electrons available to participate in reactions.

      


      

      Now for the frustrating part. The transition metals appear in columns three through twelve of the fourth through seventh rows,

         and they start to file electrons into what are called d-shells, which hold ten electrons. (D-shells look like nothing so much

         as misshapen balloon animals.) Based on what every other previous element has done with its shells, you’d expect the transition

         metals to put each extra d-shell electron on display in an outer layer and for that extra electron to be available for reactions,

         too. But no, transition metals squirrel their extra electrons away and prefer to hide them beneath other layers. The decision

         of the transition metals to violate convention and bury their d-shell electrons seems ungainly and counterintuitive—Plato

         would not have liked it. It’s also how nature works, and there’s not much we can do about it.

      


      

      There’s a payoff to understanding this process. Normally as we move horizontally across the table, the addition of one electron

         to each transition metal would alter its behavior, as happens with elements in other parts of the table. But because the metals

         bury their d-shell electrons in the equivalent of false-bottomed drawers, those electrons end up shielded. Other atoms trying

         to react with the metals cannot get at those electrons, and the upshot is that many metals in a row leave the same number

         of electrons exposed. They therefore act the same way chemically. That’s why, scientifically, many metals look so indistinguishable

         and act so indistinguishably. They’re all cold, gray lumps because their outer electrons leave them no choice but to conform.

         (Of course, just to confuse things, sometimes buried electrons do rise up and react. That’s what causes the slight differences

         between some metals. That’s also why their chemistry is so exasperating.)

      


      

      F-shell elements are similarly messy. F-shells begin to appear in the first of the two free-floating rows of metals beneath

         the periodic table, a group called the lanthanides. (They’re also called the rare earths, and according to their atomic numbers,

         fifty-seven through seventy-one, they really belong in the sixth row. They were relegated to the bottom to make the table

         skinnier and less unwieldy.) The lanthanides bury new electrons even more deeply than the transition metals, often two energy

         levels down. This means they are even more alike than the transition metals and can barely be distinguished from one another.

         Moving along the row is like driving from Nebraska to South Dakota and not realizing you’ve crossed the state line.

      


      

      It’s impossible to find a pure sample of a lanthanide in nature, since its brothers always contaminate it. In one famous case,

         a chemist in New Hampshire tried to isolate thulium, element sixty-nine. He started with huge casserole dishes of thulium-rich

         ore and repeatedly treated the ore with chemicals and boiled it, a process that purified the thulium by a small fraction each

         time. The dissolving took so long that he could do only one or two cycles per day at first. Yet he repeated this tedious process

         fifteen thousand times, by hand, and winnowed the hundreds of pounds of ore down to just ounces before the purity satisfied

         him. Even then, there was still a little cross-contamination from other lanthanides, whose electrons were buried so deep,

         there just wasn’t enough of a chemical handle to grasp them and pull them out.

      


      

      Electron behavior drives the periodic table. But to really understand the elements, you can’t ignore the part that makes up

         more than 99 percent of their mass—the nucleus. And whereas electrons obey the laws of the greatest scientist never to win

         the Nobel Prize, the nucleus obeys the dictates of probably the most unlikely Nobel laureate ever, a woman whose career was

         even more nomadic than Lewis’s.

      


      

      Maria Goeppert was born in Germany in 1906. Even though her father was a sixth-generation professor, Maria had trouble convincing

         a Ph.D. program to admit a woman, so she bounced from school to school, taking lectures wherever she could. She finally earned

         her doctorate at the University of Hannover, defending her thesis in front of professors she’d never met. Not surprisingly,

         with no recommendations or connections, no university would hire her upon her graduation. She could enter science only obliquely,

         through her husband, Joseph Mayer, an American chemistry professor visiting Germany. She returned to Baltimore with him in

         1930, and the newly named Goeppert-Mayer began tagging along with Mayer to work and conferences. Unfortunately, Mayer lost

         his job several times during the Great Depression, and the family drifted to universities in New York and then Chicago.

      


      

      Most schools tolerated Goeppert-Mayer’s hanging around to chat science. Some even condescended to give her work, though they

         refused to pay her, and the topics were stereotypically “feminine,” such as figuring out what causes colors. After the Depression

         lifted, hundreds of her intellectual peers gathered for the Manhattan Project, perhaps the most vitalizing exchange of scientific

         ideas ever. Goeppert-Mayer received an invitation to participate, but peripherally, on a useless side project to separate

         uranium with flashing lights. No doubt she chafed in private, but she craved science enough to continue to work under such

         conditions. After World War II, the University of Chicago finally took her seriously enough to make her a professor of physics.

         Although she got her own office, the department still didn’t pay her.

      


      

      Nevertheless, bolstered by the appointment, she began work in 1948 on the nucleus, the core and essence of an atom. Inside

         the nucleus, the number of positive protons—the atomic number—determines the atom’s identity. In other words, an atom cannot

         gain or lose protons without becoming a different element. Atoms do not normally lose neutrons either, but an element’s atoms

         can have different numbers of neutrons—variations called isotopes. For instance, the isotopes lead-204 and lead-206 have identical

         atomic numbers (82) but different numbers of neutrons (122 and 124). The atomic number plus the number of neutrons is called

         the atomic weight. It took scientists many years to figure out the relationship between atomic number and atomic weight, but

         once they did, periodic table science got a lot clearer.

      


      

      Goeppert-Mayer knew all this, of course, but her work touched on a mystery that was more difficult to grasp, a deceptively

         simple problem. The simplest element in the universe, hydrogen, is also the most abundant. The second-simplest element, helium,

         is the second most abundant. In an aesthetically tidy universe, the third element, lithium, would be the third most abundant,

         and so on. Our universe isn’t tidy. The third most common element is oxygen, element eight. But why? Scientists might answer

         that oxygen has a very stable nucleus, so it doesn’t disintegrate, or “decay.” But that only pushed the question back—why

         do certain elements like oxygen have such stable nuclei?

      


      

      Unlike most of her contemporaries, Goeppert-Mayer saw a parallel here to the incredible stability of noble gases. She suggested

         that protons and neutrons in the nucleus sit in shells just like electrons and that filling nuclear shells leads to stability.

         To an outsider, this seems reasonable, a nice analogy. But Nobel Prizes aren’t won on conjectures, especially those by unpaid

         female professors. What’s more, this idea ruffled nuclear scientists, since chemical and nuclear processes are independent.

         There’s no reason why dependable, stay-at-home neutrons and protons should behave like tiny, capricious electrons, which abandon

         their homes for attractive neighbors. And mostly they don’t.

      


      

      Except Goeppert-Mayer pursued her hunch, and by piecing together a number of unlinked experiments, she proved that nuclei

         do have shells and do form what she called magic nuclei. For complex mathematical reasons, magic nuclei don’t reappear periodically

         like elemental properties. The magic happens at atomic numbers two, eight, twenty, twenty-eight, fifty, eighty-two, and so

         on. Goeppert-Mayer’s work proved how, at those numbers, protons and neutrons marshal themselves into highly stable, highly

         symmetrical spheres. Notice too that oxygen’s eight protons and eight neutrons make it doubly magic and therefore eternally

         stable—which explains its seeming overabundance. This model also explains at a stroke why elements such as calcium (twenty)

         are disproportionately plentiful and, not incidentally, why our bodies employ these readily available minerals.

      


      

      Goeppert-Mayer’s theory echoes Plato’s notion that beautiful shapes are more perfect, and her model of magic, orb-shaped nuclei

         became the ideal form against which all nuclei are judged. Conversely, elements stranded far between two magic numbers are

         less abundant because they form ugly, oblong nuclei. Scientists have even discovered neutron-starved forms of holmium (element

         sixty-seven) that give birth to a deformed, wobbly “football nucleus.” As you might guess from Goeppert-Mayer’s model (or

         from ever having watched somebody fumble during a football game), the holmium footballs aren’t very steady. And unlike atoms

         with misbalanced electron shells, atoms with distorted nuclei can’t poach neutrons and protons from other atoms to balance

         themselves. So atoms with misshapen nuclei, like that form of holmium, hardly ever form and immediately disintegrate if they

         do.

      


      

      The nuclear shell model is brilliant physics. That’s why it no doubt dismayed Goeppert-Mayer, given her precarious status

         among scientists, to discover that it had been duplicated by male physicists in her homeland. She risked losing credit for

         everything. However, both sides had produced the idea independently, and when the Germans graciously acknowledged her work

         and asked her to collaborate, Goeppert-Mayer’s career took off. She won her own accolades, and she and her husband moved a

         final time in 1959, to San Diego, where she began a real, paying job at the new University of California campus there. Still,

         she never quite shook the stigma of being a dilettante. When the Swedish Academy announced in 1963 that she had won her profession’s

         highest honor, the San Diego newspaper greeted her big day with the headline “S.D. Mother Wins Nobel Prize.”

      


      

      But maybe it’s all a matter of perspective. Newspapers could have run a similarly demeaning headline about Gilbert Lewis,

         and he probably would have been thrilled.

      


      

      Reading the periodic table across each row reveals a lot about the elements, but that’s only part of the story, and not even

         the best part. Elements in the same column, latitudinal neighbors, are actually far more intimately related than horizontal

         neighbors. People are used to reading from left to right (or right to left) in virtually every human language, but reading

         the periodic table up and down, column by column, as in some forms of Japanese, is actually more significant. Doing so reveals

         a rich subtext of relationships among elements, including unexpected rivalries and antagonisms. The periodic table has its

         own grammar, and reading between its lines reveals whole new stories.
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      Near Twins and Black Sheep: The Genealogy of Elements
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      Shakespeare had a go at it with “honorificabilitudinitatibus”—which, depending on whom you ask, either means “the state of

         being loaded with honors” or is an anagram proclaiming that Francis Bacon, not the Bard, really wrote Shakespeare’s plays.* But that word, a mere twenty-seven letters, doesn’t stretch nearly long enough to count as the longest word in the English

         language.

      


      

      Of course, determining the longest word is like trying to wade into a riptide. You’re likely to lose control quickly, since language is fluid and constantly

         changing direction. What even qualifies as English differs in different contexts. Shakespeare’s word, spoken by a clown in

         Love’s Labor’s Lost, obviously comes from Latin. But perhaps foreign words, even in English sentences, shouldn’t count. Plus, if you count words

         that do little but stack suffixes and prefixes together (“antidisestablishmentarianism,” twenty-eight letters) or nonsense

         words (“supercalifragilisticexpialidocious,” thirty-four letters), writers can string readers along pretty much until their

         hands cramp up.

      


      

      But if we adopt a sensible definition—the longest word to appear in an English-language document whose purpose was not to set the record for the longest word ever—then the word we’re after appeared in 1964 in Chemical Abstracts, a dictionary-like reference source for chemists. The word describes an important protein on what historians generally count

         as the first virus ever discovered, in 1892—the tobacco mosaic virus. Take a breath.

      


      

      

         acetylseryltyrosylserylisoleucylthreonylserylprolylseryl-
glutaminylphenylalanylvalylphenylalanylleucylserylseryl-
valyltryptophylalanylaspartylprolylisoleucylglutamyl-
leucylleucylasparaginylvalylcysteinylthreonylserylseryl-
leucylglycylasparaginylglutaminylphenylalanylglutami-
nylthreonylglutaminylglutaminylalanylarginylthreo-
nylthreonylglutaminylvalylglutaminylglutaminylpheny-
lalanylserylglutaminylvalyltryptophyllysylprolylphenyla-
lanylprolylglutaminylserylthreonylvalylarginylphenylala-
nylprolylglycylaspartylvalyltyrosyllysylvalyltyrosylargin-
yltyrosylasparaginylalanylvalylleucylaspartylprolylleucyli-
soleucylthreonylalanylleucylleucylglycylthreonylphenyla-
lanylaspartylthreonylarginylasparaginylarginylisoleucyli-
soleucylglutamylvalylglutamylasparaginylglu-
taminylglutaminylserylprolylthreonylthreonylalanylglutamylthreo-
nylleucylaspartylalanylthreonylarginylarginylvalylaspar-
tylaspartylalanylthreonylvalylalanylisoleucylarginylsery-
lalanylasparaginylisoleucylasparaginylleucylvalylasparagi-
nylglutamylleucylvalylarginylglycylthreonylglycylleucyl-
tyrosylasparaginylglutaminylasparaginylthreonylphenyla-
lanylglutamylserylmethionylserylglycylleucylvalyltrypto-
phylthreonylserylalanylprolylalanylserine


      


      

      That anaconda runs 1,185 letters.*


      

      Now, since none of you probably did more than run your eyes across “acetyl… serine,” go back and take a second look. You’ll

         notice something funny about the distribution of letters. The most common letter in English, e, appears 65 times; the uncommon letter y occurs 183 times. One letter, l, accounts for 22 percent of the word (255 instances). And the y and l don’t appear randomly but often next to each other—166 pairs, every seventh letter or so. That’s no coincidence. This long

         word describes a protein, and proteins are built up from the sixth (and most versatile) element on the periodic table, carbon.

      


      

      Specifically, carbon forms the backbone of amino acids, which string together like beads to form proteins. (The tobacco mosaic

         virus protein consists of 159 amino acids.) Biochemists, because they often have so many amino acids to count, catalog them

         with a simple linguistic rule. They truncate the ine in amino acids such as “serine” or “isoleucine” and alter it to yl, making it fit a regular meter: “seryl” or “isoleucyl.” Taken in order, these linked yl words describe a protein’s structure precisely. Just as laypeople can see the compound word “matchbox” and grasp its meaning,

         biochemists in the 1950s and early 1960s gave molecules official names like “acetyl… serine” so they could reconstruct the

         whole molecule from the name alone. The system was exact, if exhausting. Historically, the tendency to amalgamate words reflects

         the strong influence that Germany and the compound-crazy German language had on chemistry.

      


      

      But why do amino acids bunch together in the first place? Because of carbon’s place on the periodic table and its need to

         fill its outer energy level with eight electrons—a rule of thumb called the octet rule. On the continuum of how aggressively

         atoms and molecules go after one another, amino acids shade toward the more civilized end. Each amino acid contains oxygen

         atoms on one end, a nitrogen on the other, and a trunk of two carbon atoms in the middle. (They also contain hydrogen and

         a branch off the main trunk that can be twenty different molecules, but those don’t concern us.) Carbon, nitrogen, and oxygen

         all want to get eight electrons in the outer level, but it’s easier for one of these elements than for the other. Oxygen,

         as element eight, has eight total electrons. Two belong to the lowest energy tier, which fills first. That leaves six left

         over in the outer level, so oxygen is always scouting for two additional electrons. Two electrons aren’t so hard to find,

         and aggressive oxygen can dictate its own terms and bully other atoms. But the same arithmetic shows that poor carbon, element

         six, has four electrons left over after filling its first shell and therefore needs four more to make eight. That’s harder

         to do, and the upshot is that carbon has really low standards for forming bonds. It latches onto virtually anything.

      


      

      That promiscuity is carbon’s virtue. Unlike oxygen, carbon must form bonds with other atoms in whatever direction it can.

         In fact, carbon shares its electrons with up to four other atoms at once. This allows carbon to build complex chains, or even

         three-dimensional webs of molecules. And because it shares and cannot steal electrons, the bonds it forms are steady and stable.

         Nitrogen also must form multiple bonds to keep itself happy, though not to the same degree as carbon. Proteins like that anaconda

         described earlier simply take advantage of these elemental facts. One carbon atom in the trunk of an amino acid shares an

         electron with a nitrogen at the butt of another, and proteins arise when these connectible carbons and nitrogens are strung

         along pretty much ad infinitum, like letters in a very, very long word.

      


      

      In fact, scientists nowadays can decode vastly longer molecules than “acetyl… serine.” The current record is a gargantuan

         protein whose name, if spelled out, runs 189,819 letters. But during the 1960s, when a number of quick amino acid sequencing

         tools became available, scientists realized that they would soon end up with chemical names as long as this book (the spell-checking

         of which would have been a real bitch). So they dropped the unwieldy Germanic system and reverted to shorter, less bombastic

         titles, even for official purposes. The 189,819-letter molecule, for instance, is now mercifully known as titin.* Overall, it seems doubtful that anyone will ever top the mosaic virus protein’s full name in print, or even try.

      


      

      That doesn’t mean aspiring lexicographers shouldn’t still brush up on biochemistry. Medicine has always been a fertile source

         of ridiculously long words, and the longest nontechnical word in the Oxford English Dictionary just happens to be based on the nearest chemical cousin of carbon, an element often cited as an alternative to carbon-based

         life in other galaxies—element fourteen, silicon.

      


      

      In genealogy, parents at the top of a family tree produce children who resemble them, and in just the same way, carbon has

         more in common with the element below it, silicon, than with its two horizontal neighbors, boron and nitrogen. We already

         know the reason. Carbon is element six and silicon element fourteen, and that gap of eight (another octet) is not coincidental.

         For silicon, two electrons fill the first energy level, and eight fill the second. That leaves four more electrons—and leaves

         silicon in the same predicament as carbon. But being in that situation gives silicon some of carbon’s flexibility, too. And

         because carbon’s flexibility is directly linked to its capacity to form life, silicon’s ability to mimic carbon has made it

         the dream of generations of science fiction fans interested in alternative—that is, alien—modes of life, life that follows

         different rules than earth-bound life. At the same time, genealogy isn’t destiny, since children are never exactly like their

         parents. So while carbon and silicon are indeed closely related, they’re distinct elements that form distinct compounds. And

         unfortunately for science fiction fans, silicon just can’t do the wondrous tricks carbon can.

      


      

      Oddly enough, we can learn about silicon’s limitations by parsing another record-setting word, a word that stretches a ridiculous

         length for the same reason the 1,185-letter carbon-based protein above did. Honestly, that protein has sort of a formulaic

         name—interesting mostly for its novelty, the same way that calculating pi to trillions of digits is. In contrast, the longest

         nontechnical word in the Oxford English Dictionary is the forty-five-letter “pneumonoultramicroscopicsilicovolcanoconiosis,” a disease that has “silico” at its core. Logologists

         (word nuts) slangily refer to pneumonoultramicroscopicsilicovolcanoconiosis as “p45,” but there’s some medical question about

         whether p45 is a real disease, since it’s just a variant of an incurable lung condition called pneumonoconiosis. P16 resembles

         pneumonia and is one of the diseases that inhaling asbestos causes. Inhaling silicon dioxide, the major component of sand

         and glass, can cause pneumonoconiosis, too. Construction workers who sandblast all day and insulation plant assembly-line

         workers who inhale glass dust often come down with silicon-based p16. But because silicon dioxide (SiO2) is the most common mineral in the earth’s crust, one other group is susceptible: people who live in the vicinity of active

         volcanoes. The most powerful volcanoes pulverize silica into fine bits and spew megatons of it into the air. Those bits are

         prone to wriggling into lung sacs. Because our lungs regularly deal with carbon dioxide, they see nothing wrong with absorbing

         its cousin, SiO2, which can be fatal. Many dinosaurs might have died this way when a metropolis-sized asteroid or comet struck the earth 65

         million years ago.

      


      

      With all that in mind, parsing the prefixes and suffixes of p45 should now be a lot easier. The lung disease caused by inhaling

         fine volcanic silica as people huff and puff to flee the scene is naturally called pneumono-ultra-microscopic-silico-volcano-coniosis.

         Before you start dropping it in conversation, though, know that many word purists detest it. Someone coined p45 to win a puzzle

         contest in 1935, and some people still sneer that it’s a “trophy word.” Even the august editors of the Oxford English Dictionary malign p45 by defining it as “a fractious word,” one that is only “alleged to mean” what it does. This loathing arises because

         p45 just expanded on a “real” word. P45 was tinkered with, like artificial life, instead of rising organically from everyday

         language.

      


      

      By digging further into silicon, we can explore whether claims of silicon-based life are tenable. Though as overdone a trope

         in science fiction as ray guns, silicon life is an important idea because it expands on our carbon-centric notion of life’s

         potential. Silicon enthusiasts can even point to a few animals on earth that employ silicon in their bodies, such as sea urchins

         with their silicon spines and radiolarian protozoa (one-celled creatures) that forge silicon into exoskeletal armor. Advances

         in computing and artificial intelligence also suggest that silicon could form “brains” as complicated as any carbon-based

         one. In theory, there’s no reason you couldn’t replace every neuron in your brain with a silicon transistor.

      


      

      But p45 provides lessons in practical chemistry that dash hopes for silicon life. Obviously silicon life forms would need

         to shuttle silicon into and out of their bodies to repair tissues or whatever, just as earth-based creatures shuttle carbon

         around. On earth, creatures at the base of the food chain (in many ways, the most important forms of life) can do that via

         gaseous carbon dioxide. Silicon almost always bonds to oxygen in nature, too, usually as SiO2. But unlike carbon dioxide, silicon dioxide (even as fine volcanic dust) is a solid, not a gas, at any temperature remotely

         friendly to life. (It doesn’t become a gas until 4,000°F!) On the level of cellular respiration, breathing solids just doesn’t

         work, because solids stick together. They don’t flow, and it’s hard to get at individual molecules, which cells need to do.

         Even rudimentary silicon life, the equivalent of pond scum, would have trouble breathing, and larger life forms with multiple

         layers of cells would be even worse off. Without ways to exchange gases with the environment, plant-like silicon life would

         starve and animal-like silicon life would suffocate on waste, just like our carbon-based lungs are smothered by p45.

      


      

      Couldn’t those silicon microbes expel or suck up silica in other ways, though? Possibly, but silica doesn’t dissolve in water,

         the most abundant liquid in the universe by far. So those creatures would have to forsake the evolutionary advantages of blood

         or any liquid to circulate nutrients and waste. Silicon-based creatures would have to rely on solids, which don’t mix easily,

         so it’s impossible to imagine silicon life forms doing much of anything.

      


      

      Furthermore, because silicon packs on more electrons than carbon, it’s bulkier, like carbon with fifty extra pounds. Sometimes

         that’s not a big deal. Silicon might substitute adequately for carbon in the Martian equivalent of fats or proteins. But carbon

         also contorts itself into ringed molecules we call sugars. Rings are states of high tension—which means they store lots of

         energy—and silicon just isn’t supple enough to bend into the right position to form rings. In a related problem, silicon atoms

         cannot squeeze their electrons into tight spaces for double bonds, which appear in virtually every complicated biochemical.

         (When two atoms share two electrons, that’s a single bond. Sharing four electrons is a double bond.) Silicon-based life would

         therefore have hundreds of fewer options for storing chemical energy and making chemical hormones. Altogether, only a radical

         biochemistry could support silicon life that actually grows, reacts, reproduces, and attacks. (Sea urchins and radiolaria

         use silica only for structural support, not for breathing or storing energy.) And the fact that carbon-based life evolved

         on earth despite carbon being vastly less common than silicon is almost a proof in itself.* I’m not foolish enough to predict that silicon biology is impossible, but unless those creatures defecate sand and live on

         planets with volcanoes constantly expelling ultramicroscopic silica, this element probably isn’t up to the task of making

         life live.

      


      

      Luckily for it, silicon has ensured itself immortality in another way. Like a virus, a quasi-living creature, it wriggled

         into an evolutionary niche and has survived by preying parasitically on the element below it.

      


      

      There are further genealogical lessons in carbon and silicon’s column of the periodic table. Under silicon, we find germanium.

         One element down from germanium, we unexpectedly find tin. One space below that is lead. Moving straight down the periodic

         table, then, we pass from carbon, the element responsible for life; to silicon and germanium, elements responsible for modern

         electronics; to tin, a dull gray metal used to can corn; to lead, an element more or less hostile to life. Each step is small,

         but it’s a good reminder that while an element may resemble the one below it, small mutations accumulate.

      


      

      Another lesson is that every family has a black sheep, someone the rest of the line more or less has given up on. In column

         fourteen’s case, it’s germanium, a sorry, no-luck element. We use silicon in computers, in microchips, in cars and calculators.

         Silicon semiconductors sent men to the moon and drive the Internet. But if things had gone differently sixty years ago, we

         might all be talking about Germanium Valley in northern California today.

      


      

      The modern semiconductor industry began in 1945 at Bell Labs in New Jersey, just miles from where Thomas Alva Edison set up

         his invention factory seventy years before. William Shockley, an electrical engineer and physicist, was trying to build a

         small silicon amplifier to replace vacuum tubes in mainframe computers. Engineers loathed vacuum tubes because the long, lightbulb-like

         glass shells were cumbersome, fragile, and prone to overheating. Despise them as they may, they needed these tubes, because

         nothing else could pull their double duty: the tubes both amplified electronic signals, so faint signals didn’t die, and acted

         as one-way gates for electricity, so electrons couldn’t flow backward in circuits. (If your sewer pipes flowed both ways,

         you can imagine the potential problems.) Shockley set out to do to vacuum tubes what Edison had done to candles, and he knew

         that semiconducting elements were the answer: only they could achieve the balance engineers wanted by letting enough electrons

         through to run a circuit (the “conductor” part), but not so many that the electrons were impossible to control (the “semi”

         part). Shockley, though, was more visionary than engineer, and his silicon amplifier never amplified anything. Frustrated

         after two unfruitful years, he dumped the task onto two underlings, John Bardeen and Walter Brattain.

      


      

      Bardeen and Brattain, according to one biographer, “loved one another as much as two men can…. It was like Bardeen was the

         brains of this joint organism and Brattain was the hands.”* This symbiosis was convenient, since Bardeen, for whom the descriptor “egghead” might have been coined, wasn’t so adept with

         his own hands. The joint organism soon determined that silicon was too brittle and difficult to purify to work as an amp.

         Plus, they knew that germanium, whose outer electrons sit in a higher energy level than silicon’s and therefore are more loosely

         bound, conducted electricity more smoothly. Using germanium, Bardeen and Brattain built the world’s first solid-state (as

         opposed to vacuum) amplifier in December 1947. They called it the transistor.

      


      

      This should have thrilled Shockley—except he was in Paris that Christmas, making it hard for him to claim he’d contributed

         to the invention (not to mention that he had used the wrong element). So Shockley set out to steal credit for Bardeen and

         Brattain’s work. Shockley wasn’t a wicked man, but he was ruthless when convinced he was right, and he was convinced he deserved

         most of the credit for the transistor. (This ruthless conviction resurfaced later in Shockley’s declining years, after he

         abandoned solid-state physics for the “science” of eugenics—the breeding of better human beings. He believed in a Brahmin

         caste of intelligentsia, and he began donating to a “genius sperm bank”* and advocating that poor people and minorities be paid to get sterilized and stop diluting humankind’s collective IQ.)

      


      

      Hurrying back from Paris, Shockley wedged himself back into the transistor picture, often literally. In Bell Labs publicity

         photos showing the three men supposedly at work, he’s always standing between Bardeen and Brattain, dissecting the joint organism

         and putting his hands on the equipment, forcing the other two to peer over his shoulders like mere assistants. Those images became the new

         reality and the general scientific community gave credit to all three men. Shockley also, like a petty prince in a fiefdom,

         banished his main intellectual rival, Bardeen, to another, unrelated lab so that he, Shockley, could develop a second and

         more commercially friendly generation of germanium transistors. Unsurprisingly, Bardeen soon quit Bell Labs to take an academic

         post in Illinois. He was so disgusted, in fact, that he gave up semiconductor research.

      


      

      Things turned sour for germanium, too. By 1954, the transistor industry had mushroomed. The processing power of computers

         had expanded by orders of magnitude, and whole new product lines, such as pocket radios, had sprung up. But throughout the

         boom, engineers kept ogling silicon. Partly they did so because germanium was temperamental. As a corollary of conducting

         electricity so well, it generated unwanted heat, too, causing germanium transistors to stall at high temperatures. More important,

         silicon, the main component of sand, was perhaps even cheaper than proverbial dirt. Scientists were still faithful to germanium,

         but they were spending an awful lot of time fantasizing about silicon.

      


      

      Suddenly, at a semiconductor trade meeting that year, a cheeky engineer from Texas got up after a gloomy speech about the

         unfeasibility of silicon transistors and announced that he actually had one in his pocket. Would the crowd like a demonstration?

         This P. T. Barnum—whose real name was Gordon Teal—then hooked up a germanium-run record player to external speakers and, rather

         medievally, lowered the player’s innards into a vat of boiling oil. As expected, it choked and died. After fishing the innards

         out, Teal popped out the germanium transistor and rewired the record player with his silicon one. Once again, he plopped it

         into the oil. The band played on. By the time the stampede of salesmen reached the pay phones at the back of the convention

         hall, germanium had been dumped.

      


      

      Luckily for Bardeen, his part of the story ended happily, if clumsily. His work with germanium semiconductors proved so important

         that he, Brattain, and, sigh, Shockley all won the Nobel Prize in physics in 1956. Bardeen heard the news on his radio (by then probably silicon-run) while

         frying breakfast one morning. Flustered, he knocked the family’s scrambled eggs onto the floor. It was not his last Nobel-related

         gaffe. Days before the prize ceremony in Sweden, he washed his formal white bow tie and vest with some colored laundry and

         stained them green, just as one of his undergrad students might have. And on the day of the ceremony, he and Brattain got

         so wound up about meeting Sweden’s King Gustav I that they chugged quinine to calm their stomachs. It probably didn’t help

         when Gustav chastened Bardeen for making his sons stay in class back at Harvard (Bardeen was afraid they might miss a test)

         instead of coming to Sweden with him. At this rebuke, Bardeen tepidly joked that, ha, ha, he’d bring them along the next time

         he won the Nobel Prize.

      


      

      Gaffes aside, the ceremony marked a high point for semiconductors, but a brief one. The Swedish Academy of Sciences, which

         hands out the Nobel Prizes in Chemistry and Physics, tended at the time to honor pure research over engineering, and the win

         for the transistor was an uncommon acknowledgment of applied science. Nevertheless, by 1958 the transistor industry faced

         another crisis. And with Bardeen out of the field, the door stood open for another hero.

      


      

      Although he probably had to stoop (he stood six feet six), Jack Kilby soon walked through it. A slow-talking Kansan with a

         leathery face, Kilby had spent a decade in the high-tech boondocks (Milwaukee) before landing a job at Texas Instruments (TI)

         in 1958. Though trained in electrical engineering, Kilby was hired to solve a computer hardware problem known as the tyranny

         of numbers. Basically, though cheap silicon transistors worked okay, fancy computer circuits required scores of them. That

         meant companies like TI had to employ whole hangars of low-paid, mostly female technicians who did nothing all day but crouch

         over microscopes, swearing and sweating in hazmat suits, as they soldered silicon bits together. In addition to being expensive,

         this process was inefficient. In every circuit, one of those frail wires inevitably broke or worked loose, and the whole circuit

         died. Yet engineers couldn’t get around the need for so many transistors: the tyranny of numbers.

      


      

      Kilby arrived at TI during a sweltering June. As a new employee he had no vacation time, so when the cast of thousands cleared

         out for mandatory vacations in July, he was left alone at his bench. The relief of silence no doubt convinced him that employing

         thousands of people to wire transistors together was asinine, and the absence of supervisors gave him free time to pursue

         a new idea he called an integrated circuit. Silicon transistors weren’t the only parts of a circuit that had to be hand-wired.

         Carbon resistors and porcelain capacitors also had to be spaghettied together with copper wire. Kilby scrapped that separate-element

         setup and instead carved everything—all the resistors, transistors, and capacitors—from one firm block of semiconductor. It

         was a smashing idea—the difference, structurally and artistically, between sculpting a statue from one block of marble and

         carving each limb separately, then trying to fit the statue together with wire. Not trusting the purity of silicon to make

         the resistors and capacitors, he turned to germanium for his prototype.

      


      

      Ultimately, this integrated circuit freed engineers from the tyranny of hand-wiring. Because the pieces were all made of the

         same block, no one had to solder them together. In fact, soon no one even could have soldered them together, because the integrated

         circuit also allowed engineers to automate the carving process and make microscopic sets of transistors—the first real computer

         chips. Kilby never received full credit for his innovation (one of Shockley’s protégés filed a rival, and slightly more detailed,

         patent claim a few months later and wrestled the rights away from Kilby’s company), but geeks today still pay Kilby the ultimate

         engineering tribute. In an industry that measures product cycles in months, chips are still made using his basic design fifty

         years later. And in 2000, he won a belated Nobel Prize for his integrated circuit.*


      

      Sadly, though, nothing could resurrect germanium’s reputation. Kilby’s original germanium circuit is ensconced in the Smithsonian

         Institution, but in the bare-knuckle marketplace, germanium got pummeled. Silicon was too cheap and too available. Sir Isaac

         Newton famously said that he had achieved everything by standing on the shoulders of giants—the scientific men whose findings

         he built upon. The same might be said about silicon. After germanium did all the work, silicon became an icon, and germanium

         was banished to periodic table obscurity.

      


      

      In truth, that’s a common fate regarding the periodic table. Most elements are undeservedly anonymous. Even the names of the

         scientists who discovered many of them and who arranged them into the first periodic tables have long since been forgotten.

         Yet like silicon, a few names have achieved universal fame, and not always for the best reasons. All of the scientists working

         on early periodic tables recognized likenesses among certain elements. Chemical “triads,” like the modern-day example of carbon,

         silicon, and germanium, were the first clue that the periodic system existed. But some scientists proved more facile than

         others at recognizing subtleties—the traits that run through the families of the periodic table like dimples or crooked noses

         in humans. Knowing how to trace and predict such similarities soon allowed one scientist, Dmitri Mendeleev, to vault into

         history as the father of the periodic table.
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